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Preface 

The chapters in this volume address challenging problems associated with the obser- 
vation and interpretation of anodic dissolution of semiconductors, electrode reac- 
tions in nonaqueous solvents, and charge-transfer across the interface between two 
immiscible electrolytes. In-situ FTIR spectroscopy of surface reactions, and a review 
of electrochemical methods of pollution abatement complete the range of timely 
topics included. 

Phillipe Allongue addresses the special problems associated with the interpretation 
of images obtained by Scanning Tunneling Microscopy for in-situ characterization 
of the topography, reactivity, and reaction dynamics of dissolving semiconductor 
surfaces. Applications of novel methods such as Scanning Tunneling Spectroscopy, 
and Tip Current Voltammetry, to the study of chemical and electrochemical dissolu- 
tion, corrosion, and passivation are included. 

Charge-transfer processes involving electrochemical reactions offer unique oppor- 
tunities for the control of atomic scale structure, including pore formation. Peter 
Searson discusses recent advances in understanding the interaction of silicon surfaces 
with fluoride ions, processes on which the most important methods for surface 
modification and fabrication are based. 

Teresa Iwasita and F.C. Nart provide a valuable perspective on the foundations, 
capabilities, and limitations of in-situ infrared external reflection spectroscopy of 
electrode surfaces, with emphasis on Fourier Transform instruments. In addition to 
the description of underlying principles and instrumentation, selected examples are 
given of the monitoring and interpretation of spectra of various species adsorbed at 
electrochemical interfaces. 

Zbigniew Galus relates equilibrium potentials and kinetic parameters of electrode 
reactions in pure and mixed nonaqueous solvents to relevant properties of the media 
involved. Available experimental data are interpreted in the light of most recent 
theoretical models, with indication of difficulties, sources of inaccuracies, and needs 
for future work. 

The interfacial structure and charge-transfer mechanism of two immiscible elec- 
trolyte solutions, as revealed by the kinetics of the charge-transfer processes, is the 
subject of Chapter 5 by Z .  Samec and T. Kakiuchi. Theoretical and experimental ad- 
vances made over the last 10 to 15 years in the study of ion- and electron transfer 
are systematically and critically reviewed. 



VI Preface 

Principles and applications of electrochemical remediation of industrial discharges 
are presented by Pallav Tatapudi and James M. Fenton. Essentials of direct and in- 
direct oxidation and reduction, membrane processes, electrodialysis, and treatment 
of gas streams, and of soils, are complemented by discussions of electrode materials, 
catalysts, and elements of reactor design. 

Heinz Gerischer * 
Charles W. Tobias 

* Completed his share of the editorial work before his death in August 1994. 
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List of Symbols 

P. Allongue 

Richardson's constant (120 A/cm2 K2) 
energy of the conduction band minimum at the surface 
energy of the valence band maximum at the surface 
energy of the band gap of the semiconductor 
energy of the reference electrode versus the vacuum level 
elementary charge 
photocurrent at the semiconductor 
thermionic current 
tunnel current 
Faradaic current on the tip 
tip current (in the electrolytic environment i, = i, + iF)  
work function of the sample 
tunnel barrier 
normalized contuctance 
decay length for tunneling 
charge at the surface of the semiconductor 
space charge in the semiconductor 
counter charge in solution 
doping concentration of donors or acceptors in the semiconductor 
density of electrons and holes at the surface 
density of states on the sample surface 
density of states at the tip extremity 
tip-to-sample separation 
tunnel probability 
flat band potential of the electrode 
photovoltage 
sample bias (quoted versus the reference potential) 
tip bias (quoted versus the reference potential) 
tunnel bias (UT = Us - Ut in the electrolytic environment) 
band bending in the semiconductor 
potential drop in the Helmholtz layer 
electron affinity of the semiconductor 
thickness of the space charge layer in the semiconductor 
dielectric constant 
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Abbreviations 

AFM Atomic force microscopy 
BEEM ballistic electron emission microscopy 
FFT fast Fourier transform 
LDOS local density of states 
MBE 
MIS 
PL 
PSL 
SECM 
SPM 
SPV 
STM 

molecular beam epitaxy 
Metal/Insulator/Semiconductor 
photoluminescent 
porous silicon layers 
scanning electrochemical microscopy 
scanning probe microscopy 
surface photovoltage 
scanning tunneling microscopy 
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STS scanning tunneling spectroscopy 
TCV tip current voltammetry 
UHV ultrahigh vacuum 
ULSI Ultra large scale Integration 
UPD underpotential deposit 
WKB Wentzel Kramers Brillouin 

1 Introduction 

Studies of semiconductor surfaces in ultrahigh vacuum (UHV) have had a great im- 
pact on the early development of scanning tunneling microscopy (STM). The first 
surface structure resolved at an atomic level was indeed the 7 x 7 unit cell on Si(l11) 
[I, 21 and scanning tunneling spectroscopy (STS) was also first successfully attempt- 
ed at semiconductor surfaces [2]. Later, the search for a local characterization of car- 
rier transport at interfaces of semiconductors gave rise to several other microscopy 
techniques derived from STM. For an overview of STM and its applications the read- 
er is referred to the series of books edited by Gutherodt and Wiesendanger [3 - 51, 
as well as the book edited by Strocio and Kaiser [6] which covers applications of 
STM more specific to semiconductors. The proceedings of the conferences STM’91 
and STM’93 may also provide snapshots of the state-of-the-art of achievements [7]. 
The first textbook about STM has now been published [8]. 

In the electrolytic environment, scanning probe microscopes have rapidly demon- 
strated their capability for in-situ topographic imaging of any type of electrochemi- 
cal interface (including insulators with the AFM). In-situ characterization of surface 
reactivity and reaction dynamics is accessible with an unprecedented resolution 
which gives a new dimension to electrochemistry. So far, studies have mostly con- 
cerned metal electrodes. In particular, spectacular results havefbeen achieved with 
single crystals of noble metals showing that surface properties can now be analyzed 
on an atomic or molecular basis at the solid/liquid interface. The reconstruction of 
the three low-index faces of gold, the structure of adsorbed layers and that of UPD 
(Underpotential Deposit) layers of various metals on Au, Pt and Ag have been exten- 
sively studied at an atomic level [9, 101. On a mesoscopic scale, real-time imaging 
is becoming almost a new routine tool for studies of interfacial reactions [I 1 - 141. 

There have been relatively few in-situ STM studies of semiconductor electrodes 
although there should be a great interest for this kind of interface. Semiconductor 
technology involves very different electrochemical treatments of surfaces whose high 
quality and simplicity still surpass those of certain dry processes. The number of wet 
steps is expected to increase in microelectronics because mask patterns become more 
complex owing to an increasing circuit complexity and density of components. The 
characterization of topography and chemistry of surfaces down to the nanometer 
scale, after etching, selective etching, surface cleaning, and oxide stripping, therefore 
becomes fundamental. In that respect in-situ scanning probe microscopes are ideal 
tools to yield a better understanding and control of such processes. Several groups 
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have recently imaged silicon surfaces with the resolution of atomic-scale defects, 
such as monoatomic steps [ 15 - 201. Individual atoms have also been resolved on the 
same material [16, 17, 19, 201, and silicon is the only material for which dissolution 
could be observed in real time and at an atomic level [19, 201. Individual atoms have 
also been resolved on the (1 11) and (1 10) faces of germanium [21]. Though flat sur- 
faces of layered materials are easy to prepare and are normally weakly reactive, InSe 
is the only layered material which has been imaged in situ at an atomic level [22]. 
All other substrates, and particularly I11 -V compounds, have still not been imaged 
with a high resolution. 

We are at the frontier between two generations of STM studies in semiconductor 
electrochemistry, and it seemed time to review the current status of in-situ scanning 
probe investigations of such systems. The first investigation of the contact semicon- 
ductor/electrolyte was published in 1987, shortly after the advent of STM; until very 
recently the aim was mostly to image different substrates or evaluate various types 
of experiments. In the last couple of years searches have really begun for physical, 
chemical or kinetic information from STM images of semiconductor electrodes. In 
such studies the preparation of surfaces is a key question since the surface must be 
flat initially in order to perform long-standing high-resolution imaging of structural 
defects and to follow their eventual transformation during interfacial processes. 

After a short introduction to tunneling in Sec. 2, special attention is given in 
Sec. 3 to operating conditions on semiconductors because these are not as trivial as 
for metals and may raise experimental problems. Questions related to in-situ spectro- 
scopic characterization are addressed in the following section. Section 5 reviews in- 
situ as well as ex-situ studies (in UHV or in air after treatment of the surface in solu- 
tion) according to the materials and electrochemical reactions involved. Silicon elec- 
trodes are treated separately, mostly in relation to electrochemical etching and por- 
pous layer formation. The two final sections outline perspectives and draw general 
conclusions. Details related to instrumentation and tip preparation are not discussed 
here unless they are specific to semiconductors. They are reviewed in [9]. Experimen- 
tal aspects of in-situ AFM are not presented either, because the immersion of the sur- 
face in an electrolyte raises no specific problem. The theory and other applications 
of AFM are discussed elsewhere [3, 41. 

2 The Tunneling Junction 

2.1 General Equations in Vaccuum 

This section recalls very briefly the basic concepts necessary for the discussion. Elec- 
tron tunneling has been established for several decades in vacuum [23] as well as in 
solid-state structures [24]. Quantum mechanics predicts that electrons can flow be- 
tween two conductors separated by a distance of the order of 20 A. The energy 
diagram of a tunneling junction is sketched in Fig. 1 a. From the Bardeen tunneling 
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formalism it can be shown that the tunneling current is proportional to the following 
integral: 

where E is the energy of tunneling electrons with respect to the Fermi level of the 
sample and UT is the tunnel bias. T(E, UT) is the tunnel probability, and N, ( E )  and 
Nt (E-e UT) are the densities of states at the surface of sample and tip respectively. 
In the WKB approximation the transmission coefficient is given by: 

T ( E ,  UT) = exp [ - K s ( @ - - E + ~ U T / ~ ) ” ~ ]  (2) 

where K = 2 (2rn*/F~~)”~. @ is the sample work function, rn * is the effective mass 
of electrons, t? = h/2 n and s is the tip-to-sample separation. Assuming that the den- 
sity Nt (E-eUT) is a constant in Eq. (1) and using further the fact that T(E, UT) is 
maximal either for electrons at the Fermi level of the sample with a tip positive (for 
U, > 0 this means that E = 0) or for electrons at the Fermi level of the tip with a tip 
negative (for U, < 0 this means that E = - eUT), the current iT appears to be propor- 
tional to the following expression: 

iT (uT) 0 ~ ~ s  (uT) ~ X P  ( - K S  16) (3) 

with aT = @- 1 eUT/2 I. Equation (3) is a posteriori justified by the fact that there 
seems to be no defined dependence of STM images on the metal used for the tip. 
Numerically, with QT = 4-5 eV, the decay length is K - 1 kl,  which means that 
the tunneling current iT decreases by one order of magnitude if s is increased by 
1 A .  This is the origin of the extreme vertical resolution of the scanning tunneling 
microscope. 

2.2 Tunneling at the Solid/Liquid Interface 

If the tunnel junction of Fig. 1 a is simply immersed in an electrolyte, the polariza- 
tion between the tip and the sample will promote an electrolysis. A bi-potentiostat 
is necessary to ensure real tunneling between the sample and the tip. Such a device, 
classically used in electrochemistry, enables to split the tunnel junction into two sol- 
id/liquid interfaces, independently polarized against a reference of potential 
(Fig. 1 b). Using this configuration, also referred to as the four-electrode configura- 
tion and introduced very early by several groups, it is possible to avoid any electro- 
chemical transfer between the sample and the tip [25,26]. The reference potential is 
an electrode whose potential is well defined and constant with respect to the vacuum 
level. The sample is biased against the reference electrode to monitor reactions at the 
surface, just as in a classical electrochemical cell. The tip potential is adjusted 
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sample t l P  > - Ref in solut ion\ 

Fig. 1. Energy diagram of a tunneling junction. (a) In UHV U, is the tunnel bias. (b) In the elec- 
trolytic environment: Us and lJt are set independently against the reference potential in solution 
(four-electrode configuration); the tunnel voltage is U, = U, - Us. See text for other symbols. 

independently of that of the sample to nullify the faradaic current at its extremity. 
The potentiostat regulates the potential of an auxiliary electrode, also called the 
counter electrode, so as to prevent any current flow in the circuitry of the reference 
electrode. The counter electrode therefore collects all the electrochemical current is- 
sued from the sample and the tip collects only tunneling electrons when its potential 
is properly adjusted. Usually the tunnel bias UT = Us - U, depends on the sample 
bias Us, because the tip potential U, is generally constant. 

Within the conditions described above, barrier height measurements show that 
tunneling in liquids looks very similar to tunneling in UHV. Figure2 presents the 
variation of the tip current flowing between an n-Si(ll1) electrode and a tungsten 

I t  

10 

01 

n-SilNoOH 

K21.65 k‘ 

\ 1 

\ I 

Fig. 2. Variation of log it vs. As at the n-Si(l1 l)/NaOH/ 
tungsten tip junction. The tunnel barrier is 2.1 eV, as derived 

-3 -2 -1 0 from the slope. This is -1 eV below the value calculated 
from the energy diagram (after [20]). As/i 
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tip in NaOH as a function of the tip-to-sample separation (more precisely, its varia- 
tion As) [20]. The exponential dependence is in accordance with pure electron tun- 
neling (see Eq. (3)), in spite of an electrochemical current as large as 150 PA cm-2 
on the sample. The tunnel barrier derived from the slope of the plot is aT - 2.1 eV 
(K - 1.65 A - '), which is about 1 eV smaller than expected from the calculated ener- 
gy diagram of the junction [20]. Values of <D, - 2 eV have also been reported on 
gold in acidic solutions [25], again about 1 eV smaller than those measured in UHV. 
Very recent detailed measurements confirm this tendency with well-prepared Au( 1 1 1) 
in different solutions and solvents [27]. Bingelli et al. [28], in contrast, have reported 
tunnel barriers as small as 0.2 eV on polycrystalline silver. 

Various theories have been published on the immersed tunnel junction. 
Schmickler and Henderson [29] describe the metallic surface and the tip respectively 
as a semi-infinite and a spherical jellium, and treat the liquid as a dielectric. Within 
this model the effect of the solution is mostly a lowering of the potential energy bar- 
rier due to screening of electrostatic interactions by the dielectric constant e .  In their 
calculation the authors consider the solvent's optical dielectric constant ( E  = 1.88 for 
water) rather than its static dielectric constant ( E  = 80 for water) since the interac- 
tions between the tunneling electrons and the molecules of solvent have a length scale 
in the Angstrom range. Transferring electrons interact only with the electronic polar- 
ization of solvent molecules (orientational and vibrational modes are considered to 
be too slow compared with the speed of tunneling electrons). Saas and Gimzewski 
[30] postulated that spontaneous or induced orientational polarizations of solvent 
molecules generate short-lived microscopic intermediate traps which assist tunneling 
and explain the small tunnel barriers measured by Bingelli et al. [28]. The relevance 
of this later approach, which is subject to the significance of barrier measurements 
performed on rough surfaces, has been discussed recently by Sebastian and Doyen 
{3 I]. Including fluctuations of the polarization in their calculation, these authors 
find a weak temperature dependence of the tunnel barrier which confirms the minor 
dynamical role of the liquid, in agreement with Schmickler and Henderson's 
assumption [29]. The transit time of tunneling electrons estimated by Sebastian and 
Doyen is - s, which is indeed much shorter than the time needed for the sol- 
vent molecules to rearrange. Calculations nevertheless show that thermal fluctua- 
tions in the polarization can reduce the effective barrier to nearly 1.5 eV, indepen- 
dently of the difference of work functions. 

The very recent data of Pan et al. [27] are quite interesting since they underline 
the influence of dipoles of water molecules in the tunneling gap. Measurements in 
aqueous solution indeed show that electrons tunneling out of the tip into the sub- 
strate electrons do see a tunnel barrier which is nearly 0.5 eV larger than when they 
tunnel in the reverse direction (for the small tunnel bias used, no difference should 
be detected). Keeping the tunnel voltage constant, it is observed that the tunnel bar- 

' On rough surfaces small values of QT may be easily explained by tunneling from the side of the 
tip. The presence of several mini-tips is a second problem, common to rough and flat surfaces. 
Both effects introduce artefacts in the determination of QT because the distance s is ambiguously 
defined in Eq. (3). To exclude such artefacts one should verify the resolution of the tip before and 
after measurements, and preferably perform measurements on flat portions of surfaces. 
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rier also decreases when the sample and tip bias are both made more positive, which 
is quite opposite to expectations (the effect is best seen with the tip negative to the 
sample). Lastly, regardless the electrochemical bias of the sample (versus the refer- 
ence), a sharp dip is found around zero tunnel bias in aqueous solutions (no dip is 
seen in nonpolar solvents). The authors propose that the tunnel barrier includes a 
correction term due to an induced polarization of a cluster of molecules in the tun- 
neling gap. The size of the cluster (ca. 30 molecules) seems too big, however, with 
respect to the tunneling gap, which suggests that some refinement of the theory is 
necessary. 

3 STM of Semiconductors 

3.1 The Semiconductor/Electrolyte Junction 

The semiconductor/electrolyte contact has been extensively investigated since the 
1970s. A recent review [32] and text books [33, 341 furnish details of the theory and 
applications of semiconductor electrodes. Below are given only some elements neces- 
sary for the discussion. Phenomenologically the liquid junction behaves more or less 
like a solid-state Schottky diode, with the electrolyte playing the role of the metal 
layer. 

At equilibrium, when Fermi levels are equal the contact on both sides of the inter- 
facial distribution of charges is that shown in Fig. 3 a: Q,, is the space charge in the 
semiconductor and extends over a distance w of several hundred nanometers, since 
the density of electronic charges available in the solid is several orders of magnitude 

1L " 

fvu 

-I"" 
Fig. 3. Distribution of charge (a) and energy diagram (b) for the n-type semiconductor/electrolyte 
interface: U, is the flat band potential and V, the band bending. The energy difference E,  de- 
pends on the reference electrode in solution. E, = -4.5 eV for the NHE. See text for other sym- 
bols. 
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smaller than that in solution (typically 10l6 charges/cm3 in the solid against lo2’ 
charges/cm3 in the solution), which corresponds to immobile ionized dopants 
because each transferred electronic charge leaves one ionized atom. Q,, is positive in 
an n-type electrode. Q, is a charge localized at the surface, arising for instance from 
surface states and adsorbates. QH is an ionic counter charge in the Helmholtz layer 
(thickness - 3 A )  which compensates Q,, + Q,. The corresponding potential distri- 
bution at the interface is shown in Fig. 3 b. Inside the semiconductor the potential 
drop, also referred to as the band bending, v b ,  is a potential barrier to majority 
carriers. Its thickness w varies as ( Vb/ND)”2. Any change of the potential Us is dis- 
tributed according to AU3 = AVb + AVH. In many situations, however, the surface 
energy levels are fixed against the levels in solution (A V, - 0 when the charge Q, is 
independent of the bias) and the density n, of majority carriers at the surface is 
monitored by the sample bias, according to the Boltzmann relationship 

The full determination of the energy diagram is achieved by measuring the flat band 
potential U,, which can be performed by various methods [35]. The bottom of the 
conduction-band is given by: 

E, = -E,-eU,+eAV, 

where 

A V, = kT In (N, /ND)  

and N, is the density of states at the conduction band minimum and ND the doping 
concentration. E, makes the correspondence between the normal hydrogen elec- 
trode (NHE) and the zero of energies (Eo = -4.5 eV [36]). 

U, represents the potential which must be applied to the electrode to flatten the 
bands. This situation is scarcely achieved at liquid contacts because of the existence 
of interface states. The position of band edges of a semiconductor results from many 
parameters including electron affinity k), formation of surface bonds with ligands 
from the solution, adsorption of species from the liquid phase, and the presence of 
surface states, which all contribute to Q,. Figure 4 gives the position of band edges 
of a selection of materials at pH = 0 (see also [37, 381). It indicates, for instance, that 
the potential drop in the Helmholtz layer amounts to V,  - -0.5 V in the case of 
GaAs 01 - 4.1 eV [39]). This corresponds to a charge Q, of the order of IOl3  elemen- 
tal charges/cm2 for a Helmholtz capacitance of 10 p,F/cm2. 
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Fig. 4. Position of band edges of some classical materials at 
pH = 0 (after 1771). ‘HE 

In aqueous solutions U, shifts by -0.06 V/pH unit for many materials. The 
generally accepted reason is specific adsorption of OH - or H +  ligands, especially 
on materials forming oxide or hydride layers, which is the case for 111-V com- 
pounds, Ge, Si, and oxides, for instance. Specific adsorption means that a chemical 
bond is formed according to a reaction of the type 

or 

with So a surface atom. Any displacement of this equilibrium modifies the potential 
drop across the Helmholtz layer according to a Nernstian equation. U, may also 
shift with the applied bias as soon as the charge Q, is modified at the surface (one 
speaks of band “unpinning”). This occurs for instance when the electronic occupa- 
tion rate of surface states is affected by the bias (as the Fermi level crosses their 
energy level). Experimentally, the band edges of single crystals are generally pinned 
under depletion conditions. 

The carrier transport properties of the interface are summarized in Fig. 5 .  Typical 
i- U curves (top) and corresponding energy diagrams (bottom) are shown for an n- 
type electrode. In darkness a rectifying behavior is observed at positive bias because 
the surface is depleted of electrons (diode-like behavior). At cathodic bias the band 
bending is reduced and electrons are emitted over the barrier (thermionic process). 
Illumination of the surface with light of energy larger than the band gap generates 
electron-hole pairs. If the band bending is sufficiently large, the electron-hole pairs 
are separated by the electric field in the space charge region, and the minority carri- 
ers reach the surface. The intensity iph of the photocurrent is normally proportional 
to light intensity in such conditions because each photogenerated carrier is trans- 
ferred to solution. At less positive voltages photocarriers recombine with majority 
carriers in bulk and/or surface traps, which decreases the photocurrent. The photo- 
voltage Up, is the difference between the rest potentials in darkness and under illu- 
mination. 
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To summarize, the semiconductor/electrolyte interface presents two types of cur- 
rents: in the dark this is a current of majority carriers whereas the photocurrent is 
a current of minority carriers. The same reactions can be monitored at n- and p-type 
electrodes but under different conditions. Hole accumulation corresponds to corro- 
sion, since holes are trapped in surface bonds. Electron accumulation is generally not 
destructive for the surface unless cathodic reduction leads to decomposition. The 
band diagrams of Fig. 5 indicate that a downward shift of the flat band potential is 
expected at an illuminated n-type electrode. At negative bias, conversely, the shift is 
upward since electrons are accumulated in a thin surface layer (metallic-like behav- 
ior). 

3.2 Conditions for Imaging Semiconductors 

Figure 6 compares the situation for imaging a semiconductor in vacuum and in the 
electrolytic environment. The ideal image of the tunnel junction in vacuum is that 
shown in the top diagrams. With the tip negative, electrons are injected into the con- 
duction band (Fig. 6 a); with the tip positive, valence band electrons are tunneled into 
the tip (Fig. 6b). The situation with flat bands in vacuum is in fact not correct be- 
cause tunnel voltages generally exceed the value of the band gap. In the absence of 
electronic states at the surface of the semiconductor, the tunnel junction behaves like 
an ideal Schottky contact with no pinning of the Fermi level. The tip locally pro- 
motes a band bending in the sample to screen the outward electric field [40]. Con- 
versely, in the presence of a large density of electronic states at the surface, the tunnel 
voltage drops mainly in the gap between the tip and the surface because the surface 
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Fig. 6 .  Comparison between tunneling conditions on a semiconductor in vacuum (top) and in the 
electrolytic environment (bottom). In vacuum empty states (a) and occupied states (b) are imaged 
with a negative and positive tip respectively. In the liquid the position of band edges is fixed with 
respect to the tip Fermi level: a cathodic bias stabilizes the tip above the n-type electrodes and occu- 
pied states are imaged in (c). Under depletion the tip comes into contact (d). Arrows refer to the 
direction of tunneling electrons. 

has metallic-like behavior. The charge in surface states causes a uniform band bend- 
ing in the semiconductor and no tip-induced effect is expected. 

To summarize tunneling on low doped materials in vacuum requires that the 
diode be forward biased ot that extremely small tunnel currents be used under reverse 
polarization [41]. Using highly doped materials (with doping up to 1019cm-3) is 
therefore preferable to avoid the question of the potential drop in the solid and to 
allow imaging at positive and negative tunnel bias on the same sample. 

In the liquid environment the situation is different from that described above. 
Highly doped electrodes are often avoided because they present an enhanced reactivi- 
ty with the solution. The sample and t i p  biases are set independently with respect 
to levels in solution and the position of the band edges of the semiconductor is fixed 
with respect to the tip Fermi level (U, is indeed generally fixed within a narrow 
potential window). It follows that the situation is often the one shown in Fig. 6, with 
the tip Fermi level located in the band gap. In this situation, maintaining the tip at 
a constant height above the surface requires that the n-type electrode be cathodically 
biased so as to provide a sufficiently large density of electrons (Fig. 6c). The stability 
of this situation is governed by the sample bias and not by the tip bias since the posi- 
tion of the tip Fermi level is not critical here, unless it is outside the band gap. 
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Conversely, the tip comes into contact with the surface when the semiconductor is 
under depletion because free carriers are blocked in the bulk in Fig. 6d. The critical 
role of band bending for tunneling was identified very early by Itaya and coworkers 
with n-TiO, [42], n-ZnO [43] and n-Si [44]. With p-type samples, accumulation of 
majority carriers is not suitable for detailed STM imaging since holes corrode the 
surface at a high rate, unless reduced species from a redox system capture the holes 
to prevent corrosion. 

Accumulation of majority carriers at the surface is however not the only possibil- 
ity for tunneling. At a depleted surface, even with the tip Fermi level located in the 
band gap, tunneling may be possible under certain conditions. This is shown in 
Fig. 7. With a low-doped n-type electrode (Fig. 7a) tunneling at anodic bias requires 
illumination to create free holes in the valence band and tunnel electrons from the 
tip into the valence band of the sample. At a highly doped electrode, electrons can 
directly tunnel electrons from the tip into the conduction band through the space 
charge layer (Fig. 7 b). Illumination is not necessary. The corresponding situations 
with a depleted low-doped electrode and a highly doped p-type electrode are shown 
in Fig. 7c  and d. 

It must be borne in mind that if the situations above extend the potential range 
for imaging they are associated with an electrochemical current, which may be 
critical. At n-type electrodes illumination or electron emission from the valence 
band into the conduction band causes corrosion by generating holes at the surface 
(Fig. 7, top) at the surface. With p-type semiconductors the situation is conversely 

P 
Ic 7. c 

Fig. 7. Stable conditions for tunneling at a depleted n- (a) and p-type (b) electrode. Low-doped ma- 
terials (left) require light of energy greater than the band gap. At the highly doped substrate (right) 
the thin space charge region can be tunneled. Electrochemical currents on the sample are i, (anod- 
ic) and ic (cathodic). Situations in (a) are associated with corrosion. 
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ideal since electrons arrive at the surface in Fig. 7c and d and no corrosion is ex- 
pected. 

In summary, in-situ STM is quite different from tunneling in vacuum. Long- 
standing imaging is preferable under accumulation at n-type and under depletion at 
p-type electrodes. The choice of the metal for the STM tip is an alternative way to 
gain flexibility for in-situ imaging. Tips made of noble metal are potentially interest- 
ing since the wide window of potential with no electrochemical current may allow 
imaging regardless of the sample voltage when the tip Fermi level reaches the conduc- 
tion or the valence band of the electrode. Such a situation has been reported effective 
on n-MoS2 with a Pt-Ir tip sufficiently negative to tunnel electrons directly into the 
conduction band [45, 461. With a very positive Pt-Ir tip-tunneling out of the valence 
band of p-Si(ll1) has also been reported [17]. Tunneling from the valence band at 
a low-doped n-type electrode in darkness has not been used, to our knowledge. 
Though there is no physical impossibility, such conditions require extremely small 
tunneling currents, which are very difficult to obtain in-situ (in vacuum this situation 
is also avoided). 

3.3 Topography and Electronic Contours 

Equation (3) indicates that the STM tip does probe the density of electronic contours 
rather than the surface topography in terms of a hard-sphere model [47]. Electronic 
contours generally coincide with atoms on metals. With semiconductors the interpre- 
tation of images is not trivial because electrons are located in bound states (dangling 
bonds on clean surfaces in UHV, chemical bonds between surface atoms and ligands 
in liquids) whose density and occupation can vary from one atom to another. 

Figure 8 illustrates this effect in the case of cleaved GaAs(ll0) [48]. Empty states 
(tip negative) appear as round spots and a rectangular unit cell can be defined in im- 
age (a). With a positive tip, image (b) shows that occupied states appear conversely 
as elongated chains, parallel to the [I101 direction, with a unit cell identical in size 
to the first image. In Fig. 8c, the superposition of images (a) and (b) shows, however, 
that the two unit cells are shifted with respect to each other by a fraction of an 
ingstrom, demonstrating that only one-half of the complete (1 x 1) unit cell of the 
GaAs(l10) surface is imaged at each of the biases. Filled states are located on As 
atoms and empty ones on Ga atoms because a partial transfer of electron occurs 
from a Ga atom to the next neighboring As atom (As is more electronegative than 
Ga) [49]. 

Clean surfaces of semiconductors do not exist in contact with liquids because 
dangling bonds react with ligands from the solution to form stable new chemical 
bonds. This contrasts with metals, for which the structure of the clean surface can 
be found in vacuum and in liquids, when specific adsorption does not take place. 
Figure 9 is an image of occupied states on clean Si(100)-2x 1 after adsorption of a 
fraction of a monolayer of water [50]. The remaining clean surface consists of paral- 
lel rows whose orientation is rotated by 90" between two adjacent terraces (Fig. 9a). 
The (2 x 1) unit cell arises from the formation of Si dimers because this stabilizes the 
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Fig.8. Constant current images on cleaved GaAs(ll0): (a) empty (Ga atoms) and (b) occupied 
(As atoms) states. (c) Superposition of images showing the complete surface lattice (after [48]). 

surface by leaving a single unpaired electron per surface atom instead of two at the 
ideally unreconstructed (100) surface. Adsorption of water molecules is dissociative 
and leads to the saturation of dangling bonds on a dimer according to the reaction 

H 
- 'Si - Si' / / + H,O+ - Si - 

OH 
Si 

with 

'Si - Si' 

representing a dimer with one unpaired electron on each Si atom and two bonds to 
the lattice. The density of states on Si - H and Si - O H  bonds is smaller than on dan- 
gling bonds Si', which explains why the depressed (i.e., darker) regions in Fig. 9 a  cor- 
respond to regions where adsorption occurred. At an atomic level, Fig. 9 b shows that 
the (2x 1) structure is preserved in accordance with IR spectroscopy [51]. Whether 
H and OH ligands are located on the same dimer remains an open question, however, 
because ligands are not completely immobile [50]. 

The structure of semiconductor surfaces under bulk solution can generally not 
be extrapolated from adsorption studies in UHV. For instance, Si(100) oxidizes in 
pure water with time and the surface is not simply saturated by Si-H and Si-OH 
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(4 
Fig. 9. (a) 180 A x 180 A STM image showing the empty states on Si( 100)-2 x 1 after adsorption of 
0.8 L H,O. Bright spots are dangling bonds and dark regions are places where Si-H and Si-OH 
bonds have formed. (b) High-resolution image showing some Si dimers with H and OH bound (af- 
ter [SO]). 

bonds. The composition of the solution is also an important parameter. In fluoride 
solutions the Si(100) corrodes and is finally covered with one monolayer of H atoms 
forming a (2x 1) structure. (1 x 1) domains also exist because vertical dihydride 
modes are resolved in IR spectra [52]. 

Probing in situ the bias dependence of images seems difficult because of the re- 
strictions concerning the polarization of the tip. Empty states are also short-lived. 
At a given bias, charge density effects can yet be observed. As an example, Fig. 10 
shows an in-situ high-resolution STM image taken on n-Si(l11) in NaOH. Occupied 
states are imaged since the sample is in accumulation [20]. Although the surface is 
known to be mainly terminated with Si - H bonds in this solution (see Sec. 5), few 
isolated atomic-size white spots are visible, and the atomic corrugation in the profile 
of Fig. 10 shows that they are nearly 0.8 A higher than Si-H bonds. These spots 
presumably correspond to Si - OH bonds created during a polarization phase close 
to the rest potential. Within a hard-sphere model Si - OH bonds should appear high- 
er than Si-H bonds by only 0.3 A. The fact that they protrude excessively suggests 
that oxygen enhances locally the density of states (in constant-current imaging the 
tip-to-sample separation must increase when the density of states increases; see Eq. 
(3)). A similar effect is observed in the case of oxygen adsorption on GaAs in UHV 
[53]. The envelope of the profile of Fig. 10 is here almost flat apart from the protru- 
sion, contrary to observations in UHV, because the negative charge on the ligand is 
efficiently screened by charges from the solution and by accumulation of free con- 
duction electrons. In the UHV oxygen adsorbates induce locally an electrostatic po- 
tential (i.e., a band bending) in GaAs [53]. 

On metals and in the liquid environment, Magnussen et al. [60] have also found 
an electronic effect when imaging ordered layers of hydrogensulfate ions on Au(l11). 
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Fig. 10. High-resolution 72 A x62 A in-situ STM image of n-Si(ll1) in NaOH after a short 
polarization period close to the rest potential. Imaging was performed at Us = - 1.5 V/SCE. The 
surface is mostly H-terminated but atomic-size white spots correspond to isolated Si - OH bonds 
(P. Allongue, unpublished image). 

Layers appear differently according to tunneling conditions. Examples of the bias 
dependence of images at metallic substrates, even in vacuum, remain nevertheless 
rather scarce; carbon adsorption on Al( 11 1) is one of the few. The effect is again a 
local variation of the charge density which modifies the electronic contour on near- 
est- and next-nearest-neighbor A1 atoms [61]. Controlling the tip chemistry is anoth- 
er method of imaging adsorbates on metals. Ruan et al. [62] have, for instance, dis- 
tinguished oxygen atoms from Cu atoms on Cu(ll0) by reversibly chemisorbing oxy- 
gen on the apex of a tungsten tip. 

4 Spectroscopic Characterization 

In vacuum, scanning tunneling spectroscopy (STS) has already opened new possibili- 
ties of studying the energy distribution of states at an atomic level. Owing to the ne- 
cessity of scanning the tip potential over several volts, true spectroscopy has still not 
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been applied in liquids. After a brief review of tunneling spectroscopy, illustrated in 
one example, in-situ spectroscopic approaches to surface electrodes are discussed and 
the potential of in-situ STS is examined. 

4.1 Ex-Situ Scanning Tunneling Spectroscopy 

The bias dependence of STM images originates from the spatial distribution of states 
at the surface (see Fig. 8). The energy distribution can be derived from STS. It is easy 
to demonstrate from Eq. (3) that the normalized conductance r= (dit/it)/(dUT/UT) 
is proportional to N, (E),  the local density of states (LDOS) at the surface of the 
sample, provided that the tip-to-sample distance s is constant and Nt ( E )  does not 
vary. The difficult question of the influence of the tip has been investigated recent- 
ly.’ Experimentally, STS is performed by scanning the voltage during UT while the 
feedback loop is interrupted briefly. Measurements must be sufficiently fast to probe 
a defined site. 

Figure 11 compares the LDOS and surface structures of two Si(l11) surfaces [54]. 
After cleavage, the clean surface is (2x 1) reconstructed with n-bonded chains of Si 
atoms. This is accounted by the rows visible in the large-scale and high-resolution 
STM images (left). On this surface the STS spectrum shows two peaks, which have 
been explained theoretically by the existence of bonding and antibonding states at 
the surface [55]. These states are due to partial charge transfer between dangling 
bonds on atoms forming dimers [56]. After treatment in HF the surface becomes un- 
reconstructed and ideally (1 x I), as shown by the high-resolution STM image on the 
right. IR spectroscopy has determined that the surface is terminated by one 
monolayer of Si-H bonds [57]. The corresponding LDOS becomes featureless over 
nearly 1 eV (see spectrum on the right), showing that surface states are removed from 
the band gap of Si. The H-terminated Si surface is the prototype of passivated semi- 
conductor surfaces. Electronically this surface presents the lowest surface recombi- 
nation velocity ever reported [58]. Chemically the monolayer of H atoms is also rela- 
tively inert and resists oxidation over hours at ambient [59] or in acidic solution [15, 
17, 441. These unique properties come from the fact that each dangling bond is satu- 
rated by an H atom and that the topmost Si atoms retain their bulk position (Si-H 
bonds are nonpolar). 

STS can be performed in air, especially on materials unreactive to the surround- 
ings, such as Ti02 [63, 641, Fe203 [63], FeS2 [65] and n-WSez [66]. GaAs [67] could 
also be studied by STS in air after stabilization of the surface with a sulfur treatment 
(see Sec. 5.2). On WSe2, Fan and Bard [66] combined STS with sample illumination 

Using low-temperature STM operating at 4 K, the contribution of the tip to r could be determined 
in the case of Fe adsorbed on Pt(l1 I )  because the tip could be positioned on a defined point for 
a long time. After deconvolution the true distribution of states was obtained (see M. F. Crommie, 
G.P. Lutz, D.M. Eigler, Phys. Rev. B 48 2851 (1993). The main features of the distribution were 
however resolved without deconvolution. 
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2x1 Si(ll1) 1x1 H-Si(111) 
Fig. 11. Comparison between STM and STS results obtained on cleaved 2x I-Si(l11) (left) and 
NH,F-treated 1 x 1-H-Si(ll1) (right) surfaces. STS spectra are shown together with a large-scale 
STM image and one or two atomically resolved STM images in each case. Note that the H-termina- 
tion of the surface removes the states which exist in the band gap of the 2x 1 surface after cleavage 
(after [54]). 

and demonstrated that recombination centres are localized at steps. STS has been 
also resolved spatially and coupled to topographic images by several groups [6]. 
Using this approach Wolkov and Avouris [68] could characterize and analyze the re- 
activity of the different Si adatoms of the 7 x 7  unit cell on a Si(ll1) surface upon 
adsorption of ammonia. Though difficult, STS is now an established method which 
confers a chemical sensitivity to STM. 

At metallic surfaces, STS spectra are generally not as structured as at semicon- 
ductors. This probably explains why STS has had much less impact upon metals [69]. 
STS has nevertheless been successfully attempted on Au(lOO), Au(l11) and Pd(l11) 
[70-721. On Au(l1 I), imaging the surface near the surface state gives a better con- 
trast [73]. On Ni(l00), islands of NiO were detected by STS [2]. Very nice results have 
recently been obtained on Al(111) after adsorption of various species [74]. Hasegawa 
and Avouris [75] have imaged on reconstructed Au(l11) the standing wave pattern 
formed by the electron density. Such a phenomenon, observed at steps or around ad- 
sorbates, stems from interferences between the incident and the reflected wave func- 
tions of electrons in 2-D states on this surface. 
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4.2 In-Situ Spectroscopic Investigations 

According to Sec. 3, the characterization of interface states at semiconductor elec- 
trodes is a key question since these states influence the behavior of the interface [76, 
771. The many different techniques of characterization have been reviewed [35, 76, 
771 for the solidhquid interface. True STS has not been applied until now. In first 
attempts to derive energy information the sample voltage was scanned to avoid prob- 
lems with the electrochemical current at the tip extremity. The possibility of scanning 
the tip bias is discussed later. 

4.2.1 Tip Current Voltammetry (TCV) 

This technique, thus named by Carlsson et al. [78], consists in recording the tip cur- 
rent as a function of the potential of the sample. TCV can be applied with the regula- 
tion loop of the tunnel current active or not. Though the terminology “tip current 
voltammetry” is rather confusing, because the tip potential is fixed, we use it in the 
following to conform with published work. 

With Feedback Loop Active 

This approach has been applied to GaAs [78-811, GaP [78,82] and CdS [80]. Exam- 
ples of TCV obtained with various n-type GaAs electrodes are presented in Fig. 12. 
Results are redrawn from [SO]. According to the principle of TCV, imaging is possible 
in regions of potential where the tip current is equal to its pre-set value as indicated 
by horizontal arrows. A negative tip current means that electrons are flowing out of 
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Fig. 12. Example of TCV recorded with the feedback loop active on n-GaAs electrodes. (a) Effect 
of the doping level: the n- and n+-GaAs (lo1* cm-3) samples contact HCIO,. (b) Effect of the sur- 
face treatment on n+-GaAs: Ru deposition and sulfide coating. A negative tip current means that 
electrons flow out of the sample. Horizontal and vertical arrows indicate the pre-set current and 
transition potentials q. The reference of potential is Ag/AgCI (redrawn from [SO] ) .  
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the sample. Starting from cathodic bias Us, where tunneling is stable, the regulation 
loop forces the tip into contact with the surface above a certain potential U f  (see 
vertical arrows) because the band bending becomes too large: this is the so-called 
“contact mode” introduced by the authors. The z-voltage undergoes variations of 
several tens of volts [42, 44, 821, which seems very large.3 The tip either travels 
downward over such a large distance that it should completely plunge into the sur- 
face or it retracts too far for allowing tunneling. 

TCV is a rapid method for evaluating stable tunneling conditions, and observa- 
tions fit the general principles exhibited in Fig. 7 as far as the effect of the doping 
level is concerned for tunneling at anodic bias (Fig. 12a). After various surface treat- 
ments of n+-GaAs, TCVs display remarkable modifications (Fig. 12 b). After elec- 
troless deposition of a thin film of Ru, the TCV resembles that of a metallic elec- 
trode, with a sharp transition from i t < O  to i t>O.  The treatment in ammonium 
sulfide hampers tunneling at anodic bias and shifts U: negatively, apparently in 
accordance with a passivation of electronic states by the sulfur layers on GaAs [83]. 

The above observations point to the question of whether TCV really yield infor- 
mation regarding the surface states. At the bare surface of GaAs, the distribution 
of electronic states in GaAs is shown in Fig. 13a [84]. There are two surface states 
located about 0.4 eV above the valence band and labeled “CORR. STATES” because 
these have been identified as intermediate states in the corrosion of GaAs. The state 
EL2 is a bulk defect, well known in GaAs, whose origin is not completely identified. 
The two other band diagrams in Fig. 13 correspond to the situation where electrons 
begin to tunnel from the tip into GaAs (see Fig. 12a). The position of the band edges 
is taken from [SO, 841. 

At the illuminated lightly doped sample (Fig. 13 b) holes accumulate at the sur- 
face, in the valence band, and in surface states, which shifts the flat band potential 
shifts downward by - 0.2 V [85]. Electrons tunneling out of the tip can enter the sol- 
id either in the valence band or in the corrosion states. That TCV, recorded with a 
tip Fermi level located between surface states and E,, is identical to the ones 
Fig. 12a [78] shows that the anodic branch is not related to the distribution of sur- 
face states. At the highly doped electrode (Fig. 13 c) tunneling is most likely assisted 
by the bulk state EL2, as the band diagram suggests. The space charge layer is indeed 
too thick at this energy even for a doping level of lo1* cmP3 (w is 100 A). In both 
cases observations are not related to surface levels. 

No metal-induced surface state is necessary to explain the new behavior after Ru 
coating (Fig. 12c). The simplest interpretation is that the surface becomes metallic 
through electronic coupling between small metal clusters forming the film above a 
critical density 1771, in analogy with observations reported in the case of Au on GaAs 
in vacuum [86]. The impossibility of tunneling at anodic bias after passivation of 
GaAs in (NH&S is also not related to a reduced density of surface states. Recent 
studies have indeed shown that the sulfide coating does not suppress surface states 
but rather pins the Fermi level at a lower position in the band gap [87]. The new be- 

This value roughly corresponds to a vertical motion of the tip by several hundreds of angstroms 
in the z-direction with usual piezo elements of sensitivity 20 A V-’ .  
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Fig. 13. Band diagrams corresponding to the onset of “anodic” branches of TCV of Fig. 12(a). The 
distribution of states is taken from [84]: EL2 = E,-O.85 eV is in the bulk and the two surface 
states labeled ‘‘CORR. STATES” are located 1 eV and 1.15 eV below E,. U, is taken from [go]. In the 
highly doped sample tunneling is assisted by EL2. 

havior of the passivated surface probably stems from the formation of some thick 
layer whose poor adhesion [88] may hinder tunneling with the sample. 

The discussion above shows that TCV can be reasonably interpreted in the frame- 
work of known electronic states. The direct determination of interface states from 
TCV seems difficult because the dependence of U: with the tip potential [78, 811 
finds no simple explanation within a simple one-dimensional energy diagram. Tip- 
induced local modifications of the band diagram of the semiconductor may exist (see 
Sec. 4.2.3) which complicates the determination of energy levels. The experimental 
dependence of U: on the pre-history of the electrode [78, 811 stem probably from 
changes in the position of band edges [89,90]. 

With Feedback Loop Interrupted 

This technique has been used by Tomita et al. [44]. The tip is maintained at a cons- 
tant height during scanning of Us, by opening the regulation for the tip current for 
a short time. Figure 14 shows results in the case of n-Si(ll1) in acidic medium, after 
etching in H F  so as to produce an H-passivated surface [%I. As soon as Us is posi- 
tive relative to U,, accumulation of electrons stops and the tip current decreases. A 
plateau is seen before the current finally drops to zero. This behavior, ascribed by 
the authors to the presence of surface states in the upper part of the band gap [44], 
might very well be explained differently since the H-terminated Si surface is free of 
surface states according to Fig. 11. Within a simple Schottky diode description of 
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the tunnel junction, the tip current is proportional to ns, the density of free elec- 
trons at the surface, and its decrease reflects the decrease of n, with increasing band 
bending vb when the potential becomes more positive. In this context, the plateau 
in Fig. 15 is indicative of a positive shift of band edges, as the dotted lines between 
band diagrams illustrate, because the Si is initially in accumulation at cathodic bias 
[20]. It would be interesting to test the technique on other materials where surface 
states are undoubtedly present. 

Tip-Induced Potential Distribution 

This section addresses the interpretation of energy diagrams of the tunnel junction. 
There is some evidence that a one-dimensional approach such as that in Fig. 13 is 
not always correct because Fig. 12 suggests that tunneling is possible, with the feed- 
back loop active, at a low-doped semiconductor depleted by a band bending as large 
as - 0.4 V. A rapid estimate of the local current shows that this should not be possi- 
ble. In fact, excluding tunneling through the space charge layer (its thickness is 
- 1000 A at this bias) electrons must first jump over the barrier (thermionic process) 
and then tunnel into the tip. The thermionic current is given by: 

ith = A  * T’ eexp ( -evb/kT)  (4) 

with A * the Richardson constant (- 8 A cm-’ T-’ for GaAs) and B the surface ar- 
ea from which electrons are collected before emission into the tip. 

If one assumes, as in Fig. 15 a, a one-dimensional band diagram and thft tunnel- 
ing electrons are collected from the sample within a disk of diameter 100 A ,  which 
is already larger than the radius of the tip, the current ith is several orders of magni- 
tude smaller than typical tunnel currents in the nanoamp range. To reach a therm- 
ionic current of 1 nA locally, the surface B must be a disk of diameter in the microm- 
eter range. An explanation in terms of surface diffusion of carriers seems insuffi- 
cient. 

The simple evaluation above suggests that the surface barrier is not the ideal one 
shown in Fig. 15a and we speculate that the tip induces a potential well at the sur- 
face. The modified band diagram is presented in Fig. 15 b. Away from the tip, the PO- 
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Fig. 15. Schematic lines of current between a 
depleted semiconductor and a tip, according 
to two hypotheses. (a) The surface is an equi- 
potential and electrons are collected from a 
small disk under the tip. (b) Case where the 
tip induces a three-dimensional potential. The 
profile of bands under the tip is the solid line. 
Away from the tip, the broken-line profile is 
the one in (a). In this case lateral conduction 
of carriers is possible in it,, - it (see Eq. (4)). sc ti p 

tential in the space charge layer is quadratic as usual (broken-line profile). Close to 
the tip the profile of bands is inverted under the surface (solid line). The potential 
barrier seen by electrons in the semiconductor is locally reduced by the positive 
charge at the tip extremity, in analogy with the modulation of the potential in MOS 
structures when fixed charges are localized in the oxide layer4 [91]. The size of the 
disk 9 in Eqn. (4) is related to the screening distances of the potential pocket under 
the tip, typically the Debye length toward the bulk of the substrate, and the width 
of the space charge layer (a few 100nm) laterally, since this potential well allow 
lateral conduction of electrons. 

Tip-induced effects are expected to be less important and even to disappear at 
highly doped materials and also when majority carriers are accumulated at the sur- 
face. It should be noted that images are experimentally featureless when extreme tun- 
neling conditions such as those described at the beginning of this section are used. 

4.2.2 In-Situ Spectroscopy 

We refer here to techniques where the tip potential is scanned within limits of low 
faradaic currents. The tip insulation is critical. The results presented below are pre- 
liminary observations made by our group. No other results have been published, to 
our knowledge. 

An array of positive point charges on a n-type semiconductor creates potential pockets whose 
depth and spatial extension depend on certain conditions defined in 1911. With a single point 
charge the same effect is expected. 
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This first approach has been used to study the interface between Si(ll1) and a dilute 
NH4F solution of pH 4 [16]. In Fig. 16 sharp transitions (potential Up) are observed 
at n-Si except when it is biased too cathodically. Up follows the bias sample. At 
p+-Si, Up shifts negatively with illumination. 

The coincidence between Up and Us stems from the “metallic-like” behavior of 
n-type Si by accumulation of electrons (U,  - 0 V/Pd-H; the flat band of n-Si al- 
most coincides with the rest potential of the electrode [92]). When U, is negative rel- 
ative to Us, electrons tunnel from the tip into the conduction band of n-Si. For 
Us = -0.6 V, the excursion of U, is too small to reach the transition potential where 
the tip Fermi level crosses the Fermi level of n-Si. In the case of p+-Si, which is de- 
pleted of holes at the surface by a band bending of - 1.3 V at Us = -0.7 V, elec- 
trons must tunnel through the space charge region, from the valence band into the 
conduction band, and then from the surface into the tip when Ut> Us (Fig. 16b). 
Under illumination, the accumulation of photoelectrons at the surface shifts the po- 
sition of band edges negatively and the transition potential is displaced by the same 
quantity indicating that Up is related to the potential where the tip crosses the con- 
duction band edge (E, - -0.25 V). Electrons tunnel out of the tip into the conduc- 
tion band before crossing the thin space charge layer. No surface state is involved in 
observations: this is consistent with Fig. 11 b. In this example the interpretation of 
results is fairly simple because surface states are not involved. 

Fig. 16. it - U, curves recorded with feedback loop active at n- and p+-Si(lll) in NH,F, pH = 4. 
The sample bias is as indicated in (a). For pi-Si Us = -0.7 V in darkness and under illumination. 
When i , <O electrons flow out of the sample (after [16]). 

In-Situ STS (Feedback Loop Interrupted) 

Results obtained with n-GaAs in NaOH are presented in Fig. 17. True in-situ STS 
measurements, plotted in the form of it - U, curves, are solid lines. Since in tunnel- 
ing mode the tip current is the sum iT+iF, with iT the tunnel current, the faradaic 
component iF has been determined by retracting the tip far away from the surface 
(dotted line). The shape of STS curves is very similar to curves obtained in ex-situ 
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Fig. 17. Actual in-situ STS results obtained at the 
\ ...... ~. o!- interface n-GaAs/NaOH. Solid lines represent 

the sum it = iF+iT. Dotted lines correspond to 
it = iF and are recorded with the tip retracted. 
The bias of the sample is as indicated. Vertical ar- 
rows correspond to the position of the valence 
band maximum at the surface. When i,<O, elec- 
trons flow out of the sample (P. Allongue, unpub- 
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experiments with an n-type semiconductor because the faradaic current iF was care- 
fully kept very small over the potential excursion. 

The tip current drops abruptly for Us = - 1 V because the tip Fermi level is in the 
band gap of GaAs, in its lower portion. The current decreases further in the gap as 
the tip bias is scanned negatively (i.e., it enters more deeply into the band gap). With 
more negative sample bias, hydrogen evolution starts and the flat band of GaAs is 
shifted negatively [89]. The decrease of the tip current accordingly becomes smooth- 
er and smoother, as the two curves show. The approximate position of the valence 
band edge is shown in the Figures. 

The results of Fig. 17 are encouraging and demonstrate that real STS is feasible 
in situ, with some care. The principal complications with respect to vacuum are two- 
fold. 

1. it - U, curves include an electrochemical component which needs being subtract- 
ed, even if it remains small. 

2. The rate for scanning U, cannot be very large because the large tip capacitance 
will dominate (in the experiment presented, the scan rate only a few volts per sec- 
ond). The capacitive current might perhaps be compensated in the input of the 
i/V converter [6]. 

To improve the dynamics of the results one should also record it - U, curves at dif- 
ferent tip-to-sample separations, as suggested by Feenstra [86]. 
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5 Studies of Electrochemical Reactions 
at Semiconductor Electrodes 

Dissolution and metal deposition are the two major reactions which have been stud- 
ied by in-situ scanning probe microscopy. The rate of electrochemical reactions can 
be affected by tip shielding, especially for reactions controlled by diffusion (mass 
transport is hindered in the close proximity of the tip). The effect manifests itself by 
reaction overpotentials larger than expected, for instance to observe deposition under 
the tip. Shielding is less important for slower reactions or with increasing scan size 
of images. The influence of the tip is not a simple problem and some reports indicate 
that the rate of reactions is enhanced instead of being reduced. Tip-induced modifi- 
cations of reaction rates can be detected by observing whether the topography of the 
surface significantly changes with the size of scans. 

5.1 Silicon Substrates 

The technology of silicon is now extremely well controlled, as evidenced by the in- 
creasing integration of ULSI circuits. The use of short interconnected active compo- 
nents and more recently the discovery of photoluminescent porous layers of Si [93] 
further widen the future applications of silicon to high-speed electronics and possi- 
bly to integrated optoelectronic devices. Electrochemical processing of Si wafers 
(cleaning, etching, etc.) has gained tremendous interest in recent years and the sur- 
face topography and chemistry of this material can be controlled at an atomic level 
by appropriate surface treatments. Atomically flat Si surfaces, in particular, can be 
prepared by exposure to fluoride solutions of appropriate pH [57, 94-96]. 

It has been established that one monolayer of Si - H bonds is left on the surface 
of Si after treatment in fluoride solutions. A recent review [94] on that topic gives 
historical notes and detailed information about the chemistry and topography of hy- 
drogenated Si surfaces at an atomic level. Chabal’s group developed IR spectroscopy 
and performed theoretical calculations (by means of ab-initio cluster calculations) 
to such an extent that atomic-size inhomogeneities and imperfections could be iden- 
tified on H/Si(lll) and (100) surfaces [95, 961. The recent advent of STM has pro- 
vided a unique complement to IR investigations. 

The Si - H termination passivates the surface electronically (the density of states 
is very low, as Fig. 11 shows) and prevents oxidation over several hours in air [59] 
and acidic liquids [15, 171. Most of scanning probe characterizations have been per- 
formed ex-situ, in air, in a liquid which does not react with the surface, or in UHV, 
after processing the surface in various fluoride solutions. The dissolution process has 
been observed also in-situ and in real time. 
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5.1.1 Ambient Imaging 

Though resistant to oxidation in air, HF-treated Si surfaces seem unstable under the 
STM tip. The large tunnel bias ( - 2 V) necessary to image the surface induces chemi- 
cal modifications underneath the tip, probably with the help of adsorbed water, 
Direct writing with a resolution of 20-30 nm has been reported on hydrogenated 
Si surfaces by applying a tunnel voltage larger than necessary for imaging [97, 981. 
Figure 18a shows a pattern written on Si(ll1) by this method. Dark regions are de- 
pressed by more than 1 nm in STM images and the measured work function is locally 
lower [97], which suggests either the removal of some material or oxide formation 
since regions of lower work function should appear to protrude in constant-current 
mode imaging; see Eq. (3). AFM imaging could help in elucidating the exact nature 
of surface modifications by discriminating topographic from electronic effects. The 
dimensions of patterns depend on the value of the tunnel voltage, duration of treat- 
ment and composition of the ambient atmosphere. With increasing O2 partial pres- 
sure in an 02/N2 atmosphere the depth of patterns increases, suggesting that oxy- 
gen incorporation does occur locally [97]. Barniol et al. [99] have reported that high 
tunnel voltages are not necessary to create such depressed regions. At large voltage 
they formed mounds, in contrast to the report of Dagata et al. [97]. Enhanced oxida- 
tion of the surface at fluoride sites is the authors’ explanation for samples which 
were not rinsed in water after HF treatment. 

The results above point to the difficulty of high-resolution ambient imaging of 
hydrogenated silicon. Besocke et al. [ 1001 nevertheless presented good-quality large- 
scale STM images of Si(100) with steps visible after extended tip scanning. One view 
of the surface is shown in Fig. 18 b. The measured step height of 4 A,  is however sur- 
prising and might be indicative of the formation of biatomic steps. In other sequenc- 
es the authors showed that step edges migrate under the tip while the surface 
smoothens. Hsiao et al. [ lol l  studied the roughness of Si(ll1) after exposure to 40% 
ammonium fluoride (NH4F). The authors started with a surface covered by an ox- 
ide layer and had to thin it down before STM imaging. The surface looked porous 

n-Si(ll1):H 

(a) 

20 nm 

0 

Fig. 18. STM images of Si in ambient conditions. (a) Pattern generated by the tip on Si(l11) etched 
in HF (after [98]) and (b) image showing the resolution of atomic steps on Si(100) (after [loo]). 
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before complete removal of the oxide layer by NH4F (the surface was still hydrophil- 
ic). For longer etchings silicon itself was then imaged (the surface was hydrophobic) 
with a minimum roughness of 1.4 A obtained after 1 -2 min of etching. At longer 
exposures pillars 200 A high were formed and their size could be decreased by addi- 
tion of NaCNBH3 in solution. This surface topography, with high aspect ratio 
structures, is probably due to  the fact that the surface was chemically oxidized just 
prior to final etching. The interface between Si and Si02 is indeed rough [I021 and 
etching in NH,F has the tendency to increase the relief. A flat Si/Si02 interface, ob- 
tained by thermal oxidation in dry O2 with subsequent annealing should be prefer- 
red [103]. 

Atomic resolution has been also achieved in air. Jungblut et al. [I041 imaged 
Si( 100) surfaces after electrochemical treatment including anodic oxidation and an- 
odic oxide dissolution in dilute NH4F solution of pH4.5. The surface was very 
rough on a large scale. High-resolution images were very noisy but (1 x 1) and (2 x 1) 
domains could apparently be resolved after image processing. Using AFM, Kim and 
Lieber [I051 resolved the (1x1) structure after etching Si(ll1) in HF/NH4F solu- 
tions of pH 5 - 8 without surface processing. The quality of AFM images was much 
better than that of STM images, probably because AFM imaging involves no electric 
field. AFM imaging of Si in air is not easy with a high resolution, however. The force 
applied to the cantilever is critical for the resolution in air. Capillary forces due to 
some layer of moistures stick the tip on the surface and may result in surface damag- 
ing as sometimes evidenced by depressed squares on enlarged scans. The tip may also 
degrade on hard surfaces such as the surface of Si. Non contact mode AFM sems 
to allow better resolution on a large scale. Vatel et al. [I061 showed that annealing 
Si(100) in hydrogen reduces to 1 A the roughness of HF-treated wafers. Monoatomic 
steps and flat terraces were resolved by the same authors after epitaxial growth of 
Si on the same substrates and also on MBE Si(100) layers [107]. Susuki et al. [I081 
imaged by AFM Si(l11) prepared in vacuum so as to produce a Si( 1 1 1)-(7 x 7) surface 
before thermal oxidation and observation in air. On a large scale the morphology 
is characteristic of that observed on clean (7x7) Si surfaces in vacuum, with large 
flat terraces and step bunching [109]. 

5.1.2 Silicon Etching 

In-situ IR spectroscopy has proved that the surface of Si is exclusively covered by 
Si-H bonds when it contacts fluoride solutions [IIO] or strong bases [20, I l l ] .  
Ex-situ IR spectroscopy [57] and more recently ex-situ scanning probe microscopy 
[17, 20, 112, 1131 have also shown that the topography of Si depends critically on 
the pH of fluoride solutions. These results have prompted many studies to elucidate 
the mechanism of etching. 

Ex-Situ UHV Investigations 

Hessel et al. [I121 imaged Si(ll1) after etching in NH4F solutions of increasing pH, 
and rapid transfer of the samples into a UHV chamber. Images paralleled very well 
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IR spectroscopic results by showing that the surface becomes atomically smoother 
with increasing pH, in accordance with the sharpening of the absorption IR stretch- 
ing mode of vertical Si-H monohydrides on Si(ll1) observed at intermediate pH 
[57]. Itaya et al. [I71 obtained similar STM results by transferring p-Si etched sam- 
ples into dilute sulfuric acid where the Si- H surface was chemically stable at cathod- 
ic bias. The rough surface observed after etching in acidic HF reflects the fingerprint 
of the Si/SiO, interface since Si is scarcely etched5. Using a spinning technique, 
Pietsch et al. [I131 studied the very initial stages of Si(ll1) etching in buffered 
NH4F, after removal of the oxide layer in acidic HF. Figure 19a shows that a large 
density of triangular etch pits is created after only 0.1 s of exposure. Pits grow lateral- 
ly until adatoms on top of terraces are removed; large and atomically flat terraces 
with large triangular pits are observed after 4 min on a perfectly oriented surface. 
On a sample slightly tilted (by 0.2"), Figure 19b shows that 3 min of etching in buf- 
fered NH4F preserves the initial stepped surface structure because Si etching occurs 
according to a step flow process (similar images are obtained for longer exposures) 
[I 121. The authors have found that terrace edges move six times faster than etch pits 
on terraces. 

The long-range structure of monoatomic steps strongly depends on the crystal 
miscut. As expected from the coordination of step edge atoms, monohydride-termi- 
nated steps dominate on precisely oriented samples [113] and steps are either recti- 
linear or jagged, on surfaces slightly tilted in [Zll] and [IT21 respectively [112]. Fig- 
ure 19 c shows, however, that step-to-step interactions may stabilize dihydride-termi- 
nated steps on a (111) sample tilted by 2", in [IT21 [113]. Steps are perfectly linear, 
and regularly spaced, in this image; terraces are also defect-free, in contrast to those 
seen on better-oriented surfaces (Fig. 19 b), because the lateral migration of narrow 
steps is too fast to allow the nucleation and growth of etch pits. Along the same lines, 
the results concerning the etching of Si(100) in NH4F are quite instructive since they 
show that the atomic coordination is not the sole parameter governing the etch rate. 
Figure 19d is a large-scale image of Si(100) after etching in NH4F [115]. Pyramids 
and flat portions are visible. There are c. lo', pyramids/cm2 presenting (1 11) micro- 
facets and a height of 20 A; (100) terraces represent about 60% of the surface ex- 
posed to solution. This surface structure is little affected at longer exposure, imply- 
ing that the (100) face is rather unexpectedly stable compared with the (111) face. 
The reason is apparently a 2 x  1 reconstruction of the (100) face, as suggested by the 
strings resolved in the area with enhanced contrast of Fig. 19d. Though Si-H 
monohydrides are threefold-coordinated on the reconstructed (1 00) face and on the 
(1 11) face, the etch rate of the (100) surface is slightly faster because the Si - H are 
strained on the (100) face. 

At an atomic level (100)-H surfaces are 2 x  1 reconstructed [I151 (see above). 
(1 11) faces have the ideal (1 x 1) - H arrangement after treatment in buffered NH4F 
[105, 116, 1171 or in hot water [118]. The 1x1-H/Si(lll) surface has been imaged 
in dilute HzSO4 [I71 and in NaOH [20] (although etching proceeds in the latter 
case). Etching in 1 Yo HF apparently leaves (1 11) terraces covered by Si trihydrides 

The etch rate of Si(ll1) is about 0.3 A min-' in 48% HF [114]. 
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Fig. 19. Ex-situ (UHV) STM images taken on Si after removal of the chemical oxide in Ha: and fiaal 
etching in 40% NH,E (a) Precisely oriented (111) sample after a 0.1 s etching (14000A ~ 6 0 0  4). 
(b) Slightly misoriented (1 11) sample toward [211] after 3 min-of etching (5000 A ~ 5 0 0 0  A). 
(c) Same as (b), but on a surface misaligned by 2" in [Ti21 (3000 A ~ 3 0 0 0  A). (d) (100) face after 
10 s of etching (240 A ~ 2 4 0  A). Images (a) and (c) are taken from [113], image (b) from [112], and 
image (d) from [115].  

[I IS]. Figure 20a presents two atomic models for the -SiH3 termination, which fit 
the threefold symmetry with 2.2 - 2.3 A interatom spacing found in STM images (for 
Si - H monohydrides on Si( 11 l), 3.8 A is expected). Large domains of this structure 
are found on images which showed also fuzzy regions, perhaps because of some spe- 
cies mobile at the surface (the sample was not rinsed), a feature which recalls also 
the observations of Kim and Lieber [105]. In some places, however, atomic-scale 
STM images display very complex and disordered atomic structures, an example of 
which is shown in Fig. 20b. The different sites labelled GI to G3 in the image have 
been interpreted by the authors as being sites at the boundary between the two 
domains of - SiH3 in Fig. 20a since the - SiH3 cannot rotate freely at the surface 
(domains are rotated by 30"). 
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Fig. 20. (a) Atomic model for the trihydride termination of Si(l11) after etching in 1 Yo HF (after 
[I 181). (b) UHV-STM image of Si(l11) showing a boundary between the two domains of -SiH, 
in (a) (after [118]). (c) Hypothetical Si/SiO, interfacial structure explaining trihydride formation 
upon etching in HF (see text). 
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The existence of - SiH3 species only once bound to the surface is surprising and 
a mechanism of formation is difficult to imagine. To reach a trihydride termination 
one must speculate that the structure of the Si/Si02 interface is that in Fig. 20c and 
that the topmost = Si - 0 groups can be removed by breaking the three Si - Si bonds 
underneath by HF, similarly to the mechanism described in Fig. 28. This involves im- 
portant steric problems and lattice stresses, however, since the length of Si - Si bonds 
is 2.35 A against -2.2 A for the hard-sphere diameter of HF molecules6 during 
disruption of bonds; it is surprising that no pitting occurs, as it is observed at higher 
pH. The very slow etch rate of Si and the short exposure (30 s) of the surface to the 
1 070 HF solution with no subsequent rinsing are perhaps key parameters for - SiH3 
formation. 

In-Situ Investigations 

Silicon has been imaged in aqueous solution over the entire range of pH. Studies in 
dilute sulfuric acid [15, 17, 441 are regarded below as ex-situ investigations since no 
etching reaction is taking place in this solution. The following paragraphs are con- 
cerned with real-time observation of Si(l11) etching in NH4F [18, 191 and in NaOH 
solutions [16,20]. It is worth noticing that Sueh-Lin et al.’ have recently published 
images of Si( 100) etching in dilute NH4F, showing that (1 1 1) facets are formed after 
long exposure to solution. The authors achieved also atomic resolution showing the 
(1 x I)-H-Si(lOO) square lattice in initial stages of etching. 

Allongue et al. [16, 119, 1231 used in-situ STM to image n-Si(ll1) in dilute 
NH,F solutions of different pH. High-resolution imaging was difficult, probably 
because the geometry of tungsten tips is easily and seemingly irreversibly modified 
by reaction with fluoride-containing solutions if the potential is not properly chosen, 
as has been reported by Yau et al. [19]. Pt-Ir tips might be more adequate than tung- 
sten tips in these solutions. The large-scale images of n-Si(ll1) presented in Fig. 21 
nevertheless confirm the statements of the preceding section, with a gradual change 
of the surface topography with the pH. At p H 4  the surface is rough, in the sub- 
nanometer range, whereas flat, smooth terraces are seen at pH 8. Multiple steps are 
seen in the image. Images are very stable with time, indicating that the etching is 
stopped at cathodic bias. Yau et al. [I91 observed n-Si(l11) in 1 Yo HF with or without 
hydrogen peroxide (H202) added. In the first solution, atomic resolution showing 
the (1 x 1) structure was observed, which contrasts with the SiH3 species resolved by 
Morita et al. [I 181 and is a confirmation that trihydride species are not stable in solu- 
tion. Addition of peroxide (2070) accelerates the dissolution and improves the surface 
structure on a larger scale. Flat terraces separated by monoatomic steps could then 

The diameter has been estimated as twice the H-F bond length (1.1 A). ’ See Sueh-Lin et al., Appl. Phys. Lett. 66, 766 (1995), which appeared during the final stage of 
publication and could n9t be included in this chapter. 

* On Si(l11) steps of 3.1 A correspond to the distance between two (1 11) planes and contain two 
layers of Si atoms. The terminology monoatomic step is taken here for simplification in the 
following. 
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Fig. 21. In-situ STM images taken on negatively biased n-Si(l11) in contact with dilute NH,F solu- 
tions of different pH, as indicated (after [123b]). 

be seen in 1% HF due to anisotropic etching by H202 molecules, which preferen- 
tially disrupt surface bonds at step edge atoms for steric reasons. In buffered NH4F 
the anisotropy stems from a different reaction path involving water molecules as 
chemical dissolution agent and F- ions as catalysts. An electrochemical component 
also exists in this case [I23 b]. 
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Fig. 22. Sequence of in-situ STM images showing n-Si(l11) etching in 2 M NaOH (Us = - 1.65 V/ 
SCE, is = - 150 pA/cm2). Frames are 1270 A x935 A and were recorded 45 s apart. In image (f) 
the hatched area is the surface of terraces removed during the sequence. Its value divided by the 
surface area under observation is used to calculate the local etch rate (after [20]). 

In NaOH the resolution of images was much better than in fluoride solutions. 
In-situ high-resolution images revealed first that the surface was terminated by a 
monolayer of Si-H bonds because it was again (1 x 1) unreconstructed (see Fig. 10) 
[18, 20, 1201. This surface chemistry, unexpected in an alkaline solution, has been 
confirmed recently by in-situ IR spectroscopy [ 11 I]. On a larger scale the potential 
dependence of Si(l11) etching has been followed in real time with the resolution of 
atomic-scale defects. Figure 22 presents a sequence of in-situ images showing that the 
dissolution is almost stopped by hydrogen evolution. There only remains a slow later- 
al migration of step edges (3.1 A high) visible toward the right of the images, which 
illustrates the perfect anisotropy of the dissolution at that potential. Step edge atoms 
are indeed preferentially removed, as shown by the removal of a pre-existing etch pit 
between images (a) and (c). No new etch pit is nucleated during the entire sequence. 
Decreasing the H2 evolution current increases the speed at which steps migrate and 
the rate of nucleation of 3.1 A-deep etch pits. For potentials near and positive rela- 
tive to the rest potential, long-standing imaging becomes impossible [20], in accor- 
dance with Sec. 3. Surface transformations have nevertheless been resolved with a 
special approach in which a first image of the surface is recorded at cathodic bias, 
a short positive potential pulse applied to the sample while the feedback loop and 
tip scanning are interrupted, before the second image is at the initial negative poten- 
tial. For a pulse length of 3 s at the rest potential, pronounced and homogeneous pit- 
ting of terraces is observed in Fig. 23. Pits are almost triangular in the initial stages 
and remain one bilayer deep (3.1 A). At more anodic bias, in the initial stages of 
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Fig. 23. In-situ STM images showing the surface of n-Si(l11) before and after 3 s of polarization 
at the rest potential in NaOH. Frames are 1400 A x 1400 A. See text for the experimental procedure 
(after [20]). 

oxide growth, i.e., in the passivation region of the i- U curve, one finds a greater den- 
sity of small round pits (about 20 A in diameter). 

Addition of a small quantity of surfactant such as Triton substantially modifies 
the foregoing observations [ 1201. Figure 24 presents one sequence of images obtained 
at an intermediate cathodic potential. Long-standing imaging is possible close to the 
rest potential and the etch rate is reduced by a factor of nearly 3. Compared with 
pure NaOH, under similar electrochemical conditions of hydrogen evolution, the 
main feature of the modified solution is a slower pitting of flat terraces. Whenever 
pitting occurs this is in the vicinity of atomic-scale defects (etch pits or terrace edges) 
and a more anisotropic etching process is achieved by reduction of surface pitting 
[120]. Observations have been interpreted in terms of formation of a self-assembled 
micelle layer or Triton molecules9 standing normally to the surface, with the 
hydrophilic tail of the molecule facing the solution and the hydrophobic hydrocarbon 
chain in contact with the hydrophobic H-terminated Si surface. This configuration 
protects the silicon surface by repelling water away from it, except close to atomi-scale 
defects where the order of the layer is disrupted, leaving access to the surface to reac- 
tants. Triton molecules being only physisorbed at the surface (no chemical bonding 
with the surface can be expected) the (1 x 1) H-termination of Si(111) is still seen in 
high-resolution images [120]. These results show that ideal flat surfaces can be pre- 
pared in solutions other than those of fluoride. They also emphasize the utility of in- 
situ STM imaging as a unique tool to select additives and demonstrate that extended 
atomic-scale defects are already critical with respect to the protection. 

The developed structure of Triton X-100 is (CH,),CCH,C(CH,), -C,H, -(OCH,CH,),OH with 
n = 9- 10. 
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d e f 

Fig.24. Same as Fig. 22 but after addition of M of Triton (Us = -1.65 VISCE, 
is = -50 pA/cm2). Frames are 1400Ax 1400A (after [120]). 

Addition of sulfide species is another method of modifying the etching process 
[119]. For a concentration in the millimolar range, the etch rate of Si(ll1) is de- 
creased by a factor of 10 for comparable electrochemical conditions. Figure 25 a 
shows that an ordered layer of sulfur species is adsorbed, presumably on the top of 
Si-H bonds. On a larger scale, terraces show regions depressed by 1.45 A ,  which 
is smaller than normal step height and indicates that the surface is only partially 
covered by the sulfide layer (Fig. 25 b). Pitting is naturally reduced in this solution 
because the surface is protected at an atomic level. At anodic bias the adlayer proba- 
bly desorbs, because i- U curves of n-Si electrodes are independent of the presence 
of sulfide species [119]. 

In addition to the visualization of topographic transformations, sequences of in- 
situ images yield a measure of the local kinetics of the reaction. The etch rate of Si 
has been evaluated in [20] by using the expression R = (AS/S) h/At ,  with AS/S the 
surface area of terraces removed per cm2 of electrode in one sequence, h the step 
height (3.14 A )  and At the time elapsed. The quantity ( A S / S ) h  in fact represents 
the volume of material which has been removed per cm2 of electrode, because the 
dissolution occurs layer by layer. The experimental determination of AS is sketched 
in Fig. 22f, in which the hatched area represents AS. In other sequences A S  includes 
the surface of eventual pits. The bias dependence of the etch rate and the current 
voltage curve are shown in Fig. 26 for n-Si(ll1) in a 2 M NaOH solution [20]. 
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Fig. 25. (a) High-resolution and (b) large-scale in-situ STM images taken on n-Si (1 11) in a sulfide 
solution. Frames are respectively 64 A x  60 A and 1424 Ax 1420 A (P. Allongue, unpublished 
work). 

Although the results correspond to etch rates on a microscopic scale, the curve fits 
remarkably well the bias dependence of etch rates derived from macroscopic mea- 
surements such as material losses. Note that etch rates of a few Angstroms per minute 
are an upper limit to follow surface transformations by STM unless the microscope 
is especially designed for fast large-scale imaging. Recently, the comparison of ex- 
perimental sequences of images with simulated ones, according to the Monte-Carlo 
method, has allowed the quantitative determination of etching rates at the atomic 
level on Si [121]. 
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1 Fig. 26. Bias dependence of the etch rate ( @ )  and 
i-U (0) curve of % ( I l l )  in 2 M  NaOH as derived 
from sequences of STM images (after [20]). 
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Mechanism of Dissolution 

Allongue et al. [I221 and Gerischer et al. [I231 have recently published models de- 
scribing, at a molecular level, the etching of silicon in strong bases and in fluoride 
solutions respectively. They are shown in Figs. 27 and 28 respectively for NaOH and 
acidic HF. 

In NaOH the dissolution of Si can follow a chemical and an electrochemical 
route (Fig. 27, top and bottom paths respectively). The chemical path represents 90% 
of the dissolution [122]. This route underlines the role of water molecules in the dis- 
solution of Si at high pH in accordance with the weak dependence of the etch rate 
with respect to the O H -  concentration. Hydroxyl ions are catalysts of the reaction 
and do not react directly. This is consistent with the fact that Si etching in boiling 
water also produces atomically flat Si(l11) surfaces, as has been made evident by IR 
absorption spectroscopy [I241 and UHV-STM observations [117]. In this case the 
temperature is sufficient to overcome the activation energy since no OH-  ion is 
available. The remarkable anisotropy of Si etching in strong bases stems from the 
fact that the chemical route represents about 90% of the dissolution and begins with 
a hydrolysis step in Fig. 27 [122]. The hydrolysis of Si- H bonds by water molecules 

Fig. 27. Molecular model for the etching of Si in strong bases. In NaOH two routes are possible 
for the hydrolysis step. The chemical one (top route) dominates at the rest potential. The H-termina- 
tion persists despite dissolution because the initial steps are rate-determining. HSi(OH), is further 
oxidized to Si(OH), which liberates another H, molecule (after [122]). 
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is evidently easiest at steps especially at kink sites where steric hindrance is minimal 
and surface bonds also are more flexible than on terraces (water molecules must 
come in close contact with Si - H bonds). Though a chemical etch rate should not 
display much bias variation, there is no contradiction between the nature of the reac- 
tion and the results of Fig. 26 as it is exposed in [122]. At anodic bias the rate of 
formation of Si - OH bonds increases and a thin oxide layer is built by condensation 
of Si-OH bonds which stops etching since Si02 is slightly soluble in NaOH. 

Though negligible, the electrochemical route is nevertheless critical with respect 
to the surface topography. This route is responsible for the pitting on terraces, as 
Fig. 23 shows [122]. This is because the electrochemical hydrolysis of the Si-H 
bonds is a two-step process initiated by an acid-base dissociation of the Si - H bond 
which avoids steric problems by liberating a terrace site to form a silanol group which 
is then removed (Fig. 27, bottom). Additives may reduce the formation of etch pits 
(see Figs. 24 and 25). 

In fluoride solutions etching begins also with the formation of a Si-OH bond, 
as in NaOH, with the difference that the electrochemical route becomes proportionally 
more important than the chemical one with decreasing pH [123b]. The silanol group 
may be also rapidly transformed into a Si-F bond and F- ions are probably catalyst 
of the reaction at intermediate pH. Two electrons are thermally excited, from activated 
states into the conduction band, in the electrochemical process [123 a]. As discussed 
above this path is more isotropic than the chemical path in NaOH and the uptake of 
the electrochemical reaction as the pH decreases, it represents about 80% and 50% 
in NH4F solutions of pH 4 and pH 8 respectively [123b, 1281, which fits the results 
of Figs. 19 and 21, where the atomically flat terraces seen at pH 8 become atomically 
rough at lower pH. In acidic diluted HF, the ‘chemical etching’ is almost exclusively 
electrochemical in nature showing that the terminology ‘chemical etching’ is rather 
misleading here. The reaction is the one described in Fig. 28 (top). The step with for- 
mation of the Si - OH bond has been omitted, since they are short lived. Under illumi- 
nation photogenerated holes are first captured in Si - H bonds and a single electron 
is injected in the second stage of Si-F bond formation. For one photohole one elec- 
tron is produced which is in accordance with photocurrent multiplication factors of 
2 [125]. Molecular hydrogen is formed in a homogeneous reaction in solution, since 
the dissolution product HSiF, corresponds to Si with valence 2. which explains that 
it still evolves at anodic bias [126]. Hydrogen evolution is also observed in NaOH. 

In all solutions, after formation of the Si-X bond with X = OH or F, the final 
steps are exclusively chemical and involve water and possibly undissociated HF, but 
only at low pH for the later. These steps are faster since the Si-Si back bonds are 
weakened by the large difference in electronegativity between Si and the ligand X. 
In HF these steps are similar to those of the model of Trucks et al. [127] who consid- 
ered that etching stops after completion of the coverage by Si-H bonds. The de- 
scription in Fig. 28 shows how etching may still proceeds even though at a limited 
rate. At intermediate pH, water is again the main reactant [123b]. The persistence 
of the H-termination, which contradicts thermodynamics since Si - F and Si - OH 
bonds are more energetic than Si - H bonds, simply means that the initial substitu- 
tion Si- H + Si-X is rate determining in the reaction of dissolution. This is a kinet- 
ic problem which stems from the unpolar character of Si - H bonds. 
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Fig. 28. Molecular models for Si etching in acidic HF: (a) Electrochemical route under 'chemical 
etching' condition. (b) Dissolution initiated by holes, here under illumination at n-Si (after [I  23 a]). 

In summary, the two models of Figs. 27 and 28 provide new insights into the pH 
dependence of the surface topography of Si(ll1) in fluoride solutions (see Fig. 21). 
With increasing pH the uptake of the chemical reaction with water enhances the an- 
isotropy of the dissolution since the chemical route depends critically on the atom 
coordination in contrast to the electrochemical one [122, 123 b]. 
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5.1.3 Porous Silicon 

As opposed to the situation described in the previous section, where etching was per- 
formed at the rest potential and the aim was for ideally smooth Si surfaces, porous 
silicon layers (PSLs) are formed at anodically biased p-Si in fluoride-containing so- 
lutions. Light or a large anodic bias is necessary at n-Si. Surprisingly, deep and al- 
most unidirectional pores can be electrochemically grown on flat crystalline Si sur- 
faces over thicknesses of several tens of micrometers. The morphology of the layers 
(shape, size of pores, interconnection of pores) depends on many parameters, includ- 
ing solution composition, current density, doping level, type of conduction, surface 
orientation [129], and even UV illumination [130]. PSLs are intensely photolumines- 
cent (PL) in the visible range (typically at 650 nm) beyond a critical porosity of 85%. 
Below this value the PL intensity decreases rapidly and becomes orders of magnitude 
lower for flat Si. These observations have been interpreted as an effect of quantum 
confinement in nanostructures composing the skeleton of PSLs. Calculations predict 
that the gap becomes direct below a critical size (2-4 nm) of Si particles. Despite 
many investigations the mechanism of formation and the origin of the photolumi- 
nescence are still not clearly elucidated and remain open questions [93]. 

In the context of PSL studies, local probe microscopes are difficult to operate 
ex situ for several reasons. The Si skeleton is fragile and easily destroyed, especially 
by AFM tips. The resistivity of layers (> lo9 Cl cm) is also a problem for tunneling. 
Only thin layers can be imaged [ 13 I]. Typically layers cannot exceed 20 - 50 nm in 
thickness to keep the tunneling gap larger than the layer resistance [132]. Surface 
modification occurs under the tip at large tunnel bias (several volts) and this has been 
used to write patterns on the surface [133]. The tip geometry is critical to image such 
rough surfaces. Amisola et al. [I341 could not obtain a correlation between the size 
of surface features and PL properties by using ambient AFM on highly porous lay- 
ers, whereas Enachescu et al. [I321 were able to show close correlation between STM 
images and PL properties of layers. The reason is that STM tips usually have a better 
resolution than AFM tips. George et al. [I351 compared porous layers grown in 
HF/H20 at anodic bias and in HF/HN03/H20 with no bias applied. In this latter 
solution PSL formation arises from the injection of holes from the solution whose 
injection rate depends mainly on the concentration of HN03,  which is the oxidizing 
agent. PSLs formed in this way have been also called “stain films”. Ambient AFM 
images show columnar features for the first type of layer, whereas a smoother mor- 
phology (between larger pores) is observed on the other type of film. 

Houbertz et al. [136] have studied the very initial stages of PSL formation in 40% 
NH4F, though PSL is generally prepared in mixtures of 48% H F  and water or etha- 
nol. Figure 29 shows ex-situ UHV-STM images of highly doped n-Si(ll1) after 30 s 
of anodic polarization. Starting from ideally flat surfaces, prepared at the rest poten- 
tial as in Fig. 19b, images show that the size and density of pores depend on the bias 
applied. Pores are - 500 A in diameter and - 10 A in depth at low overvoltage as 
in image (a). At more anodic bias, pores are more open, presumably because one 
reaches the transition region between PSL formation and electropolishing [93]. 
Atomic steps are still seen in images confirming that the skeleton of the PSL is ac- 
tually crystalline. Using different techniques of preparation, Enaschescu et al. 
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Fig. 29. Ex-situ (UHV) STM images recorded on anodically biased Si(l11). (a) 30 s etch at 0 V/SCE 
(porous layer formation) and (b) 30 s etch at 0.6 V/SCE (transition region before electropolishing). 
Frames are 0.35 pmx0.35 pm (after [136]). 

[132, 133, 137, 1381 have observed by UHV-STM a correlation between the morphol- 
ogy of thicker porous layers (20-50 nm) and photoluminescence properties. The top 
of the layer consists of hills and valleys whose characteristic size must be decreased 
to the nanometer range to obtain intense PL which fits general assumptions about 
quantum confinement [93]. Effective barrier imaging may be interesting. This shows 
finer structures than topographic imaging because the most conductive regions dom- 
inate in constant-current mode [132]. 

The (opto)electronic properties of PSL were also studied with STM: iT-UT 
curves taken on PSL display the rectifying behavior of the substrate (p-type material 
in [ 1321). A surprising inversion of conductivity at the surface, detected by STS, was 
reported in another paper [134]. Dumas et al. [131, 1391 have performed photon 
mapping by injecting low-energy electrons from the tip (negative) into the substrate. 
Figures 30a and b compare STM and the corresponding photon-emission images 
made on a photoluminescent p-type PSL. The photon image is obtained by photon 
counting with a photomultiplier. The principle of the technique recalls cathodolumi- 
nescence as it was described some years ago with GaAs/GaAIAs heterostructures 
[ 1401. Tunneling electrons penetrating the layer recombine with holes and photons 
are radiatively emitted locally with a mean energy corresponding to the gap of the 
substrate. For PSL the light energy is about 2 eV (see Sec. 6). Photon emission re- 
quires the porosity of the layer to be > 85'70, in accordance with the general concept 
of quantum confinement. No photon emission is obtained on flat Si, which excludes 
inverse photoemission as a light-emitting process. The cross-section in Fig. 30c dem- 
onstrates a strong correlation between protrusions and photon counts [131]. The ori- 
gin of the contrast image has not been elucidated. One possibility is that the conser- 
vation of parallel momentum of ballistic electrons (as in BEEM; see Sec. 6.3) tends 
to focus light emission [140]. 
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Fig. 30. Topographic STM image (a) and photon map (b) recorded on p-type 85% PSL (after [131]). 
(c) Profiles showing the correlation between the surface topography and the intensity of emitted 
light (after [139]). 

In-situ investigations of PSL have been performed only very recently. Yau et al. 
[141] have published in-situ STM observations of p-Si(100) in 1 Yo H F  after anodiza- 
tion. Ex-situ AFM results are similar to those described above, with surface damag- 
ing observed. In-situ STM images had to be collected at cathodic bias because of a 
loss of resolution at anodic bias (surprisingly, the potential was however only weakly 
cathodic with respect to the low doping level of the substrate). Originally relatively 
flat, the (100) surface roughens after anodization with well-defined crystallographic 
trenches running along the [ I i O ]  direction and V grooves, whose side walls are appar- 
ently (1 11) facets. Images confirm that the anodic dissolution of Si is anisotropic in 
fluoride-containing solutions. The relation between pore formation and orientation 
of features needs however being further investigated since it is known that pores 
preferentially grow in the (100) direction [93]. Observations might be related to a too 
strong anodization which opened pores. 
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In-situ studies of PSL should offer further perspectives. In the first place the ini- 
tial stages of the layer formation could be studied with the technique used in Fig. 23. 
“Ex-situ” topographic imaging of PSL, in sulfuric acid for instance, might also be 
easier than in UHV since the necessary tunnel voltage is expected to be smaller in 
the liquid environment (about 1 V against 3 - 5 V in UHV). Free carriers are indeed 
available in PSL immersed in solution whereas carriers seem localized in dried layers, 
according to recent IR absorption investigations [ 1421. Photoemission could also be 
studied in situ, with two aims. The first is conventional cathodoluminescence as in 
UHV, by injection of electrons from the tip into the conduction band of an n-type 
PSL for instance. The other possibility is localized electroluminescence (EL) by elec- 
trogeneration of a strongly oxidizing redox agent (e.g., S20i-  which is reduced to 
SO:- with formation of the hole-injecting species SO, [143, 1441) at the extremity 
of the tip, in a way similar to that performed by scanning electrochemical microscopy 
(SECM; see Sec. 5.2). 

5.2 Materials other than Silicon 

Principally two other classes of materials have been studied by in-situ STM and 
AFM: the I11 -V compounds and layered materials. In-situ atomic resolution has 
been obtained on p-InSe by Uosaki and Kuomina [22]. Semiconductor oxides have 
not been studied since the early work of Itaya and Tomita on Ti02 [42] and ZnO 
[43]. STS [63, 641 and atomic resolution [64] have however been recently reported in 
air on Ti02. Kepler and Gewirth [21] could resolve in-situ individual atoms on 
Ge(l11) and (1 10) electrodes. That in-situ atomic resolution was obtained by AFM 
on Ge [21] and InSe [22] opens new possibilities for electrochemical studies since the 
sample bias is less subject to constraints of polarization. Photoeffects, induced by 
the laser beam need nevertheless being avoided. 

Studies of pyrite and related substrates are surprisingly missing from the list 
above. They should also be very good candidates for in-situ imaging since they are 
very stable to oxidation and present interesting electronic properties. RuS2 [145], for 
instance, shows a remarkable bias dependence of images in air which deserves to be 
exploited in situ as model electrodes for investigating surface reactivity at an atomic 
level. As an example, Fig. 31 presents filtered STM images of occupied and empty 
states on cleaved RuS2(100) in air [145]. Occupied states are distributed in two pat- 
terns: intense spots on zigzag chains correspond to S atoms forming the topmost lay- 
er and smaller spots in a square arrangement correspond to Ru atoms, in agreement 
with the crystallography of this material. A similar STM image is found on FeS2 
[146]. Empty states on RuS2 present a more complex distribution which is still not 
completely elucidated [ 1451. 

5.2.1 Surface Preparation 

The resolution of atomic-scale defects in STM images requires surfaces as flat as pos- 
sible to start with. Scanning probe microscopy has improved our knowledge concern- 
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(a) (b) 

Fig. 31. FFT-filtered STM image of occupied (a) and empty (b) states on RuS, [145]. 

ing surface preparation in vacuum. This step is appropriate to STM and AFM studies 
even if this aspect seems frustrating. Obtaining flat surfaces by chemical treatment 
and keeping them ideal in solution are intrinsically interesting aims and require im- 
proved understanding of the chemical reactivity of surfaces. In that respect the recent 
progress in the preparation of Si surfaces (the best-known material) explains the 
achievement of good in-situ resolution on these surfaces. Each material raises new 
problems, which explains why many of them, especially compound materials, have 
still not been imaged with a high resolution. 

The surface of I11 -V compounds looks generally rough, as in Fig. 32 a, which 
shows the earliest in-situ image of a semiconductor electrode [147]. The highly 
doped p+-GaAs (NA> 1019 ~ m - ~ )  sample was simply imaged under the solution in 
a two-electrode configuration (tunneling occurs through the space charge layer). A 
similar roughness is found after etching in HC1-HN03 [151]. Robach et al. [148] 
have recently shown that the roughness of InP(100) can be significantly decreased 
by growing a chemical native oxide layer in HN03  and dissolving it in HF. This re- 
sult belongs to a more general technique in which flat surfaces are obtained by grow- 
ing an oxide layer in such a way that the interface between the semiconductor and 
the oxide is flat, and then removing the oxide selectively without corroding the sub- 
strate. In the case of Si, thermally grown oxides are better candidates than chemically 
formed oxides to attain atomically flat surfaces [102]. Using epitaxial MBE (Molecu- 
lar Beam Epitaxial) layers of I11 -V materials seems better than using polished wa- 
fers since extremely flat (100) GaAs surfaces layer may be prepared with only two 
to three layers exposed [149]. Figure 32b is an STM image of a MBE n-GaAs(100) 
layer etched in dilute Na2S. This surface shows defined crystallography with terraces 
and steps, like a multivicinal surface. The question will however remain to keep it 
structured when it contacts an aggressive solution. 
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Fig.32. In-situ STM images of GaAs(lO0): (a) p+-GaAs (>1019cm-3) in KOH within a tw?- 
electrode configuration (after [147]). (b) MBE n-GaAs layer in dilute Na,S. Size 3000x3000 A 
(P. Allongue, unpublished) 

Flat surfaces are easy to prepare with layered materials. There have yet been only 
few in-situ studies, the resolution has been not as good as expected, with the excep- 
tion of InSe [22]. Steps and pit formation have been reported on MoS2 [45]. 
Cleaved pyrite and related material such as RuS2 also give nice flat and stable sur- 
faces [145, 1461. 

5.2.2 Corrosion and Passivation Studies 

Corrosion of III- V Compounds 

In-situ images have never reached the resolution of atomic-scale defects on these sur- 
faces, except in Fig. 32b and in the AFM work of Koinuma and Uosaki [151], who 
followed the anodic photodissolution on n-GaAs( 100) in diluted HCl and found 
that the surface smoothens with time, an effect which is perhaps related to oxide 
formation induced by tip shielding. Atomically resolved images surprisingly showed 
the arrangement of the (1 11) face although they should correspond to facets 54.7" 
off the initial plane. Eriksson et al. [79] and Carlsson et al. [82] have imaged 
n-GaAs(100) in NaOH by STM under potential control. Under illumination, se- 
quences of images showed dramatic changes because the surface was dissolved with 
a current density as high as 150 pA cm-2, which is equivalent to the removal of - 20 ML min-'. Topographic changes between two images were too fast to be ana- 
lyzed. Much slower dissolution rates must be monitored (see the discussion of Si in 
Sec. 5.1). In darkness no topographic change was observed within the scale used. 
This is in contrast to the report of Thundat et al. [150], who observed that the sur- 



48 P. Allongue 

face, initially rough, had the tendency to smoothen after repeated scanning. STM 
imaging also became difficult with time, suggesting that an oxide layer is formed un- 
der the tip due to the high electric field. That the same effect was seen by in-situ 
AFM [151] rather suggests that the oxide growth under the tip might also be related 
to tip-induced reaction shielding and not the electric field. 

Local corrosion and nanolithography have been performed by STM. Nagahara 
et al. [I521 wrote features as small as 20nm in linewidth on nf-Si(100) and 
p +  -GaAs within a two-electrode configuration (the counter electrode had to be dis- 
connected). The rate at which grooves form depends on the size of images and al- 
most stops above a critical scan size. The tip was surprisingly in tunneling mode at 
a bias 1.4 V positive with respect to the semiconductor. Using the fact that no etching 
was observed on n-Si in H2S04, where Si02 is stable, the authors postulated field- 
induced oxide growth beneath the tip, followed by chemical removal of this oxide (by 
HF) as the mechanism of feature etching. This mechanism remains nevertheless un- 
clear because Sugimura et al. [I531 reported that Ti is anodized under the tip when 
the substrate is positively biased. Under the tunneling conditions described in [I521 
the substrate is negative and cathodic reduction was expected instead of oxide forma- 
tion. Since Si and GaAs do not decompose cathodically, writing might proceed as 
follows. In the case of Si, tunneling probably occurs from the valence band, with free 
carriers supplied by bulk recombination. For tip currents as large as 1 nA the rate 
of bulk recombination is certainly insufficient and bound valence electrons are in- 
volved in tunneling. This will lead to local corrosion. At p-GaAs, Fermi level pinning 
is very likely. Here the positively charged tip reduces the band bending locally, which 
promotes enhanced corrosion in the vicinity of the tip. 

Using SECM, Bard and coworkers [154, 1551 could form etch spots and real in- 
situ lithography on n-GaAs. Figure 33a is an SEM view of three etched holes. The 
principle of SECM lithography is explained in Fig. 33 b. In a strongly oxidative solu- 
tion, holes can be injected into the valence band of n-GaAs, according to the reaction 
ox’ -+ red+h’. In the vicinity of the tip the generated reduced species (red) diffuse 
rapidly to the tip. If the reverse reaction red + ox+ +e-  is monitored at the tip ex- 
tremity, by adjusting its potential, the OX’ ions may diffuse back to the surface (the 
tip is an ultramicroelectrode approached to - 1 pm from the surface). This creates 
a loop locally and enhances etching as the tip comes closer to the surface. This proce- 
dure is referred to as the “positive feedback mode” of SECM. Far from the tip, hole 
injection (i.e., etching) occurs uniformly. This technique of lithography takes advan- 
tage of the increased etch rate underneath the tip. At p-GaAs, etching was generally 
not observed because injected holes are removed from the surface by the electric field 
(see Fig. 33 b). p-GaAs could however etched by electrogenerating bromine at the tip 
since in that case the dissolution is chemical and involves no hole injection. Patterns 
with a submicrometric resolution have been generated using the SECM. SECM has 
also been used to etch or deposit metal locally on various types of substrates 

Note that the value of the redox potential is critical. If the redox potential lies 
in the band gap of the semiconductor, monitoring the reaction red -+ ox’ +e-  at 
the tip will not help for lithography. As the tip comes closer to the surface the reac- 
tion stops (negative feedback). This behavior, characteristic of insulating electrodes, 

[154- 1581. 
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Fig. 33. Lithography on GaAs by SECM. (a) SEM image showing holes etched in n-GaAs (after 
[154]). (b), (c) Principles of SECM lithography: in (b) the very oxidative solution enables lithogra- 
phy of n-GaAs by enhanced corrosion under the tip (positive feedback mode of SECM). At p-GaAs 
no etching can be expected. In (c) the less oxidative solution makes lithography impossible since 
holes are not injected in the electrode (negative feedback is observed). 

has been observed with n-GaAs in solutions of lower pH because U, shifts down- 
ward. The situation is shown in Fig. 33c. 

Pussivution of III- V Compounds 

The passivation of I11 -V compounds remains a challenging problem for microelec- 
tronics but has still received no answer as efficient as the H-termination of Si. The 
increase of the photoluminescence intensity and lifetime after treatments in sulfide 
solutions have recently attracted much attention [67]. Dagata et al. [I601 have com- 
pared, by STMISTS in the ambient atmosphere, the passivation of GaAs in (NH@ 
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Fig. 34. STM images (left) and spectroscopy results, plotted as log ir - U, curves (right), of GaAs . .  
in the ambient atmosphere. The surface is coated with sulfide in (a) and simply etched in (b) (after 
~ 7 1 ) .  

and P2S5/(NH4),S. The second treatment stabilizes the surface over hours in air by 
formation of an oxide monolayer between the sulfide layer and GaAs [161]. The 
coating does not degrade under the tip. The same solution also stabilizes the surface 
of InP [162]. Figure 34 compares results obtained with GaAs cleaved in a mixture 
of NH40H/H202/H20 and treated or not with P2SS/(NH4)2S. The surface looks 
smoother after passivation if it is not rinsed in deionized H20. Increasing the rins- 
ing time increases the roughness of the surface [161, 1631. Rinsing in methanol pre- 
serves the passivation layer [163]. The smoothing effect might nevertheless be related 
to electronic effects since AFM images look equally rough [164]. The STS results of 
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Fig. 34 are presented as iT - UT curves. Without sulfide treatment a 1.05 eV band 
gap is resolved, whereas the gap shrinks completely after passivation. Though results 
seem in line with a passivation of electronic surface states by the sulfide treatment, 
since no band gap is resolved on clean GaAs(ll0) in vacuum [53] lo, one may 
wonder whether the results of Fig. 34a are not related to the overlayer instead of the 
substrate. Recent studies have indeed shown that the density of states is not reduced 
after sulfur coating [87], in contrast to initial assumptions [86]. Moreover, thermal 
desorption of the sulfide layer opens a band gap [164], as in Fig. 34b, which is con- 
sistent with the existence of the monolayer of oxygen at the interface between GaAs 
and the layer [161]. In vacuum a wide band gap is also found locally at places where 
oxygen is adsorbed on clean GaAs(l10) [53]. 

The role of the P2S5 in the passivating solution seems very important to the in- 
terfacial chemistry and to STM imaging. The dip in the P2S5/(NH4),S mixture leads 
to the formation of a Ga,O, phase at the very surface of GaAs and an As,O, phase 
on top of the layer [164]. This layer is stable under the tip. Without P2S5 the surface 
of GaAs is conversely terminated by a sulfur layer while the excess arsenic is removed 
by formation of a compound A s & ,  [165]. Sulfur being only physisorbed [I661 and 
the sulfide layer poorly adhesive [160]. STM imaging is impossible also because the 
overlayer degrades under the tip [68]. The As$, phase also oxidizes in air [88], 
which is another factor that is unfavorable to tunneling. Formation of oxide clusters 
underneath the layer might also contribute to tip instability. 

This kind of problems seems to be less dramatic when imaging the surface in-situ 
as Fig. 32b shows. The interesting point in this image is the anisotropic shape of 
structures which are parallel [IiO] and suggest a complete restructuring of the initial 
surface, due to etching in the sulfide solution. Moreover sequences of images show 
a preferential attack of structures at their narrowest extremity, which indicates a 
chemical dissolution and also that the surface is probably terminated by one short 
of atoms (probably Ga one bound to S species). Atomic resolution has, however, not 
been achieved yet on this surface. 

Dissolution of Layered Materials 

Sakamaki et al. have STM-imaged n-MoS2 in various solutions [45]. Using a nega- 
tively polarized Pt-Ir tip for tunneling electrons into the conduction band, the sam- 
ple could be imaged regardless of its bias and photoinduced corrosion could be fol- 
lowed at anodic bias. In dehydrated acetonitrile no reaction occurred but addition 
of water traces induced the formation and anisotropic growth of etch pits on a large 
scale. With KI added, the surface is stabilized. In HC1, corrosion occurs at surface 
defects. 

lo  The clean GaAs(ll0) surface presents no surface states in the band gap as derived from conduc- 
tance T(U,) measurements. When spectroscopic results are plotted in the form shown in 
Fig. 34, however, no band gap is resolved because dopant-induced bulk states contribute to tun- 
neling [53]. 
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Fig. 35. Sequence of high-resolution in-situ AFM images of p-InSe showing the formation of an 
insoluble Se layer as the bias becomes anodic. The potential is scanned positively between images 
(a) and (d). The potential is scanned negatively afterwards and atoms are visible again in ( f )  (after 
t221). 

By AFM, Uosaki et al. have imaged p-InSe in acidic medium [22] and in air [167]. 
Figure 35 shows that the topmost layer of atoms (presumably Se) can be resolved at 
potentials cathodic relative to the rest potential, just as in air. When the potential is 
anodic of the open circuit, images become noisier by formation of insoluble oxidized 
Se layer (In is dissolved as InOH2+) [22]. Returning the potential to negative values 
restores atomic resolution. Prolonged anodic polarization makes however the Se layer 
too thick to be dissolved at cathodic bias and atoms are not seen any more. 

Layered materials have often been used for atomic-scale modifications in air. 
Garcia 11681 removed single atoms from WSe2 by moving the tip closer to the sur- 
face by 5 A (feedback loop open) and ramping the tip potential. Huang et al. [169] 
simply used a positive pulse instead of a ramp to modify SnS2 and MoS2. Parkin- 
son and coworkers [170, 1711 have shown that many of these substrates are etched 
layer-by-layer during prolonged STM or AFM imaging. Capillary interactions be- 
tween the tip and samples (there is always a layer of adsorbed water on these surfaces 
in air) are thought to be the origin of this phenomenon. The authors found that 
point defects are necessary to start etching. 
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5.2.3 Metal Deposition 

Metal deposition under potential control has been studied mostly on metallic sub- 
strates with STM [9]. Nichols et al. [I721 showed that three-dimensional Cu deposi- 
tion on Au single crystals preferentially starts at defects (monoatomic steps, disloca- 
tions). Addition of organic molecules modifies the film growth into an almost two- 
dimensional process [173, 1741. The very little that has been done on semiconductors 
is still at a mesoscopic level. For experimental reasons, studying rhe initial stages of 
the formation of films is not easy on semiconductor electrodes. Tunneling must be 
possible where deposition does not occur and, according to the energy diagram of 
Fig. 6, this implies favorable conditions on an n-type electrode since imaging is not 
always stable close to the rest potential. AFM seems more relevant here. However, 
unlike working with noble metals, performing repetitive experiments by stripping the 
deposit will be always impossible since this will corrode the substrate by the same 
time. 

Thundat et al. [I 501 have deposited Ni on Ge under potential control. A thin Ni 
layer is first formed before island growth starts, presumably because Ni germanide 
forms. Eriksson et al. [I751 have studied Sn deposition on n-GaAs and Phaner et 
al. [I761 compared films of Au obtained by evaporation and electroless deposition 
on GaAs. Hydride formation on Ge has been investigated by Kepler and Gewirth by 
in-situ AFM and STM [21]. Close to the rest potential, atoms could be resolved on 
Ge(l1 l), as Fig. 36 shows. Long-range images showed reversible dendritic cathodic 
growth/anodic removal of hydride species. The rectangular-shaped features in im- 
ages correspond to spikes (the authors demonstrated that tip imaging was responsi- 
ble for this apparent shape by showing that the geometry of features changed with 
the geometry of tips). The growth of features was enhanced under the STM tip. 

Local deposition is interesting in technology, and several studies show that this 
can be performed with in-situ scanning probe microscopes. On graphite Li et al. 
[I771 applied short anodic pulses (6 V during 50 ps) and induced deposition by for- 
mation of a nucleation site during the first 5 ys with the counter electrode discon- 
nected. Figure 37a shows a train of silver pillars grown by this method. This tech- 
nique works on graphite because a defect site must be created prior to deposition 
[178]. Figure 37b displays a series of dots of copper deposited on Au single crystals 
by Ulmann et al. [ 1791 within a standard four-electrode configuration. Controlled 
deposition is performed by covering the tip with copper from the solution and releas- 
ing it on the surface by touching the surface briefly with the tip. This approach offers 
the advantage of being less specific to the sample and should be applicable also with 
semiconductors, provided stable tunneling is possible at a potential where no metal 
deposition occurs. The size of clusters is adjustable with both techniques. 

On semiconductors illumination is a supplementary parameter for deposition. 
Thundat et al. [I501 used light-assisted deposition to grow Au dots on n + -  and 
p+-GaAs. The tip was retracted from the surface by a few hundreds of Angstroms 
and its potential pulsed by 4 V anodically. The counter electrode was disconnected 
for deposition, an arrangement which is similar to the configuration of a scanning 
electrochemical microscope. With p-GaAs, gold dots with a diameter of 0.1 - 1 ym 
were deposited under the tip with a tip positive relative to the redox potential of the 
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Fig. 36. High-resolution in-situ AFM image of Ge(ll1) in H,SO, (a) and time sequence of images 
(b) showing the growth of a hydride layer. The regular rectangular shape of features, which should 
be dendrites, is due to tip imaging (after [21]). 
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Fig. 37. Localized tip-induced in-situ metal deposition: (a) Ensemble of Ag pillars deposited on 
graphite (after [177]). (b) Train of Cu dots deposited on Au (after [179]). (c) Au dots grown on 
p-GaAs at positive tip and with light. Size is 500Ax500A (after [150]). 
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Au solution ( Vredox = - 1 V/SCE). An example of such dots is shown in Fig. 37 c. 
According to the authors the mechanism of deposition involves the screening of the 
positive charge on the tip by formation of a local depletion layer in p-GaAs (the ion- 
ized dopant in the semiconductor is negative). This allows electron-hole pair separa- 
tion, electrons being driven to the surface, and deposition occurs by reduction of Au 
ions at the conduction band edge (the conduction band minimum is E, = - 1.15 V 
which is negative relative to the redox potential). At n-GaAs, conversely, local corro- 
sion occurs under the tip and annular deposition is observed around the tip because 
holes arrive at the surface. Maskless deposition on a nanometer scale is also possible 
with SECM, as has been shown on metals by Bard and coworkers [156]. 

6 Further Perspectives 

This section briefly describes several methods addressed to the study of carrier prop- 
erties at interfaces with semiconductors in UHV. We also examine the possibility of 
applying this approach in situ. 

6.1 Photon Emission 

This application of STM has been introduced recently [180,181]. It uses the tip as 
a source of low-energy electrons which recombine in the solid. On metals, excitement 
of tip-induced localized plasmon modes via inelastic tunneling is the accepted mech- 
anism for photon emission [180]. Fluorescence is also a possible mechanism [181]. 
A bias of 3 -4 V is necessary and light is emitted in the visible range. 

On semiconductors light emission is induced by injection of electrons into the 
conduction band and subsequent band-to-band radiative recombination with holes 
(Fig. 38 a). The process is reminiscent of electroluminescence or cathodolumines- 
cence and works with p-type substrates only (at n-type specimens no hole is available 
at the surface). Tunnel biases of - 1.5 -2 V are necessary in the case of GaAs, for 
instance. Figure 38b is a photon map of a GaAIAdGaAs multiquantum well ob- 
tained by Alvarado et al. [140]. The white stripes are regions where photons are emit- 
ted and correspond to the GaAs layers. The lateral resolution is about 1 nm and is 
limited by the diffusion distance of minority carriers. In Sec. 5.1 we have seen an ex- 
ample of the application of this technique in the case of porous silicon layers. 

In-situ photoemission seems possible with semiconductors since tunneling out of 
a Pt-Ir tip into the conduction band of certain materials has been reported (see 
Sec. 3). The large biases used in UHV are in fact not necessary in the liquid since 
the band edges of the semiconductor are almost fixed with respect to the vacuum 
level, which is often not the case in vacuum (see Sec. 3). In the case of porous silicon, 
using liquid interfaces seems promising and easier than in vacuum (see Sec. 5.1.3). 
In the liquid environment the main problem will certainly be the collection of pho- 
tons within a difficult geometry due to the electrochemical cell. 
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Fig. 38. Photon emission at a semiconductor. (a) Principle of the process at a p-type semiconductor. 
(b) Photon map taken on a GaAlAdGaAs multiquantum well. Electrons are injected into GaAlAs 
and recombine in p-GaAs, from which light is emitted (after [140]). 

6.2 Surface Photovoltage (SPV) Measurements 

Under illumination and at the free potential, the band bending of the semiconductor 
decreases because photogenerated minority carriers are driven to the surface. The 
photovoltage is the difference 

A Uph = IEF (light) -EF (dark) I 

If minority carriers recombine with majority carriers at surface defects, variations 
of A Uph are expected locally. A similar mechanism occurs at Schottky photodiodes 
and results in energy losses for solar cells. SPV measurements are addressed to the 
study of recombination centres. The technique, introduced by Kuk et al. [182] and 
Hamers and Markert [183], combines STM with optical irradiation of the surface 
and necessitates two feedback (FB) loops [183]. The first FB loop (FB1) regulates 
the tunnel current just as for normal topographic imaging (Fig. 39a). The second 
feedback loop (FB2) is interrupted during imaging. To measure the SPV the system 
FBI is interrupted briefly, so as to maintain the tip at a defined height above the sur- 
face, and the system FB2 is simultaneously activated. This regulation applies a volt- 
age U to the sample in order to nullify the photocurrent flowing between the tip and 
the surface. The SPV is the difference U (light) - U (dark). Spatial resolution of SPV 
is possible. 

Figure 39 (b) shows the empty states on a Si(ll1)-7 x 7 surface with a point defect 
visible in the middle [182]. In the SPV image the point defect corresponds to a dark 
region (low SPV), with a much larger lateral dimension than the crystallographic de- 
fect. Recombination takes place at a distance of up to 40 A from the defect. In an- 
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Fig. 39. Surface photovoltage measurements. (a) Principle of the technique: the two feedback sys- 
tems FB 1 and FB 2 are alternately active. FB 1 serves for topography and FB 2 adds a potential u 
to U, so as to nullify it. The SPV is Ulight - Udark. (b) STM (left) and SPV (right) images taken on 
Si (1 1 1)- 7 x 7. Low-SPV (dark region) corresponds to point defects in (a) (after [ 1821). 

other publication Cahill and Hamers [ 1841 found that the atomic-scale variations of 
the SPV were dependent on tunneling conditions (bias and tip current). On a nega- 
tively biased n-Si(100) sample and for a sufficiently large tunnel current, the light 
intensity dependence of the SPV agrees with thermionic emission of majority carri- 
ers in the semiconductor. Decreasing the current increases the SPV because the band 
bending increases with an MIS approach of the tunnel junction. This reduces, how- 
ever, the spatial variations. Cahill and Feenstra [185] found a similar behavior with 
Si(ll1)-2x 1. With the tip negative, the SPV increases at defects on n-Si and decreas- 
es at p-Si, implying that surface states are locally charged by tunneling electrons 
[184, 1851. It could be estimated that the carriers injected into surface states were 
collected over a disk of radius 16 pm at n-Si and 2 pm at p-Si [185]. 

Dark regions in Fig. 39 b correspond to regions where no charge accumulates. At 
an interface these regions would be electrically inactive (no charge transfer taking 
place). Numerically the observation of Fig. 39 means that - 10l2 point defects/cm2 
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are sufficient to quench the photovoltage over the entire surface by overlapping of 
electrically inactive regions. This simple evaluation explains why a concentration of 
ca. lot2 recombination centres/cm2 is an upper limit above which the performance 
of photodiodes decreases. 

In-situ SPV measurements seem possible with minor modifications: (1) the tip 
potential (versus the reference) is set at a value close to the rest potential of the semi- 
conductor in darkness (this must be compatible with the electrochemical response 
of the tip), and (2) the tip current is quenched by adjusting the sample voltage (versus 
the reference) with the second feedback system. With p-type materials the method 
seems more obvious than with n-type specimens, since illumination promotes surface 
electrons. At n-type materials SPV measurements will induce corrosion since holes 
are driven to the interface. If absolute measurements of the SPV seem difficult, be- 
cause they depend on the adjustment of the tip potential, differential measurements 
appear accessible to experiment. 

6.3 Ballistic Electron Emission Microscopy (BEEM) 

Ballistic electron emission microscopy has been developed by Bell, Kaiser and co- 
workers [40, 1861 to probe the electronic imperfections and carrier transport at bur- 
ied interfaces [ I  87, 1881. The principle of the technique is presented in Fig. 40a. The 
sample is covered with a metallic layer 20-30 A thick and electrons tunnel into the 
metal at a large bias (typically 2 V): in this way hot electrons are injected ballistically 
from the sample into the conduction band of the semiconductor. Only a few percent 
of the electrons penetrate ballistically into the semiconductor without being thermal- 
ized in the metal layer or reflected at the metal/semiconductor interface. Electrons 
must indeed enter the semiconductor within a cone angle of a few degrees for parallel 
momentum conservation. The spatial resolution of BEEM is therefore in the 
nanometer range. Ballistic electrons are collected at the ohmic contact on the rear 
side of the sample and BEEM images correspond to the spatial variations of the col- 
lector current ic. Dark regions in BEEM images are indicative of defects where elec- 
trons are blocked by oxide clusters, for instance, or scattered on defects and point 
charges, since the collection efficiency decreases there. The electrical effect presum- 
ably extends over distances larger than the physical size of inhomogeneities if they 
are mesoscopic. Figure 40b compares the STM and BEEM images taken at a 
Au/GaAs Schottky contact [ 1861. The BEEM image displays dark regions presum- 
ably connected with oxide clusters, whereas the STM topography exhibits no specific 
feature. The technique enables a quick diagnosis of the homogeneity of the interface 
and is also applicable in ambient conditions [67]. The constraints on tip polarization 
for in-situ BEEM are similar to those in photon emission experiments. 

I '  At metal/semiconductor contacts the cone angle @ = S o  since tan B = Vth/Vf, with Vth is the 
thermal velocity of electrons (10' cm S V ' )  and V, is the velocity of electrons at the Fermi surface 
in the metal (10' cm S C ' )  [189]. In BEEM B should be even smaller since ballistic electrons have 
a greater kinetic energy than electrons in the metal. 
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Fig. 40. Ballistic emission electron microscopy. (a) Electrons are tunneling at a high voltage out of 
the tip into the thin metal layer. A small fraction of hot electrons ballistically penetrate the sample. 
They are collected at the rear ohmic contact of the sample. (b) STM (top) and BEEM (bottom) im- 
ages of an Au/GaAs Schottky contact. Dark regions in BEEM correspond to areas with no collec- 
tor current i, (after [186]). 

7 General Conclusions 

High-resolution scanning probe microscopy (SPM) studies require flat surfaces at an 
atomic level. The preparation of flat surfaces is essential and is not a minor problem. 
This necessitates advanced understanding of surface reactivity and chemistry: suc- 
cess has been obtained with silicon because systematic ex-situ studies of surface to- 
pography have been conducted by several groups. A good surface preparation is cer- 
tainly more difficult with compound semiconductors because the different elements 
may dissolve at different rates. 
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It has been emphasized that STM is sensitive to topography convoluted with the 
electronic density of states. Spectroscopic characterization of surface states by STM 
is a challening field of research to be intensified for a better understanding of the 
chemical reactivity of interfaces. There are still fundamental effects which could be 
clarified definitively by direct observation. The characterization of transport proper- 
ties, as demonstrated in Sec. 6, is complementary to STM and STS, and the combina- 
tion of several techniques should provide a comprehensive description of charge 
transfer at electrodes. 

Although in-situ AFM has been much less used than STM, the technique must 
be combined with STM, especially on chemically inhomogeneous and structured sur- 
faces, since AFM only responds to topography and avoids the convolution with elec- 
tronic effects. Problems specific to STM have mostly been related to polarization of 
the sample, as shown in Sec. 3. They do not apply to AFM imaging, which is an inter- 
esting point in favor of this microscopy. AFM presents other difficulties; for exam- 
ple, the laser beam used for detection may be a problem with semiconductors by in- 
ducing parasitic photoeffects on large-scale images. At present the most serious limi- 
tation of AFM is certainly the quality of the tip, whose geometry and resolution are 
still not as good as that of STM tips, even if atomic resolution has been reported 
in some papers. The resolution of monoatomic steps is necessary in studies of sur- 
face processes and this remains difficult by AFM. 
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1 Introduction 

Technological applications for high-purity silicon include the microelectronics in- 
dustry, microfabrication, photovoltaics, sensors, detectors, and photocatalysis. 
These applications are derived from properties such as the ability to form an insulat- 
ing oxide layer by chemical or thermal treatment, an optical band gap in the infrared, 
long minority carrier diffusion length, and the relatively low cost of high-quality 
crystals. The ability to modify the structure and properties of silicon surfaces on an 
atomic scale by contact with a liquid offers a number of unique opportunities both 
for the fundamental study of these surfaces and for surface processing under am- 
bient conditions. Many of these techniques are analogous to vacuum processes; how- 
ever, the silicon/electrolyte interface is unique in allowing control of a wide range of 
surface processes, including chemical and electrochemical reactions. Recent ad- 
vances in surface modification and processing techniques based on semiconductor/ 
liquid junctions have demonstrated that the structure and chemistry of silicon sur- 
faces can be controlled on very short length scales. 

The interaction of silicon surfaces with fluoride ions represents the most impor- 
tant method for surface modification. Examples of processes involving interaction 
with F- include: oxide removal, hydrogen passivation, reactive ion etching, porous 
silicon formation, electropolishing, and chemical etching. Chemical etching of sili- 
con in HF solutions is important for oxide removal and in the formation of stabilized 
silicon surfaces by hydrogen passivation. Recent work has resulted in dramatic ad- 
vances in the understanding of the relationship between etching processes and atom- 
ic-scale structure. Advances in selective etching based on orientation-dependent etch 
rates have led to widespread use of wet chemistry in microfabrication. 

The optical properties of porous silicon have given rise to renewed interest in the 
processes leading to pore formation and the relationship between the structure and 
characteristic properties of porous layers. Indeed, porous semiconductors may be 
considered a new class of materials, since pore formation is not limited to silicon and 
has been observed for a wide range of compound semiconductors. 

In this chapter the current advances in the understanding of fluoride interactions 
with silicon surfaces are discussed. The mechanism of reactions at liquid junctions 
under open-circuit conditions and in the presence of an applied potential are com- 
pared. 

2 Open-Circuit Etching of Silicon 

2.1 Micromachining 

Open-circuit, or chemical, etching of semiconductors is widely applied in microelec- 
tronic device technology. As a processing tool, chemical etching is used for polishing 
(isotropic etching), shaping (anisotropic etching), and surface modification. Etching 
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is also used as a technique for characterization of structural and compositional de- 
fects at semiconductor surfaces. Sequential photoetching in conjunction with capaci- 
tance measurements is used as a technique for determination of doping profiles. The 
fundamental reactions controlling open-circuit etching processes are usually elec- 
trochemical in nature, involving both oxidation and reduction reactions. In this case 
oxidation of the semiconductor and reduction of the oxidant occur at spatially sepa- 
rated microscopic sites on the surface. 

For silicon, most etching solutions contain an oxidizing agent such as H N 0 3  
and a complexant such as HF. The H F  increases the solubility of the oxidation prod- 
ucts and minimizes precipitation reactions that tend to slow the reaction rate. For the 
HF/HN03 system at high H F  concentrations, anodic dissolution is the rate-limiting 
process and the etching reaction is dependent on dopant concentration, surface 
structure, and crystal orientation. In this case, kinetic differences in surface proper- 
ties may lead to anisotropic etching or pore formation. For low H F  concentrations, 
oxide dissolution is the rate-limiting process and the etching reaction is controlled 
by mass transport. As a result the reaction is independent of surface properties and 
the etching is generally isotropic. 

Anisotropic etching of silicon is routinely used in the fabrication of three-dimen- 
sional structures [ 1, 21. These microfabrication techniques take advantage of orienta- 
tion-dependent etch rates where the planes of lowest etch rate, usually the (1 l l) 
planes, act as etch stops for the dissolution process [3, 41. In electrolytes such as 
KOH, the etch rates of the (100) and the (1 10) planes may be more than two orders 
of magnitude faster than those of the (111) planes. In buffered NH4F solutions, 
etch rate enhancements as high as 15 have been reported for the (100) plane in com- 
parison with the (111) surface [ 5 ] .  

Table 1. Surface density and number of dangling bonds for ideally terminated, unreconstructed 
silicon surfaces as a function of crystal orientation. 

Plane Atom density (cm-2) Dangling bonds Dangling bond density 
per atom (cm - *) 

1 .36 x 1015 
0.959 x 1015 
0.783 x 1015 

The lattice parameter of silicon is 5.43 A .  

Although the relative etch rates for different orientations are well known, 
the mechanisms of etching are not well understood. In some solutions, such as 
those containing NH4F, the relative etch rates follow the dangling bond density (see 
Table 1). It is generally assumed that atom removal is thermally activated so that the 
relatively small differences in dangling bond density for different orientations can 
result in large differences in etch rates. Other proposed mechanisms have focused on 
effects such as steric hinderance to explain the relative etch rates of different crystal 
planes. 
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2.2 The Composition of Chemically Etched Silicon Surfaces 

2.2.1 Hydrogen Passivation: Si-H 

The formation of ultraclean and oxide-free surfaces is important in the fabrication 
of high-quality electronic devices. In some cases stabilization of the surface is also 
important; for example, the Si( 11 1) surface is unstable in vacuum and reconstructs 
to a lower-energy configuration, e.g. Si(l11) 7 x 7. In the last few years, a variety of 
experimental techniques have been used to investigate the nature of the interaction 
between silicon surfaces and H F  solutions and, in particular, the structure and prop- 
erties of the hydrogen-terminated surface. 

Hydrogen passivation of silicon surfaces has been used for many years in device 
fabrication as a means for providing a stable, oxide-free surface. Considerable atten- 
tion has been given to electrochemical and chemical processes that could offer a sim- 
ple alternative to vacuum techniques for surface passivation. The structure of silicon 
surfaces in ultrahigh vacuum is dependent on crystal orientation and hydrogen 
coverage [6 - 81. For example, at low coverages monohydrides (Si - H) are observed 
on the Si(100) 2 x 1  surface, whereas at higher coverages, transformation to the 
Si(100) 1 x 1 surface is correlated to the formation of dihydrides (Si-H2). The pres- 
ence of dihydrides is also observed on the Si( 11 1) 7 x 7 surface. 

Although it has been known for more than 20 years that HF treatments can 
passivate the silicon surface, it has been recognized only recently that the raction be- 
tween silicon and HF produces a hydrogen-terminated surface [9, 101 as opposed to 
one terminated by fluorine. Historically the Si-F surface was assumed to be more 
stable since the Si-F bond energy of 550 kJ mol-' (8 eV) is much larger than the 
Si- H bond energy of 290 kJ mo1-l (4 eV) [l I]. It is now recognized that kinetic pa- 
rameters play an important role in determining the surface chemistry and favor the 
hydrogen-terminated surface. As described below, the Si - F surface is unstable since 
the large difference in electronegativity between Si and F results in polarization of 
the Si - Si backbonds that become easily attacked by HF. The H F  molecule inserted 
into the backbond leads to the formation of a fluoride dissolution intermediate and 
a hydrogen-terminated surface. In contrast, the Si - Si backbonds of the Si - H sur- 
face have a much higher activation energy for reaction with H F  and are highly stable 
under most conditions. 

In addition to satisfying dangling bonds, hydrogen passivation influences many 
properties of silicon surfaces. For example, the hydrogen-passivated surface is gener- 
ally hydrophilic and easily wetted in aqueous solutions. The interaction between hy- 
drogen and donor or acceptor species results in a change in resistivity; this effect is 
more pronounced in the case of p-type silicon [12]. There is also evidence that the 
H atoms induce surface defects into the lattice [13]. 

The procedure for preparing atomically smooth, hydrogen-terminated silicon 
surfaces involves a number of steps: removal of hydrocarbon contamination, forma- 
tion of a uniform oxide, oxide removal, etching of the silicon surface, and the forma- 
tion of the passivation layer. The uniformity of the oxide is important in developing 
a smooth surface at the Si/Si02 interface. 
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The most widely used chemical oxidation treatment is the so-called RCA etch 
[14, 151. This process involves sequential immersion steps designed to remove organic 
and inorganic contaminants, respectively: 

1. H20/H202/NH40H (5 : 1 : 1-7: 2: 1 by volume) at 75-85 "C for 10-20 min. 
2. H20/H202/HCI ( 5  : 1 : 1 - 7 : 2: 1 by volume) at 75 - 85 "C for 10-20 min. 

In addition to removal of organic contaminants, this process provides a relatively 
uniform oxide of about 15 A in thickness and a smooth silicon/oxide interface. A 
variation of this procedure is the acidic Piranha etch in H2S04/H202 (4: 1 by vol- 
ume) at 100°C. Reviews of the composition and structure of the oxides formed by 
these techniques can be found in the literature [16- IS]. In general, the basic perox- 
ide etches have been shown to give higher surface roughness than the acidic versions 
[I 61. Other cleaning procedures, such as ultraviolet-ozone cleaning [ 16, IS], have also 
been used to remove hydrocarbon contamination prior to oxide removal in HF solu- 
tions. 

The structure and morphology of hydrogen-passivated silicon surfaces are depen- 
dent on the crystal orientation and pH of the H F  solution. Since the number of hy- 
drogen ligands per silicon atom is related to the atomic co-ordination, analysis of 
the Si-H, stoichiometry at the surface can give information on the surface struc- 
ture. For example, silicon monohydride (Si- H) is characteristic of an ideally termi- 
nated, unreconstructed Si(l11) surface, denoted by Si(ll1) : H (1 x 1). Detection of 
dihydride (Si - H2) and trihydride (Si - H3) groups on a Si(l11) surface gives an indi- 
cation of the concentration of atomic-scale roughness. As discussed below, the struc- 
ture of the surface is dependent on the pH of the electrolyte. At very low pH, the 
silicon surface is relatively unreactive and the structure corresponds to that of the 
silicon/oxide interface prior to oxide removal. Both step and terrace sites are stable 
at low pH and there is no modification of the surface morphology. In contrast, at 
higher pH, steps are unstable and step recession results in the formation of relatively 
large regions of ideally terminated terraces. As a result, the surface morphology is 
determined by the rate of step recession and hence by the pH of the solution. 

Infrared absorption spectra for Si(100) and (11 1) treated in HF of p H < 4  reveal 
the presence of mono-, di-, and tri-hydrides at the surface [9, 20-231, showing that 
the silicon surface is stabilized by the hydrogen passivation layer but is atomically 
rough. For a (I  1 1) surface, di- and tri-hydrides are considered defect modes since 
they are indicative of atomic-scale roughness. For Si(100) surfaces treated with HF, 
regions of microscopic (111) facets have been observed [22], illustrating that the 
(1 11) planes exhibit the slowest etch rates and are highly stable. A detailed discussion 
of the possible configurations of surface hydride groups at silicon surfaces can be 
found in [16]. These results have been confirmed by a range of experimental tech- 
niques, including scanning tunneling microscopy (STM) and low-angle electron dif- 
fraction (LEED). 

Morita et al. [24] have reported ultrahigh vacuum STM images showing regions 
of SiH, termination on a Si(l11) surface after treatment in 1 Vo HF solution, sug- 
gesting that there are relatively large domains of the surface that are atomically 
rough. Tomita et al. [25] have reported on in-situ scanning tunneling microscopy of 
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Fig. 1. Internal reflection spectra for HF-treated Si(ll1) surfaces. (a) Surface treated with buffered 
HF, pH 9- 10 (solid curve), dilute HF (H,O/HF 100: 1) (broken curve); (b) s-polarization spec- 
trum for surface treated with buffered HF, pH 9- 10. Inset: high-resolution spectrum for Si(l11) 
treated with buffered HF, pH 9- 10 [20]. 

hydrogen-passivated p-Si( 100) surfaces in H2S04 solutions. The passivated surfaces 
formed by treatment in 1 Yo H F  solution were reported to be stable at negative poten- 
tials where the p-type silicon surface is reverse-biased and the hydrogen evolution re- 
action provides a hydrogen overpressure. After etching in dilute HF, the surfaces were 
characterized by large step heights. 

Recent work has shown that etching of Si(111) at  higher pH in NH,F solutions 
leads to domains of atomically smooth, monohydride-terminated surface. These sur- 
faces are atomically smoother than Si(ll1) surfaces etched in acidic HF solutions 
[20, 22, 26, 271 or exposed to hydrogen under ultrahigh vacuum conditions [28]. 
Figure 1 shows internal reflection spectra of HF-treated Si( 11 1) surfaces; for etching 
in buffered HF, pH 9- 10, a single, sharp monohydride line is observed [20], indicat- 
ing that the surface is dominated by the ideally terminated Si(ll1): H (1 x 1) struc- 
ture. Infrared spectra shown in Fig. 2 illustrate that subsequent rinsing in water of 
a Si(ll1) surface treated with buffered HF of pH 5.0 further increases the 
monohydride line and decreases the intensity of dihydride defect modes. This effect 
is thought to be related to removal of ionic species, such as F-,  remaining on the 
surface after the etching process [21]. 

The presence of the Si(l11) : H (1 x 1) structure has also been confirmed by LEED 
and scanning tunneling microscopy of the etched surfaces in ultrahigh vacuum [29]. 
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Fig. 2. Internal reflection spectra for HF-treated Si(l11) surfaces. (a) Surface treated with buffered 
HF, pH 5.0; (b) subsequently rinsed in water; (b/a) difference spectrum showing a decrease in inten- 
sity of dihydride defect modes (Dss and DaJ and an increase in the intensity of the monohydride 
mode (M) 1201. 

Figure 3 shows an STM image of a region of the Si(l11) : H (1 x 1) surface after im- 
mersion in NH4F. The hexagonal arrangement of the surface is clearly seen with a 
spacing of 3.8 A, close to the expected lattice spacing of 3.84 A for the (1 11) orien- 
tation. Itaya et al. [30] have reported atomic-resolution STM images of p-type 
Si( 1 1 2 )  : H (I x 1) surfaces in H2S04 after open-circuit etching in NH4F. 

Ideally terminated Si( 1 1 1) : H (1 x 1) surfaces are reported to be stable toward 
contamination in air or vacuum. The levels of carbon and fluorine on these surfaces 
have been shown to be less than 170 of a monolayer [21, 311. Exposure of the ideally 
terminated monohydride surface to low-energy electrons in vacuum desorbs the sur- 
face hydrogen and the surface reconstructs to Si(ll1) ( 2 x 1 )  [32]. 

2.2.2 Mechanism of Open-Circuit Etching 

Phenomenologically, the dependence of the surface structure on pH can be ex- 
plained in terms of the relative etch rates for the oxide and silicon. In general, the 
etch rate of Si02 is one or two orders of magnitude faster than for crystalline sili- 
con. In addition, etching of the oxide is isotropic whereas etching of the hydrogen- 
terminated surface is anisotropic. Preferential etching of the hydrogen-terminated 
surface at step sites leads to the formation of (1 11) facets. Typical etch rates for 
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Fig. 3. STM image of the Si(l11): H 
(1 x 1) structure in ultrahigh vacuum 
after immersion in NH,E The transi- 
tion from light to dark corresponds to 
a height change of 0.5 A and the lat- 
tice spacing is 3.8 A [29]. 

Si02 are in the range 1 - 100 A s-' ,  depending on the HF concentration, pH, and 
temperature [33 -351. In concentrated HF, although the etch rate of the oxide is fast, 
the hydrogen-terminated surface is etched at  very slow rates and hence the micro- 
scopic roughness of the Si/Si02 interface is essentially frozen into the surface. An 
etch rate of 0.005 A s - '  has been reported for n-Si(ll1) in 48 wt.Vo H F  [33]. Even 
in dilute HF, the etch rate of silicon is relatively slow, on the order of 0.013 A s-' 
[33], in comparison with the oxide [34], and the surface remains atomically rough. 
However, as the pH is increased further, the etch rates for weakly coordinated atoms 
increase, resulting in observable changes in the surface morphology. This effect is 
discussed in more detail below. Typical etch rates are given in Table2. 

As described above, the limiting flatness of the surface is related to the smooth- 
ness of the Si/Si02 interface before etching and the kinetics of step recession. Ther- 
mal oxidation, as opposed to chemical treatment (e.g., RCA clean), results in a 
smoother interface region so that subsequent treatment of Si(ll1) in buffered H F  

Table2. Etch rates for Si and SiO, in HF and NH,F solutions [33-351. 

Substrate Electrolyte Etch rate 
(A s-1) 

n-Si(ll1) 2 0 cm 48  wt.% HF 0.005 

SiO, (electrochemically grown on n-Si(l11)) 
SiO, (electrochemically grown on p-Si(l11)) 
SiO, (thermally grown) 1 M  HF 1 .o 
SiO, (thermally grown) 1OM HF 20 

n-Si(l11) 2 0 cm 2 wt.% HF, pH 3.5 0.01 3 
0.5 
0.8 

0.1 M NH,F, pH 4.5 
0.1 M NH,F, pH 4.5 
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(pH > 8) results in large regions of ideally terminated Si(l11) : H (1 x 1) surface, limit- 
ed only by the miscut of the wafer [36]. The morphological dependence of the sur- 
face induced by immersion in HF is related to the relative etch rates for different sur- 
face sites [37]. The (1 11) surface is relatively unreactive so that the final surface mor- 
phology is related to the kinetics of dissolution of other orientations and the time 
of exposure. With increasing pH, the overall etch rate increases and the surface 
roughness decreases. 

On immersion of an oxide-covered silicon surface in HF, the initial process is 
oxide removal for which the overall reaction is: 

SiO2+6 HF -+ 2 H +  +SiFi- +2 H20 (1) 

This reaction proceeds through HF insertion into the Si-0 bonds of the oxide. Po- 
larization of the Si-0 bond is thought to decrease the activation energy for this pro- 
cess, resulting in strong coulombic attraction between the H atom in the HF mole- 
cule and the 0 atom in the Si-0 bond and between the F atom and the Si in the 
Si-0 bond [9, 16, 381. Fluorine termination of the exposed silicon surface is expect- 
ed to be the final step of oxide removal. Conversion of the fluorine-terminated sur- 
face to one terminated by hydrogen is thought to be related to attack of the Si - Si 
backbonds by HF molecules resulting from polarization of the surface Si-F bond 
[9, 16, 381. This process is shown schematically in Fig. 4 [38]. 

Molecular orbital calculations for chemical reactions involving the insertion 
of HF molecules into Si-Si backbonds support this hypothesis [38], as shown in 
Table 3. From these calculations it can be seen that the Si-Si backbonds for the 
hydrogen-terminated surface exhibit a 1.6 eV activation barrier and hence are rela- 

F FF \ I /  I 
I 1 I / [ \  
H H S i  si + HF + 
si si si si si 

Fig. 4. Schematic illustration of the final stage of chemical etching in HF solutions where Si-F 
is converted to Si - H. Note that the HF molecule is inserted into the Si - Si backbond due to polar- 
ization of the Si-F bond. Adapted from [37]. 
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Table 3. Calculated activation barriers for chemical insertion of HF molecules into Si - Si 
backbonds [38]. 

Reaction Activation energy (eV) 

( I )  H,Si - SiH, + HF + intermediate + SiH, + SiH,F 1.6 
1 .o (2) H,Si - SiH,F + HF + intermediate + SiH, + SiH,F, 

tively stable to attack by H F  (reaction (1)). However, the activation energy for HF 
insertion if one of the Si-H ligands is exchanged for Si-F (reaction (2)) is reduced 
to 1 eV. For a thermally activated process, the rate constant for the reaction of HF 
with Si - H would be expected to be about three orders of magnitude slower than for 
the Si-F surface [38]. 

Since the overall etch rate increases with increasing pH, it has been suggested that 
smoothening of the surface is related to attack of Si-H2 at step sites. Further evi- 
dence comes from the observations that hydrogen gas is evolved from Si(100) and 
vicinal Si(l11) surfaces during etching in NH4F where the step density is relatively 
high, but not from an ideally terminated Si(l11) surface [37]. 

Hessel et al. [I541 have demonstrated that the smoothening process occurs through 
a step flow mechanism. Ultra-high vacuum scanning tunneling microscopy was used 
to characterize the step configurations on Si(l11) surfaces miscut to give steps parallel 
to the [110] direction. Surfaces immersed in HF solutions at low pH were atomically 
rough and the steps poorly resolved showing that the etching process was very slow. 
Surfaces immersed in H F  buffered to pH 8, however, were atomically smooth with well 
resolved monatomic steps. STM images of the surfaces revealed two contributions to 
the smoothening process. The first component was related to recession of the steps 
resulting from the wafer miscut. The second component was related to the formation 
of triangular etch pits of monatomic height on the (1 11) terraces, with the edges cor- 
responding to monohydride-terminated [ 1101 steps. The density of these features was 
independent of position, consistent with the random nucleation of a vacancy resulting 
from the removal of a monohydride-terminated terrace atom. The size of these 
features increased progressively from an ascending step to descending step demonstrat- 
ing that they are eventually annihilated by the motion of the descending step on the 
terrace. From analysis of the dimensions of the triangular features, the velocity of the 
steps was estimated to be about six times faster than the growth velocity of the etch 
pits on the terraces. These experiments clearly demonstrate that the smoothening pro- 
cess in neutral and weakly alkaline H F  solutions is controlled step recession that 
occurs through the removal of dihydrideterminated kinks on monohydride-terminated 
terraces. The fast removal of trihydride- and dihydride-terminated atoms results in 
large Si(l11) : H (1 x 1) terraces and (1 1 1) microfacets formed by monohydride ter- 
minated steps. The rate limiting step for this process is either the removal of mono- 
hydride-terminated step atoms (creating dihydride-terminated kink sites) or the 
removal of a monohydride-terminated terrace site (vacancy formation). 

A key issue at present is related to the role of OH-  in the etching process. 
Watanabe et al. [21] have shown that Si(l11) surfaces dipped in 1.5% H F  followed 
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by immersion in boiling water also exhibit strong monohydride lines with less than 
0.5% defect density. Infrared absorption measurements indicate that dihydrides may 
be attacked preferentially in deionized water [20, 211, as shown in Fig. 2 [20]. These 
results suggest that the smoothening process occurs through a reaction with OH- ,  
and that the etching process can proceed through reaction of H F  with Si-Si 
backbonds polarized by Si-F or Si-OH surface groups; this process is discussed 
in more detail in Sec. 4.7. The ligand exchange reactions Si-H + Si-F or 
Si- H + Si - OH are electrochemical processes and can only occur under open-cir- 
cuit conditions if coupled with a suitable reduction reaction. 

Possible reactions involving O H  ~ or H 2 0  with Si - H groups include [39]: 

where Si* represents a surface site triply coordinated to the bulk lattice. Note that 
reactions (2) and (3) involve the formation of molecular hydrogen. These surface 
groups can then be attacked by HF: 

Reactions (4) and ( 5 )  are analogous to H F  insertion into S i - 0  bonds during oxide 
dissolution and are expected to be relatively fast. Reactions (2) and (3) are expected 
to be slow so that the surface remains hydrogen-terminated during the etching pro- 
cess [20, 37,401. The Si - Si backbonds of the Si - F surface groups are then attacked 
by HF insertion. Jakob et al. [37] have suggested an overall reaction of the form: 

[Si],_, Si-H,+OH- +H,Of + 4 H F  + (4-n) Si-H+SiF4+2 H 2 0 + n  H2 (6)  

where [Si] represents bulk silicon sites that become hydrogen-terminated after remov- 
al of the surface Si-H, groups. This model of the reaction mechanism suggests 
that direct reaction of OH-  with surface silicon atoms occurs at  weakly coordinat- 
ed sites. 

Smoothening of the Si( 1 11) surface in NH4F is associated with a decrease in the 
kink density and straightening of the steps, as shown schematically in Fig. 5. At 
pH 8, steps are rearranged into staircase-like features, creating monohydride-ter- 
minated facets [37]. Jakob et al. [37] have estimated the relative etch rates of adatom, 
kink, and step sites from infrared absorption spectra of atomically flat and stepped 
(111) surfaces, as shown in Table4. 

In summary, oxide layers on silicon surfaces are chemically dissolved in H F  lead- 
ing to the formation of an atomically rough hydrogen-terminated surface. At (1 11) 
surfaces, relatively large domains of ideally terminated Si(ll1) : H (1 x 1) can be 
formed by subsequent immersion in buffered HF of pH 8 -9.. The smoothening pro- 
cess is controlled by the rate of step recession at the surface. 
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Table 4. Relative etch rates for silicon surface sites during etching in buffered HF 1371. 

Site Relative etch velocity 

ustep' uterrace 20-50 
Ukink/Vstep 50- 100 
Uadarom/Ukink 10- 100 

Fig. 5. Schematic illustration of the dependence of 
surface morphology on pH [38]. 

2.2.3 Hydrogen Absorption in Silicon 

In general, discussions of the hydrogen-passivated silicon surface consider an 
atomically sharp interface between the silicon substrate and the hydrogen passivation 
layer. Hydrogen can exist in silicon in atomic or molecular form. In addition, hydro- 
gen may be trapped at specific sites in the crystal lattice or bound to dangling bonds 
at defects such as vacancies [38]. Hydrogen passivation of interband bulk states is 
also well known. In many cases, trapping is thought to be related to chemically in- 
duced reconstructions at defect sites. 

The transport properties of hydrogen in silicon are complicated by trapping pro- 
cesses and molecule formation. For single-crystal silicon with low defect concentra- 
tion (< lo1' cm-3), diffusion coefficients on the order of lo-' ' cm2 sC' have been 
measured [41]. 
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3 The SilicodGas Interface 

3.1 Silicon/Fluorine 

The etching of silicon in the gas phase exhibits many of the same features as etching 
in solutions. Etching occurs when a gas reacts with the solid surface to form a vola- 
tile reaction product. For the case of silicon, etching is usually performed by reaction 
with a gas-phase fluorine compound. Enhancements of the etch rate are obtained 
with the addition of energetic ions or electrons (reactive ion etching), a process wide- 
ly used in device fabrication. Although the atomic processes involved in gas-phase 
etching are not well understood, many of the features observed are similar to elec- 
trochemical etching. 

Silicon can be isotropically etched in XeF, according to the overall reaction: 

2 XeF2 (g) + Si (s) -+ SiF4 (g) (7) 

The etching rate at room temperature is proportional to the XeF, pressure, with 
rates as high as 12 nm s - '  at 1 . 4 ~  lo-, Torr [42]. This etch rate corresponds to an 
equivalent etching current of about 7 mA cm-, on a (100) surface and assuming a 
dissolution valence of 2. 

Although the product of the etching process is gaseous SiF4, the dissolution re- 
action in XeF,, Eq. (7), proceeds through the formation of an interfacial fluorosilyl 
(SiF,) layer at the surface [42-471. The reaction sequence involves dissociative ad- 
sorption of F- and Xe from XeF, although the Xe is subsequently desorbed from 
the surface [42]. The initial desorption reaction is followed by the the formation of 
an SiF, layer where the silicon atoms are sequentially oxidized to the tretravalent 
state. Finally, the reaction product, SiF4, is desorbed from the surface. The reaction 
sequence can be summarized according to: 

For very low doses of XeF, (50 L), monolayer coverage of SiF is observed with 
small amounts of SiF, and SiF3, thought to be related to adsorption of these spe- 
cies at steps on the surface. Under these conditions, the adsorbed F atoms terminate 
any dangling bonds with the formation of SiF groups. At higher doses of XeF,, the 
etching process is characterized by the formation of an SiF, layer on the order of 
seven monolayers in thickness and distinct from the silicon substrate [47, 481. In the 
fluorosilyl layer, SiF, SiF,, SiF3, and SiF4 species have been observed [47]. At low 
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doses of XeF2 (50 mTorr for 5 min), the SiF, layer is dominated by SiF, although at 
higher doses (4 Torr for 5 min) significant amounts of SiF, are trapped in the layer. 
This result suggests that the Si"' --f Si'" step is the slowest in the oxidation sequence 
and that desorption of SiF, is fast, analogously to the final step in chemical etching. 

The dependence of the etch rate on the XeF, flux suggests that the adsorption 
(8a) and dissociation (8b) steps control the reaction rate. The sequential oxidation 
of the silicon-forming SiF, species and the subsequent desorption of SiF4 are ap- 
parently fast in comparison with the dissociative adsorption process. 

The mechanism of the etching process is thought to be related to the surface hole 
concentration, with an initial oxidation step according to [49]: 

Si ( S )  + Fads + h + (vb) + SiF,d, (9) 

The negative surface charge induced by the F- species is balanced by a correspond- 
ing hole concentration in the silicon. Experimentally, the dependence of etch rate on 
dopant concentration is in the order: 

This dependence of etch rate on dopant type and concentration is identical for the 
case of pore formation in silicon by etching in aqueous H F  solutions, as discussed 
in Sec. 4.3, and is thought to be related to the space charge layer formed at the sur- 
face [49]. 

In reactive ion etching, the presence of energetic ions or electrons can significantly 
enhance the etch rate. This enhancement is thought to be related to the formation of 
surface active (damage) sites that increases the dissociation rate of XeF2 on the sili- 
con surface. In addition, it is worthwhile to note that although silicon reacts with 
XeF,, SiO, surfaces can only be etched in the presence of energetic particles [e.g., 501. 

The gas-phase reaction of silicon with F2 has also been studied [51]. Based on 
gravimetric measurements, the reaction rate was found to be linear with F2 partial 
pressure in the range of 2 - 50 Torr, with a reaction order of = 1. 

3.2 Silicon/Water Interactions 

In-situ spectroscopic measurements have shown that water is dissociatively 
chemisorbed onto reconstructed silicon surfaces in ultrahigh vacuum at room tem- 
perature [52- 541: 

George and coworkers [55] have shown that reaction (1 1) also occurs on porous sili- 
con surfaces at ambient temperatures. At higher temperatures, however, the SiOH 
groups are no longer stable and decompose with oxide formation according to: 

SiH + Si,SiOH + 2 SiH + SiOSi (12) 
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At 377 "C, the Si - H concentration reaches a maximum because of complete conver- 
sion of SiOH to SiH. At temperatures above 377 "C, hydrogen is desorbed from the 
surface, allowing reaction of the exposed surface sites with water and leading to fur- 
ther oxide formation. 
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4 Anodic Dissolution of Silicon in HF 

4.1 HF Chemistry 

Detailed mechanistic analysis of any reaction in H F  is complicated by the presence 
of multiple fluoride species. In relatively dilute solutions, HF, H', F- ,  and HF, 
need to be considered [35, 56-58]. The equilibria and rate constants for these species 
are given in Table 5. Figure 6 a  and b shows the relative concentrations of HF, HF; , 
and F- as a function of pH calculated for 1 M and 10 M total fluoride concentra- 
tion, respectively. As can be seen from these figures, at low pH H F  molecules are 
the dominant species whereas at high pH F- dominates. At intermediate values of 
pH, fluoride electrolytes are dominated by HF, with a maximum mole fraction at 
about pH 3. 

- r 
- 
E 

0 
0 1 2 3 4 5 6 7 6  

PH PH 

Fig. 6. Molar concentrations of HF, HF;, and F- calculated for (a) 1 M and (b) 10 M total 
fluoride concentration from rate constants at 25 "C. 

Table 5. Equilibria and rate constants (25 "C) for HF solutions [56- 581. 

Equilibrium K (mol s - ' )  

HF * H + + F -  
HF, - H F + F -  

1.3 x 10-3 
0.104 
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The increase in etch rate of SiOz with decreasing pH is related to the concentra- 
tion of molecular H F  and is independent of F- concentration. As described in 
Sec. 2, the reaction of H F  molecules with S i - 0  bonds is relatively fast because of 
the highly polar character of the S i - 0  bond. 

4.2 Electrochemistry of Pore Formation in Silicon 

Historically, the first reports of porous silicon layers were by Uhlir [59] and Turner 
[60]. These authors reported on the electropolishing of silicon and noted that under 
certain conditions a porous layer was formed at the silicon surface. The first models 
for porous layer formation assumed that the layer was formed on the silicon sub- 
strate by a deposition process thought to involve the reduction of divalent silicon to 
amorphous Si via a disproportionation reaction in solution [61]. Subsequently, 
Theunissen [62] showed that the porous structure was the result of a selective etching 
process within the silicon, contradicting the silicon deposition model. 

The two fundamental issues related to porous layer formation are the mechanism 
of the dissolution reaction and the processes controlling the morphology of the po- 
rous layer. Although the overall reaction is well characterized, many aspects of the 
reaction mechanism remain unresolved. 

The current-voltage curves for silicon in H F  solutions are characterized by three 
distinct regions, as shown in Fig. 7. At low potentials the current increases sharply 
with potential, whereas at more positive potentials, beyond a characteristic current 
peak, the current is relatively large (typically > 10 mA cm-2) and increases weakly 
with increasing potential. This latter region is the electropolishing region. Between 
these two potential domains is a transition region where features of both pore forma- 
tion and electropolishing are observed. The low-potential region corresponds to a re- 
gion of anisotropic etching characterized by pore formation whereas the higher-po- 
tential region is characterized by isotropic etching (electropolishing). 

pore formation electropolishing 

Fig. 7. Steady-state current- 
voltage curve for p-Si(lOO), 
NA = 3 x 1015 ~ 1 1 1 ~ ~  in 0.05 M ’ -0.5 0 0.5 

Potential (V/SCE) (Iwt.%) HE 
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Fig. 8. Plots of log i vs. Uapplied for p-Si(1 
potential in volts vs. AglAgC1 [65]. 
(1) NA = 2 . 5 ~  ~ 3 1 1 ~ ~  

(2) NA = 2 . 5 ~  10l6 ~ r n - ~  
(3) N A =  1 . 3 ~ 1 O ' ~ c r n ~ ~  
(4) N~ = 8.0x lot7 ~ r n - ~  
( 5 )  N* = I .OX lot9 ~ r n - ~  

00): 

In the pore formation regime, the dissolution current increases exponentially with 
applied potential for p-type silicon and heavily doped n-type silicon [61, 63-66]. 
The potential range over which this exponential behavior is observed is dependent 
on dopant concentration and H F  concentration. The exponential current-potential 
curves are characterized by a slope of 60mV (kT/q) on a plot of the logarithm of 
the etching current versus applied potential, as can be seen in Fig. 8 [65]. 

The interfacial electrochemical reaction during pore formation is characterized 
by a reaction order of 1.0 with respect to H F  concentration, CHF, [60, 641, as shown 
in Fig. 9. The dissolution current at the limit of the exponential region is plotted as 

n 
hl 

E 

E 
2 
W 
I- 

- g o t  

A - P- 
+ - p+ 
v - n +  
0 -  n electropolishing 

porous silicon 

formation 

- 1  0 1 

log C (?hHF) 
Fig.9. Plots of log i vs. log C,, for Si(100): n, ND = 1 ~ l O " c r n ~ ~ ;  n', ND = 2 ~ 1 O ' ~ c r n - ~ ;  
p, ND = 1 x l O l 5  ~ r n - ~ ;  p', ND = 1 x 1019 ~ r n - ~  [64]. 
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Fig. 10. (a) Dissolution valence versus current density for p-Si(l1 I ) ,  0.02 0 cm, as a function 
of HF concentration [63]. (b) Dissolution valence vs. applied potential for (0 )  p-Si(lOO), 
0.075-0.125 0 cm, (0) n-Si(100) 0.375-0.625 0 cm, under illumination [67]. 

a function of HF concentration for four different dopant concentrations, N,, 
showing that the limit of the pore formation region is independent of dopant con- 
centration. Figure 9 also shows that the pore formation region is extended as the HF 
concentration is increased. For example, in 10 M HF pore formation occurs up to 
current densities on the order of 100 mA cm-2. 

The effective valence for dissolution increases from a value of about 2 at low cur- 
rent density to a value of 4 in the electropolishing domain [59-63,67-691, as shown 
in Fig. 10a [63] and Fig. 10b [67]. While gravimetric determinations may be subject 
to a number of errors derived from oxide formation and hydrogen adsorption, these 
data show that the dissolution process associated with pore formation, in the absence 
of illumination, proceeds through interfacial charge transfer reaction involving two 
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charge carriers per silicon atom. The final reaction products for the pore formation 
process are SiFz- ions and molecular hydrogen [59,60]. 

For the dissolution of silicon in fluoride electrolytes where two electrons are 
transferred per silicon atom, it is generally assumed that the first step in the reaction 
sequence is hole capture: 

Xo+h+  + X' 

where Xo represents a surface silicon atom and X' represents a dissolution interme- 
diate. This notation is used since hole capture may occur at surface sites with dif- 
ferent bonding configurations. In addition, electrochemical reactions involving 
ligands may occur with no change in the formal oxidation state of the silicon atom. 
In the second electrochemical step, hole capture by X' competes with electron injec- 
tion into the conduction band to form the intermediate X": 

X' + h +  (vb) -+ X" 

X' --f X"+e- (vb) 

Finally, X" reacts to form the dissolution product SiFi- through a sequence of 
chemical steps involving H F  and coupled with hydrogen evolution. 

The reaction steps given by Eqs. (1 3) - (1 5) represent a general framework for sili- 
con dissolution in fluoride electrolytes. The nature of the X' and XI' intermediates 
and the chemical reactions are dependent on solution chemistry and dopant type and 
are discussed in more detail in subsequent sections. 

4.3 Potential Distribution at the Si/HF Interface 

For n-type silicon in the dark, where dissolution occurs at potentials positive to the 
flat band potential, the etching current density during pore formation is associated 
with strong band bending. Under these conditions, holes can be created at the sur- 
face by the formation of an inversion layer by tunneling of valence band electrons 
into the conduction band [70]. Tunneling occurs in regions where the curvature of 
the pore front is sufficiently small for the local field to exceed the breakdown field 
for silicon of 3 x lo5 V cm-'. Initial hole capture with the formation of the interme- 
diate X' according to Eq. (13) is expected to be the slow step in the etching reaction 
[71]. This process is shown schematically in Fig. 11. The second electrochemical step, 
Eq. (14), can occur through three possible pathways: by hole capture, thermal excita- 
tion, or tunneling into the conduction band. Thermal excitation is thought to control 
the photomultiplication effect observed during the dissolution of n-type silicon 
under illumination [7 I]. 

For the case of pore formation in p-type silicon where the holes are the majority 
carriers, silicon dissolution occurs at much lower potentials than for n-type silicon. 
Both hole capture and electron injection have been suggested for the second elec- 
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silicon electrolyte I 

Fig. 11. Energy-level diagram for the etching of n- 
type silicon in the dark. Holes are generated by tun- 
neling of electrons from the valence band into the 
conduction band (i). The first electrochemical step is 
hole capture resulting in the formation of the inter- 
mediate X' (ii). The second electrochemical step can 
occur through hole capture (ii), thermal excitation in- 
to the conduction band (iii), or tunneling into the 
conduction band (iv) [70]. 

trochemical step although the band bending at the surface, discussed later in this 
section, suggests that hole capture is more likely. The mechanism of dissolution is 
discussed in more detail in Sec. 4.7. 

Although the dissolution process results in the formation of a porous structure, 
electrode impedance measurements [72,73] have shown that the etching process is 
not limited by mass transport, even for thick porous silicon layers [74]. Figure 12 
shows a plot of potential as a function of time during pore formation in p-Si(lOO), 
NA = 5 x IOl9  cm-3 (0.003 M cm) in H F  (49 wt.070) - C,H50H solution (1 : 1 by vol- 
ume). After an initial transient the electrode potential remains constant with time un- 
til the pore front reaches the backside of the wafer, at which time a sharp change 
in the potential is observed. The formation of self-supporting porous membranes 
[74] by electrochemical etching and drying in supercritical fluids suggests that this 
technique may be used to fabricate semiconductor xerogels. 

These results illustrate the fact that mass transport effects in the pores are not 
significant. Figure 13 shows a plot of the reciprocal of the time at which the pore 

0.2 

- 
W 
0 
Y? 
L 

0.1 
3 

0 

0 

0 

0 

Fig. 12. Plot of potential versus time 
during pore formaton in p-type Si(100), 
NA = Sx I O l 9  (0.003 L2 cm) in HF 
(49 wt.Vo) - C,H,OH solution (1 : 1 by 

10000 20000 volume); wafer thickness = 350 pm [74]. 
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Fig. 13. Plot of the reciprocal of the 
time at which the pore front penetrates 
the wafer, t c ,  as a function of etching 
current density [74]. 

0 50 100 

i (rnA 

front penetrates the wafer, tc, as a function of etching current density. The linear re- 
lationship implies that the velocity of the pore front, and hence the porosity, are in- 
dependent of etching current in the measured range. The small deviation from linear- 
ity at higher current densities suggests that mass transport may be important for high 
growth velocities. A small effect of mass transport in the electrolyte has been report- 
ed by Lehmann for the the etching of n-Si under illumination [68]. 

During anodic dissolution, the applied potential is partitioned between the space 
charge layer in the semiconductor, Use, and the Helmholtz double layer, U,: 

as shown in schematically in Fig. 14. The fraction of potential drop across the space 
charge layer is dependent on dopant concentration and etching conditions. The ex- 
ponential dependence of the etching current on applied potential may be derived 
from either space charge layer control (U,  constant) or Helmholtz layer control 
\U sc c~~S\a\i, LQXX-~%~QR&W~\Q S~k~\Slk~ i\xkm 01: Tafel behavior, respectively. 
During dissolution, if the space charge capacitance is smaller than the Re\mho\\z 
layer capacitance then a small change in the applied potential (AUapplied) will lead 

electrolyte 

-1 
"H 

t ......................... 

distance, x 

T 
"applied 

L 
Fig. 14. Schematic illustration of the po- 
tential distribution at the silicodelectro- 
lyte interface. 
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to an equivalent change in the band bending (AU,,) and hence, for the case of p- 
type silicon, to a change in the surface hole concentration. In this case the rate con- 
stants for any surface reactions are unchanged since UH remains constant. For the 
case where a change in Uapplied results in a corresponding change in UH,  the band 
bending and hence the surface carrier concentration remain constant. As a result the 
kinetics of the etching reaction are given by the potential dependence of the electro- 
chemical rate constants. 

Analysis of the etching reaction [75] has shown that space charge layer control 
(i.e., UH constant) would be expected to give a slope of 60 mV on a plot of Uapplied 

versus log (i), as seen experimentally, whereas for Helmholtz control either one or 
two linear regions with slopes greater than 60 mV would be obtained. Stability analy- 
sis of pore formation also supports this conclusion since instabilities only tend to 
propagate when the rate-limiting step is in the receding phase, i.e., bulk silicon. 
Helmholtz layer control would be expected to result in smoothening of the interface. 

In the pore formation regime, the Helmholtz layer potential may be considered 
constant for a given dopant concentration and H F  concentration, independently of 
the etching current. Experimentally it is observed that the current-voltage curves are 
shifted to more positive potentials with increasing acceptor concentration, as shown 
in Fig. 7. This behavior can be explained by the dependence of the Helmholtz poten- 
tial on acceptor concentration [65]. As described above, the same trend is observed 
in the relative rates of isotropic etching of silicon in XeF2. At the interface between 
the space charge layer and the Helmholtz layer: 

where E is the dielectric constant and F is the field at the silicon surface (subscript 
s) and the Helmholtz layer (subscript H), respectively. The potential drop in the 
Helmholtz layer is given by: 

where dH is the double layer width and CH is the double layer capacitance. The field 
strength at the silicon surface, assuming an abrupt junction at a planar interface [76], 
is given by: 

F, = $? ( Us,-:) 

Substituting Eq. (19) into Eq. (18): 
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Fig. 15. Plot of electrode potential versus the 
square root of the acceptor concentration 

0 1 0 0  2 0 0  300 4 0 0  [651. 
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From this equation, it can be seen that the Helmholtz potential is expected to in- 
crease with the square root of the acceptor concentration. This result, shown in 
Fig. 15, has been confirmed by Gaspard et al. [65]. 

The exponential dependence of the current on applied potential for p-type silicon 
and highly doped n-type silicon in the pore formation regime can be analyzed using 
the Gerischer model of the semiconductor/electrolyte interface [77]. In the absence 
of surface states, the hole current for a p-type semiconductor is given by: 

where No,, Nred are the concentration of oxidized and reduced species, respectively, 
p s  is the surface hole concentration, and N, is the density of states in the valence 
band. The surface hole concentration, p s ,  is given by: 

where po is the equilibrium hole concentration and AUsc is the potential drop in the 
semiconductor. For a decomposition reaction, Nred corresponds to the concentra- 
tion of surface active sites. Assuming that the Helmholtz potential is constant and 
taking po = NA, the dissolution current can be written as: 

where U, is the flat band potential. Equation (23) predicts an exponential depen- 
dence of the etching current on applied potential with a characteristic slope of 60 mV 
on a plot of log(i) versus U, which is analogous to the situation for a solid-state 
Schottky junction at forward bias. This behavior has been reported for a limited 
number of semiconductor/electrolyte systems in the presence of suitable redox cou- 
ples [73]. For the limiting case of thermionic emission, the current flow across the 
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interface is controlled by majority carrier supply. For the case of p-type silicon, this 
corresponds to the rate at which holes are transported to the interface. However, at 
a liquid junction it is very difficult to provide a means to extract majority carriers 
at this rate and, even for redox couples with large rate constants, the current-voltage 
curves may be shifted from the thermionic emission limit. In this case the exponen- 
tial dependence of the current on voltage is related to the majority carried concentra- 
tion at the interface as the band bending is decreased from depletion toward the flat 
band potential. 

Figure 16 shows a plot of log (i) versus Uapplied for p-type silicon in 0.05 M H F  
showing that the exponential region occurs at a potential within about 0.5 V of the 
flat band potential [75]. The flat band potential was determined from impedance 
measurements to be 0.15 V (SCE) [73]. As the potential is increased from the open- 
circuit potential, the magnitude of Us, is decreased and the surface hole concentra- 
tion increases exponentially according Eq. (22) .  In this model, the first step in the 
reaction sequence given by Eq. (13), for the case of p-type silicon and highly doped 
n-type silicon, can be thought of in terms of the probability of a surface silicon atom 
reacting with an electronic hole. 

Fig. 16. Plot of log i versus Uapplied for p- 
Si(lOO), NA = 3 ~ 1 0 ' ~  ~ 1 1 1 ~ ~  in 0.05 M HF, 
showing that the exponential region oc- 
curs at potentials within about 0.5 V of the 
flat band potential [75]. 

For p-type silicon, the surface hole concentration is expected to be uniform over 
the surface as long as there is no change in the position of the band edges. As sug- 
gested by Lehmann and Goesele [78], if the silicon is etched so that small filaments 
are formed with dimensions on the order of tens of Angstroms, then enlargement of 
the bandgap will lower the probability of a mobile hole populating these regions. As 
a result, the surface hole concentration will be highest at the pore tips and negligible 
in the interpore regions, resulting in stable pore propagation. The reaction rate is pro- 
portional to the local hole concentration at the pore tips and not limited by hole 
transport [78] since the rate constant for electrochemical reactions are too slow for 
this situation to occur [71]. Figure 17 shows an energy scheme for pore formation 
in p-type silicon [79]. 
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Electrical impedance measurements for silicon etching in H F  have been used to 
analyze the potential distribution at the interface [72, 73, 75, 79, 801. Analysis of 
these data has resulted in insight into the kinetics of the dissolution process and the 
potential distribution at the silicon/HF interface. The characteristic features of the 

_ _ - -  

Fig. 17. Energy scheme for pore formation in p-type silicon. At the pore base, the surface hole con- 
centration is in quasi-equilibrium and increases exponentially as the Fermi level is lowered toward 
the flat band condition (a). In the regions between the pores the minimum feature size is determined 
by enlargement of the band gap due to quantum confinement; holes are excluded from these 
regions, as shown in (b) [79]. 
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Fig. 18. Complex plane plots of the electrode impedance for p-Si(lOO), NA = 3x cm-3 in 
0.05 M HF at: (a) -0.05 V (SCE); (b) 0.15 V (SCE); and (c) 1.0 V (SCE). These potentials corre- 
spond to pore formation, the transition region, and electropolishing, respectively [72]. 
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impedance of the silicon/HF interface are illustrated in Fig. 18 for the case of 
p-Si(lOO), NA = 3 x loi5 ~ m - ~ ,  in 0.05 M HF. 

The complex plane plots in Fig. 18 illustrate the characteristic components of the 
impedance response for p-type silicon and heavily doped n-type silicon in the ab- 
sence of illumination. In the region of pore formation where dU/d log (i) = 60 mV, 
the impedance response is characterized by an inductive loop at low frequencies and 
a capacitive loop at higher frequencies, as shown in Fig. 18 a. In the transition region, 
a second capacitive loop is observed related to oxide formation at the surface 
(Fig. 18 b). At more positive potentials in the electropolishing domain (Fig. 18 c) only 
the two capacitive loops are seen. 

Figure 19 summarizes the energetic schemes for n-type and p-type silicon in 
0.05 M H F  in the pore formation regime [73]. For n-type silicon in the dark, a deple- 
tion layer is formed at the interface and the electrode capacitance follows Mott- 
Schottky behavior. As the potential is increased and the band bending becomes suffi- 
ciently large, the etching current also increases [81]. Holes are generated through tun- 
neling of valence-band electrons into the conduction band [70]. For p-type silicon, 
a depletion layer capacitance can also be observed close of the open-circuit potential 
[73]. In this potential region, the impedance response is characterized by two capaci- 
tive loops with the higher-frequency loop corresponding to the depletion layer capac- 
itance. As the potential is increased, the band bending is reduced and the current in- 
creases exponentially with potential as described above. In this region, the impedance 
response shown in Fig. 18a is observed. 
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Fig. 19. Energy schemes for n-type and p-type silicon in 0.05 M HF [73]. 
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The current-voltage curves and electrode impedance measurements, shown in 
Figs. 16 and 18, are consistent with a reaction scheme given by Eqs. (13)-(15) in 
which two electrochemical steps are followed by chemical oxidation [75, 821. The ini- 
tial electrochemical step is assumed to be hole capture at a surface site with two 
Si- Si backbonds. in the second electrochemical step, hole capture by XI competes 
with electron injection into the conduction band by thermal excitation to form an 
XI' intermediate. Since the surface hole concentration is relatively large, injected 
electrons recombine with holes, leading to an anodic current [75]. It has been shown 
theoretically [75] that reaction (1 5) gives rise to the characteristic inductive loop in 
the complex plane plots (Fig. 18). At sufficiently low potentials, below the critical 
current for electropolishing, X" is further oxidized to the dissolution product SiFi- 
through a sequence of chemical steps involving HF. The mechanisms are discussed 
in more detail in Sec. 4.7. 

4.4 Pore Morphology in Silicon 

The selective dissolution of silicon in H F  solutions results in the formation of a 
porous structure with a characteristic morphology dependent on the dopant type and 
concentration, the applied voltage, and the electrolyte composition. For n-type sili- 
con, illumination also influences the pore morphology in the near-surface region. 
The depth of this modified layer is dependent on the absorption coefficient at the 
illumination wavelength. The physical properties of these structures span a wide 
range with typical pore dimensions of about 30 A up to 1 pm or more, and average 
porosities in the range of 0.1 -0.9, depending on etching conditions. The morpholog- 
ical trends reported for all porous silicon layers can be summarized as follows. 

1. Pores grow preferentially in the (100) directions, independently of the surface ori- 
entation. 

2. Steady-state pore growth is characterized by a depth-independent morphology 
(constant porosity); a transient region may been seen in some cases at the surface 
and large morphology changes are seen for etching of n-type silicon under illumi- 
nation. 

3. The interface between the porous layer and the silicon bulk is generally smooth 
on the length scale of the pore dimensions. 

4. The pores are distributed randomly on the surface and are uniformly spaced. 
5 .  For n-type silicon, the pore walls exhibit a preferred orientation, whereas for p- 

type silicon the pores are generally polygonal in cross-section. 
6. For n-type silicon the pores do not grow into each other, but for p-type silicon 

the pores are interconnected. 

Based on these characteristics, porous silicon may be described as a random array 
of channel-like pores or etch tunnels growing in (100) directions. For the case of n- 
type silicon these channels are isolated from each other and, for etching in the dark, 
the pore spacing is approximately equal to the depletion layer width at a planar sur- 
face [83-861. For the case of p-type silicon the channels are interconnected. The 
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morphology is determined primarily by the dopant concentration in the silicon and, 
to a lesser extent, by the etching conditions. In many cases, the growth velocity of 
the pore front is proportional to the etching current density, indicating that the aver- 
age porosity is independent of current, as shown in Fig. 13. 

Although the range of morphologies exhibited by porous silicon structures has 
been identified, detailed analysis of these structures is not complete, especially for 
low-doped p-type silicon, and surprisingly few electron microscopy studies have been 
reported in the literature [68, 83, 87-93]. Electron and X-ray diffraction techniques 
have been used to show that the silicon that constitutes the porous structure is single- 
crystal and maintains the crystallographic orientation of the original silicon wafer, 
although some lattice distortion and small amounts of misorientation have been re- 
ported, especially for porous layers formed in p-type silicon [94 - 971. 

Figure 20 shows a transmission electron microscope image of a porous layer 
formed in 0.1 i2 cm n-Si(100) in H F  (49 wt.Vo)-C2H,0H (2: 3 by volume) at 
50 mA cmP2. Many of the characteristic features of porous layers are illustrated in 
this figure. The primary pores are highly directional and spaced relatively uniformly. 
The interface between the pores and the bulk silicon is very smooth, at least down 
to length scales on the order of the pore dimensions. The porous structure exhibits 
a hierarchy of characteristic dimensions [83, 891. The primary pores are about 80 nm 
in size and propagate in the [IOO] direction from the (100) surface [83], as shown in 
Fig. 20. The average pore spacing of 330 nm is approximately equal to the depletion 
layer width at a flat surface [83]. This figure also shows secondary pores of approxi- 
mately 20 nm in size propagating laterally from the primary pores. These side pores 
are, in turn, decorated with pores which are < 10 nm in size, giving rise to a dendritic- 
like structure. In addition, it is seen that the pores do not grow into each other. 

Fig. 20. Transmission electron microscope image of the cross-section of a porous layer formed in 
n-Si(lOO), 0.1 s2 cm, in HF (49 wt.070) - C,H,OH (1 : 1 by volume) at 50 mA cm-2 [83]. 
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Fig. 21. Secondary electron plan view of the porous layer in Fig. 20 showing that the primary pores 
are square in cross-section and defined by the (01 I )  planes. The secondary pores are seen to propa- 
gate from the corners of the primary pores in the (010) directions 1831. 

Figure 21 is a plan view of the same structure showing that the primary pores are 
square in cross-section and defined by the (01 I]  planes. The secondary pores are seen 
to propagate from the corners of the primary pores in the (010) and (001) directions. 
The density of the primary pores from Fig. 21 is 9 . 0 ~  lo8 cm-' and from the aver- 
age pore size, the primary pores represent 7.3% of the plan area. Based on calcula- 

Fig. 22. Transmission electron microscope 
image of the porous layer in Fig. 20 show- 
ing an individual pore [83]. 
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tion of the autocorrelation function, each pore has five nearest neighbors, suggesting 
that the pores are distributed randomly. 

Figure 22 depicts a higher-magnification transmission electron microscope image 
of the porous layer in Fig. 20, ,showing an individual pore in which the pore tip is 
similar to the shape of etch pits formed in Si(100). The pore tip is a four-sided, in- 
verted pyramid defined by (1 1 1) planes corresponding to the planes of slowest etch 

- rate. At a constant applied potential, the etching process drives this structure into 
the bulk of the silicon. Figure 23 shows a schematic illustration of pore orientation 
in n-type silicon [83]. 

(01 1 

Fig. 23. Schematic illustration of pore orientation in n-type silicon. 

The crystal structure of the silicon has a strong effect on the pore growth. Pores 
propagate preferentially in the (100) directions so that for a (100) oriented surface 
the primary pores propagate in the [IOO] direction, as seen in Fig. 20. For a (100) sur- 
face the primary pores propagate in the [IOO] and [OIO] directions, and for a (111) 
surface pore propagation is in the [IOO], [OIO], and [OOI] directions from the surface. 
The directionality of pore growth has been observed for n-type silicon and highly 
doped p-type silicon and remains to be established for low-doped p-type silicon. 

Figure24 shows a plan view image of a porous layer formed in p-Si (IOO), 
0.001 SZ cm in 10 M H F  at 100 mA cmP2 [94]. The primary pores are highly oriented 
and channel like, propagating perpendicular to the surface in the [IOO] direction. The 
pores are polygonal in cross-section and do not exhibit any obvious anisotropy. The 
pores are packed closely together with interpore regions of silicon on the order of 
100 A and a pore density of 2 x  10'' cm-2. 

The dependence of pore morphology on dopant type and concentration can be 
summarized as follows: 

1. Low-doped p-type silicon: the porous layer is composed of an interconnected net- 
work of nanometer-size silicon ligaments with porosities on the order of 40- 60% 
and pore dimensions less than 100 [87, 88, 90, 92, 94, 98, 991. At the present 
time, the detailed morphology of these porous structures has not been resolved. 
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2. Highly doped p-type silicon: the pores propagate in the [IOO] direction and are 
polygonal in cross-section, with pore diameters in the range 10- 100 nm depend- 
ing on the etching current density. The pores are interconnected [79]. 

3. n-Type silicon: the pores are characterized by a square cross-section, with typical 
dimensions of 100 nm or less [68, 83, 841. For a pore propagating in the [IOO] di- 
rection the walls are defined by the { O l l )  planes. The side pores propagate from 
the corners of the main pores in the (010) and (001) directions. For low donor con- 
centrations, the pore dimensions can be above 1 pm [83, 841. 

4. Heavily doped n-type silicon: channel-like pores propagate in the [loo] direction. 
The pores are typically 10 nm or smaller in diameter and do not exhibit the char- 
acteristic anisotropy of low donor concentrations. These structures are similar to 
those seen in highly doped p-type silicon. 

Fig. 24. Plan view secondary electron image of a porous layer formed in p-Si(lOO), 0.001 C2 cm in 
10M HF at 100mAcm-2 [83]. 

The minimum dimensions for feature sizes in porous silicon may be limited by 
quantum confinement [78]. Depending on the local geometry, as the feature sizes in 
the porous layer are reduced to dimensions on the order of 40-50 a enlargement 
of the bandgap will tend to prevent free charge carriers from being transported into 
these regions, as shown in Fig. 17b. As a result, characteristic feature sizes of less 
than about 40 A would not be expected. For n-type silicon in the dark, depletion 
layer width is much larger than the dimensions for bandgap enlargement to be signif- 
icant, so that the interpore spacing is determined by the screening length. 

Porous layers have also been formed in polycrystalline silicon [loo]. The presence 
of the grain boundaries in the polysilicon gives rise to a unique morphology. Deple- 
tion of majority carriers from the grain boundaries inhibits pore growth in these re- 
gions, while voids are observed adjacent to the boundaries. Smaller pores are seen 
in the grain interiors. 
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4.5 Other Methods of Pore Formation in Silicon 

Although most work related to pore formation in silicon has involved electro- 
chemical etching of silicon in H F  solutions, porous silicon layers have also been 
formed by chemical etching and by spark erosion in vacuum. 

The formation of porous layers in silicon by chemical etching in 'HF/HNO, 
solutions was first reported at about the same time as electrochemical etching 
[lo1 - 1041. These so-called stain etch films are characterized by rough or porous sur- 
faces, typically < 500 A in thickness. Recent work has shown that these stain etch 
films exhibit strong visible photoluminescence, similar to the emission observed from 
electrochemically etched porous silicon layers. 

The conditions for the formation of stain etch films are similar to the case for 
chemical etching of silicon in H F  or NH4F, except for the the addition of an oxidiz- 
ing agent. As for any open-circuit process, the etching involes coupled oxidation and 
reduction reactions. For the HF/HNO, case, these are thought to be: 

XO -+ ~ " + 2  e-  (24) 

The reduction reaction is coupled with the chemical reaction: 

HN03 + HN02 * 2 NO2 + H20 (26) 

Archer [I021 used ellipsometry to monitor the growth of stain etch films in 
HF/HN02 solutions and observed a parabolic rate law showing that the process is 
diffusion-limited. In view of the relatively recent understanding of hydrogen passiva- 
tion, it is worthwile noting that Archer [lo21 performed vacuum annealing measure- 
ments on stain etch films and observed desorption of hydrogen and water with no 
evidence of fluorine, carbon, or nitrogen. Archer suggested that the surfaces of the 
porous stain etch films were composed of silicon hydrides, SiH,. 

The significant differences in the properties of the stain etch films in comparison 
with electrochemically formed films can be explained in terms of the band bending 
at sites on the surface sustaining the oxidation and reduction reactions, as shown in 
Fig. 25. Assuming that the Schottky junction model for the silicon/electrolyte inter- 
face is applicable, the rate of the reduction reaction for p-type silicon is expected to 
be independent of applied potential and only dependent on barrier height and con- 
centration of electron acceptors (e.g., NO2). From Fig. 25, it can be seen that the 
rate of the silicon etching reaction is exponentially dependent on the applied poten- 
tial in forward bias. For a fixed applied potential, large differences are expected in 
the etch rate as a function of acceptor concentration because of shifting of the flat 
band potential. The thickness of films formed in n-type silicon is relatively indepen- 
dent of donor concentration, as would be expected for a hole-limited process in re- 
verse bias. In agreement with this model, illumination of the surface increases the 
growth rate of films in n-type silicon and has a relatively small effect on films formed 
in p-type silicon. 
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i < O  

E 

Fig. 25. Energy-level model for the chemical 
etching of silicon based on mixed-potential 

i > O  theory. 

Since morphologically rough surfaces are created by open-circuit etching, it can 
be assumed that the areas sustaining the oxidation and reduction reactions become 
spatially fixed during the etching process. Regions where the reduction occurs would 
remain unetched, and these sites would be expected to be close to the original sur- 
face. The area ratio of the unattacked regions to the etched regions is expected to 
be strongly dependent on the dopant concentration. For example, a surface with a 
fast etch rate would need to be coupled to a large area sustaining the reduction reac- 
tion and hence the porosity would be low. 

Recent work has shown that porous films can also be formed by open-circuit 
etching of n- and p-type Si in NaN02/HF and Cr03/HF [105, 1061, p-type Si in 
HF/HN03/CH3COOH [ 1071, and n-Si photoetched in anhydrous or aqueous 
HF/02 [108]. In all cases except for etching in Cr03/HF solutions, these chemically 
etched films exhibited visible photoluminescence. In 1960 Gee [I091 reported on irre- 
versible visible luminescence from stain etch films during oxidation in H2S04. 

Hummel and Chang have shown that porous films can also been formed by a 
spark erosion technique [IIO]. The morphologies of these porous films exhibit less 
anisotropy than electrochemically formed porous structures although the pores pro- 
pagate perpendicular to the surface. The growth rates of about 0.3 nm s-' are much 
slower than those of electrochemically formed porous layers. Porous layers formed 
in air and under nitrogen exhibited visible photoluminescence similar to the emission 
spectra obtained from electrochemically grown porous layers. 
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4.6 Surface Chemistry of Silicon/HF Interfaces 
With an Applied Potential 

4.6.1 Electrochemically Prepared Si(11l) : H (1 X 1) Surfaces 

In Sec. 2.2, the interactions between silicon surfaces and HF under open-circuit con- 
ditions were discussed. Hydrogen passivation of silicon surfaces can also be carried 
out electrochemically [27]. The approach involves the formation of an oxide layer 
by thermal, chemical, or electrochemical oxidation followed by immersion in NH4F 
solution at constant potential. Figure 26 shows a dark current transient for n-type 
Si(l11) with a 70 A oxide layer immersed in 0.2 M NH4F at 0.5 V (SCE). During 
the initial stages of immersion the oxide layer is chemically dissolved and no current 
is observed. The current peak observed after oxide removal is associated with 
smoothening of the surface, analogous to the open-circuit etching of silicon in 
NH4E The charge determined from the area under the transient corresponds to re- 
moval of 2.6 monolayers, assuming a tetravalent dissolution reaction. At the current 
peak, the surface is characterized by OH and SiO, species with small amounts of 
Si - H and Si - H2. After the current transient, LEED [ 1101 and HREELS [27] spec- 
tra suggest that the surface is converted to the Si(ll1): H (1 x 1) structure. Bitzer et 
al. [27] have suggested that the lateral smoothening of the Si/Si02 interface occurs 
through reaction of Si- OH until an ideally terminated monohydride surface is 
formed. 

time (min) 
1 2 3  4 5 6  , I I I I I 

t t  Si (111) 
0.2 M NH,F + 

pH 4.0 11 pH 4.9 

t3 Ljj F-- J 
1 2 0 1 2 3  

time (min)  

0 
0 

Fig. 26. Dark current transient for n-type Si(l11) in 0.2 M NH,F at 0.5 V (SCE). During the initial 
stages of immersion the 70 A-thick oxide layer is chemically dissolved and no current is observed. 
The current peak observed after chemical dissolution of the oxide is associated with smoothening 
of the surface [27]. 
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Recent work on etching of silicon in anhydrous H F  solutions has shown that sili- 
con is dissolved with a dissolution valence of 4 and with no hydrogen formation 
[ l l l ] .  This result also shows that OH- groups are an essential component of the 
etching reaction in aqueous solutions. 

4.6.2 Surface Chemistry of Porous Silicon 

Internal reflection infrared spectra measured in situ during etching of silicon in HF 
solutions exhibit characteristic Si - H modes, although the Si - H spectrum is broad 
because of interaction of the surface Si-H groups with the electrolyte. No elec- 
trochemical or chemical intermediate species have been detected [ 1 121. Infrared spec- 
tra of porous silicon layers after drying reveal characteristic Si - H and Si - H2 peaks 
similar to the spectra obtained for hydrogen on Si(100) 2 x 1  surfaces [112]. 

Fig. 27. Hydrogen partial pressure as a function of 
annealing temperature for a porous layer formed in 
p-Si(l1 l), 0.01 -0.001 0 cm in HF/C,H,OH (1 : 1 by 
volume) for 3 min at 40 mA cm-2 [117]. 

200 L 00 600 
TEMPERATURE( "C ) 

Thermal annealing of porous silicon in vacuum results in desorption of the sur- 
face hydrides [ 1 13 - 11 61. As described in Sec. 4.5, Archer [I021 performed vacuum 
annealing measurements on stain etch films on silicon more than 30 years ago and 
observed that only hydrogen and water were desorbed. Figure 27 shows a plot of the 
hydrogen partial pressure as a function of annealing temperature for a porous layer 
formed in p-Si(l11) with characteristic desorption peaks at 400 "C and 500 "C. These 
two peaks are due to dihydride and monohydride, respectively. Infrared spectroscopy 
has shown that Si-H2 is completely removed from the porous silicon surface at 
450 "C and that Si-H is completely desorbed at 550°C [I 131. Figure 28 shows infra- 
red absorbance spectra of the Si - H2 stretch and scissor modes as a function of an- 
nealing temperature, illustrating that the dihydride is completely desorbed at 450 "C. 
The activation energies for desorption of the dihydride and monohydride were found 
to be I .86 and 2.82 eV, respectively [2]. Electron microscopy has shown that there is 
no evidence of significant structural changes in porous silicon after annealing in vac- 
uum up to 800°C [114]. At temperatures above IOOO"C, surface diffusion is suffi- 
ciently fast to induce coarsening of the porous structure. 
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4.6.3 Photoelectrochemical Etching 

The effect of illumination on pore formation in n-type silicon has been studied by 
a number of groups [I 17, 1181. In general, photogenerated holes appear to make the 
porous structure similar to the porous layers formed in p-type silicon. The structure 
of porous layers as a function of depth formed under illumination is strongly depen- 
dent on wavelength and whether frontside or backside illumination is used. 

The optical properties of porous silicon layers formed in n-type silicon under illu- 
mination are dependent on both wavelength and intensity. This effect has been used 
to record images in the surface on n-type silicon wafers [119]. Photolithographic 
etching has been used to generate a spatially dependent illumination intensity so that 
the properties of the porous layer were related to the local illumination. Photo- 
luminescence images of the surface revealed the original image recorded in the sur- 
face. 
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The photoanodic dissolution of n-type silicon in fluoride electrolytes has been 
of fundamental interest, since electron injection during light-induced dissolution of 
silicon in ammonium fluoride solutions gives rise to a characteristic photomultiplica- 
tion effect [82, 120- 1241. The initial step in the reaction sequence involves capture 
of a photogenerated hole. At low light intensities where the surface hole concentra- 
tion is relatively small, the initial hole capture is followed by three successive electron 
injection steps, resulting in a quantum efficiency of 4. At higher light intensities, the 
quantum efficiency is decreased to 2, corresponding to sequential hole capture/elec- 
tron injection. In the absence of fluoride, an oxide layer is formed through a reaction 
involving four holes. The morphology of n-type silicon surfaces after photoanodic 
dissolution in NH4F is not well characterized and any similarities to porous struc- 
tures remain to be established. 

4.6.4 Luminescence 

In addition to the observation of visible photoluminescence from porous silicon 
structures, visible light emission at liquid junctions has been reported both on open 
circuit and with an applied potential. Indeed, luminescence during the anodic oxida- 
tion of porous layers formed in p-Si(lOO), (5 Cl cm in 1 M H2S04 at 1.6 mA cm-2) 
was reported by Gee more than 30 years ago [109]. Kelly and coworkers [125, 1261 
have observed luminescence at porous silicon layers in aqueous solutions containing 
certain oxidizing agents under open-circuit conditions. At negative potentials, in the 
region where hydrogen evolution is observed at n-type silicon, strong visible elec- 
troluminescence was reported to occur via hole injection from oxidizing species such 
as H202 and S 2 0 i - .  At positive potentials, oxidation of porous silicon layers form- 
ed in n- and p-type silicon in aqueous solutions gives rise to an irreversible visible 
luminescence [ 127, 1 281. 

4.7 Reaction Mechanism for Anodic Etching of Silicon 
in Fluoride Electrolytes 

4.7.1 Introduction 

Although the overall dissolution reactions for pore formation in HF and photo- 
anodic dissolution of silicon in NH4F are well charaterized, many details of the 
reaction sequences remain unresolved. Assuming that pore growth in n-type silicon 
occurs by propagation of inverted four-sided pyramids defined by (1 1 1) planes, the 
etching reaction is thought to proceed by successive removal of the (1 11) faces at the 
pore tip. This process is expected to involve recession of steps along these faces. For 
this ideal situation, the etching reaction must involve the reaction of Si -L2 groups, 
where L is a ligand. An additional feature of the pore formation process in aqueous 
solutions involves the formation of molecular hydrogen. Although the surface of the 
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porous silicon is terminated by Si - H groups, it is unclear whether pore propagation 
proceeds through direct etching of the Si-Si backbonds at the Si-H surface or 
through the formation of other species such as Si-F or Si-OH. In the latter case, 
the hydrogen passivation reaction must occur by subsequent chemical steps after the 
pore front has advanced further into the bulk. 

As described in Sec. 2.2.2, there is strong evidence to suggest that O H -  is in- 
volved in the chemical etching of silicon in H F  or NH4F. In unbuffered H F  at low 
pH, the reaction of steps and kinks is slow and the surface remains atomically rough. 
In contrast, the reaction in NH4F is much faster, resulting the formation of large, 
atomically flat terraces. Further, electrochemical etching of silicon in anhydrous H F  
results in a change in reaction mechanism characterized by the exchange of four elec- 
trons and the absence of molecular hydrogen formation. In addition, electro- 
chemical hydrogen passivation in NH,F is characterized by a dark current transient 
and, as described in Sec. 4.6.1, the silicon surface at the peak of the current transient 
is characterized by Si-OH and Si-H2 species [27]. These results suggest that the 
reaction proceeds through the formation of Si - O H  groups followed by reaction of 
the Si - Si backbonds with HE 

In general, structural schemes for the dissolution of silicon in fluoride solutions 
can be summarized by the following models, for which it is assumed that the reaction 
occurs at surface silicon atoms with two bonds to the silicon lattice and two ligand 
bonds. Surface sites with three bonds to the bulk lattice are assumed to have large 
activation energies for dissolution so that any etching processes is expected to occur 
through step recession, as described in Sec. 2.2.2. The common features of these reac- 
tion schemes are steps that involve electrochemical ligand exchange (e.g. 
Si - H + Si - F or Si - H + Si - OH) and chemical reaction of Si - Si backbonds with 
H F  or H20. A wide range of processes, including pore formation in n- and p-type 
silicon in H F  solutions, pore formation in n-type silicon in H F  solutions under illu- 
mination, and photoanodic dissolution of n-type silicon in NH,F solutions, can be 
explained by these models. In addition, they are consistent with the models devel- 
oped for open-circuit etching of silicon in fluoride solutions, discussed in Sec. 2.2.2. 

4.7.2 Two-Electron Processes 

In the two-electron model, the reaction sequence involves initial electrochemical 
steps including ligand exchange followed by the chemical reaction of H F  with the 
remaining Si - Si backbonds. The ligand exchange is typically considered to be oxida- 
tion of surface Si-H groups to form Si-F. Weakening of the Si-Si backbonds by 
polarization of the Si-F group then allows chemical attack of the backbonds, ulti- 
mately leading to formation of the reaction product, SiFi-. Theoretical calcula- 
tions for H F  insertion into Si-Si bonds have shown that the activation energy for 
H F  insertion is decreased from 1.6 eV for H3Si- SiH, to 1 .O eV for H2Si - SiH2F (see 
Table 3). These calculations illustrate the relative stability of the Si-Si bonds to H F  
insertion at hydrogen-terminated surfaces. 

This model is shown schematically in Fig. 29a. Reactions (1) and (2) correspond 
to the two initial electrochemical steps and reactions (3) and (4) correspond to the 
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Fig. 29. Structural model for two-electron dissolution of silicon by electrochemical ligand exchange 
followed by insertion of HF into the Si-Si backbonds. Insertion of H,O into the backbonds is 
also possible. Reaction of the unstable products results in the formation of SiF:-. The reaction 
can proceed through the formation of Si-F (a) or Si-OH (b). 

insertion of HF into the Si-Si backbonds. The reaction product HSiF3 is unstable 
and is hydrolyzed resulting in the formation of molecular hydrogen and SiFi-, as 
shown in steps (5)-(7)  [123]. Steps (3) and (4) can also occur by insertion of water 
molecules leading to the reaction product HFSi(OH)2, which can also be hydrolyzed 
to SiFi-. Note that a reaction mechanism involving either H F  or H20 insertion will 
maintain a hydrogen-passivated surface and result in the formation of molecular hy- 
drogen. 

An energy-level model for this mechanism, proposed by Gerischer et al. [123], is 
shown in Fig. 30. The energy levels associated with Si - H2 groups at kink sites are 
assumed to be located just above the valence band edge and hence sites for hole cap- 
ture. A hole trapped at the kink site oxidizes one of the Si - H groups to release a 
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proton from the surface. The unpaired electron on the dangling bond is then able 
to form an Si - F bond by hole capture or by thermally activated electron injection. 
The highly stable Si-F bond is assumed to be below the valence band edge, and 
polarization of the silicon atom by the fluoride ion makes the Si - Si backbonds sus- 
ceptible to attack by H F  or H,O molecules. 

Assuming that the single Si-F ligand at the kink site is sufficiently polar to allow 
successive reaction of the two Si-Si backbonds with HF, then the overall reaction 
is consistent with pore formation in n- and p-type silicon where two charges are 
transferred per silicon atom. For the case of photoanodic dissolution of n-type sili- 
con in NH,F [120- 1241 the characteristic photomultiplication effect at low light in- 
tensities is also consistent with the hole capture/electron injection sequence shown 
in Fig. 29a. 

Figure 29 b shows a structural scheme for a reaction sequence where the initial 
electrochemical steps involve formation of Si - O H  groups are the surface. This 
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Fig. 30. Energy model for electrochemical oxidation of Si - H and the formation of Si- F by elec- 
tron injection [123]. 

scheme is consistent with the etching of silicon in buffered fluoride solutions under 
open-circuit conditions where the decrease in the atomic-scale roughness is correlat- 
ed to step recession at high pH. 

4.7.3 Four-Electron Processes 

Photoanodic dissolution of n-type silicon in NH,F at high light intensities and pore 
formation in anhydrous HF-MeCN [I 1 I ]  occurs through a four-electron process. 
Two possible reaction mechanisms are consistent with these processes. In the first 
mechanism, shown in Fig. 3 1, the ligand exchange reactions occur successively, con- 
verting both Si - H groups to Si - F, steps (1) - (4), and involving four charges per sili- 
con atom. Both Si-Si backbonds are then broken by reaction with H F  molecules 
as shown in steps (5) and (6). This mechanism implies that the breaking of the Si-Si 
backbonds may be associated with H,O in aqueous solutions since a change of 
mechanism is observed in anhydrous H F  [I 1 I]. In addition, molecular hydrogen is 
not generated in this mechanism, which is consistent with experimental observations 
in anhydrous HF. 

In the second four-electron mechanism, electrochemical reaction of the Si - Si 
backbonds with holes is assumed to be fast in comparison with electrochemical li- 
gand exchange or chemical reaction with HF or H20. For the case shown in Fig. 32, 
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Fig. 31. Structural model for two-electron dissolution of silicon by electrochemical reaction of 
SiH, to SiF, and subsequent insertion of HF (or H,O) into the Si-Si backbonds. 

both Si - Si backbonds are oxidized by this mechanism steps (1) - (4). It is also possi- 
ble that this process can compete with HF or H20 insertion in the reaction scheme 
shown in Fig. 29. In both cases, a fluoride-terminated surface is expected during the 
etching process, although it should be noted that this has not been confirmed experi- 
mentally. 

Some insight into possible reaction mechanisms can be gained from examination 
of the Si/KOH system. Chemical etching of silicon in KOH involves reaction with 
water and is characterized by the formation of two H2 molecules per silicon atom 
dissolved [129, 1301. The reaction product is thought to be Si(OH),(O-12 [130]. 
Palik et al. [I291 have suggested that the reaction mechanism proceeds through 
attack of Si- Si backbonds at a Si - OH-terminated surface by H20: 

Si-Si+H20 ++ Si-H+Si-OH (27) 
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Fig. 32. Structural model for four-electron process involving direct oxidation of Si - Si backbonds 
by trapped holes. This processes may also compete with HF insertion in the model shown in Fig. 29. 

The next step in the sequence is slow attack of the Si-H bond by OH-: 

Si-H+Si-OH+OH- .+ Si-0-  +Si-OH+H2 (28) 

For an OH-terminated silicon atom, corresponding to a site on a (100) surface or 
a kink site on a (1 11) facet, reactions (27) and (28) are repeated for each backbond, 
resulting in the formation of the reaction product Si(OH),(O - ) 2 .  The overall reac- 
tion is given by: 

Si + 2 H 2 0  + 2 OH- + 2 H2 + Si(OH),(O-), (29) 

The reaction in KOH is consistent with the observation that di- and tri-hydrides are 
attacked in water under open-circuit conditions [20,21] resulting in the characteristic 
smoothening of HF-treated surfaces. However, reaction (28) represents an open-cir- 
cuit process where charge balance for the oxidation reaction is maintained by proton 
reduction. 

Reactions (27) and (28) are similar to the proposed mechanism for the smoothen- 
ing process that occurs during open-circuit etching of silicon in buffered HF solu- 
tions, given in reactions (2) and (3). In this case, electrochemical ligand exchange in- 
volves the transformation of Si-H .+ Si-OH followed by H F  attack of the Si-Si 
backbonds. 
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4.8 Pore Formation in Other Semiconductors 

The electrochemical formation of etch tunnels have been reported for a number of 
other semiconductor/electrolyte systems, including n-GaAs in H2S04 [ 1321, KOH 
[132, 1331, and GaP in CH30H-C12 [134]. Porous films have also been reported 
for p-GaAs etched in H F  [I351 and for the chemical etching of InSb in HC1 contain- 
ing Fe3+ [136]. As for the case of pore formation in silicon, it has been verified that 
the pores are initiated randomly and are not dependent on heterogeneities such as 
the dopant atoms or dislocations. Since pores can be formed in GaAs in HF, 
H2SO4, and KOH, it can be concluded that the role of H F  in porous silicon forma- 
tion is only to suppress oxide formation. For GaAs, oxides such as As203 can be 
dissolved in a variety of solution compositions and hence pore formation should be 
a more general phenomenon. 

The preferred growth direction of pores in n-type gallium arsenide is along the 
(111) directions from Ga to As. The pore walls appear to be defined by the (110) 
planes giving rise to hexagonal pore shapes, as shown in Fig. 23. Although attempts 
have been made to correlated these effects with dangling bond density and surface 
polarity [ 1371, the underlying mechanism of pore formation in GaAs remains un- 
known. For the case of n-type silicon, the preferred direction of pore growth in sili- 
con along the (100) directions and the characteristic square cross-sections defined by 
the (011) planes are consistent with the relative etch rates {100]>(110)>{111] [83,93]. 

In summary, it appears that pore formation is a general phenomenon that can 
occur in any semiconductor if oxide formation is suppressed and there is sufficient 
selectivity in the etch rates of different crystallographic planes. For the case of sili- 
con, the oxide dissolves only in H F  solutions and hence pore formation is limited 
to this electrolyte. For the case of GaAs and Gap, and probably most other semicon- 
ductors, the poor stability of the oxide makes pore formation possible in a wide vari- 
ety of electrolytes. This approach suggests that it is the orientation-dependent etch 
rates that control the pore growth direction. Anisotropy in the pore shape is expected 
to be strongest for the slowest growth rates, where the more slowly dissolving orienta- 
tions in the plane of the pore will determine the pore ,shape. While these criteria are 
consistent with experimental observations, a general model for pore formation 
should predict the orientation-dependent etch rates and the pore morphologies. 

5 Dynamics of Pore Formation 

5.1 Introduction 

The mechanism of pore formation is controlled by the three-dimensional structure 
of the potential distribution at the interface between the silicon and the porous layer. 
For the case of n-type silicon, field enhancements at the pore base, due to the small 
radius of curvature, result in local regions where the field exeeds the breakdown field 
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and the current flow is controlled by tunneling into the conduction band in these re- 
gions, as shown in Fig. 33 [138]. As a result, the current flow is confined to these re- 
gions and stable pore growth is sustained. For the case of p-type silicon, the majority 
carrier (hole) concentration at the silicon/electrolyte interface is in equilibrium and ex- 
clusion of carriers from geometrically small regions where the bandgap is enlarged re- 
sults in current concentration at the pore base. For both cases, the result is that selec- 
tive dissolution of the silicon occurs at the pore base and the pores continue to propa- 
gate. The characteristic spacing between the primary pores propagating in the (100) 
directions is related to the the depletion layer width for n-type silicon. For p-type sil icy 
the band gap enlargement gives rise to a minimum feature size on the order of 40 A .  

<1 oo> \ I  

pore 

depletion zone, 
l p b 0  

bulk silicon, p=O 

Fig. 33. Illustration of pore growth in n-type silicon in the absence of illumination [138]. 

5.2 Computer Simulations 

Pore formation in silicon can be considered a growth process in which the growing 
phase (the pores) propagates into a receding phase (bulk silicon). This approach 
allows the analysis of pore propagation by techniques used to model a wide range 
of processes, such as physical deposition, aggregation, evaporation/condensation, 
and solidification [139- 1411. 

Stability analysis shows that for perturbations in the surface to propagate, the 
rate-limiting step in the growth process must be in the receding phase [142]. For the 
case of pore growth in silicon, the stability criterion implies that pore growth is con- 
trolled by a reaction step in the bulk silicon and not on the electrolyte side of the 
interface. Based on the overall reaction for silicon dissolution during pore formation 
and the discussion in the preceding section, it appears that the unique morphologies 
associated with porous silicon are related to the reaction of holes with surface silicon 
atoms and hence the surface hole concentration. 

Smith and coworkers [143, 1441 were the first group to use Monte Carlo simula- 
tions as a tool to investigate the pore growth process. They used a model equivalent 
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SVHF interface 

growing I \ 
electronic holes pore Si/HF interface 

during growth 

Fig. 34. Model for computer simulations of pore growth in silicon. 

to the Witten and Sander model [145, 1461 for diffusion-limited aggregation where 
the particles (holes) follow purely random walks on a two dimensional lattice. The 
structures formed by this model are highly branched and fractal over a wide range 
of length scales. The morphologies formed by this model, however, do not reveal the 
highly directional channels seen in porous silicon structures. 

This approach has been modified to incorporate the effects caused by the high- 
field region ahead of the growth front in n-type silicon [147, 1481. In this model, a 
two-dimensional lattice is randomly populated by particles representing electronic 
holes and the particles are allowed to move on the lattice following certain restric- 
tions, as shown in Fig. 34. In the electroneutral region in the bulk of the silicon away 
from the pore front, transport is controlled by migration and hole motion is consid- 
ered random because of the very low field. Close to the pore front, holes are swept 
to the pore tips with trajectories determined by the local field. The distance from the 
pore front, x, is analogous to a screening length and follows the contour of the 
growth front. When a hole reaches the silicon/HF interface, the silicon atom at that 
site is removed and the pore extends into the lattice, locally moving the interface. 
Constant carrier concentration is maintained at the base of the lattice far from the 
interface. 

Figure 35 shows results of the simulations at a particle density of 0.01 and as a 
function of screening length, x. For x = 0, hole transport is entirely random and the 
resultant structures correspond to those obtained by diffusion-limited aggregation. 
As the screening length is increased, however, the pores become highly directional 
and the concentration of secondary pores is reduced. In all cases the simulated pore 
structures attain a steady-state growth mode with a constant porosity, as expected for 
a constant particle flux. These morphologies exhibit many of the characteristic fea- 



Fig. 35 Fig. 36 
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tures of porous silicon layers formed in n-type silicon, suggesting that the local field 
plays an important role in pore formation. Figure 36 shows simulated porous layers 
for a particle concentration of 0.1. Again x = 0 corresponds to the diffusion-limited 
aggregation case although the pore density is higher due to the increased particle 
density. As the screening length is increased the pores become highly directional 
although the concentration of secondary pores is much larger in comparison with 
lower particle density. This type of structure is similar to the porous layers formed 
in highly doped p-type silicon although the pores remain unconnected. Nonetheless, 
improvements in computer simulations in conjunction with structural characteriza- 
tion may give better insight into the parameters controlling the pore morphology. 

6 Electropolishing 

At large applied potentials, a transition is observed from pore formation to elec- 
tropolishing. From Fig. 9 it can be seen that the domain of pore formation is extend- 
ed to higher potentials and current densities with increasing HF concentration. Pore 
formation can be contrasted to the electropolishing reaction, which exhibits an effec- 
tive dissolution valence of 4 [61], as can be seen in Figure lob. In this case, silicon 
dissolution proceeds through the formation of an interfacial silicon oxide layer and 
the etching process results in a uniform thinning of the silicon substrate: 

S i + 4 H 2 0 + 4 h +  -+ Si(OH),+4H+ (30) 

Si (OH), + SiOz + 2 HzO (31) 

As for the case of pore formation, although kinetics of silicon dissolution in the 
electropolishing regime have been studied by a number of groups [149- 1521, the de- 
tailed reaction mechanism is not well understood. The properties of electrochemical- 
ly formed silicon oxides have been reviewed recently [34, 1531 and will not be dis- 
cussed here. 

Figure 37 presents a current-potential curve for p-type silicon showing two dis- 
tinct current peaks. The region below the first current peak corresponds to the pore 
formation regime. The first current peak corresponds to the critical current for elec- 
tropolishing and exhibits a linear dependence on fluoride concentration, as shown 
in Fig. 38. Although the potential onset for electropolishing is dependent on the do- 
pant type and concentration, the critical current density is independent of doping 
level [64], as can be seen in Fig. 9. This is also seen in the current-voltage curves as 

- 
Fig. 35. Structures of simulated porous layers for a particle (hole) density of 0.01 as a function of 
screening length, x: (a) x = 0; (b) x = 10; (c) x = 20 [148]. 

Fig. 36. Structures of simulated porous layers for a particle (hole) density of 0.1 as a function of 
screening length, x: (a) x = 0; (b) x = 10; (c) x = 20 [148]. 
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Fig. 37. Cross-section of a porous silicon layer. 

a function of acceptor concentration in Fig. 39, showing that the current peaks are 
shifted to more positive potentials. The first-order dependence on H F  concentration 
indicates that dissolution of the surface oxide layer is rate-controlling [64,67]. 

The second current peak exhibits a square-root dependence on H F  concentration, 
as shown in Fig. 38, suggesting that the electropolishing mechanism becomes trans- 
port-limited at high potentials. The two regions of electropolishing defined by the 
two peaks have been ascribed to different forms of the oxide [152]. In the potential 

Fig. 38. Current-potential curves for p-Si(lOO), 
0.075-0.125 Qcrn in (a) 0.1% and (b) 0.05% 
solution of 40 wt.% NH,F+48 wt.Vo HF 

Potential I Vvs. S C E (13:2) [67]. 
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Fig. 39. Dependence of the first (0) and 
second (A)  current peaks on fluoride 
ion concentration [67].  

0 

range beyond the second peak, current oscillations have been reported, although the 
origin is not known [152, 1531. 

For n-type silicon under illumination, the current-voltage curves are dependent 
on illumination intensity, as shown in Fig. 40. At high illumination intensity, the cur- 
rent-voltage curves exhibit two current peaks, as seen for p-type silicon. At lower illu- 
mination intensities the photocurrent is limited by the supply of photogenerated 
holes and exhibits a characteristic plateau. 

Poten t ia l  / V vs. SCE 

Fig. 40. Current-potential curves for p- 
Si(lOO), (a) 0.075-0.125 L2 cm, and (b) 
4-6 52 cm, in 0.05% solution of 40 wt.Vo 
NH,F+48 wt.% HF (13:2) [67] .  
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Fig. 41. Current-potential curves for n- 
Si(lOO), 14-20 SZ cm under illumination 
in 0.05% solution of 40 wt.% 

0 1 NH,F+48 wt.Yo HF (13:2) [67]. 
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7 Summary 

Although surface reactions at the silicon/electrolyte interface have been studied for 
many years, the nature of the interactions between the silicon surface and fluoride 
containing electrolytes are only recently becoming understood. Recent characteriza- 
tions using various spectroscopic and microscopic techniques have resulted in new 
insight into the properties of silicon surfaces on an atomistic scale. Significant issues 
remain to be resolved, however, such as the reaction mechanisms, the processes lead- 
ing to pore formation, and the nature of surface oxides. 
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1 Introduction 

The increasing application of spectroscopic methods in electrochemistry has charac- 
terized the last decade and marked the beginning of new developments in electro- 
chemical science [I]. Among these methods, in-situ infrared spectroscopy provides 
a very useful tool for characterizing the electrode-solution interface at a molecular 
level. First in-situ infrared (IR) electrochemical measurements were performed in 
1966 [2] using the internal reflection form [3]. However, problems in obtaining very 
thin metal layers on the surface of the prisms used as IR windows, delayed the exten- 
sive application of in-situ IR spectroscopy until 1980, when the method was applied 
in the external reflection form [4]. The importance of this step does not need to be 
emphasized today. 

The external absorption-reflection method, originally developed for grating spec- 
trometers, required the modulation of the electrode potential (at c. 12 Hz) during the 
measurement of the spectrum [5]. A further development was achieved by modulat- 
ing the state of polarization of light (s - p modulation) while keeping the electrode 
at a constant potential [6]. But the most important improvement [7, 81 was achieved 
by the use for Fourier transform (FT) instruments [9]. The high rate of collection 
of spectra in this case makes unnecessary the modulation of potential, thus giving 
the possibility of collecting spectra during the application of any desired potential 
program. The number of groups using in-situ external reflection FTIR spectroscopy 
is growing continuously. 

A significant improvement in the internal reflection technique for in-situ elec- 
trochemical measurements was achieved in 1981 with the use of FT spectrometers 
[lo]. Since then the technique has been used to study a variety of systems such as 
semiconductor processes [I 1, 121, metal corrosion [13], and polymerization reactions 

The importance gained by IR spectroscopy in electrochemistry was a justified 
reason for the publication of numerous monographs where the basis of the method 
as well as examples and applications have been comprehensively covered [ 15 - 181. 
However, considerable progress has been achieved in the last few years and this makes 

1141. 
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it necessary to sample the experience gained in the different groups which are work- 
ing with the method worldwide. Some details of the method, which has been de- 
scribed extensively in earlier work will be given briefly here when necessary. The 
analysis of the state-of-the-art is not only important for those who are interested in 
the application of the method -, it should also be of help to establish further goals 
in the development of the experimental technique. It is in this sense that we have 
selected the examples given as applications of the method. 

2 The Fourier Transform Infrared Method 

2.1 The Working Principle of a Fourier Spectrometer 

A Fourier transform infrared spectrometer is based on the use of an interference pat- 
tern resulting from the passage of polychromatic radiation from an IR source 
through a Michelson interferometer. After passing through the interferometer the 
beam reaches the sample and its interference pattern changes because of the absorp- 
tion of radiation by the sample. The signal is then detected and finally decoded by 
means of a Fourier transform calculation. The result of this operation is the ordinary 
single-beam spectrum. 

A schematic diagram of a Fourier transform instrument is given in Fig. 1. The 
simplest form of the Michelson interferometer consists of two mutually perpendicu- 
lar mirrors, one of which can move in the direction of the beam. Between both mir- 
rors there is a beam-splitter where the radiation is partially reflected (to the moving 
mirror) and partially transmitted (to the fixed mirror). Both parts of the beam return 
to the beam-splitter where, because of the difference in path (a), they interfere. The 
resultant beam is again divided into two parts (transmitted and reflected). One of 
these parts is focused to the sample and then to the detector. 

2.2 The Interferogram 

The detected signal, known as an interferogram, shows the changes of the beam in- 
tensity as a function of the retardation 6 of the moving mirror. Though the spectral 
information is not recognizable in the interferogram, this contains the data of the 
measurement without any mathematical manipulation. It is therefore worthwhile 
paying some attention to its characteristics. 

For monochromatic radiation of wavenumber B (= l / A ) ,  the interferogram can 
be described by a cosine function: 

Z(6) = 0.5 Z(B) cos 2 7t B 6  (1) 
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IR Source 

FM 

1 
I 

--- -- ----- 
Moving Mirror BS 

Detectors LL 
Fixed Mirror 

Fig. 1. Scheme of a Fourier transform infrared spectrometer with a Michelson interferometer. 
BS, beam splitter; FM, focussing mirror; PM, parallelizing mirror. (Adapted from [16]). 

Thus the interferogram of a monochromatic source has the form depicted in 
Fig. 2a. The signal goes through the constant-dc value (0.5 Z(V)) at all points where 
6 = n A (where n is an integer). 

The interferogram of a polychromatic source exhibits a maximum at 6 = 0, which 
is called a centerburst (Fig.2b). At zero retardation both parts of the beam have 
equal optical path and consequently neither constructive nor destructive interference 
is produced: all frequencies pass the beam splitter undisturbed and the intensity 
reaches a maximum. 

In an FTIR spectrometer the maximum retardation 6, determines the resolution 
of the spectrum. For two spectral lines separated by AJ = (V2 - Vl)  the respective co- 
sine waves are out of phase for all values of 6 =k (AJ) - '  and become in phase again 
after a retardation 6 = ( A J ) - ' .  Therefore, in order to separate both lines, the maxi- 
mum retardation must be equal to the reciprocal of the resolution: 

6, = (AV)-' 
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Fig. 2. Interferograms for a monochromatic (a) 
and a polychromatic source (b). 

The height of the centerburst can be taken as a measure for the sensitivity of the 
measurement. However, since the signals beyond the centerburst contain the spectral 
information, the big difference in intensities between the centerburst and the rest of 
the interferogram is one of the factors limiting the quality of a spectrum. Lowering 
this difference improves the signal-to-noise ratio. This can be accomplished by filter- 
ing undesired frequency regions out of the spectrum, so that the only radiation 
reaching the detector is that containing useful information. 

2.3 The Signal-to-Noise Ratio 

One of the problems of infrared spectroscopy is the low energy per unit time from 
usual infrared sources and the relatively high internal noise of infrared detectors. 
Since these are the basic working conditions, infrared spectrometers must be de- 
signed to have a high energy throughput in order to improve the signal-to-noise ratio. 

Prisms or grating monochromators allow the observation of a narrow frequency 
domain during the spectrum recording, which is determined by the width of the exit 
slit. Thus grating spectrometers have a serious limitation in the energy throughput, 
particularly at high resolution when very narrow slits are required. Interferometers 
as used in a Fourier transform spectrometer do not require slits, thus enabling higher 
throughput of radiation. 

The second advantage of Fourier transform instruments is the so-called multiplex 
advantage. This is related to the fact that in a Fourier transform spectrometer, in con- 

' The problem is praticularly serious for the very weak metal-adsorbate bonds which are expected 
in the far-infrared region. Recently the IR radiation from a synchrotron has been used as a source 
for in-situ measurements at the electrode-solution interface [ I  91. The far-IR radiation from a syn- 
chrotron has an intensity between 100 and 1000 times higher than standard black body sources. 
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trast to a grating instrument, the detector is viewing all frequencies all the time dur- 
ing the measurement. Consequently, the signal-to-noise ratio of spectra measured on 
a Fourier transform spectrometer will be greater than that of a spectrum measured 
in the same time and at the same resolution on a grating instrument. The multiplex 
advantage is proportional to the number M of frequency elements observed and is 
given by (M)1'2 [9]. Thus for a measurement between 4000cm-' and 400cm-' at 
a resolution of 4cm- '  the multiplex advantage is 1/900, or 30. 

The time necessary for one interferometer scan depends on the required resolu- 
tion. Typically c. 0.3 s or less is needed for a resolution of 8 cm-I. However, in or- 
der to diminish the electronic noise and make use of the multiplex advantage, several 
interferograms are scanned, added, and averaged, in a couple of minutes. 

2.4 The Single-Beam Spectrum 

The encoded spectral information in the interferogram (I (6)) is stored in a computer 
and transformed into the more familiar form of a single-beam spectrum (Fig. 3) by 
means of a fast Fourier transform. 

For polychromatic radiation Eq. (1) must be written in the form of an integral 
covering all the frequencies: 

+ W  

Z(6) = S Z(V) cos 2x176 dV 
- m  

The Fourier transform gives the desired intensity as a function of the wave- 
number: 

t m  

I (V)  = S Z(6) cos 2x176 dV 
- m  

(3) 

Equation (3) implies an integration between - 03 and + 03 with an infinitely high 
resolution. But we have a limit for the maximal retardation of the interferogram 6, 
and this means that we are multiplying the interferogram by a truncation function 
T(6) ,  which fulfills the conditions: 

T(6)  = 1 if -6 , s6s6 ,  

T(6)  = 0 if -6,~6r6, 

So, the function representing the calculated single-beam spectrum is: 

+ m  

Z(V) = S Z(6) T(6)  cos 2xV6dV 
- m  
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1 1  
Wavenumber km- '  

Fig. 3. Single-beam spectrum resulting 
4000 3000 2000 1000 from the Fourier transformation of the 

interferogram in Fig. 2 b. 

The computation of the Fourier transform requires the values of 6 to be given 
very precisely. For this purpose the FTIR spectrometer is provided with two addition- 
al interferometers, one for a laser beam and another for a white light source. Both 
of them are mechanically coupled to the moving mirror of the main interferometer 
(see Fig. 1). The laser, being a monochromatic source of a very accurately known fre- 
quency, gives an output sine wave with an accurately known period. It is therefore 
used to follow the position of the moving mirror. Each zero crossing of the sine wave 
is taken to digitize the displacements of the moving mirror in the main interferome- 
ter. The centerburst of an interferogram from the white light beam is used to indicate 
the start position for data collection; in this way repetitive scans begin always at the 
same position of the moving mirror in the main system. 

3 Reflection-Absorption Infrared Spectroscopy 

The development of infrared reflection-absorption spectroscopy to study gas- 
phase/solid interface started as a necessary step to avoid the practical limitations im- 
posed by the use of oxide-supported metals [20]. This improvement opened the pos- 
sibility of studying adsorbed species on well-defined metal surfaces, from which a 
considerable knowledge of the vibrational properties at the gas-phase/metal inter- 
face has been gained [21]. This information from ultrahigh vacuum (UHV) systems 
provides the basis for the application of the infrared technique to studying the (more 
complex) electrochemical interface. 
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3.1 The Band Intensity 

The absorption of infrared radiation by a submonolayer of adsorbed material is the 
result of the interaction of the electric field of the light with the vibrating molecule 
and with the electrons of the metal surface. Therefore intensity of absorption is de- 
termined to a great extent by the dielectric properties of the metal [20]. The absorp- 
tion, A ,  is measured as a difference in reflectivity with ( R )  and without (Ro) absorb- 
ing material 

Ro-R =- 
RO 

Searching for the conditions to obtain a maximum value for A ,  Greenler [20] in 
1966 developed a theory of reflection-absorption at metal surfaces. 

When light is reflected on a metal surface the amplitude of the standing wave at 
the surface, which results from the sum of the electric vector of incident and reflected 
beams, depends on both the state of light polarization and the angle of incidence. 
This is a consequence of the phase shift upon reflection, as illustrated in Fig.4a 
and b. The component perpendicular to the plane of incidence (s-polarized field) 
presents a phase shift of c. 180", for all angles of incidence. On the other hand, the 
phase change for the parallel component (p-polarized field) remains small until high 
angles, where it changes rapidly toward 180" at the grazing angle. This phenomenon 

S P 

0 45 90 

eL. 

Fig. 4. Phase shifts upon reflection on 
a metal surface for p- and s-polarized 
radiation. (a) Incident and reflected 
field vector; (b) phase shift as a func- 
tion of the angle of incidence. 
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has direct consequences on the intensity of light available for absorption, as we shall 
see by considering the magnitude of the electric field upon reflection. 

The intensity of a spectral band is a measure of the dissipation of electromagnetic 
energy by the absorbing medium. In such a medium the change in the energy flow 
is proportional to the square of the electric field. Therefore the behavior of the elec- 
tric field at a metallic surface is important for an understanding of the optical factors 
governing the intensity of light absorption. The ratio of the electric field at the sur- 
face ( E )  to the electric field of the incident beam (Eo) is plotted as a function of the 
angle of incidence in Fig. 5 for s- and p-polarized radiation. For s-polarized radiation 
the electric field of the standing wave has negligible values at all angles of incidence. 
On the contrary the effective field for p polarization grows with the angle of inci- 
dence and is almost doubled at angles close to grazing incidence. 

Fig. 5. Normalized electric field at the reflecting surface as 
a function of the angle of incidence. 

Two obvious consequences can be extracted from the plot of Fig. 5. One is that 
in order to have high values of the electric field at the surface, the incident (p-polar- 
ized) light should be reflected almost at grazing angle. The second, which can also 
be deduced from Fig. 4, is that the metallic substrate imposes a condition for the IR 
activity of dipolar species on the surface, known as the surface selection rule: 

Only modes with a dipole moment perpendicular to the surface are IR-active. 

In practice, s- and p-polarized radiation are used to discriminate between spectral 
features due to absorbates or solution species; we shall return to this subject in 
Sec. 4.4. 

Greenler approached the problem of the calculation of the absorption A by de- 
scribing the absorbing material on the surface as a dielectric with optical constants 
approaching the values of the adsorbate in the solid or liquid state. The calculation 
of A according to Greenler [20] requires solution of a set of relatively complicated 
expressions to evaluate the electric field at the surface. More simplified treatments 
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of the problem were proposed by Ibach (see [22]) and Persson [23]. The latter consid- 
ers in his model the discrete structure of the monolayer, as follows. 

The intensity of energy absorption by an adsorbed molecule is the result of a non- 
zero transition probability in the direction normal to the surface. Basically, Persson 
[23] calculates the transition probability using the Hamiltonian: 

for the energy of interaction between one adsorbed molecule and the electric field 
at the surface (x = 0). The electric field on the surface in the presence of an adsorbed 
layer is considered to be the same as on the bare metal. Moreover the expression for 
the E-field assumes that this remains unaltered close to the surface where there may 
be fluctuations in the E-field due to the ion cores of the metal. With these simplica- 
tions, Persson gives the following expression for the absorption: 

167~’ N 
A c  A 

A ( w )  = - - p ’ 0  G ( a ) S ( Q - o )  (7) 

N/A represents the surface coverage by species, p is the magnitude of the dipole mo- 
ment perpendicular to the surface, a is the vibrational frequency, o is the frequency 
of the incident radiation and G (a )  is a reflectivity factor containing the angle of in- 
cidence, a ,  and the dielectric function of the metal, E :  

As expected, this function goes through a maximum at incident angles close to graz- 
ing incidence. A plot of G ( a )  against a is given in Fig. 6 .  

Fig.6. Change in the reflectivity as a 
function of the angle of incidence. 
G ( a )  is defined through Eq. (8). (After 
[23]). Reprinted by permission of 

’ Pergamon Press. 
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The validity of Eq. (7) was checked by comparing the calculated dipole moments 
of CO adsorbed on Cu and Pt with the corresponding values from inelastic electron 
scattering and from IR spectra in the gas phase [23]. For this purpose, Eq. (7) was 
written in the form of the integrated band intensity: 

This is the mathematical expression for the integrated band intensity obtained 
from an IR reflection-absorption experiment. 

3.2 Vibrational Frequencies and Bandshapes 

The analysis of the vibrational frequencies of adsorbed species on electrodes can give 
information on the structure and orientation at the surface. These properties can be 
extracted from analysis of the frequencies and the number of bands observed. The 
latter is a function of the adsorption geometry and requires the application of group 
theory to adsorbed species (see [22]). 

Frequency shifts are usually observed as a consequence of interactions with 
neighboring species, with the metal substrate, and with the electric field at the inter- 
face. These phenomena have often been studied in connection with the adsorption 
of carbon monoxide (Secs. 6 and 10) and more recently with the adsorption of ions 
(Secs. 9 and 10). 

Another important parameter giving information on the adlayer interactions is 
the bandshape. The experimental phenomena causing a band broadening have been 
classified in two groups: homogeneous and inhomogeneous broadening. 

A homogeneous broadening is caused by interaction of the adsorbate with the 
metal [21]. Coupling with surface phonons is possible, for instance, when an adsor- 
bate mode frequency lies near some substrate phonon frequency. Another mecha- 
nism of homogeneous broadening is electron-hole pair creation. In this case the 0s- 
cillating molecule can excite electron-hole pairs. The periodic charge fluctuation di- 
minishes the lifetime of the vibrational excited state, thus causing a band broadening, 
as expected from the uncertainty principle. One interesting example of this lifetime 
broadening is that of CO adsorbed on metals. It was established that on Cu(100) and 
Pt(l11) the CO stretch has a lifetime of a few picoseconds, in contrast to the radiative 
lifetime of milliseconds in the gas phase or micro-to nano-seconds on insulators [24]. 

An inhomogeneous broadening refers to the collective motion frequency of the 
adsorbate and is the consequence of an inhomogeneous distribution of individual 
molecules either due to heterogeneity of adsorption sites or to nonhomogeneous in- 
termolecular distances. Whilst for a perfect ordered layer a sharp, symmetric band 
is expected, random occupation, island formation, and repulsive or attractive inter- 
actions give rise to a variety of characteristic lineshapes [21]. 
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4 In-situ External Reflectance Infrared Spectroscopy 
in Electrochemistry 

4.1 The Spectroelectrochemical Cell 

The cell shown in Fig. 7 has been designed to be placed outside the sample compart- 
ment of the spectrometer. It has the advantage of requiring only a small volume of 
electrolyte (c. 5 ml). The solution can be replaced while the working electrode is kept 
under potential control. This can be very useful in adsorption experiments with or- 
ganic fuels, as we shall see in the sections devoted to adsorption of alcohols. 

Working electrodes consist of well-polished metal disks embedded in a glass tube. 
To offset the solvent absorption, particularly in aqueous solutions, the electrode 
must be placed at a distance of 1 - 5 pm from the IR-window. A reasonably flat sur- 
face can be obtained after careful mechanical polishing. 

Counter electrode 
Electrolyte outlet 

Electrolyte outlet 

Counter electrode 
Workinq electrode 

Fig. 7. Electrochemical cell designed for spectroscopic measurements. 

4.2 The Form of the Spectra 

Relatively weak signals are expected from submonolayers of adsorbed species on the 
electrode surface and, in addition, these signals have to be extracted from a single- 
beam spectrum containing strong features from the background. This can be 
achieved by subtracting two spectra taken either (1) using two states ( s  and p) of light 
polarization (see, the surface selection rule, or Sec. 4.2.1 (2) applying two different 
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potentials, where the surface process of interest undergoes some change with the po- 
tential while the background remains constant. 

Unfortunately the tendency to create expressions just highlighting some particu- 
lar experimental approach have led to an unnecessary multiplicity of names in the 
literature for the in-situ IR method. They give the erroneous impression that a large 
number of different mehtods exist, while in fact these are only different experimental 
approaches all using the same basic principle: the subtraction of two spectra mea- 
sured either at two potentials or under two conditions of light polarization. 

4.2.1 The Use of Polarization Modulation 

The technique of subtracting spectra taken with linearly s- and p-polarized radiation 
is based on the surface selection rule for reflection-absorption on a metal surface 
[20]: 

Only vibrational states involving changes in dipole moment components perpen- 
dicular to the reflecting surface can interact with the electric field of infrared ra- 
diation. 

Therefore, only p-polarized radiation which has an electric field vector parallel 
to the plane of incidence can interact with absorbed species at the surface. On the 
contrary, s-polarized light, having the electric field vector perpendicular to the plane 
of incidence, can interact only with species in solution. 

The technique using p - s modulation has received different names depending 
on the kind of IR instrument used. Thus for grating instruments it was called 
PMIRRAS (polarization modulation infrared reflection-absorption spectroscopy) 
[ 6 ] .  For FT spectrometers the name FTIRRAS [8] was suggested. However this name 
was later used also in connection with Fourier transform spectra applying the poten- 
tial difference approach. 

A p-s modulation is performed by placing a photoelastic modulator (PEM) in 
the optical path of the spectrometer. Thus the difference spectrum at a given poten- 
tial calculated as 

is expected to contain only bands of adsorbed species. We shall see in Sec. 4.4 that 
this statement can be valid only under particular experimental conditions and for 
these reasons this technique has serious limitations. 

4.2.2 The Use of Spectra Taken at Two Potentials 

In the techniques using the potential difference, the ratio 
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is calculated, where Ro and R1 are reflectances at the two potentials. Thus positive- 
and negative-going features are expected, depending on whether Ro> R ,  or Ro<R, 
(i.e., on whether a substance is formed or consumed at the potential of spectrum 
R1). However, some authors compute the difference (R,  -Ro/Ro (or simply the ratio 
R1/Ro); then loss and gain features at the potential of the spectrum R, are opposite 
to the former case. 

Techniques of taking the sample and reference spectra at two potentials have re- 
ceived different names depending on the kind of spectrometer used or on the applied 
potential program. Thus EMIRS [ 5 ]  (electrochemically modulated infrared reflec- 
tion spectroscopy) takes the spectrum by slowly scanning the frequencies with a grat- 
ing instrument, while the electrode potential is modulated between two given values 
at c. 12 Hz. The equivalent of this approach using a Fourier transform instrument 
has received the name SNIFTIRS (substractively normalized Fourier transform in- 
frared spectroscopy) [25]. In this case spectra are measured by repeating many times 
the collection of a given number of scans at  each of the two potentials. 

In fact, these procedures (EMIRS or SNIFTIRS) should be used only when the 
system under study undergo reversible changes with potential [16]. Bipolar bands are 
obtained in the difference spectrum for species irreversibly adsorbed, if the band- 
center frequency is shifted with the potential, e.g., CO adsorbed on platinum 
(Fig. 8a). But the situation is problematic when the frequency shift with potential is 
negligible. Then signals cancel out in the computed spectrum. This question has giv- 

Fig. 8. Comparison of bipolar and absolute 
bands for adsorbed CO; difference spectrum cal- 
culated with two spectra taken in the presence of 

r I I I I I I adsorbed CO at 0.05 V and a spectrum at (a) 
2200 2100 *Oo0 "O0 0.40 V vs. RHE and (b) 0.8 V vs. RHE (after CO 

(b) 

Wavenumber /cm-l was totally oxidized). 
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en rise to erroneous conclusions related to the absence of features in the difference 
spectrum of some irreversibly adsorbed substances. Bipolar bands can only be used 
qualitatively. They indicate the presence of some species absorbing in the given range 
of wavenumbers. They do  not permit, however, any quantitative interpretation based 
on the band intensity. In fact, in such cases one cannot measure a band intensity at 
all. Also, the band centers corresponding to the two potentials cannot be extracted 
from a bipolar band. Some important parameters, such as the bandshape and 
halfwidth, which can give important information related to the interactions in the 
adsorbed layer (see Sec. 3.4), are lost under a bipolar band. 

Working with irreversible systems it is necessary to collect spectra using appropri- 
ate potential programs in order to obtain absolute bands. This can be achieved, for 
instance, by collecting one spectrum at a potential where the species is adsorbed and 
a second one after applying a potential at which the adsorbate is totally eliminated 
from the surface, e.g., through oxidation, In Fig. 8 b we present a spectrum for ad- 
sorbed carbon monoxide obtained as the difference of two spectra measured at 
0.05 V and 0.8 V vs RHE. The positive-going band for the difference spectrum at the 
two potentials (R0,* -Ro,os)/Ro,os indicates the complete oxidation of CO at 0.8 V. 
Other examples of this and alternative methods of obtaining absolute bands, will be 
given in the sections dedicated to electrocatalysis. 

4.3 Criteria to Distinguish Between Solution and Adsorbate Bands 

Most of the solvents used in electrochemistry, and particularly water, present strong 
absorption in the mid-IR range. Therefore the use of external reflection IR spec- 
troscopy for the in-situ observation of electrode processes requires a considerable re- 
duction in the solution thickness in the path of the IR beam. Only a very thin layer 
of electrolyte between electrode and IR window is allowed in order to have enough 
energy reaching the electrode surface. Typically, the thickness of the solution layer 
produced by a well-positioned, flat-polished electrode is of the order of 1 - 5 pm. 
Within this cavity, which has been described by Yeager et al. as diffusionally 
decoupled, migration is the predominant form of mass transport [26]. 

A potential step produces changes in the composition of the solution in the thin 
layer, which can cause bands in the spectrum [26-301. A systematic analysis of these 
effects is necessary in order to discuss the criteria for establishing the origin of spec- 
tral signals. 

4.3.1 Double Layer Charging Effects 

When a potential step is applied, the migration of a number of ions equivalent to 
the charge involved in the double layer (d.1.) charging is to be expected. Weaver et 
al. [28] have shown this effect using a gold electrode and NaClO, as a base electro- 
lyte. A gold electrode, which has a wide double layer region, is the appropriate mate- 
rial to investigate this effect. The intensity of the solution band due to ClO, ions 
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Fig. 9. Comparison of spectra in the 1000-2500 cm-' region for azide adsorption at gold for (A) 
a single electrolyte (0.05 M NaN,), and (B) a mixed electrolyte (0.05 M NaN, +0.5 M HClO,). 
Sample potentials as indicated, reference potential -0.6 V vs. SCE. (Reproduced from [28] by per- 
mission of Elsevier Science). 

increases linearly with the increase in positive charge at the metal electrode. The spec- 
tra of adsorbed azide (N3-) on gold obtained after application of a potential step, 
strongly depend on whether or not a base electrolyte is present (Fig. 9). The bands 
for adsorbed azide are considerable larger when Cloy  is used to reduce the migra- 
tion of azide ions as the potential is shifted positively. A larger amount of azide re- 
mains avialable in the thin layer. 

4.3.2 Faradaic Surface Effects 

Working with a Pt electrode in the potential range between 50 and ISOOmV, 
hydrogen adsorption-desorption and oxide formation cause a change in the concen- 
tration of hydrogen ions: 

Pt+H,O --f PtOH+Hf  +e-  (13) 

In a thin layer having a volume of l cm2 x l pm, containing a 0.1 M solution of 
a 1 : 1 electrolyte, 1 x lo-* gram-equivalent of ions of each sign are present. This 
quantity is comparable with the amount of protons produced during the desorption 



In-Situ Fourier Transform Infrared Spectroscopy 141 

of a monolayer of hydrogen on polycrystalline platinum (2.2 x 1 0-9 gram-equiva- 
lentkm'). Thus, the increase in concentration of hydrogen ions during the desorp- 
tion of a monolayer of hydrogen cannot be neglected. 

The migration of ions to recover the equilibrium of charges is a relatively fast 
process. Under thin layer conditions in 1 M HClO, the time for the current to drop 
to the ground level, after applying a potential step of 100 mV within the H-region, 
lies below 0.1 s. Thus the system recovers a charge equilibrium in a timescale below 
that of the FTIR experiment (several seconds). Taking the ionic conductivities of 
H +  and ClO,, the respective limiting transport numbers of 0.84 and 0.16 can be 
calculated. This means that, although most of the H +  ions produced can migrate 
out of the thin layer, transporting the positive charge required by the electroneutrality 
condition, about 16% of the charge is neutralized through the migration of ClO, 
ions from the solution outside. This causes an enrichment of HClO, in the thin lay- 
er. The leveling-out of concentrations with the solution outside has a large timescale. 
The diffusion of species can take several minutes and, depending on the actual size 
of the thin layer, it can be completed in hours. Therefore ion concentration changes 
produced by migration are detected during the FTIR experiment. This is a source of 
problems in the technique since most of the usual supporting electrolytes are infra- 
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Fig. 10. Typical spectral features for solution species. (a) Band for the asymmetric C1-0 vibration 
of ClO, ions, measured with s-polarized light. Spectra calculated as the ratio between the sfngle- 
beam spectrum at the sample potential (as indicated) and a spectrum at 0.05 V. (b) Integrated band 
intensity for the C1-0 stretching of perchlorate ions in solution as a function of potential. 
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red-active, thus causing bands in the spectra which sometimes overlap on features 
of the system under study. At the same time the transport of water, which accompa- 
nies the ion migration, produces additional features in important regions of the spec- 
tra. 

Figure 10a and b shows the effect of applying an increasing positive potential to 
a plantinum electrode in HC104 solution. The integrated band intensities were taken 
from spectra measured with s-polarized radiation. The intensity of the band at 
1 100 cm-' , which is due to the asymmetric mode of ClO, ions in the solution, fol- 
lows the changes in H +  concentration in the thin layer. 
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Fig. 11. (a) Spectral features for sulfate species in solution, measured with s-polarized light at the 
indicated potentials; reference spectrum taken at 0.05 V vs. RHE. Loss band at 1120cm-': asym- 
metric S - 0  stretch of SO:-; gain band at 1190cm-': asymmetric stretch of HSO,. Solution: 
0.5 M K,S04+0.01 M H,S04. (b) Integrated band intensities as a function of potential. 

A second aspect of this problem must be considered: the situation in the presence 
of weak-acid-base systems [26,27, 291. Protonation of solution species having IR ac- 
tive modes causes gain and loss of solution features which appear in the spectrum, 
complicating its interpretation. Figure 11 a and b shows an increase in intensity of 
the gain band for HSO; (1190cm-') and loss band for SO:- (1120cm-') at in- 
creasing positive potentials in a solution containing 0.5 M K2S04 and 0.01 M 
H2S04. The spectra were obtained using s-polarized radiation taking a reference 
spectrum at 50 mV vs. RHE [27]. The same bands were also detected using p-polar- 
ized radiation. 
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4.3.3 Adsorption 

If the potential change causes the adsorption of a species, its concentration in the 
solution phase will decrease in an equal amount thus causing a loss feature from the 
solution. In this case, if adsorption causes a sufficient band shift in the adsorbed 
state, bipolar bands caused by the the loss and gain of species from the solution and 
surface respectively will be observed. Otherwise, when the band shift is too small, 
the overlapping of both features can produce an unpredictable result. Roth and 
Weaver [30] have designed a cell with forced electrolyte flow through the thin layer. 
Replenishment of the thin layer with fresh solution succeeded in compensating for 
the loss of solution species. Moreover, it was shown that deconvolution of surface 
and solution features can be attained by subtracting spectra with an without elec- 
trolyte convection [30]. 

4.4 Reflectance for s- and p-Polarized Radiation 

The difference in spectral response for s- and p-polarized light has been used very 
often to discriminate between adsorbate and solution bands. This criterion has been 
criticized [27] on the basis that the intensity of the electric field vector for s-polarized 
light may be very low if the solution layer between electrode and IR window is very 
thin. This causes the spectrum obtained with s-polarized light to have a very low in- 
tensity. In this case the absence of bands with s-polarized light does not necessarily 
imply the absence of absorbing species in solution. 

The intensity of the electric field of light in the thin layer cavity has been studied 
by different authors [31-341. For a practical analysis of the problem, the reflectance 
difference A R / R  for s- and p-polarized light under typical experimental situations 
in electrochemisty was calculated by Nart [34], using Fresnel equations. The ap- 
proach to the problem was to consider an absorbing background and simulate ab- 
sorption changes in the thin layer cavity between electrode and IR window by chang- 
ing the imaginary part of the refraction index. 

Changes in the composition of the solution in the thin layer cavity can be esti- 
mated in the order of 20% for the cases described in Sec. 4.3. For this condition it 
was assumed that the real part of the refraction index remains constant. AR/R was 
calculated as a function of the thickness of the thin layer of solution between elec- 
trode and IR window. The optical parameters (refractive index ni and absorp- 
tion coefficient ki) used for the simmulation were: = 1.4; nsolution = 1.29, 
ksolution = 0.0348; nmetal = 8.9, kmeta, = 46. The results for two different wavelengths 
and two angles of incidence are shown in Fig. 12. 

At 2000 cm-' both s- and p-polarized light present comparable values of the re- 
flectivity, while at 1250 cm -' marked differences are observed particularly at high 
angles of incidence. Such high angles, which are desired to increase the sensitivity 
for surface species, are achieved by the use of prismatic windows. Flat windows do  
not allow angles higher than c. 40". The results in Fig. 12 indicate that for wave- 
numbers close to 1250 cm-' (i.e., in the absorption range of oxyanions), s-polarized 
light is much less sensitive to solution species than p-polarized light. 
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Fig. 12. Calculated reflectance difference AR/R at different wavenumbers ( v )  and angles of inci- 
dence ( a ) ,  plotted as a function of the thickness of solution between electrode and IR window. 
(a) v =  1250cm-', a=60";  (b) v =  1250cm-', a=38"; (c) v=2000crn-', a=60"; 
(d) v = 2000 cm-', a = 38". Optical parameters were taken as for a CaF, window and a silver 
electrode/aqueous solution interface (see text). 

This result could explain differences in spectral data in the same systems obtained 
with low incidence angles (flat window) and high incidence angles (prismatic or 
spherical windows). The latter can furnish almost featureless spectra for solution 
species with s-polarized light (compare the curves in Fig. 12 at d = 1 pm) and induce 
the wrong conclusion that no solution feature interferes in the spectra measured with 
p-polarized radiation [35 - 371. On the contrary, the use of a flat window leads to 
comparable intensities for s- and p-polarized radiation spectra [27,38]. 

Undoubtedly, use of p-polarized light and a 60" prism gives a very high surface 
sensitivity. This is reflected by the fact that the center of the superimposed solution 
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plus surface feature shifts with the applied potential [35-371. While the band center 
position can present the correct potential dependence, the band intensities are strong- 
ly affected by the solution contribution, i.e., they do not measure the magnitude of 
adsorption. 

The use of s- and p-polarized light to discriminate between solution and adsor- 
bate bands under thin layer conditions, is possible only with careful consideration 
of the influence of the angle of incidence and the wavenumber on the differential 
reflectance. 

4.5 Selected Applications 

In Secs. 5 - 10 we present a series of selected examples of the use of the external 
reflectance technique to investigate some electrochemical systems of interest. Results 
from the electrochemical literature on the adsorption of hydrogen, carbon monoxide 
and alcohols are discussed and compared with the data from UHV measurements 
(Secs. 5 - 7). 

Because of the short lifetime of ions in gaseous atmospheres, even at low pres- 
sure, gas-phase IR measurements are limited to adsorption of neutral molecules. 
Electrochemical applications of the IR method offer the interesting possibility of 
providing data on the adsorption properties of charged particles (Secs. 8 and 9). In 
the electrochemical environment the applied potential allows ionic adsorbates to be 
studied under energetically controllable conditions. Otherwise the electrochemical 
double layer offers exceptional conditions to investigate the Stark effect on vibra- 
tional transitions by setting tunable electric fields of the order of lo6 V cm-' at the 
interface. This phenomenon will be discussed in Sec. 10. 

5 Hydrogen Adsorption 

Adsorbed hydrogen on metal surfaces is of particular interest from both theoretical 
and experimental points of view. Vibrational spectroscopy data on hydrogen ad- 
sorbed from the gas phase have been obtained from IR reflection-absorption experi- 
ments as well as from electron energy loss spectroscopy and inelastic neutron scatter- 
ing techniques [39-411. In UHV, absorption bands for the M - H  bond have been 
reported in the mid- and far-infrared regions [41, 421. 

In electrochemcial environments hydrogen adsorption has been investigated on 
polycrystalline Pt, Rh, and Ir as well as on single-crystal Pt(l l1) [43]. Only one band 
was observed in the 600- 3000 cm-' wavenumber region investigated. The feature, 
at 2090 cm-', was assigned to hydrogen adsorbed on top of a surface metal atom. 
This band was observed only at potentials below 100 mV, as shown in Fig. 13a for 
a polycrystalline platinum electrode. The reflectance spectra in this figure, measured 
in an H,S04 solution, are referred to a spectrum taken at 443 mV (RHE). A com- 
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Fig. 13. (a) Reflectance spectra for adsorbed hydrogen on polycrystalline Pt in 1 M H,SO, at dif- 
ferent potentials as indicated. Reference potential 442 mV (RHE). (b) Comparison of the linear 
sweep voltammogram at 0.1 V s-l  on the negative scan over the hydrogen adsorption region with 
the integrated band intensity for the 2090cm-' absorption band shown in (a). (After [43]). 
Reprinted by permission of Elsevier Science. 

parison of the potential dependence of the band intensity with the potentiodynamic 
current-potential curve in Fig. 13 b indicates that the band is not related to the peaks 
in the hydrogen adsorption region of the voltammogram. It has been suggested that 
the species related to the 2090 cm-' feature is the adsorbed intermediate of the H- 
evolution reaction (h. e. r). It is interesting to point out that this result could explain 
kinetic data on the h. e. r.: the experimentally observed E-log i slope of 29 mV at low 
cathodic potentials on Pt, requires the assumption of a low degree of coverage by 
hydrogen adatoms [441. 

Comparatively more features related to adsorbed hydrogen were observed in 
UHV experiments; for example, on A120,-supported Ir, bands in the region 
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1850- 1940 cm-' were reported in addition to others at 2120-2050 cm-' [41]. 
However, the spectroscopic data are somewhat contradictory with regard to the 
bands observed and the respective band assignment. Theoretical calculations predict 
for a threefold (hollow) adsorption on Pt( 11 1) a symmetric mode at 1328 cm-' and 
an asymmetric one at 912 cm-' [42]. On Pt(l1 I), Electron Energy Loss (EELS) 
spectra [40] exhibit two bands, at 1230 cm-' and 550 cm-', attributed to the asym- 
metric and symmetric stretching respectively, of hydrogen in a hollow position. Other 
UHV data report the symmetric mode at 1240cm-' [42]. While the asymmetric 
mode is surface-forbidden, the symmetric mode should be observable for adsorption 
in a hollow position in the electrochemical environment. It is unclear why for all elec- 
trode materials only one band (at 2090cm-I) was observed. Also the lack of any 
signal from adsorbed species in the hydrogen adsorption region of platinum remains 
unexplained. A systematic investigation using single-crystal metals, (including Pd) 
should help to understand this interesting system. 

6 Carbon Monoxide Adsorption 

Adsorbed carbon monoxide is a matter of special interest in ultrahigh vacuum as well 
as in electrochemical systems. CO has been used as probe molecule in surface vibra- 
tional spectroscopy. For important reviews of CO adsorbed from the gas phase, see 
[21, 42, 45, 461. The rather large dynamic dipole moment ( a p / a Q )  of adsorbed CO 
is particulary suited for infrared spectroscopy at electrochemical interfaces, where 
submonolayer amounts of species must be observed in the presence of IR-active solu- 
tion compontents. 

The interaction of CO with the solid surface produces several physical and chemi- 
cal effects on the vibrational properties of the adsorbed species. The adsorption of 
CO can be envisaged as a two-dimensional condensation, leading to lateral coupling 
between adsorbed molecules. The vibrational properties of adsorbed CO can thus 
be used to monitor the effects of other interface properties, such as surface defects, 
two-dimensional phase transitions [45] and co-adsorption. Finally, CO is formed as 
an intermediate or poison during the oxidation of several organic molecules at elec- 
trodes, thus constituting one of the subjects of interest in electrocatalysis. 

Chemical shift and lateral coupling are the most striking effects in the adsorption 
of CO on metal surfaces [45]. Chemical shift applies to the frequency displacements 
caused by CO-metal interactions, while lateral coupling refers to adsorbate-adsor- 
bate interactions. 

In electrochemical environments the vibrational spectra are additionally affected 
by solvation effects, the electric field in the double layer, and the co-adsorption of 
water and/or ions in the inner Helmholtz plane. 
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6.1 Effect of the Metal Electronic Structure 

The M-CO bond, according to Blyholder [47, 481, is formed by charge transfer from 
the 5 cs molecular orbital of CO to the metal and back-donation of electrons from 
the metal d-orbitals to the 2 x* orbital of adsorbed CO. Since the 2 x* is strongly 
antibonding and the 5 cs only weakly bonding, the C - 0  bond strength is lowered 
in the adsorbed state. Consequently the C - 0 stretching frequency is shifted to lower 
wavenumbers. 

The backbonding mechanism has been evidenced by experiments with species 
changing the density of d-electrons in the metal; e.g., CO was coadsorbed with strong 
electron donors [49, 501 or electron acceptors [51]. The frequency shift is propor- 
tional to the 2 x* occupancy, as shown by Baerends and Ros [52] for carbonyl com- 
plexes. On this basis, it could be concluded that the site occupancy of CO adsorbed 
on different metals is determined to a large extent by the electronic properties of the 
metal surface. 

A very detailed comparison of CO adsorption on transition metals in UHV has 
been given in [21]. The large amount of data on well-ordered metal surfaces enables 
the comparison of surfaces having identical structures. 

The CO stretching frequency at low coverages for on-top adsorption is practically 
constant for all d-metals. It has been established that the site occupancy is dependent 
on coverage and varies from one metal to another. Thus, threefold bridge-bonded CO 
appears first on Pd and Ni; while on-top sites are occupied first on Pt and Rh [21]. 

Apparently two factors are responsible for the specificity of site occupancy: the 
d-band width (an electronic factor) and the metal atom spacing (a geometric factor), 
but no definitive conclusions can be obtained from this comparison. 

Compared with the gas phase, the spectroscopic studies of adsorbed CO on elec- 
trodes are still just beginning. Data are available for only a few metals. CO has been 
studied on single-crystal surfaces of Pt [53-581, Pd [59] and Rh(l11) [60]. 

A direct comparison of the results for Rh(l11) and Pt(l11) (i.e. for the same sur- 
face structure) at the same rational potential (referred to the potential of zero charge, 
pzc) must give directly the effect of the electronic structure. On both metals, on-top 
and bridge-bonded CO is observed (Figs. 14 and 15). Comparing the band center po- 
sition of adsorbed CO on these two metals at an estimated potential of zero charge, 
Leung et al. [60] have found that the wavenumbers for the same adsorption site are 
very close: namely, 2060 and 1835 cm-' for Rh(l11) and 2090 and 1855 cm-' for 
Pt(l11) for on-top and bridged CO, respectively. The coincidence of vibrational fre- 
quency was observed in UHV for group VIII metals with equivalent surface geome- 
try ((1 11) for face-centered and (001) for hexagonal close-packed) [21]. 

On Pd(lO0) CO adsorbs only in the two-fold bridged form. The band center 
shifts to higher frequencies with increasing coverage and potential [61]. On Pd(l11) 
two forms of bridged CO, two- and three-fold coordinated, coexist over a wide range 
of degree of coverage [59]. For both single-crystal faces the results are similar to 
those of UHV conditions. 

Spectra for CO adsorbed on single-crystal Pt(100) and Pt(l l0) are given in 
Fig. 16 [54, 551. On Pt(llO), only on-top bonded CO has been reported [55]. 
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Fig. 14. Potential-dependent FTIR spectra of adsorbed CO on Rh(l11) at -0.25 V vs. SCE in 0.1 M 
HCIO,. Each spectrum was obtained by averaging 40 scans and subtracting a spectrum taken at 
0.6 V vs. SCE after complete oxidation of CO. (After [60]). Reprinted by permission of Journal 
of Chemical Physics AIP. 

Fig. 15. FTIR spectra for adsorbed CO at different coverage degrees obtained by dosing different 
amounts of CO on Pt(l11) at -0.25 V vs. SCE in 0.1 M HC10,. Spectra were obtained by means 
of 30 interferometer scans and subtracting another set taken at 0.5 V after total oxidation of CO. 
(After [53]) .  Reprinted by permission of Journal of Chemical Physics AIP. 

Pt(100) presents both on-top (at 2015-2048 cm-') and bridge-bonded CO (at 
1801 - 1872 cm-'). The site occupancy is not only affected by the coverage, but is 
strongly sensitive to the double layer environment, as shown by changes in the coor- 
dination with potential at constant degree of coverage [54]. 

On-top/bridge site interconversion has been demonstrated for Pt( 100) by 
Kitamura et al. [57], who made a careful analysis of intensity changes with the 
applied potential. The bridged CO species moves to the on-top geometry as the 
potential is made more positive. This result explains why bridge-bonded CO does not 
present a bipolar band in EMIRS experiments. 
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Fig. 16. Spectra of irreversibly adsorbed CO on (a) Pt(100) and (b) Pt(ll0) at different degrees of 
coverage obtained by dosing different amounts of CO at -0.25 V vs. SCE in 0.1 M HClO,. Spec- 
tra acquisition as in Fig. 15. (After [54,55]). Reprinted by permission of the American Chemical 
Society and Elsevier Science. 

A very interesting comparison was reported by Ikezawa et al. [61] for poly- 
crystalline Pt, Pd, Au, and Ag at a neutral pH. The results shown in Fig. 17 allow 
a comparison of CO adsorption at the same applied potential. On Pt electrodes 
mainly linearly bonded CO is formed, as shown by the strong band at 2072cm-' 
and the weak band for bridge-bonded CO around 1870 cm-'. For Pd a strong fea- 
ture at 1960 cm-' and a weak one at 2070 cm-' indicate the predominance of the 
bridged form (see also [62]). In contrast to the d-metals, silver and gold electrodes 
present weak adsorption of CO under the same conditions of potential and pH. At 
Ag electrodes only a weak band is observed at 2021 cm-', while gold electrodes 
show two features at 2027 cm-' and 1863 cm-'. From these data the differences in 
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Fig. 17. PMIRRAS spectra of adsorbed CO on various electrodes in 0.1 M NaC10, at 0.2 V vs. 
SCE: (a) Pt, (b) Pd, (c) Au, (d) Ag. (After [61]). Reprinted by permission of Elsevier Science. 

Fig. 18. IRRA spectra of CO adsorbed on Au electrodes in 0.1 M HClO, at (a) 0.1 V at low CO 
coverage; (b) -0.2 V at low CO coverage; (c) -0.2 V at high CO coverage (all potentials referred 
to SCE). (After [61]). Reprinted by permission of Elsevier Science. 

site occupancy on different metals is very clear. However, the band positions given 
may be affected by lateral coupling since the comparisons are made at unknown sur- 
face coverage. In addition, band frequencies for different electrodes should be com- 
pared under the same electrostatic condition at the metal surface. For this purpose 
the pzc should be used as a reference potential. However the pzc in the presence of 
adsorbed CO is not known for these systems, and the externally applied potential 
could be a first approximation for the sake of comparison. 

In general, the feature at the highest wavenumber has been assigned to lin- 
ear-bonded CO and the lower wavenumber mode to the bridge-bonded CO. The dif- 
ferences in wavenumber between bridge-bonded CO on Pt, Au and Pd (1870, 1863 
and 1960 cm- respectively), suggest that different kinds of coordination porbably 
occur in the bridge-bonded CO. 

At low coverage and 0.1 V vs SCE on a gold electrode, adsorbed CO exhibits three 
bands (2040, 1970 and 1870 cm-I), as can be seen in Fig. 18. The difference in 
wavenumber is too high to be attribued to adsorption on defect sites. Thus the three 
bands are related to three types of coordination for CO on polycrystalline gold. Ten- 
tatively, the 1870, 1970 and 2040 cm-’ bands have been assigned to threefold, two- 
fold and on-top adsorbed CO [61]. 
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6.2 Potential-Dependence of the CO Band Center 

In electrochemical systems the energetics of the interface can be controlled very ele- 
gantly by changing the electrode potential. In the case of CO adsorption, mecha- 
nisms such as backbonding should be very sensitive to potential change, i.e., to the 
electronic density of the surface. Furthermore, the strong electric field in the inner 
double layer can produce a band shift known as the Stark effect, as discussed in 
Sec. 10 in more in detail. 

On platinum electrodes (single crystals and polycrystalline) the potential-induced 
band shift for on-top adsorbed CO presents a linear change which lies between 30 
and 40 cm-'/V for a CO-saturated surface in acidic media [63]. The value of dV/dE 
depends on the degree of coverage, 8. Particularly on Pt(100), a rather strong depen- 
dence of dV/dE on the degree of coverage has been reported (from 30 cm-'/V for 
8 = 1.0 to 70 cm-'/V for 8 = 0.2). Furthermore, at a low degree of coverage the 
v-E behavior is no longer linear. 

The coverage-induced change in dV/dE could be explained by an increasing com- 
petition for d-electrons at increasing coverage or by a change in the effective electric 
field, due to a shift of the potential of zero charge. The latter shifts in the negative 
direction in the presence of CO [60]. Probably the most reasonable explanation is 
that both kinds of effects are operative. 

Rh(l11) electrodes in acid media present a dV/dE of 35 and 45 cm-'/V for on- 
top and bridge-bonded CO, respectively [66]. On Pd electrodes dV/dE is 48 cm-'/V 
for on-top adsorbed CO. On Pd, bridge-bonded CO which is the major component, 
presents nonlinear behavior. Potential-induced band shifts are reported for Au, Ag, 
Pt and Pd in neutral media also [61], giving 47, 48, 50 and 50 cm-'/V, respectively; 
i.e. in neutral media dV/dE is almost independent of the metal. This effect was not 
studied in detail. A more systematic approach could be of great importance to eluci- 
date the role of the applied potential in the vibrational properties of adsorbates. 

6.3 Effect of the Co-adsorption of Hydrogen and Water 
on the Adsorbed CO Layer 

Kunimatsu et al. were the first to report differences in the oxidation mechanism of 
adsorbed CO on polycrystalline platinum [63 -651 and single-crystal Pt(l11) [56], 
depending on the position of the adsorption potential (hdyrogen desorption or dou- 
ble layer region). It was suggested [63 - 651 that when the CO layer is formed at 0.6 V 
vs. NHE, i.e., at the double layer of the polycrystalline Pt electrode, the oxidation 
of CO occurs at the edges of CO islands, while when CO is adsorbed at 0.05 V vs. 
NHE, i.e., in the presence of upd hydrogen, the oxidation occurs in a random way. 
The latter is probably caused by formation of bridge-bonded CO, which would be 
oxidized first, leaving the on-top adsorbed CO either randomly distributed, or in 
small islands. The same interpretation was proposed for single-crystal Pt(l1 I), al- 
though no bridge-bonded CO was observed on this face [56]. 
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The coverage dependencies of vibrational wavenumber and band halfwidth are 
sensitive to the potential region where CO is adsorbed on single-crystal Pt electrodes 
[53-551. When CO is adsorbed in the presence of adsorbed hydrogen, the band 
center frequency changes monotonically with coverage, while for adsorption in the 
double layer region a sharp transition at 8 = 0.2 on Pt( 11 1) and from 0 = 0.4 to 0.6 
on Pt(l l0) can be observed (Figs. 19 and 20). 

Experiments in UHV with co-adsorption of hydrogen or water show that, in both 
cases, the formation of CO aggregates occurs. Wagner et al. [66] sugest that co-ad- 
sorbed water molecules cause a repulsive interaction with adsorbed CO generating 
segregated domains of CO and water. On the other hand, IRRAS studies on co-ad- 
sorbed hydrogen or water with CO at Pt(l11) [67] show island formation in both cases. 

In the electrochemical environment, co-adsorbed hydrogen probably induces 
smaller CO islands than co-adsorbed water. Based on these arguments, the band 
splitting at intermediate 8,, on Pt(l l0) for adsorption in the double layer region 
could be explained by different dipole-dipole interactions of the molecules inside and 
at the border of the islands. According to theoretical predictions [68] this kind of 
configuration should give a band splitting of the order of 8cm- '  while the ob- 
served experimental value in Fig. 20 gives 17 cm-', i.e. well above the predicted val- 
ue. In UHV experiments [21] such high band separation has been attributed to the 
coexistence of disordered CO molecules and ordered CO in islands. It cannot be ex- 
cluded that co-adsorbed water interacts strongly with the CO molecules at the border 
of the island producing a more pronounced difference between dipole-dipole interac- 
tions inside and at the border of the island. 
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Fig. 19. Plot of the coverage-induced band 
shift for CO adsorbed on Pt(ll1) in 0.1 M 
HClO, in the double layer region at 0.1 V vs. 
SCE (upper curve) and in the hydrogen region 
at -0.25 vs. SCE (lower curve). (Extracted 
from data of [53]). Reprinted by permission 
of Journal of Chemical Physics AIP. 
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Fig. 20. Plot of the coverage-induced 
band shift for CO adsorbed on Pt(l10) 
in 0.1 M HClO, in the double layer re- 
gion at 0.05 V vs. SCE ( A )  and in the 
hydrogen region at -0.25 V vs. SCE 
(0). Observe the band splitting at in- 
termediate coverage. (Extracted from 
data of [ 5 5 ] ) .  Reprinted by permission 
of Elsevier Science. 

Fig. 21. Dependence of the bandwidth 
A v , , ~  on the coverage for CO adsorbed 
on Pt(l11) electrodes in 0.1 M HClO, in 
the double layer region at 0.1 V (A)  and 
in the hydrogen region at -0.25 V (0) 
vs. SCE. (Extracted from data of [53]). 
Reprinted by permission of Journal of 
Chemical Physics AIP. 

Strong band broadening upon adsorption in the hydrogen region is observed for 
both Pt(l l1) (Fig.21) and Pt(l l0) (Fig.22) surfaces. On Pt(l l1) much less band 
broadening is observed for CO/H20 than for CO/H co-adsorption. In the case of 
CO adsorbed on Pt(l l0) in the double layer region, the band splitting makes it diffi- 
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Fig. 22. Dependence of the bandwidth Ar1,2 on the coverage for CO adsorbed on Pt(ll0) elec- 
trodes in 0.1 M HClO, in the hydrogen region at -0.25 V vs. SCE. (Data obtained from spectra 
of [ 5 5 ] ) .  Reprinted by permission of Elsevier Science. 

cult to define a bandwidth. The splitting of the band at intermediate coverages sug- 
gest that mixture of island and lattice gas with repulsive interactions is present [21], 
in agreement with the discussion above. 

Broadening effects can be caused by several mechanisms, as reviewed recently by 
Tobin [46] (see Sec. 3.4). The most probable effect is inhomogeneous broadening 
caused by CO island formation induced by hydrogen or wate co-adsorption. The 
results of Figs. 19 and 20 indicate a stronger effect of co-adsorbed hydrogen on the 
size of the CO islands at low and intermediate coverages. In this case, more homoge- 
neous broadening is expected since more boundary domains are formed and the CO 
molecules close to these domains experience different dipole and static lateral inter- 
actions [46]. A very curious feature is the relatively sharp bandwidth transition in 
the case of co-adsorbed hydrogen on Pt(l11) electrodes (Fig. 21), which suggests a 
rearrangement of the small islands at low coverage to larger domains for 0 > 0.3. This 
conclusion is in good agreement with the observation that when CO is adsorbed in 
the presence of co-adsorbed hydrogen the oxidation occurs more readily. The small 
islands or randomly distributed molecules (at low coverage) favor the adsorption of 
water molecules necessary for the CO oxidation. 

6.4 Effect of Solvent Molecules on the Singleton Frequ ncy 

Besides the effect of hydrogen and water of inducing different sizes of \ma- islan 
tion, it is interesting to establish whether there is an effect of the components of he 
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double layer on the vibrational frequency of adsorbed CO as compared with the 
value in UHV, where CO is the only component of the adlayer. Such effects were in- 
vestigated by Chang and Weaver on Pt single crystals [53-551. 

In order to avoid the influence of lateral interactions on the vibrational frequency 
of adsorbates, it is common to analyze the frequency of a single adsorbed molecule, 
i.e., the singleton frequency, which is obtained by extrapolating the adsorbate fre- 
quency to zero coverage. For the sake of comparison, the electronic backdonation 
must be the same for both UHV and electrochemical system. Since in UHV the po- 
tential is governed by the work function of the metal, an equivalent potential must 
be found for the electrochemical system. 

As discussed by Chang and Weaver [53 -551, the equivalent electrochemical po- 
tential is the potential of zero charge, EY.  No experimental values of the potential 
of zero charge for Pt single-crystal surfaces are available, however. Based on empiri- 
cal observations for other systems, EY has been suggested to be [69]: 

EY = (QM/e)-ET (ref) (14) 

where Q M  is the metal work function and ET is the potential of the reference elec- 
trode in the vacuum scale [53, 691. The potential of zero charge obtained from work 
function values for low-index planes of single-crystal platinum lies above the CO oxi- 
dation potential. In pronounced contrast with this, Wagner et al. [66] have suggested 
a value of 0.2 V for single-crystal Pt( 11 l), based on results of cyclic voltammetry and 
water adsorption in UHV. 

The singleton frequency for adsorbed CO at Pt(l l1) in an electrochemical inter- 
face was reported by Chang and Weaver [53] as 2076 cm-' at an estimated potential 
of zero charge for Pt(l l1) of 1.1 V vs. SCE. In UHV the singleton frequency for ad- 
sorbed CO has been found to be 2082 cm-' [70] and 2065 cm-' [71]. If the EF val- 
ue suggested by Wagner et al. is taken [66], a value of 2027 cm-' is obtained, i.e. far 
below the UHV value. 

Actually, the absence of reliable values for the potential of zero charge makes this 
kind of comparison extremely difficult. On the other hand, for Pt(100), taking the 
potential of zero charge based on work function measurements (EY = 1.0 V vs. 
SCE), a value 2045 cm-' is found for the singleton frequency, which is well below 
that of the gas phase. Possibly the increasing formation of bridge-bonded CO at low 
coverages makes the analysis for the Pt(100) surface difficult. 

Although no values for the singleton frequency of CO adsorbed on Pt(l l0) were 
given, the extrapolation of the resul of Chang and Weaver [55] for 0 --t 0, at EY 
(0.9 V vs. SCE [55]), gives 2080 cm- for the single adsorbed CO molecule. This 
value coincides with the singleton freq ncy of CO adsorbed from the gas phase in 

If only the potential of zero charge based o the work function is taken, the results 
show that the electrostatic potential induced by o-adsorbed water molecules or ions 
in the double layer has a negligible effect \ on the vi rational properties of the single ad- 

UHV (2080 cm-' [70]). 

sorbed CO molecule on well-ordered Pt surfaces [60], at least for Pt(ll1) and Pt(ll0). 
Reliable values of the potential of zero charge are needed for a more precise anal- 

ysis of this phenomenon. Furthermore, the difference in the singleton frequency for 
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Pt(100) in UHV and at the electrochemical interface remains an interesting point for 
further studies. 

6.5 Dipole-Dipole Coupling 

The coverage dependence of the CO stretching frequency has been studied extensive- 
ly for the metal/UHV interface [21]. The coverage-induced frequency shift is due to 
increasing dipole-dipole coupling [72] and chemical interactions between adsorbed 
molecules. 

Experimentally, these effects can be distinguished by using isotope mixtures. As 
shown theoretically by Hammaker et al. [73], only vibrations with identical frequen- 
cies couple strongly. Therefore, an isotopic '3CO/12C0 mixture is appropriate to 
differentiate experimentally between dipole-dipole coupling and other effects. The 
experimental method has been reviewed by Hoffmann and the effects upon CO ad- 
sorbed on Pd(100) have been analyzed in detail [21]. 

The use of isotope mixtures to study lateral interaction between adsorbed CO 
molecules in electrochemical interfaces was first reported for CO adsorbed on-top 
at polycryalline platinum where only one band for the isotopic mixture was observed 
[74]. The existence of only one band indicates a strong energy transfer, suggesting 
a strong dipole-dipole coupling of the adsorbed molecules. Using a theoretical mod- 
el, an effective coupling force constant of 1.1 mdyn A was found for an adsorption 
potential of 0 V vs. SCE at saturation coverage [74]. This value is about twice as large 
as that of CO adsorbed on Pt(l11) in UHV, which is 0.54 mdyn A [74]. Similar re- 
sults were reported from EMIRS measurements on polycrystalline platinum at high 
coverages [75]. For low coverage, the EMIRS spectra indicate a decrease in the 
dipole-dipole coupling, as shown by the separation of the two bipolar bands. 

On Pt(l1 I)/ and Pt( 100)/aqueous solution interfaces, '3CO/'2C0 isotope mix- 
tures present relatively well-separated ands [53, 541. In this case dipole-dipole cou- 
pling can be analyzed in detail. Result for CO adsorbed on these two single-crystal 
faces are shown in Fig. 23. Different c verages are attained both by either dosing' 
different quantities of CO in solution r by stripping from higher CO coverages 
[53-551. A typical result of the decou ing mechanism for '3CO/12C0 isotopic 

When the amount of l2CO decreases to ianishing values, the frequency of l2CO 
is practically decoupled and this value can be used to calculate the contribution of 
the dynamic dipole coupling AvD (0) as fol\ows [53]: 

mixtures is shown in Fig. 24. ;.: 
* There are some differences in results when the different degrees of coverage are obtained by dos- 

M) CO solution or by oxidative stripping from higher CO coverages ing from a dilute ( 2  

[56] .  We discuss here mainly the results of dosing experiments. 
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Fig. 23. Spectra for isotopic mixtures of '3CO/12C0 in 0.1 M HClO, at -0.25 V vs. SCE. 
(a) Pt(l1 l), 46% I2CO. Coverage obtained),by dosing; (b) Pt(100), percentage of "CO as indicated. 

by permission of Journal 

where vco (0, dl) is the frequency 
it of the isotopic mixture (e.g., 

l2CO extrapolated to the dilution lim- 
Fig.24). Under this condition the 

dynamic dipole coupling is virtually eliminbted. The chemical coupling contribution 
to the lateral interaction (Avc (0)) is given by the difference between vco (0, dl) and 
the singleton frequency for I2CO (i.e., the frequency for 0 + 0, obtained from pure 
l2CO coverages) [53]: 

The results for Pt(l11) are summarized in Fig. 25 where AvD (solid lines) and Avc 
(broken lines) are plotted against 0 for adsorption at -0.25 V (A) and +0.1 V vs. 
SCE (B). Under dosing conditions (lines without arrows) the frequency shift is main- 
ly produced by dynamic dipole-dipole coupling for both adsorption potentials. Un- 
der electrooxidative stripping (lines with arrows) chemical contributions survive at 
least down to 0 = 0.1. The dipole-dipole coupling decreases with coverage for differ- 
ent dosed coverages (Av,< 10 cm-' for 0<0.1), while a strong dipole-dipole coupl- 
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Fig.24. Band center wavenumber for l2CO (fully symbols) and 13C0 (open symbols) for 
13CO/'2C0 isotopic mixtures adsorbed on Pt(l11) electrode at -0.25 V, at 0 = 0.6. (Reproduced 
from [53]). Reprinted by permission of Journal of Chemical Physics AIP. 
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Fig. 25. Coverage-induced frequency shift for CO 
adsorbed on Pt(ll1) in 0.1 M HClO,. Dipole- 
diple coupling is indicated by the solid traces 
and the chemical shift by the broken traces. 
A: Eads = -0.25; B: Eads = 0.1 V vs. SCE. Traces 
with arrows are for electrooxidative stripping, 
and without arrows for dosing conditions. (Re- 
produced from [53]). Reprinted by permission of 
Journal of Chemical Physics AIP. 
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ing (Av, around 30 cm-') is maintained even for very low coverages when part of 
the CO layer is removed by electrooxidative stripping (see Fig. 25). For further details 
see [53]. 

There are two points in these analysis that must be taken with care. The first is 
that on Pt(ll1) and Pt(100) both on-top and bridge-adsorbed CO are present. This 
could induce some coupling between I3CO and bridge-bonded l2C0 frequencies in 
the high l2C0 coverage limit, as pointed out already by Chang and Weaver [53]. 
Second, instead of using the limiting coverage frequency of the I2CO isotope (which 
may be affected by coupling to the 13CO) to evaluate AvD and Avc, the limiting 
dilution frequency for '3C0 is more convenient. The latter lies well separated from 
the l2C0 frequency (see Fig. 24). 

7 Adsorption of Alcohols 

7.1 Methanol 

The adsorbed species formed when alcohols interact with sp- and d-metals has been 
the subject of a number of investigations at the metalgas interface in UHV. Methoxy 
(CH30) surface intermediates have been observed, particularly on oxide catalysts 
[76,77]. Using high-resolution electron loss spectroscopy; methoxide species were ob- 
served on Ni [78] at low temperature (up to 200 K) and bn Cu(ll1) [79] up to 370 K. 
On Pd( 1 1 1) Davis and Barteau [80] have reported thy simultaneous adsorption of 
molecular methanol and methoxide at 170 K. On a cledn Pt(l11) surface multilayers 
of methanol formed at 155 K decompose on heating:\ forming adsorbed CO and 
hydrogen [81]. If the Pt surface is previously covered wi$ oxygen, multilayers of ad- 
sorbed methanol at 100 K convert to adsorbed methoxiqe on heating to 170 K. How- 
ever, these species are not stable at higher temperature6 [81]. On all metals the final 
conversion products are adsorbed CO and hydrogen. ' 

The adsorption of methanol on Pt has been the subject of one of the first investi- 
gations using external reflectance infrared spectroscopy in an electrochemical envi- 
ronment [82]. Using the EMIRS technique it was demonstrated that two forms of 
adsorbed carbon monoxide giving bands near 2050 cm-' and 1850 cm-' are present 
when the potential of a platinum electrode is modulated between 400 mV and 50 mV 
in an acidic solution containing methanol. The bands were assigned to linear- and 
bridge-bonded CO respectively [82]. These two forms of adsorbed CO as compo- 
nents of methanol adsorbate were later observed in other EMIRS [83, 841 and SNIF- 
TIRS [85, 861 experiments. Beden et al. [84] report results obtained by varying the 
time for spectra accumulation and conclude that some spectral features disappear 
due to rearrangement among adsorbed species. Using FTIR spectroscopy Corrigan 
and Weaver have reported the formation of linearly bonded CO as adsorbed species 
from formic acid and methanol on platinum [86]. The absorption band for linearly 
bonded CO has been used to monitor the activity of bimetallic catalysts toward 
methanol oxidation [87,88]. 
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(see text for band assignment). 

More recently, another band at 1970 cm ' was reported for methanol, formic 
acid, reduced carbon dioxide and carbon m d noxide [89]. According to the position 
of the bands for adsorbed CO on different metals in UHV experiments (see Sec. 6.1), 
the new band was assigned to double-coordinated carbon monoxide, while the fea- 
ture at 1850 cm-' was assigned to the triply bonded species. 

Figure 26 shows a spectrum of adsorbed CO from (a) adsorbed methanol (b) re- 
duced carbon dioxide and (c) adsorbed formic on platinum. The spectra were ob- 
tained using th SNIFTIRS procedure (alternate collection of interferometer scans at 
two potentials). No other features in the 950-4000 cm-' region were observed us- 
ing the procedure. However, species other than carbon monoxide are expected for ad- 
sorbed methanol, as the results from other techniques indicate [90]. Besides CO, spe- 
cies with different degrees of dehydrogenation are formed. As explained in Sec. 4.2, 
when a substance is irreversibly adsorbed, bands having a small frequency shift with 
potential can cancel out in the difference (or ratio) spectrum if the single spectra are 
alternately collected at two potentials (as in an EMIRS or SNIFTIRS experiment). 

In the case of methanol, the fact that methanol is practically not adsorbed when 
the hydrogen coverage is high (e.g., at 0.05 V vs. RHE), can be used to obtain a differ- 
ence spectrum containing only absolute bands for adsorbed methanol [91]. This ap- 
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proach requires that methanol enters in contact with the Pt  electrode at 0.05 V vs. 
RHE. For this purpose a flow cell procedure must be used in order to keep the work- 
ing electrode under potential control. The reference spectrum must then be taken at 
this potential, i.e., in the absence of adsorbed methanol. Then, after applying a po- 
tential step to 0.35 V, where methanol is adsorbed, the sample spectrum can be mea- 
sured. Sample spectra taken at different times show the development of absolute 
bands for the adsorbate (Fig. 27). The intensity of the band for linear-bonded CO 
grows for c. 20min after application of the potential step (under thin layer condi- 
tions). In the 1200- 1300 cm-I region other bands are developed whose intensity 
grows during c. 40min. 

According to results of theoretical ab-initio calculations, the C - 0 stretching fre- 
quency of an unperturbed particle having the composition C - 0 - H is expected at 
1370 cm-' [92]. Taking a frequency shift of c. 100 cm-' to lower wavenumbers in 
the adsorbed state, the 1270cm-' mode can be assigned to COH. This adsorbed 
particle was postulated largely from results of mass spectrometry [90]. Comparative 
measurements of the CO band intensities for methanol, formic acid, and carbon 
monoxide adsorbates applying PMIRRAS [93] indicate that in the case of methanol 
other adsorbates must be present. 

t/min 

Fig. 27. FTIR spectra during the adsorption 
of methanol on polycrystalline Pt at 0.35 V vs. 
RHE (1 M CH,OH, 0.5 M HCIO,). A refer- 
ence spectrum was taken at 0.05 V (at this po- 
tential methanol adsorption is negligible). 
Then the potential was set to 0.35 V and sam- 
ple spectra were collected at the indicated 

-m 
1100 21po 1900 1300 

Wavenumber / cm-' times. 
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The second band observed in this region, at 1200 cm-l, is more difficult to as- 
sign. Using isotope-labelled methanol (CD,OH) the band at 1200 cm -' disappears. 
This fact led to a tentative assignment of the band to a C - H  (C-D) deformation. 
However, recent experiments on D/H exchange in adsorbed alcohols give evidence 
that C-H groups undergo D/H exchange at the Pt surface [94], thus invalidating 
the use of isotope band shifts as a diagnostic criterion for a C - H vibration. 

A feature at 1200- 1230 cm-' was observed in EELS spectra of methanol ad- 
sorbed on Pt(l l1) [81]. Sexton suggested that this band could be due to adsorbed 
hydrogen (compare with Sec. 5) which is stabilized in the presence of co-adsorbed 
CO [81]. However, as discussed in Sec. 7.1, there is no agreemnt over the assignment 
of the H-Pt  band at 1200cm-' to an asymmetric or a symmetric mode. While 
EELS experiments, due to the impact scattering mechanism, can show modes paral- 
lel and perpendicular to the surface [22, 401, this is not the general case for surface 
IR spectroscopy. 

Applying the EMIRS technique (with methanol in the solution) [84] features near 
3000 cm-' and 1700 cm-' decrease after a long period of spectra accumulation. 
These features were not observed in FTIR experiments measured in the absence of 
bulk methanol [91]. The question of the nature of the methanol adsorbate deserves 
further attention. 

One of the problems in identifying reaction intermediates at potentials above 
0.5 V vs. RHE is the depletion of reactants in the thin layer cavity. This concentration 
change disturbs the electrochemical reaction and causes 
uncompensated solution species. An electrochemical 
lows a continuous flow of fresh solution in the thin 
[95]. The experiment in Fig. 28 was performed 
CH,OH, 0.5 M HC104 solution flowing through the 
supply of reactant can keep its concentration at a 

spectra due to 

2500 2000 1500 1000 

Fig. 28. Difference spectrum in a 0.01 M me- 
thanol solution in 0.5 M HClO, obtained us- 
ing a continuous flow of electrolyte. Working 
electrode: polycrystalline Pt. Sample and 
reference potentials: 500 and OmV vs. SCE. 
(After [95]). Reprinted by permission of 
Pergamon Press. 
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stationary current flow. But, as long as a faradaic reaction is taking place, the com- 
pensation of solution features cannot be attained. This is attested by the presence 
of bands for the consumption of methanol and production of C02 in the spectrum 
of Fig. 28. In view of this, it is difficult to say whether the bands indicated as features 
for intermediates in that Figure are due to adsorbed or soluble species. 

The interest in the use of methanol in fuel cell has re-activated fundamental and 
applied research in the last decade. Approaching the conditions for practical systems, 
Hamnett and coworkers have obtained FTIR spectra during the adsorption of meth- 
anol on finely divided Pt catalysts deposited on graphite [96]. These authors suggest 
that the activity of the fine-particle catalyst toward the dehydrogenation of methanol 
is enhanced. Correspondingly, spectra obtained using this catalyst show the forma- 
tion of adsorbed carbon monoxide at potentials as low as 50mV vs. RHE. 

7.2 Ethanol 

7.2.1 Soluble Products 

In-situ FTIR studies 
[97-991 as well as on 
tion of acetaldehyde and acetic acid in addition 
ucts. Figure 29 shows the typical features for 

as soluble prod- 

according to Table 1. 

Table 1. Assignment of some of the fundamental bandd in the spectra of Fig. 29 corresponding 
to oxidation products of ethanol at polycrystalline platinum in acid solution. 

Wavenumber Species Functional Comments 
(cm-') group 

Ref. 

2500 - 3000 Acetic acid COOH OH str. (broad) [I021 
2342 co2 0 - C - 0  asym. str. [I031 
2050 toads. C - 0  str. 11 51 
1121 Acetaldehyde CHO C - 0  str. (carbonyl) [I 021 
1124 Acetic acid COOH C - 0  str. (carbonyl) [I 021 
1395/1281 Acetic acid COOH Coupled C - 0  str./OH def. ~ 0 4 1  
1353 Acetaldehyde CH, CH, def. [lo51 

The band intensities have been used for a quantitative determination of the solu- 
ble products during ethanol oxidation [99 - 1011. However, soluble substances form- 
ed in the thin layer slowly diffuse to the surrounding solution, introducing a time- 
dependent uncertainty in the measurements. 
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Fig. 29. FTIR spectra, taken with p-polarized light, 
platinum electrode at 1.4 V vs. RHE (see Table 1 for 

of ethanol on a 

7.2.2 Adsorbed Intermediates 

The adsorption of ethanol on Pd(l11) in UHV was examined by Davis and Barteau 
[80]. At 170 K, surface ethoxide (CH3CH,0) was observed. Annealing to 200 K 
transforms the ethoxide into acetyl, which degrades above 300K to CO. 

EMIRS studies of ethanol on platinum electrodes have demonstrated the pres- 
ence of linearly bonded carbon monoxide on the surface [106]. An important prob- 
lem in the use of EMIRS to study alcohol adsorption is the choice of a potential win- 
dow where the modulation is appropriate without producing faradaic reactions in- 
volving soluble products. Ethanol is reduced to ethane and methane at potentials be- 
low 0.2 V [98, 1071 and it is oxidized to acetaldehyde at c 0.35 V. Accordingly, a po- 
tential modulation would be possible only within these two limits. Outside these po- 
tential region, soluble products and their own adsorbed species complicate the inter- 
pretation of the spectra. The problem is more serious when the adsorbate band 
frequencies are almost independent of potential. In this case, the potential window 
(0.2-0.35 V) is too narrow to obtain an appropriate band shift and spectral features 
can be lost in the difference spectrum. 

As explained in Sec. 4.2, the FTIR technique does not constrain the operator to 
modulate the potential. Thus the experimental conditions for collecting spectra can 
be chosen according to the physicochemical properties of the system under study. In 
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Fig. 30. Spectrum for adsorbed 
C2H5OH+0.5 M HClO, at 0.35 
erence spectrum was taken at 0.35 V vs. RHE in the presence of ethanol adsorbate. After oxidative 
stripping at 1.5 V, the potential was re-set to 0.35 V and the sample spectrum was collected. 

a recent study on the adsorption of ethanol at platinum electrodes in acids [107], 
the following experimental procedure was applied. 

After adsorption of ethanol at 0.35 V electrolyte was replaced by the base solu- 
tion (0.5 M HC104). Then two groups of interferograms were collected, one in the 
presence of adsorbed ethanol at 0.35 V and the second one after oxidizing the adsor- 
bate by applying a potential step to 1 S O  V, and resetting the potential to 0.35 V. 

The difference spectrum of Fig. 30 shows the loss bands (positive-going) for all 
adsorbed species which have been oxidized at 1.5 V. The negative-going bands are 
due to the increase in concentration of solution species during the electrochemical 
processes in the cavity of the thin layer between the working electrode and the IR 
window. These are the negative-going band at 2343 cm-' form the C 0 2  produced at 
1.5OV (which slowly diffuses out of the thin layer), and the bands at 1642 and 
11 00 cm- due to water and ClO, ions, respectively. 

Besides the band for linearly bonded CO at 2055 cm-' one observes the asym- 
metric CH3 and CH2 group frequencies at 2960cm-' and 2940cm-' respectively 

Taking sample and reference spectra at the same potential diminishes spectral distortion due to 
changes in the thin layer. 
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[106]. The corresponding symmetric modes overlap under the band observed at 
2850 cm-'. At 1257 cm-' a feature is observed which can be assigned to the C - 0  
stretch of a species containing a COH group (e.g., a tertiary alcohol group) [102]. 

The CH group frequencies mentioned above could suggest the presence of species 
of the from -CH2CH3 (ethyl) or -OCH2CH3 (ethoxide). However, taking into 
account an sp3 hybridization of the carbon atoms, the asymmetric CH, vibration of 
an ethyl group directly bound to the metal surface would have a transition moment 
vector parallel to the surface, i.e. forbidden by the surface selection rule. It was 
therefore suggested [I071 that the bands in the 2900cm-' region are due to an 
ethoxide species: 

0 

I 
/ 

In this species the C - 0  bond from the surface normal and the CH, 
group becomes a favorable of both symmetric and asym- 
metric vibrations. Both for the methyl group. This 
species can therefore The dipole moment 
of the C - 0  bond perpendicular 
to the surface, a situation which is unfavorable to observation of the corresponding 
mode (expected at c. 1000- 1050 cm-I). 

The band at 1257cm-I in the spectrum of Fig.30 has been assigned to the 
C-OH stretch of a tertiary carbon atom [107]. Accordingly, a species of the form 
= COH-CH,, has been suggested. Tertiary alcohols absorb in the range 
1205-1125cm-' [102]. In the adsorbed state, a band shift to higher frequencies 
could be expected in view of the towfold coordination to the metal surface. 

A species of the form -CO-CH3 was also suggested as one of the constituents 
of ethanol adsorbate [107]. For an sp2 hybridization the C - 0  stretching could have 
a negligible component perpendicular to the electrode surface. The spectrum in 
Fig. 30 does not allow a -CO-CH, species to be either confirmed or discarded. 

7.3 Other Alcohols 

Bands in the C - H stretching region were observed by similar procedures to those used 
in the case of ethanol, during the adsorption of propanol (CH3CH2CH20H), ally1 
alcohol (CH, = CHCH,OH) and propargyl alcohol (CH=CCH,OH) [108]. The 
spectrum in Fig. 3 1, taken after absorption of propargyl alcohol, exhibits the stretch- 
ing bands of CH, and CH2 groups. Particularly interesting is the presence of the 
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(PA) on a platinum electrode. PA was adsorbed 
from 5 x 
ence potential = 0.4 V. 

M PA+0.5 M H w a t  0.4 V. Experimental procedure as in Fig. 30, but with refer- 

C-H bending modes in the 1400- 1330 cm-' region. Propargyl alcohol presented 
the highest intensity for the C-H stretching. The presence of methyl groups in the 
adsorbates of ally1 and propargyl alcohols indicates a hydrogenation during the ad- 
sorption process. Since adsorbed carbon monoxide is observed at the same time, a 
disproportionation process has been suggested to occur during the adsorption [ 1081. 

8 Adsorption of Pseudohalide Ions 

The adsorbed ions so far studied using in-situ infrared spectroscopy can be divided 
into two classes: the pseudohalides and the oxyanions (sulfates and phosphate spe- 
cies). Other ions, such as chloride, have been the subject of investigations using 
in-situ far-infrared spectroscopy, but the results are not conclusive. 

Pseudohalide ions (CN-, SCN-, OCN-, N3 generally present a strong and 
irreversible adsorption which parallels their great capacity to form complexes. 
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8.1 Cyanide 

The cyanide ion is the most studied adsorbed ion of the pseudohalides group. Cya- 
nide, being a charged species isoelectronic with carbon monoxide, is an important 
reference point for understanding the role of charge in adsorption as well as the 
vibrational properties of charged adsorbates in relation to neutral molecules. Surface 
Enhanced Raman Spectroscopy (SERS), measurements [ 1091 have shown that several 
surface species are formed on silver electrode surfaces interacting with CN- . This 
property reflects its ability to form complexes with silver. In-situ infrared spectrosco- 
py has the advantage of not being limited to the group of metals presenting a SERS 
effect, although the first studies using in-situ infrared spectroscopy were made on 
silver and gold [I 10- 1141. 

8.1.1 Cyanide Adsorbed on Ag, Au and Cu 

Spectra taken using polarization modulation in CN- solutions are shown for 
Ag(l11) and Au(ll1) in Fig. 32a and b (see p. 170), respectively [I l l ] .  The spectra 
exhibit not only adsorbate but also solution features assigned to metal complexes as 
summarized in Table 2. The band at 2080 cm-l observed in the spectra of CN- on 
silver, which was also observed using s-polarized radiation, corresponds to the 
stretching vibration of free CN- ions in solution [115]. Likewise the bands at 
2136cm-' for silver and 2146cm-' for gold are assigned to the Ag(CN); and 
Au(CN)F complex ions respectively [ I l l ,  1141. They appear at potentials where the 

V vs. NHE on the 

In both series of 
Au and 2100 .. 

Table 2. Vibrational frequencies for metal cyanide complexes 
and solid cyanide films with metal electrodes. 

Metal Frequency (cm - ') Approximate assignment 

c u  2071 
2093 
2126 
2170 

Ag 2136 
2161 

Au 2146 

Pd 2135 
2170 

Cu(CN):- 
Cu(CN)f- 
Cu(CN), 
CuCN film 

AgCN film 

Au(CN); 

Pd(CN):- 
Pd(CN)i- 

M C N ) ,  
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Fig. 32. FT-IRRAS spectra for adsorbed CN- on polycrystalline Ag (a) and Au (b) electrodes in 
0.1 M KCN+O.S M K,SO,. Adsorption potentials as indicated. (Taken from [ill]). Reprinted by 
permission of Elsevier Science. 

the spectra for silver this feature is very weak). This band was observed only with p- 
polarized radiation and presents the characteristic potential shift of adsorbed species. 
On both metals this mode shows a positive shift with respect to the free solution ion. 

Adsorption of CN- on a silver metal film was reported by Hatta et al. [112], 
using multiple internal reflection in an ATR (attenuated total reflection) prism con- 
figuration. Basically the same features were observed by Hatta et al. as in the external 
reflection approach, namely a potential-dependent band located between 2100 and 
2118cm-' assigned to the adsorbed CN- ion and another band located at 
2143 cm-', assigned to the Ag(CN); complex. The feature at 2167 cm-' was not 
observed, because of the limited potential range used in this experiment to avoid the 
dissolution of the silver film [112]. 
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The adsorption of CN- on a polycrystalline copper electrode has been studied 
experimentally by Lee et al. [116]. Since copper oxidizes more readily than gold and 
silver, the results depend strongly on the cyanide concentration. At low cyanide con- 
centration in solution (2x M), a potential dependent band between 2084 and 
2120 cm-' was assigned to the linearly adsorbed CN- ion (Fig. 33, p. 172). 

In concentrated cyanide solutions the copper electrode presents three bands in the 
2077-2126 cm-' range assigned to Cu-CN complexes. These bands make the 
identification of adsorbed species very difficult. At the highest potential observed, 
-0.2V vs. Ag/Ag+ a CuCN film was identified through a band centered at 
2172 cm-' [116]. 

A common feature of the adsorbate band for these metals is the shift of the C - N 
mode to higher wavenumbers in the adsorbed state in relation to the free ion in solu- 
tion. This positive shift is also observed for cyanide complexes, and has been attrib- 
uted to the fact that CN- is a better o-donor than it is a .n-acceptor. Due to the 
weak antibonding character of the 5 G orbital, o-donation produces a bond strength- 
ening effect [ 11 51. These facts were the subject of theoretical calculations [ 1 17, 1 181. 

Anderson et al. [117] have shown that the 0,-donation upon bond formation is 
dominant, while the shifts for .n and .n* are very small. Accordingly, the frequency 
shift to higher wavenumbers should be due to the strengthening effect of 0 donation, 
since the 0,-orbital is antibonding, 3 s  stated above. Recent calculations of Nelin et 
al. [l 181 show, however, that C molecules are highly ionic. It has been found that 
the ionicity of the onding is even higher in a Cu&N cluster [119], indi- 

expected, however, that ionic bonds produce a less pronounced charge transfer than 
proposed above for 0,-donation. Consequently the results of [ 1 181 cannot explain 
the band shift to higher wavenumbers. 

Besides this theoretical controversy, it is interesting to observe that the band in- 
tensity for silver (see Fig. 32a) and copper (Fig. 33) is potential-dependent. This sug- 
gests that the interaction of CN- with the metal surface presents some electrostatic 
contribution, as expected for ionic bonding. Contrary to this, a nearly constant in- 
tensity of the CN- adsorbate band is observed on gold [I  141 (Fig. 32b) and a bipo- 
lar band was observed in SNIFTIRS experiments [113]. These facts suggest a more 
irreversible adsorption of CN- on gold than on Ag and Cu. Irreversible adsorption 
is expected for bonds with a higher covalent than ionic character. 

eating that for / eta1 surfaces CN- should preferentially form an ionic bond. It is 

8.1.2 Cyanide Adsorbed on Transition Metals 

The adsorption of CN- on transition metals electrodes has been studied on Pt 
[120- 1231 and Pd [124]. In contrast to Ag, Au, and Cu, bands below 2080 cm-', 
which is the frequency for the C - N stretching in solution, appear for adsorbed spe- 
cies on these metals. On a Pt electrode Kawashima et al. [I201 have observed that 
the number of bands of adsorbed CN- depends on the CN- concentration in soh-  
tion. As observed in Fig. 34, a feature between 2060 and 2090 cm-' is present at all 
concentrations and has been assigned to linearly adsorbed CN- ions [120]. For a 
CN- concentration of 0.4mM or lower, an additional feature appears at about 
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Fig. 33. FT-IRRAS spectra of the ad- 
sorbed CN- on a polycrystalline Cu elec- 
trode at different adsorption potentials. 
Experimental conditions as indicated in 
the figure. (After [I 161). Reprinted by per- 
mission of the Electrochemical Society. 
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Fig. 34. PM-IRRAS spectra of adsorbed 
CN- on a polycrystalline Pt electrode in 
KCN + I  M NaClO, solutions at -0.5 V 
vs. SHE. The CN- concentrations are in- 
dicated. Note the formation of bridge- 
bonded CN- at low CN- concentrations. 
(After [120]). Reprinted by permission of 
Elsevier Science. 
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1980 cm-' which was assigned to bridge-bonded CN- . It must be emphasized that 
the band for linearly adsorbed CN- obtained at low concentrations is slightly shift- 
ed to lower wavenumbers as compared with that of the free CN- ion. The red shift 
observed for the platinum electrode contrasts with the blue shift discussed above for 
Au, Ag, and Cu. This could be an indication of a higher covalent character of the 
cyanide bond to platinum. 

The adsorption of CN- on Pt was also reported by Ashley et al. [121], using 
SNIFTIRS experiments. The interpretation of these results is complicated by the 
high potential used to measure the reference spectrum (+ 0.5 V vs. Ag/AgCl). At this 
potential CN- can be oxidized to OCN-. A bipolar band showing a negative-going 
part at 2171 cm-' and a positive-going one at 2147 cm-' was attributed to the ad- 
sorbate centered about 2155 cm-'. However, an alternative explanation of the bipo- 
lar band could be given. The 2170cm-' peak can be due to the formation of 
OCN- and the peak at 2147cm-* could be due to an adsorbate. Further experi- 
ments are necessary to clarify this question. 

More recently, Ashley et al. [123], using a model of Korzeniewski et al. [125], sug- 
=sETThat the -' band is due to the C-down adsorbed CN-.  This model, 
however, has several adjustable parameters that were obtained by the best fit to exper- 
imental data, i.e., presuming that the 2147cm-' band is due to the C-down ad- 
sorbed CN- . Besides this, the formation of bridge-adsorbed CN- observed by 
Kawashima et al. [120] was not taken into account. 

Possible evidence of both forms of coordination was suggested by Tadjeddine 
and Guyot-Sionest [ 126, 1271, using measurements of sum frequency generation 
(SFG). SFG is a nonlinear spectroscopic technique based on the incidence of an in- 
frared tunable laser beam plus a visible pulsed laser beam. Upon reflection both fre- 
quencies are summed and detected in the visible region of the spectrum. The fact that 
the frequency mixing occurs only at the surface, i.e., in a noncentrosymmetric medi- 
um [128, 1291, makes this technique highly surface-sensitive. 

The SFG spectra for adsorbed CN- on a Pt electrode can be seen in Fig. 35. At 
the most negative potential (- 1 V vs. SCE) the adsorbed CN- ion presents a very 
broad band centered at 2070 cm-' (the same wavenumber was observed in the work 
of Kawashima et al. [120]), whose frequency changes rapidly with the applied poten- 
tial (dV/dE = 60 cm-'/V). A second band centered at 2150 cm-' with a tuning rate 
of 10cm-'/V appears at more positive potentials. The band at 2070cm-' in the 
SFG measurement was attributed to a N-bound adsorbate, and the 2150 cm-' band 
was attributed to a second layer of adsorbate. According to the authors, the best fit- 
ting of the experimental results is obtained when two layers of adsorbate with an- 
tiparallel dipoles are assumed, suggesting an adsorbate bilayer with the first layer 
bonded to the metal through the N atom and the second one bonded through the 
C atom. The difference in the tuning rate between the two bands was attributed to 
the closer proximity of the N-bound layer to the metal, where it experiences the high- 
est potential drop [127]. An alternative explanation of the SFG results can be sug- 
gested. Thus the two peaks observed could be due to an interconversion of N-bonded 
and C-bonded adsorbates, with the coexistence of both at intermediate potentials. 

Summarizing, the adsorption of CN- on Pt presents some unclear features. The 
arguments used for band assignments are not convincing. It is not clear why 



Fig. 35. SFG spectra of adsorbed CN- 
on a polycrystalline Pt electrode in 
0.1 M NaCIO,+0.025 M KCN. 
Potentials: - 1 V, -0.6 V, -0.2 V and 
+0.4 V vs. SCE. Dotted line indicates 
adsorbed SCN- at - 1 V vs. SCE un- 
der the same conditions. (After [127]). 
Reprinted by permission of Pergamon 
Press. 
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Kawashima et al. [I201 (see Fig. 34) have not observed the high-frequency mode. The 
small difference in CN- concentration between the different studies (10 mM [120] 
and 25 mM [ 1261) is not sufficient to account for the different results. The observa- 
tion of the M - CN vibration could clarify the situation, but his mode lies in the far- 
infrared region where the experimental difficulties are still not overcome. 

The adsorption of cyanide on Pd electrodes was studied by using a combination 
of polarization and potential modulation (FT-IRRAS and SNIFTIRS) [ 1241. The 
reason for this combination is to enhance the surface signal, since two FT-IRRAS 
spectra taken at two different potentials were ratioed to obtain the SNIFTIRS spec- 
trum. Despite this effort, a solution band at 2135 cm-' (also observed with s-polar- 
ized light) persists in the spectrum (Fig. 36). The spectrum in this Figure taken with 
p-polarized radiation presents, however, a strong band at 1980 cm-', which was 
attributed to a bridged-bonded cyanide ion, and a weak band at 2065cm-' as- 
signed to linearly adsorbed C-down CN- . 

The band for bridge-bonded CN- at 1980cm-' has a higher intensity on Pd 
than on Pt. Also, higher amounts of bridge-bonded CO have been observed on Pd 
than on Pt in electrochemical and UHV environments (see Sec. 7.2.1). The reason 
was discussed in terms of a higher backdonation mechanism at Pd. As stressed by 
Ashley et al. [124], the work function and the 4d-band for Pd lie around 1 eV above 
the work function and the 5d-band for Pt. This difference favors the d - 7c backdona- 
tion on palladium. This could be the reason for the lower wavenumbers observed for 
the adsorbate in comparison with the free ion in solution. Therefore, the bonding 
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Fig. 36. Spectra for polycrystalline Pd elec- 
trode in 0.1 M NaC10,+25 mM NaCN. 
The solid line is a combination of SNIF- 
TIRS and IRRAS spectra. Two SNIFTIRS 
spectra at -0.9 V (reference potential) and 
+0.7 V vs. Ag/AgCl are ratioed to obtain 
the spectrum shown. The dotted spectrum 
was obtained by a SNIFTIRS with s-polar- 
ized radiation. (After [124]). Reprinted by 
permission of Journal of Chemical Phys- 
ics AIP. 

of CN- to the Pd surface should have a stronger covalent character than the bond- 
ing to the other metals. 

The bands at 2135 and 2170 cm-' were assigned to soluble Pd (CN)i- and 
Pd (CN)i-, respectively, based on values for palladium complexes in solution. The 
bands at 2202 and 2154 cm-' were assigned to a PdCN film. 

8.1.3 Vibrational Perturbations on the Cyanide-Adsorbed Layer 

Potential Effects 

The reason for the band shifts with potential for adsorbed CN- is controversial. 
Either chemical effects (e.g., backdonation) or purely electrostatic effects (e.g., the 
Stark effect) are invoked to explain the dependence of frequency on the applied po- 
tential. 

On Pd, the tuning rates for adsorbed CN- are 12 cm-'/V and 20 cm-'/V for 
the linear CN- and bridge-bonded CN- respectively. The difference cannot be ex- 
plained on the basis of a pure Stark effect but on the differences in backdonation 
between linear and bridged adsorbed CN- [124]. The tuning rates and the band 
center frequencies on different metals are summarized in Table 3. 
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Table3. Compilation of the frequency range of the band 
center frequency and tuning rate for adsorbed CN- on dif- 
ferent metals. 

Metal vads (cm-') (dv/dE) Ref. 
(cm-' V-')  

c u  2084 - 2120 45 [I 161 
Ag 2093 - 21 15 40 [I111 
Au 2097 - 21 17 33 [114, I l l ]  
Pd 2065 12 ~ 2 4 1  

2070 60 ~ 7 1  

1980 a 20 
30 11 201 - 

2150 - 

a Bridge-bonded CN-. 

Lateral Interactions 

The dependence of the C - N  stretching frequency on the CN- concentration in so- 
lution has been studied at gold [I 141 (Fig. 37). Since the band intensity increases with 
the CN- concentration in solution, it is reasonable to conclude that the shift in the 
band position is associated with increasing lateral interactions. No band broadening 
is observed with increasing coverage by CN-,  indicating that possibly the free 
charge causes electrostatic repulsion and avoids an inhomogeneous broadening (see 
Sec. 3.4) or the formation of ordered islands. 

Using the method suggested by Crossley and King [130], lateral interactions of 
adsorbed CN- ions on gold electrodes were studied using isotopic mixtures of 
l2CN- and I3CN- [114], as shown in Fig. 38. The principle of the method was de- 
scribed in Sec. 6.5 for adsorbed CO, and consists in separating the dynamic dipole- 
dipole coupling from the chemical shift. 

The decrease in wavenumber when diluting 12CN- in 13CN- (or vice versa) in 
the adsorbed layer can be seen in Fig. 38. This is clear evidence that a dynamic di- 
pole-dipole coupling is operative at increasing concentrations. Although it was con- 
cluded that practically all the shift observed in Fig. 37 is produced by dipole-dipole 
coupling [114], a static (or chemical) shift could contribute to the overall band shift. 
In order to separate the two effects it is necessary to know the singleton frequency 
of the adsorbed CN- (i.e., the frequency under conditions of no lateral coupling). 
In principle, this frequency can be obtained by extrapolating the band center fre- 
quency to vanishing coverages. Although the actual CN- degree of coverage is not 
known, we observe in Fig. 37 that the band center frequency at the lowest CN- con- 
centration is 2096cm-'. Thus the singleton frequency must be even lower. The 
extrapolated frequency for 12CN- from Fig. 38 is 2101 cm-', i.e., the shift observed 
in Fig. 37 cannot be attributed only to dipole-dipole coupling. A chemical shift of 
comparable magnitude must also be operative. 
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The dynamic dipole-dipole coupling for CN- is relatively small compared with 
that of adsorbed CO. For CO on Pt(l11) a shift of c. 30 cm-' is observed for half 
coverage [55] and for polycrystalline platinum the coupling is so strong that the two 
bands collapse at intermediate coverages [131]. The chemical shift for CN- is of 
the same order as that for CO adsorbed on a Pt(l l1) electrode [55] (see Sec. 6.2). 

The relatively low dynamic dipole-dipole coupling in the case of adsorbed CN- 
could be indicative of a relatively high electrostatic repulsion between adsorbed 
charged species, generating a large distance between neighboring ions. 

\ 
1 

~ 

8.2 Adsorption of Thiocyanate 

8.2.1 Chemical Properties and Electrooxidation Reactions 

Thiocyanate forms metal complexes [115] coordinating through both S and N atoms. 
Likewise, both kinds of coordination are expected when SCN- is adsorbed on met- 
al electrodes. 

For the free SCN- ion in solution the C - N and C - S stretching vibrations are 
observed at 2065 and 750cm-', respectively [115]. In solid KSCN these bands are 
located at 2053 and 746 cm-', respectively, i.e., very close to those of SCN- in solu- 
tion. However, when SCN- coordinates to Ag' a strong band shift is observed. 
Thus the S-C and C - N  stretching vibrations are located at 2140 and 718 cm-', re- 
spectively, indicating a strong chemical effect produced by the formation of the silver 
complex. It is worth noting here that both modes are shifted in opposite directions 
compared with the free SCN- ion. It is also interesting to point out that the coor- 
dination through the N atom produces a lower C - N  stretching vibration (by 
40 cm-') than coordination through the S atom. 

The oxidation of SCN- on platinum and silver electrodes was studied in aque- 
ous solution as well as in acetonitrile solutions [132]. In water, the primary oxidation 
product of SCN- on a platinum electrode is rapidly hydrolyzed producing C02,  
NO, and SO:-, as shown by the characteristic features of these species at 2345, 
1215, and 1111 cm-', respectively (Fig. 39). On silver electrodes an AgSCN film is 
formed at potentials above 0.5 V vs. SCE. 

8.2.2 Adsorption of SCN- on Silver Electrodes 

The coordination of SCN- to silver has been investigated by Samant et al. [133] 
from both experimental and theoretical points of view. The spectra in Fig. 40 were 
obtained using polarization modulation at 0.0 V vs. Ag/AgCl in solutions containing 
different concentrations of SCN- . 

Two remarkable characteristics are observed in these spectra: (a) there is practical- 
ly no frequency change with the concentration of SCN- in solution, suggesting that 
lateral interactions are very weak; and (b) in the spectrum for 10mM SCN- two 
bands, centered at 2114 and 2098 cm-', are observed. For other concentrations the 
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Fig. 39. Difference spectrum for oxidation of 10 mM SCN- at polycrystalline Pt in 1 M KF. Po- 
tential modulation 0.0 to 1.0 V vs. SCE. (After [132]). Reprinted by permission of the American 
Chemical Society. 

low-frequency mode appears as a shoulder. These bands have been assigned to 
SCN- ions adsorbed through the S and N atom, respectively, based on the fact that 
the C - N  stretching frequency is lower for coordination through the N atom than 
through the S atom. 

The 2098 cm- band was not observed using internal reflection spectroscopy 
[112, 1341. In these experiments, the electrode was a very thin Ag film deposited on 
an IR-transparent substrate. It is likely, as pointed out by Samant et al. [133], that 
N-bonded SCN- coordinates only in a very well defined low-index plane which may 
be not present in the thin Ag films. 

From Fig. 40 it is possible to conclude that the S-bonded SCN- adsorbate must 
be the predominant species. Self-consistent field (SCF) calculations [ 1331 show, how- 
ever, that to obtain comparable energies for the S- and the N-bonded SCN- adsor- 
bate, the S-down adsorbate must be almost flat-adsorbed (about 100" compared 
with the perpendicular adsorption for N-down adsorbate), otherwise the N-bonded 
adsorbed SCN- is energetically more favorable. According to Parry et al. [134], the 
six polarizable lone-pair electrons on the S atom should induce a relatively flat orien- 
tation for S-bound adsorbate, while the single lone-pair electron on the N atom 
would induce a perpendicular adsorption for the N-bound adsorbate. 

Evidence of a relatively flat orientation for adsorbed SCN- is also given by the 
studies by Weaver and coworkers [ I  13, 1351 (Fig. 41), using SNIFTIRS, where the 
loss of thiocyanate from solution (positive band) can be observed simultaneously 
with the gain of adsorbed thiocyanate (negative band). Since both quantities must 
be equal, the smaller intensity of the adsorbate band indicates that the absorptivity 
for adsorbed SCN- is smaller than for the solution species. This could account for 
the proposed flat orientation. The S-coordination of the SCN- ion leads to a con- 
siderable decrease in the dynamic dipole moment [ 1351. 
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Fig. 40. FT-IRRAS of adsorbed thiocyanate ions on Ag at 0.0 V vs. Ag/Ag+ in solutions of vari- 
ous concentrations as indicated. (Taken from [133]). Reprinted by permission of the American 
Chemical Society. 

Fig. 41. Spectra for adsorbed thiocyanate at silver. Reference potential -920 mV vs. SCE; sample 
potentials as indicated; 5 mM NaNCS + 0.1 M NaC10,. (Reproduced from [ 1351). Reprinted by 
permission of the American Chemical Society. 

8.2.3 Adsorption of SCN- on Gold Electrodes 

The presence of N-bonded adsorbed SCN- on gold electrodes has been suggested 
by Parry et al. [134], based on the spectra shown in Fig. 42. The features shown in 
these spectra have been interpreted as two superimposed bands: one very broad band 
gaining intensity at more positive potentials, which was assigned to the C - N stretch 
of S-bound adsorbed SCN-, and another narrow band pointing in the opposite 
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Fig.42. Difference spectra for the oxidation of 
25 mM NaSCN in 0.15 M NaC10, on Au. Refer- 
ence spectrum taken at 0.OV vs. SCE; sample 
spectra from (A) to (G)+0.2, +O.l ,  -0.1, -0,2, 
-0.3, -0.4, -0.5 V. (After [134]). Reprinted by 
permission of the American Chemical Society. 

direction and peaking between 21 12 and 2122 cm-', assigned to N-bound adsorbed 
SCN- . As the potential is scanned, an interconversion of the adsorbate seems to 
occur, as suggested by the opposite direction of these two bands. 

The S-down adsorbate, being non-perpendicular to the surface, presents a vari- 
able adsorption angle, which leads to different interactions of the C -  N stretching 
vibration with the electric field. A strong inhomogeneous broadening is thus expect- 
ed for the S-bonded SCN- ions, justified by the inhomogeneity of the 
polycrystalline electrode surface. 

8.2.4 Adsorption of SCN- on Platinum Electrodes 

The potential-induced interconversion of S- to N-down adsorbed SCN - ion was 
suggested by Ashley et al. [136] for the adsorption on a platinum electrode, based 
on the existence of a bipolar band in the spectrum (Fig. 43). A complication in these 
spectra, however, is that the same bands are observed with p- and s-polarized light, 
indicating the interference of solution species. The stronger intensity of the spectrum 
with p-polarized light was taken as a criterion to assign the observed bands to ad- 
sorbed SCN- . In Sec. 4.3 we have discussed the invalidity of this criterion. More- 
over, platinum complexes present strong bands between 2100 and 2130 cm-', i.e., in 
the region shown in Fig. 43. 

In spite of these difficulties, the features at 2106 and 2137 cm-' seem to be cor- 
rectly assigned by Ashley et al. The former band was observed by Pons [137] as a 
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Fig. 43. SNIFTIR spectra from a Pt electrode in 25 mM NaSCN+0.1 M KCIO,. Applied step, 
0.4 V to -0.95 V vs. Ag/AgCl. The latter was taken as the reference potential. (Taken from [136]). 
Reprinted by permission of Elsevier Science. 

unique adsorbate feature at 2100cm-' mounted on a broad C-N solution band 
(located at 2075cm-I) due to SCN- loss in the thin layer upon adsorption. The 
band located at 2137 cm-' was observed in SFG experiments which, as discussed 
above, are only surface-sensitive. Based on these results, the data from Ashley et al. 
could be understood as a mixture of solution and adsorbate features. 

Several aspects of this system are not clear; for example, what causes a bipolar 
band in the spectrum with s-polarized light and why has Pons [I371 not observed 
the 2137 cm-' feature? A comprehensive survey of the spectroscopic features ob- 
served for thiocyanate at electrochemical interfaces was given by Corrigan et al. [I  131 
for gold and silver and by Ashley et al. for gold, silver and platinum [123]. 

8.3 Adsorption of Other Pseudohalide Ions 

Results on the adsorption of azide (N,) and cyanate (CNO-) ions have been re- 
ported by Corrigan et al. [I 13, 1351. For adsorbed azide ion on a silver electrode only 
one potential-dependent band has been reported between 2074 and 2083 cm-'. As 
discussed by Corrigan and Weaver [ 1351, at low potentials a loss of azide ions in solu- 
tion is observed (band at 2048 cm-' in Fig. 44) without a corresponding adsorbate 
gain. As the potential is made more positive a weak adsorbate band is developed 
(2074 cm- '). The most probable interpretation, according to Corrigan and Weaver, 
is that at low potentials the linear N3 ion is flat-adsorbed. As the degree of 
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Fig. 44. Difference spectra for adsorbed azide on Ag obtained in 0.01 M NaN, +0.49 M NaCIO,. 
Reference spectrum taken at -970mV vs. SCE; sample potentials as indicated. (From [135]). 
Reprinted by permission of the American Chemical Society. 

Fig. 45. Difference spectra for adsorbed cyanate on Ag obtained in 0.01 M NaOCN+0.1 M 
NaC10,. Reference spectrum taken at - 920 mV vs. SCE; sample potentials as indicated. (From 
[I 351). Reprinted by permission of the American Chemical Society. 

coverage increases, at more anodic potentials, the ions become perpendicularly ad- 
sorbed. Other possibilities such as chemical effects are ruled out, since no significant 
chemical effects are observed for azide complexes [135]. 

The adsorption of cyanate ions was studied on silver [113, 1351 and gold elec- 
trodes. A bipolar band can be observed for adsorption on a silver electrode [I351 
(Fig. 45). Corrigan and Weaver [135] have attempted a deconvolution of this band 
after observing that the intensity of the positive-going part was lower than expected 
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from differential capacity measurements. Based on this, they suggested that the two 
negative-going parts in the spectra of cyanate on silver (Fig. 45) are the "wings" of 
a single broad surface band centered at 2170cm-', close to the frequency of the 
positive band at 2168 cm-', which is due to the loss of cyanate from the thin layer. 
The negative band at 2170 cm-' has been assigned to N-bound OCN- in a bridged 
position (two- or three-fold coordinated) at low coverage, and the shoulder located 
at c. 22lOcm-' at high coverage has been assigned to N-terminally bonded ad- 
sorbed OCN - . 

9 Oxyanions 

The adsorption of oxyanions is important in electrochemistry because of the wide 
application of these ions in electrochemical systems of practical and fundamental 
interest. 

Among the oxyanions, sulfate and phosphate are two systems of very great inter- 
est from both fundamental and applied points of view. First reports on FTIR investi- 
gations of phosphoric acid adsorbed on platinum electrodes appeared in 1985 [138]. 
Some years later a series of papers were published dealing with the spectroscopic 
investigation of sulfate species adsorbed on polycrystalline platinum [35, 36, 139, 
1401 and on single-crystal platinum( 1 1 1) [ 1411. The common characteristic in the ex- 
perimental approach used in these works is the use of solutions of single electrolytes, 
either sulfuric acid or an alkaline sulfate salt. The complexity of these multianion 
systems, involving different acid-base equilibria in solution and possibly also at the 
electrode surface, requires a careful consideration of the experimental conditions for 
their study. The ions under investigation must be kept at a low concentration and 
a supporting electrolyte must be chosen which fulfills the following conditions. 

1. It must be infrared-inactive in the range of interest. 
2. It should not be adsorbed. 
3. If weak acids or bases are involved in the system under study, it must act as a buf- 

fer to compensate pH changes which can be caused by a potential change. 

Mixtures of hydrofluoric acid and potassium fluoride were found to fulfill these con- 
ditions at a pH around the pK value for H F  (K = 6 . 7 4 ~  The buffer capacity 
of HF/KF mixtures diminishes at pH values higher and lower than the pK. 

Results on the adsorption of sulfate and phosphate using this experimental ap- 
proach were published recently [38, 142- 1471 and are summarized in the next sections. 

9.1 Adsorption of Ions and Splitting of Degenerate States 

Very important information on the physicochemical properties of the adsorbed ions 
can be gained through the analysis of the vibrational spectra. The interpretation of 
the spectral features is, however, in no way straightforward. Due to the interaction 
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with the metal surface, ions or molecules change their symmetry properties in the 
adsorbed state. This leads to the splitting of degenerate modes. 

Whether a band splitting occurs in the case of sulfate adsorption at platinum was 
questioned recently [148]. It has been argued that, because of the weak interaction 
with the metal, attested by the reversibility of the adsorption, the degenerate mode 
of sulfate ions cannot split upon adsorption. Adsorbing ions have to replace water 
molecules, which have an adsorption energy of the order of 40-65 kJ/mol[149]. For 
the ions to become adsorbed, the bond energy should exceed this value. For bisulfate 
ions on polycrystalline Pt electrodes, the bond energy per oxygen atom has been esti- 
mated as 71 kJ/mol [148]. This value is of the order of a weak chemisorption, but 
considering the possibility of multicoordination, the strength of the bond per ion can 
reach the order of a true chemisorption. 

The direct comparison of adsorbate modes with the modes for the free ions in 
solution, without considering symmetry changes in the adsorbed state, is not the cor- 
rect procedure for band assignment. One must use the elements of group theory with 
the aid of the surface selection rule in order to make a proper spectral analysis. 

9.2 Factors Determining the Symmetry of Adsorbed 
Sulfate Species: General Considerations 

Pt(l1 I), being the most closely packed of the three basal planes, presents almost 
ideal geometric dimensions for studying the symmetry properties of the adsorbed 
tetrahedral sulfate ion. 

Free sulfate ions in solution, having the symmetry of a regular tetrahedron, be- 
long to the T, symmetry group. At frequencies above 900 cm-' only one mode, the 
asymmetric S - 0  stretching vibration ( I  104 cm-') is infrared-active (Table 4). This 
high symmetry is broken upon adsorption. Oxygen atoms in direct contact with the 
surface become distinguishable from those directed toward the solution. In general 
a change to a group of lower symmetry (e.g. C3, or C,,) causes the splitting of de- 
generate bands (F or E) (Table 5). Consequently a larger number of modes become 
infrared-active. 

Table4. Fundamental modes for SO:- and HSO, [150, 1511. 

Species Modea (cm-') 

so: - 981(A) 45 1 (E) 1104(F) 613(F) 

HSO, 1050(A) 417(E) 1230(E) 593(E) 
1341(A) 885(A) 

a (A) symmetric mode; (E) doubly degenerated mode; (F) triply 
degenerated mode. 



186 T. Iwasita and E C .  Nart 

Table5. Correlation of the fundamental vibrations vl  and v 3  of the 
Td point group with C3”, C,,, and C, point groups [103, 1151. 

Point group V I  a v3 a 
~~ 

Td A,(M,): R Fz (Mx,My,Mz): IR, R 

c 3 v  A,(M,) :  IR, R A,(M,):  IR, R 
E(M,,M,): IR, R 

C2” A,(M,) :  IR, R A,(M,):  IR, R 
B,(M,): IR, R 
B,(M,): IR, R 

cs A’(M,): IR, R A(M,) :  IR, R 
A ( M y ) :  IR, R 
A”(M,): IR, R 

a R, Raman-active mode; IR, infrared-active mode. 
The direction of the dipole moment vector for the ions in solution is 
given in parentheses. 

The main considerations for assignment of a band can be summarized as follows: 

The possible symmetries for adsorbed sulfate are C,, (for adsorption through 
one or three oxygen atoms) and C,, (for adsorption through two oxygen atoms). 

When sulfate ions form complexes in solution having a C,, symmetry, the 
triply degenerate (F) mode at 1100 cm-’ (v3 in Table 5) splits into two bands. 
Under C,, the same mode splits into three bands [103, 1151. Besides this, in both 
cases a totally symmetric mode centered at about 980 cm-‘ (vl in Table 5 ) ,  which 
is only Raman-active under the Td symmetry, becomes infrared-active. Conse- 
quently, in the spectral range above 900 cm-’ “free” sulfate should present three 
modes under a C,, symmetry and four modes under a C,, symmetry. Whether 
the IR-active modes for the free ions under a given symmetry are also active for 
the adsorbed species depends on the orientation of the dynamic dipole moment 
with respect to the surface. 
Bisulfate ions in solution belong to the C,, symmetry group. Adsorption 
through three oxygen atoms does not change the symmetry. But if the ion is one- 
or two-fold coordinated upon adsorption, a change to a symmetry C, should be 
observed. Table 5 indicates four IR-active bands for this symmetry of sulfate ions 
in solution. 
The IR-active components of the dipole moments, indicated in Table 5 as M,, 
My and M, for the free ions, are restricted for adsorption on a metal surface to 
those allowed by the surface selection rule, i.e., to symmetric bands (A) having a 
component parallel to the z-axis (perpendicular to the surface). Modes having the 
allowed transitions in they  and x directions are forbidden by the surface selection 
rule. This is the case for all asymmetric bands. Thus, only symmetric bands 
should be infrared-active for reflection on a metal surface. This statement, howev- 
er, requires a more careful analysis. In an electrocheinical interface, where very 
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strong electric fields are operative, dipole moment components can be induced in 
the direction of the electric field: thus asymmetric bands can become IR-active. 

4. Studies on sulfate complexes with transition metals indicate that coordination 
causes an enlargement of the S - 0 bond length of the oxygen atoms coordinated 
to the metal. This causes a decrease in the bond strength with a subsequent shift 
of the corresponding S - 0  stretch to lower wavenumbers [152]. At the same time 
the S - 0 bond involving non-coordinated 0 atoms is shortened. 

9.3 Adsorption of Sulfate Ions on Single-Crystal 
Pt( 11 1) Electrodes 

As already shown by the early work of Clavilier et al. [153], the voltammetric re- 
sponse of Pt(l l1) depends strongly on the nature of the ions in solution. The adsorp- 
tion states observed in the potential region between 0.4 and 0.9 V of a voltammogram 
measured in a fluoride solution (Fig. 46a) characterize the absence of specifically ad- 
sorbed ions. In the presence of sulfate species these states are shifted cathodically, 
as observed in the voltammogram taken in the fluoride base electrolyte after addition 
of 2.5 x lo-' M H,SO4 (Fig. 46b). 

Figures 47 and 48 show spectra taken at different potentials in sulfate solutions 
containing a fluoride base electrolyte at pH 2.8 (0.5 M KF+0.69 M HF) and 0.23 
(7.3 M HF) respectively. Positive-going bands represent the solution loss of species 
being adsorbed. Negative-going bands are due to the adsorbate. 

Adsorption begins at about 0.4 V, coinciding with the onset of the wave caused 
by specific adsorption in the voltammogram. Thus adsorption must be related to the 
processes causing the current under this wave, as indicated by Orts et al. [ I  541. How- 
ever, it is noteworthy that the adsorption of sulfate increases beyond the limits of the 
voltammetric wave. At pH 2.8 the latter starts at 0.42 V and goes through a maxi- 
mum at c. 0.55 V (Fig. 46 b), while the band intensity for adsorbed sulfate grows con- 
tinuously from the onset potential of the wave up to a maximum at c. 0.8 V (Fig. 47). 

The solution loss band which is very pronounced at pH 2.8 indicates that no re- 
plenishment of these ions occurs in the thin layer within the time necessary to collect 
1000 interferometer scans (c. 30 s) and to execute some software work (c. 8 s). The 
potential-dependent negative band located between 1230 and 1260 cm-l and the 
shoulder near 1190 cm-' are adsorbate features. 

Only one adsorption band is observed at pH 0.23 (Fig. 48). Considering first the 
solution modes, according to Table 4 we expect two loss bands for bisulfate, which 
is the main solution species at this pH, at 1043 and 1195cm-'. The first is very 
weak and the second is missing in the spectra of Fig. 48. Only one strong band is 
observed between 1220 and 1280 cm-'. A possible explanation for the missing solu- 
tion feature at 1200 cm-' could be that it is superimposed on an adsorbate feature, 
and both cancel out. 

Adsorbed HSO, ions should present the S-OH stretching vibration just above 
900 cm-' . This band, which is surface-allowed for bisulfate adsorbed either through 
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Fig. 46. Cyclic voltammograms for 
a Pt(l11) electrode in (a) 0.5 M 
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KF+2.5x 1-'M K,SO,; 
sweep rate = 100 mV s - ' .  

0.0 0.2 0.4 0.6 0.8 

E I V (vs. RHO 

one, two or three oxygen atoms, is observed on polycrystalline platinum at 
950 cm-' (see Fig. 57). The absence of the S-OH stretching vibration could be a 
strong indication that bisulfate dissociates on the surface, i.e. at pH0.23, as at 
pH 2.8, the species present on the surface is SO:-. This possibility is further rein- 
forced by other experimental facts, as follows. 

In Fig.49 the band center frequency is plotted against the potential for the 
1220- 1280 cm-' mode at both pH values. Potentials in this plot are referred to the 
normal hydrogen electrode. The wavenumbers for the band centers coincide at both 
pHs, giving a common slope of 112 cm-' V-'.  Other parameters, such as the 
halfwidths measured at the potential of maximum adsorption, are also similar 
(36.5 and 37.5 cm-' at pH 2.8 and 0.23, respectively). These properties, which are a 
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Fig.47. FTIR spectra for adsorbed sulfate at Pt(ll1) in 2 . 5 ~  lo-* M K,S04+0.5 M KF+0.69M 
HF (pH = 2.8). Reference spectrum taken at 0.03 V vs. Pd/H,. Sample potentials as indicated. 

Fig. 48. FTIR spectra for adsorbed sulfate at Pt(l11) in 2.5 x M K,S04 +7.3 M HF (pH 0.23). 
Reference spectrum taken at 0.03 V vs. Pd/H,. Sample potentials as indicated. 

measure for the interaction with the applied electric field (see Sec. 10) and for the 
lateral interactions [21], are extremely sensitive to the mode involved and to the direc- 
tion of the dipole moment. This supports the view that the 1220- 1280 cm-' fea- 
ture observed at both pH values belongs to the same vibrational mode, i.e. to the 
same species, namely SO:-. 

SO:- is also the predominant species in solution at pH 2.8 (SO:-/HSO, con- 
centration ratio = 6.7). The conversion of sulfate into bisulfate at the surface would 
require an enhancement of the base character of SO:- ions in the adsorbed state, 
e.g. through a partial charge transfer from the metal to the adsorbed ion. Theoretical 
calculations [I481 and recent experimental results [I 541 indicate a charge transfer in 
the opposite direction, i.e., from the adsorbed ion to the Pt substrate. Therefore no 
conversion of sulfate into bisulfate occurs on the surface. 
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The dissociation of HSO; during the adsorption causes an increase of the H +  
concentration in the thin layer, which is additional to that produced by the desorp- 
tion of hydrogen. There must be a competition for H +  among the ions in solution 
(F- and SO:-), which could explain the low intensity for the solution loss band at  
1050cm-'. 

In conclusion, the possibility of HSO, adsorption to a large extent at the 
Pt(l11) electrode surface can be ruled out. This interpretation contrasts with that in 
the literature, where the adsorbed species at Pt(l l1) are considered to be bisulfate 
ions [141]. 

9.3.1 Symmetry of Adsorbed Sulfate 

According to Table 5 for sulfate ions under C,, symmetry three stretching modes 
are IR-active (two symmetric (A,) and one doubly degenerate (E)). From these, only 
the symmetric modes are surface-allowed, i.e., they have a dipole moment component 
perpendicular to the surface (M, in Table 5). Identical considerations for a C2, sym- 
metry leads to the conclusion that, in this case also, adsorbed species should present 
two bands. 

The distance between two adjacent Pt atoms, 2.77 A ,  fits well with the distance 
between two oxygen atoms in the sulfate ion, c. 2.5 A (value given for bisulfate in 
[36]). So, from geometric considerations, a C,, symmetry is very probable. A C2, 
symmetry has been proposed for the adsorption of sulfate on well-ordered Pt(100) 
electrodes (see below) where the threefold coordination is not possible due to mis- 
match between surface structure and threefold coordination. Two well-separated 
strong bands (1200 and 1100 cm-l) are observed, which account for the C,, sym- 
metry. There is definitely a difference in the behavior of the adsorbate on both single 



In-Situ Fourier Transform Infrared Spectroscopy 191 

crystal faces which allows us to assign a C,, symmetry (threefold coordination) to 
adsorbed sulfate on Pt(ll1). 

For the reasons given in Sec. 9.2, an enlargement of the S - 0 bond length involv- 
ing coordinated oxygens is expected. Thus we expect that the group frequency char- 
acterizing the symmetric stretching vibration of the coordinated SO3 group be that 
observed at the lower wavenumbers (shoulder at 1190 cm-'). 

Summarizing, it is likely that the characteristic group frequencies for the S - 0  
stretching vibrations of SO,* and SO are represented by the shoulder around 
1190 cm-' and the strong band located between 1220 and 1280 cm-' respectively. 

9.4 Adsorption of Sulfate on Pt(100) 

In Fig. 50 we present spectra obtained with a Pt(100) electrode prepared by flame 
annealing and cooling in an H2/Ar atmosphere. Spectra were collected in the 
0.03 - 0.80 V potential range, that at the lowest potential being used as the reference 
spectrum. The negative-going bands in the frequency regions near 1200 and 
1100 cm-' are the IR-active modes for the adsorbed sulfate species. As in the case 
of Pt(l1 l), the loss of solution species is observed as a positive band at 1100 cm-'. 
Adsorption starts at c. 0.2 V and goes through a maximum at potentials between 0.4 
and 0.5 V vs. Pd/H2. 
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Fig.50. In-situ FTIR reflectance spectra from a well- 
orderedPt(lO0) electrode (flame-annealed and cooled in 
Ar/H, atmosphere), in lO-'M K2S04+0.5 M 
KF/0.69 M HF (pH = 2.8). Sample potentials as indi- 
cated. Reference potential 0.030V vs. a Pd/H, elec- 
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9.4.1 Symmetry of Adsorbed Sulfate 

A two fold coordination has been suggested for sulfate ions on the Pt(100) surface, 
i.e., a C,, symmetry [244]. As for P t ( l l l ) ,  the atomic distances of adsorbate and 
substrate match very well. 

Both modes observed are symmetric stretching vibrations according to the restric- 
tions imposed by the surface selection rule. The coordinated (SO?) group causes the 
low-frequency mode (1 100 cm- ') and the noncoordinated (SO,) group the high-fre- 
quency mode (1200 cm-.'). 

If after annealing the electrode is cooled in air, the spectrum presents additionally 
a weak band at 1050 cm-' (Fig. 51). Electrodes treated in this way present steps 
with smaller (100) terraces. In view of this the additional band at 1050 cm-' could 
be assigned to onefold coordinated SO:- ions adsorbed on defect sites. 

A N R  0.02% 

Fig. 51. In-situ FTIR reflectance spectrum for ad- 
sorbed sulfate at 0.6 V vs. Pd/H, on a Pt(100) elec- 
trode flame-annealed and cooled in air. Other condi- 
tions as in Fig. 50. 
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*I 

9.4.2 Potential Dependence of the Band Center at Pt(100) 

The potential behavior of the band centers is given in Fig. 52. The 1100 cm-' mode 
is less sensitive to the potential than the 1200cm-I one. The band shift is c. 
12.5cm-'/V for the IlOOcrn-' mode and 60cm-'/V for the 1200cm-' mode. 

In the noncoordinated (SO,) group, the negative part of the dipole is oriented 
towards the solution. Thus the S - 0  stretching vibration is constrained by the posi- 
tively charged surface and a blue frequency shift occurs with positively growing elec- 
tric field. This effect is reinforced by the increase in coverage with potential (lateral 
coupling), thus causing the pronounced band center shift of the 1200 cm-' mode. 
On the other hand, in the coordinated (SO?) group the dipole charges does not op- 
pose the electric field. In this case, lateral interactions and electric field have opposite 
effects on the band frequency (i.e., they shift the band centers in opposite directions). 
The result is that the 1100 cm-' mode is apparently less sensitive to the potential. 
This behavior of the high- and low-frequency modes agrees with the assignment of 
the group frequencies given above. 

Multicoordination to the surface produces a mechanical hindrance which may be 
responsible, at least in part, for a blue shift of the band center [155]. The results on 



In-Situ Fourier Transform Infrared Spectroscopy 

- 
d ‘ 1200 5 - 
I> 

b 1160 n 
5 
2 1120 
0 > 

193 

- 

1240 I 

0 0 0  

0 

0 . 0  0 

1080 
0.0 0.2 0.4 0.6 0.8 1. 

Potential E I V  VS. Pd/HZ) 

Fig. 52. Potential dependence of the band 
center frequencies for adsorbed SO:- on 
Pt(100); IO-’M K,SO,+0.5 M KF+0.69M 
HF (pH = 2.8). 

Pt(100) and Pt(l l1) suggest that coordination shifts the frequencies of the S - 0  
stretching of the coordinated groups as follows 

VSOT) ’ VSOZ) > %O*) 

However, the shifts are probably too large to be explained on the basis of mechan- 
ical hindrance alone. More experimental as well as theoretical work should clarify 
to what extent the character of the intramolecular bonds is altered when the species 
go from the “free” state in solution to the adsorbed state. In other words, it is neces- 
sary to establish whether changes in the vibrational frequency can be addressed to 
changes in the force constants of intramolecular bonds. 

9.5 Coverage-Dependent Band Shift and Lateral Coupling 
for Sulfate Adsorbed on Pt(ll1) 

The effects of lateral interactions in adsorbed layers can be studied through the cov- 
erage dependence of the band center frequencies. Using reported results on sulfate 
adsorption at Pt(l l1) obtained with the radiochemical method [156,157], an opera- 
tive absorption coefficient can be calculated which allows the estimation of the sur- 
face concentrations for adsorbed species. The change in band center frequency with 
coverage is shown in Fig. 53 for different applied potentials. A linear upward shift 
with an average change of c. 12 cm-’ for a A r  of 1 x l O l 4  ions cm-2 indicates that 
lateral coupling effects are operating. 

The estimated surface concentration in a 2 . 5 ~ 1 0 - ~ M  K2S04 solution is 
2 . 7 ~ 1 0 ’ ~  ions cm-2. Taking into account the number of Pt atoms per cm2 
(1.5 x 1 Oi5 for Pt(l11)) and a threefold coordination for the adsorbate, a high degree 
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Fig. 53. Dependence of the band center frequency for adsorbed sulfate on Pt(l11) on the coverage. 
0 0.60V, 0 0.70V; x 0.80V, A 0.90V vs. Pd/H,. Solution concentration range of K,SO,: 
4 ~ 1 0 - ~ - 2 . 5 x I O ~ ~ M  (pH =2.8). 

of coverage can be estimated. This is one of the most striking aspects of sulfate ad- 
sorption on Pt(ll1). If SO:- ions retain their charge in the adsorbed state, strong 
repulsing effects would make the ionic layer energetically unstable. These effects 
could be attenuated by co-adsorption of positive ions (e.g., K’). Alternatively a 
partial charge transfer from the adsorbed anions to the metal could contribute to sta- 
bilize the adsorbed layer. In a recent study of sulfate adsorption, a charge transfer 
of 0.2 was estimated [148]. Orts et al. [154] have presented convincing experimental 
results demonstrating that the adsorption of sulfate on Pt(l11) at 0.5 V vs. RHE 
from a 0.5 M H2S04 solution is accompanied by a transfer of 92 pC cm-’ of nega- 
tive charge to the electrode. No data for the surface concentration under these condi- 
tions are available and consequently the degree of discharge cannot be calculated. 

9.6 Bandshape Analysis and Adlayer Ordering 

To avoid the distortion produced by the shoulder, the bandwidth at Pt(l l1) was 
analyzed at two-thirds of the peak height ( A v ~ , ~ ) .  The results are plotted in Fig. 54 
as a function of potential. The band narrows as the potential increases, going 
through a minimum at 0.8 V. The dependence of the coverage on the electrode poten- 
tial is presented in Fig. 5 5 .  This Figure shows a maximum adsorption at 0.8 V. Thus 
the band narrowing can be related to an increase of homogeneous lateral interactions 
as the adsorbate layer becomes more compact. The band asymmetry (see Fig. 47) in- 
dicates a random distribution of the adsorbed ions with low surface mobility [21]. 
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Fig.54. Potential dependence of the bandwidth at two-thirds of the band height for adsorbed 
sulfate on Pt(ll1). 0 2 . 5 ~ l O . - ~ M ;  0 10-2M; x ~ x I O - ~ ;  A ~ x I O - ~ M .  

Fig.55. Potential dependence of the surface coverage by sulfate ions for a Pt(l l1) electrode. 
0 2 . 5 ~ 1 0 - ~ M ;  0 10-2M; A ~ x I O - ~ M .  

9.7 Interaction with Double-Layer Components 

Extrapolating the results on the bandwidth to zero sulfate coverage (singleton), one 
can analyze the interaction of the ion with other components in the double layer. The 
singleton bandwidth is plotted in Fig. 56 as a function of potential. There is a sharp 
narrowing near 0.70V vs. Pd/H2, i.e., at the beginning of the sharp peak in the 
voltammogram taken in the fluoride base electrolyte (see Fig. 46a). Whatever the 
origin of the wave between 0.45 and 0.90V in HF/KF solutions, this behavior of 
the singleton bandwidth for sulfate indicates a sudden increase in order at the sur- 
face at potentials under the sharp peak observed at 0.78V in the cyclic voltam- 
mogram. 
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9.8 Adsorption of Sulfate and Phosphate on Polycrystalline Pt 

9.8.1 Sulfate 

The adsorption of sulfate on polycrystalline Pt electrodes has been studied many 
times [35, 36, 38, 139, 140, 1421. Spectra taken in the presence of a fluoride support- 
ing electrolyte at different pH values are given in Fig. 57. The knowledge gained from 
the studies on single crystals makes necessary a revision of the interpretation of the 
data in [38] and [142]. It was assumed [I421 that the static electric field activates 
asymmetric modes, a fact that seems to be less probable according to the results at 
Pt  single crystals. 

PH 

2 . 8  

0.94 

0 . 7 6  

0 .23  

I I I I Fig. 57. In-situ FTIR reflectance spectra of adsorbed sul- 
1300 1200 1100 I000 fate species on polycrystalline Pt in solutions of various 

Wave n u mh er  / c tn-' pH values, as indicated. 
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At pH 2.8, SO:- is the predominant species in solution and at the electrode sur- 
face. The evolution of the bands (Fig. 57) indicates a change in the nature of the 
adsorbate as the pH is made more acidic. The co-adsorption of both SO:- and HSOi- 
occurs at intermediate pH values [142]. Finally, at pH 0.23, HSO, is adsorbed. 

For SO:- a twofold coordination on polycrystalline platinum was suggested and 
the 1200cm-' mode was interpreted in terms of the group frequency of noncoor- 
dinated SO2. This interpretation coincides with that given in Sec. 9.4 for the same 
symmetry on Pt(100). However, the earlier assignment of the 1100 cm-' feature 
must be corrected. This band was suggested to be the asymmetric SO2 mode [142]. 
In view of the results for Pt(100) this band is caused by the symmetric stretching of 
the coordinated SO,* group. 

It has been proposed that adsorbed bisulfate ions present a C,, symmetry on 
polycrystalline platinum, i.e., these ions were suggested to be threefold coordinated. 
For polycrystalline Pt the geometric arrangement of atoms required by a threefold 
coordination must have a lower probability than that for a twofold coordination. 
Thus most adsorbed bisulfate ions are probably twofold coordinated, presenting the 
group frequencies for the SO, SO,* and SOH groups near 1200cm-', IlOOcm-' 
and 950 cm-'. The persistence of the latter band at pH 2.8 could be due to some 
co-adsorption of bisulfate. The band intensity in this region is meaningless because 
of the proximity of the cutoff of the CaF2 window. 

9.8.2 Phosphate 

First in-situ infrared investigations of phosphoric acid adsorption on platinum and 
gold were performed in HC104 as base electrolyte [138]. More recently, spectroscop- 
ic data in alkaline solutions were reported [37, 1581. However, not enough attention 
was paid in these studies to the problem of acid-base equilibrium displacements in 
solution and to the overlapping of solution and surface features which make the in- 
terpretation of spectra very difficult. Results on the adsorption of phosphate species 
on polycrystalline platinum at pH 2.8 (79% H2P0, and 21 070 H3P04) are shown in 
Fig. 58a [146]. 

The loss bands at 1077 cm-' and 1153 cm-' are due to solution H2PO:- ions 
[159]. Below 900 mV two features due to adsorbed H2P0, (1 125 and 1000 cm-I) 
are observed. As the potential shifts positively the intensity of the band centered at 
1000 cm-' decreases and a third (weak) band centered at 1185 cm-' appears. 

At pH 0.23 only one strong negative band at 1055 cm-' is observed at low po- 
tentials. A second band centered at l I10 cm-' is developed at more anodic poten- 
tials (Fig. 58b). The data from Habib and Bockris [I381 also show a small band at 
1074 cm-', for adsorbed phosphoric acid. The potential dependence of the band 
intensities fits very well to radiotracer results on the adsorption of phosphoric acid 
in strongly acidic medium [160]. 

The changes in the spectra indicate that either the nature of the adsorbed species 
or the coordination to the surface (or both) are potential-dependent. The observed 
modes have been assigned and the geometry of adsorbed phosphoric acid established 
[146]. The main problem for band assignment is that some modes have frequencies 
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Fig. 58. (a) In-situ reflectance spectra for adsorbed phosphate species on polycrystalline Pt. Solu- 
tion: 1.5 X lo-, M KH,PO, at pH 2.8. Base electrolyte 0.69 M HF/0.5 M KF. Reference potential 
30 mV vs. Pd/H,. (b) Spectra as in (a) but for a solution of pH 0.23, base electrolyte 7.3 M HE 

below the range accessible with the CaF, window used in the experiments. There- 
fore, only a tentative band assignment can be considered. 

At pH2.8 the H,PO; ions are adsorbed through two oxygen atoms (C2" sym- 
metry). The 1120 cm-' and 1000 cm-' modes were assigned to the POz and P(OH), 
group frequencies respectively. Above 0.9 V a change in geometry was suggested 
[146]. At pH 0.23 the band observed at 1055 cm-' is due to the PO group of 
onefold coordinated P04H3. 
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9.9 Concluding Remarks on the Adsorption of Oxyanions 

The adsorption of anions of weak oxyacids indicates a Lewis acid character of the 
Pt surface. The tendency of the metal to attract electrons, in particular in the case 
of Pt(l1 l), is reflected in several facts. Thus anions of weak acids tend to dissociate 
on the surface, indicating that the strength of the adsorbed acids is enhanced by the 
metal. Furthermore, the anions seem to transfer their charge to a great extent, at least 
in the case of adsorption at Pt(l1 I), as demonstrated by the experiment of Orts et 
al. [I541 and indirectly confirmed by the high degrees of coverage reached by ad- 
sorbed sulfate ions on this surface. 

As demonstrated for the adsorption of sulfate on Pt(l1 I), vibrational spectrosco- 
py offers the possibility of investigating the nature of the adsorbed ions on the sur- 
face, its site occupancy and the interactions with other ions or molecules at the inter- 
face and with the metal substrate. Further spectroscopic data on these systems may 
contribute greatly to the interpretation of double-layer phenomena. 

10 The Stark Effect at the Electrochemical Interface 

Changes in rotational and vibrational transitions of molecules under the influence 
of strong electric fields are known as the Stark effect. The effect of strong electric 
fields was found first on atomic spectra and extended by Condon to vibrational tran- 
sitions in molecules in 1932 [161]. 

The Stark effect requires the application of electric fields of the order of 
lo4 V cm-' or higher. The electrochemical interface, where molecules and ions are 
subjected to fields in the order of lo6 V cm-', seems to be the ideal place to study 
this phenomenon. 

Potential-dependent frequencies in spectra of adsorbates in electrochemical inter- 
faces are commonly observed. Thus so-called Stark tuning rates, aV/aE, of 
30 cm-I V-' have been reported for adsorbed CO on platinum [65,11 I] (Fig. 59) 
and adsorbed CN- on silver [109, 11 1, 1621. Even higher values were found for sul- 
fate species adsorbed on polycrystalline platinum (100 cm-' V-' [36, 381) or on sin- 
gle crystal Pt(ll1) [141, 1431 (120cm-'V-'). In some cases, as for adsorbed tetra- 
cyanoethylene [I 631 and anthracene [ 1641, vibrational features which are forbidden 
by the surface selection rule become active under the influence of the electric field 
at the interface. 

However, the electrochemical interface is in many respects more complicated than 
simply a very high electric field. Adsorbed species there, can suffer different degrees 
of charge transfer, interacting not only electrostatically but also chemically with the 
metal surface, with neighboring species of their own type, with co-adsorbed ions and 
sdlvent molecules. These interactions can affect the vibrational energies to an extent 
similar to that of the electric field, making necessary a separation of effects by an 
appropriate control of the experimental parameters. 
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Fig. 59. Potential dependence of the band center frequency for adsorbed carbon monoxide on a 
platinum electrode. (After [l 1 11). Reprinted by permission of Elsevier Science. 

The large frequency shift (= 100 cm-' V-') observed for the 1200 cm-' band of 
adsorbed sulfate was attributed to a Stark effect by Kunimatsu et al. [36] and to a 
backbonding mechanism by Faguy et al. [141]. The potential-induced band shift in 
the case of sulfate ions must be analyzed in more detail. It was observed that the 
band center for the 1200 cm-' feature of adsorbed sulfate presents, additionally, a 
dependence on the degree of coverage [142, 1651. Since the latter is also a function 
of the potential, it is clear that a part of the frequency change can be due to lateral 
interactions, as discussed in Sec. 9.5 for sulfate ions adsorbed on Pt(l11). 

In the next sections we discuss the available data on the electrochemical Stark ef- 
fect on the vibrational spectrum of adsorbed carbon monoxide and adsorbed sulfate 
ions at platinum. 

10.1 Adsorbed Carbon Monoxide 

Whether the potential-induced frequency shift of adsorbed CO is due to a Stark 
effect or to a change in the backbonding mechanism has been the subject of contro- 
versy [ l 19, 166 - 1691. Holloway and Worskov [ I681 have discussed the potential- 
induced red shift of adsorbed CO in terms of a backbonding mechanism. The ap- 
plied electrode potential changes the occupancy of the 2 n* electrons in the adsorbed 
CO molecule due to a change in resonance position and width of the 2 n* orbitals. 
This gives rise to a modified intramolecular bond, changing the CO stretching vibra- 
tional frequency. Using a semiempirical calculation, the experimentally observed 
shift of 30cm- 'V-* (Fig.59) was reproduced. However, Kunimatsu et al. [ I l l ]  
have reported calculations for a cluster model of CO adsorbed on Cu(l11) showing 
that the occupancy change of the 2z*  orbital is very low at fields below 
lo7 v cm-'. 
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Bagus et al. [I 191 have proposed that the largest contribution to the field-induced 
band shift of carbon monoxide is due to a Stark effect, represented by a first-order 
perturbation of the energy. A first-order Stark effect has been also proposed by Lam- 
bert [170, 1711, who has derived an expression based on the effect of the potential 
upon the dipole moment. The theoretical treatment proposed by Lambert is based 
on a perturbation of the electric field on the potential energy function, which is writ- 
ten as a double Taylor expansion [171]: 

where Q and E are the normal coordinate and the electric field, respectively. 
To a good approximation the Stark tuning rate is given by 

where vo is the vibrational frequency of the harmonic oscillator and the ajk are the 
coefficients of the double Taylor expansion, which can be divided into a potential 
energy function, 

U ( Q )  = aoo + a20 Q2 + a30 Q + . . . 
and the dipole moment function, 

The perturbation caused by the applied electric field results in a change of the 
curvature of the potential energy function, thus causing a change in the transition 
frequency. 

Applying the model to adsorbed CO, Lambert has evaluated the coefficients a 
from experimental data. Thus a20 was taken from the unperturbed frequency (vo), 
a30 from gas-phase values of a Morse potential, a, from the IR cross-section of ad- 
sorbed CO and a21 from the first overtone observed by EELS. Equation (18) has 
been applied successfully to CO/Ni(l11) and CO/Pt, both in the gas phase and at 
electrodes, reproducing the observed Stark tuning rate with a good accuracy. 

On the other hand, the dependence of the potential-induced frequency change 
on the nature of the metal surface (dV/dE of about 30 cm-' V - '  and 48 cm-' V- '  
for Pt and Pd electrodes, respectively) has been used to support the suggestion that 
changes in backdonation are the major causes for the potential-induced band shift. 
Recent calculations of Bagus and Pacchioni [I691 show that a Stark effect of the 
Pd2C0 cluster model gives a tuning rate of 45 cm-' V-',  a value which is very close 
to that observed experimentally. 

It is very interesting that the Stark tuning rate is coverage-dependent for adsorbed 
CO, in electrochemical media [55-571 as well as in vacuum [172]. It is found that 
at lower degrees of coverage the Stark tuning rate increases significantly. This depen- 
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dence has been explained by Lambert [171] in terms of a static field screening caused 
by the conduction electrons. 

It can thus be concluded that CO is too,ambiguous a system for use to study the 
effect of an applied electric field on the band position. 

Fig. 60. Quadratic dependence of the band 
center frequency for the 1200cm-' mode 
of adsorbed sulfate on polycrystalline plati- 
num: A I, = 0.8; A Is = 2.25; 0 I, = 4; 
0 I ,  = 6.25. Is is the intensity of the solu- 
tion loss band of sulfate obtained with s-po- 
larized light and is proportional to the de- 
gree of coverage with sulfate ions [165]. 

10.2 Adsorbed Sulfate Ions 

A Stark effect for adsorbed sulfate on Pt electrodes has been reported for the 
1200cmp' symmetric stretching mode of the adsorbed ion [165]. A quadratic de- 
pendence of the band center on the applied electric field is observed (Fig. 60). But 
this field dependence changes with the degree of coverage. The frequency values ex- 
trapolated to zero coverage (singleton frequency) present a linear dependence on the 
applied electric field (Fig. 61). So we conclude that the second-order Stark effect is 
induced when the ions are close together on the surface. 

0 0.25 0.5 
EZ lo+/ Vfc rn-' 

On a Pt(l l1) single-crystal surface the effect of the potential on the band posi- 
tion has been evaluated for different coverages [143]. No linear dependence is found 
for any surface coverage, not even for the singleton frequency. This shows that on 
Pt(l l1) a correction of higher order is necessary and, in this case, the effect is not 
induced by the presence of neighboring ions alone. 

Differences in the v -E relation for adsorbed sulfate on polycrystalline Pt and on 
Pt(l l1) single crystals are not surprising, since there is a specificity in the behavior 
of sulfate at each surface. Thus the site coordination is twofold for both polycrystal- 
line Pt and single-crystal Pt(100), while it is threefold for single-crystal Pt(l11). Fur- 
thermore, there is evidence, at least for Pt(1 l l), that during adsorption a consider- 
able charge transfer to the metal occurs [154]. At polycrystalline Pt a possibility of 
island formation was suggested [165]. On Pt(l l1) single crystals the effects of lateral 
coupling can be negligibly small. 
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Fig.61. Plot of the singleton frequency for the 1200cm-’ mode of adsorbed sulfate on 
polycrystalline platinum as a function of the applied electric field at the interface. 

10.3 The Effect of Field on Band Intensity 

In contrast to the Stark effect on the vibrational frequency, the changes of the transi- 
tion probability with the electric field have been investigated less. For electrochemical 
systems an expression for the integrated absorption coefficient, B, was proposed by 
Korzeniewski et al. [164] as follows: 

where Pb and GI’ are the permanent dipole moment and the polarizability, respec- 
tively. The functions Yv are the eigenfunctions of the final (f) and initial (i) vibra- 
tional states, v is the frequency of the infrared transition, N is the number of absorb- 
ed particles, E~ is the permittivity of free space, h is Planck’s constant, and c is the 
velocity of light. 

Semiempirical calculations of B are reported [I641 for the A, mode dependence 
on the applied static electric field for adsorbed CO, ethylene, naphthalene, an- 
thracene and TCNQ-. It was observed that for systems with high polarizability 
such as TCNQ- and anthracene, a good fit between B and the square of the electric 
field is obtained, while for CO a linearity is observed only at very high electric fields 
(>2x lo9 V cm-I). These results are used to explain the breakdown of the surface 
selection rule for the C = C symmetric stretch of flat adsorbed molecules like ethyl- 
ene, anthracene and naphthalene at platinum electrodes. 

An equivalent treatment was proposed by Lambert [ 1761 to account for the field- 
induced intensity changes in adsorbed CO in UHV and at electrodes. The proposed 
semiclassical equation is based on the fact that the integrated intensity is proportion- 
al to the dynamic dipole moment 1 @/aQ I ’ (or (dMJdQ)’) for the component in 
the direction of the applied field. The deduced expression for the change in intensity 
with the applied field is: 
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where a1 is da/dQ, Ml is dMz/dQ, M2 is d2Mz/dQ2 and U2 is d2 U/dQ2. These are 
the expansion coeffients of the polarizability a (Q), the dipole moment M, (Q) and 
the potential energy function U (Q), respectively. 

The agreement of SSE with experimental data for adsorbed CO on Pd(100) and 
Pt(ll0) is very poor [176]. However, the values agree with ab-initio data for the effect 
of the static electric field on the band intensity [169]. The problem stresses once 
again the complex behavior of adsorbed CO at electrochemical interfaces. 

The integrated band intensity for adsorbed sulfate ions on polycrystalline plati- 
num shows a nonlinear dependence on the applied static electric field [165]. To ac- 
count for this kind of behavior, an expression was derived [173] based on the fact 
that the integrated intensity is proportional to the transition moment 
I ( ~ ~ ~ l p l  Yok)l2 (see Sec. 3.1) [23,174]: 

Assuming both mechanical and electrical harmonicity, the transition moment 
can be written in terms of the normal coordinates [175]: 

If the kth mode is polarizable, the electric field gives rise to an induced dipole 
moment: 

which leads to the following result for the integrated band intensity in the presence 
of an electric field effect (compare with Eq. (9) in Sec. 2.1): 

where A ( V )  stands for the absorption (Ro-R) /Ro,  N is the number of IR-active 
species, A is the area, c is the velocity of light, G (0) is a function of the angle of 
incidence (O),  and a,u/aQk and aa/aQk are the dynamic dipole moment and the dy- 
namic polarizability, respectively. 

It must be stressed that the polarizability gradient aa/aQk also appears in the 
equation for Raman intensities [175], as indicated also by Lambert [176]. Thus, in 
view of Eq. (25), we can extend the consequences of the static electric field to vibra- 
tions which are forbidden by the surface selection rule: the high electric field in the 
double layer can induce a dipole moment component in the direction of the field on 
permanent dipoles which are parallel to the surface. Thus the effect of orientation 
due to the electric field is just a manifestation of the Stark effect. 

A plot of the integrated band intensities for the 1200 cm-' mode of sulfate ad- 
sorbed on Pt according to Eq. (25) is given in Fig. 62. From the slopes and the extrap- 
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olated values at zero electric field (potential of zero charge) the dipole moment gradi- 
ents and the dynamic dipole moments are obtained. These parameters depend on the 
degree of coverage. Values for the dynamic dipole moment range between 104 and 
127 esu gP1l2.  This is the order of magnitude for a band of medium intensity in the 
liquid phase [177]. The specific intensity for gaseous SO2 molecules gives a value of 
about 163 esu g-'12 [178]. 

Increasing coverage produces an enhancement of both dipole moment gradient 
and polarizability gradient. These effects of the lateral interactions are in good agree- 
ment with the possibility of island formation as suggested previously [165]. The 
lateral coupling of the adsorbed anions requires a more detailed study. 

10.4 Concluding Remarks on the Electrochemical Stark Effect 

The electrochemical double layer offers the exceptional possibility of investigating 
the Stark effect at very high electric fields. Some important progress has been made 
in the theoretical treatment of the problem. Experimental data of potential effects 
upon the frequency and/or the intensity of vibrational modes must discriminate be- 
tween the pure electric field effect and the secondary effect of potential on the 
coverage and, consequently, on the lateral interactions. 

Infrared investigations of the Stark effect can afford data on the molecular prop- 
erties of adsorbates (polarizability, dipole moment gradients, and polarizability gra- 
dients). However such studies are at their very beginning and require to know the ac- 
tual value of the electric field at the interface. Data on the potentials of zero charge 
for solid electrode materials would be welcome. 

At present it is difficult to establish whether the band shift for CO is caused by 
a Stark effect or by an electronic backbonding. Probably both effects are operative 
and cannot be properly separated. 
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11 Attenuated Total Reflection 
(Internal Reflection Infrared Spectroscopy) 

In internal reflection infrared spectroscopy, the IR beam reaches the electrode/elec- 
trolyte interface not from the solution side (as is the case in external reflection spec- 
troscopy) but from the window side, as shown in Fig. 63 for an arrangement with 
multiple internal reflections. The IR beam strikes the electrode-solution interface at 
an angle greater than the critical angle, so total reflection occurs. At this interface 
the beam partially penetrates the medium with a lower refractive index in the form 
of an evanescent wave which interacts with the species in the thinner medium. When 
the refractive index is changed by an IR-absorbing substance located at the electrode 
or in a solution layer of c. 1 pm, a change in the internal reflection occurs. Since the 
imaginary part of the refractive index is frequency-dependent, the change in reflec- 
tivity generates a spectrum of the substance. Because of the loss of energy due to 
the interaction with an absorbing substance the technique is called attenuated total 
reflection (ATR). The physics of the phenomenon of partial reflection at the inter- 
face is described by the Fresnel formulas. An extensive treatment of the optical prob- 
lem has been given by Hansen [3] and Harrick [179]. 

Reference electrode Counter electrode 

Ge reflection element Worlung electrode 

Fig. 63. Scheme of a cell for ATR infrared spectroscopy. (After [I  821). 

The electrode can be set directly over the reflection element. For the study of elec- 
trochemical reactions under current flow, this arrangement has the advantage that 
the electrode is in direct contact with the whole solution, i.e., no thin-layer configura- 
tion is used, thus avoiding its inherent problems. However, the preparation of thin 
layers of metals on the surface of reflection elements such as Ge or ZnSe may present 
some problems. The metal deposits must be thin enough (c.  10 nm) to allow the beam 
to reach the metal/solution interface. On the other hand, it is difficult to avoid island 
formation in such thin metal deposits and when this happens the film can have very 
poor conductivity. 

An important parameter for the use of ATR in electrochemistry is the penetration 
depth of the evanescent wave. This is defined as the distance where the amplitude 
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of the electric field decays to e-' of its value at the interface. The penetration depth 
changes according to Eq. (26) [179]: 

where A, = A/n1 is the wavelength in the denser medium, n21 = n2/nl, n2 and nl 
being the refractive indices of the thinner and denser medium respectively, and 6 is 
the angle of incidence. 

For bulk materials the strength of coupling between the evanescent wave and the 
absorbing material is given by the so-called effective thickness [33], which is a func- 
tion of the amplitude of the electric field E,, the refractive indices and the angle B: 

It can be stressed, therefore, that not only is the ATR method surface-sensitive, 
but it is also sensitive to species located inside d,. The penetration of p-polarized 
light is slightly greater than that of s-polarized light and both depend on the inci- 
dence angle. Using the ATR method, surface substances as well as those in solution 
can be detected. 

Contrary to external reflection, where the field amplitude for s-polarized radia- 
tion is zero upon reflection, in the case of internal reflection the amplitude of the 
field at the reflecting surface is not zero for any direction of the field. The magnitude 
of the amplitude depends on the angle of incidence and on the difference of the 
refractive indices [33]. 

The amplitude of the the electric field vectors in the different directions can be 
used to study the orientations of adsorbed molecules at the interface of the internal 
reflection element [33]. 

The ATR geometry offers another interesting advantage for the study of ad- 
sorbed species. Since multiple internal reflections are possible and, in addition, 
relatively large electrode surfaces are used, the signal-to-noise ratio can be greatly 
improved. This is particularly useful for detecting very small amounts of adsorbed 
species. 

In the next sections we discuss some selected examples of the use of ATR spec- 
troscopy to study semiconductors, polymers, and corrosion processes. 

11.1 Semiconductors 

One very promising application of IR-ATR spectroscopy is the study of the semicon- 
ductor/electrolyte interface. This is a surprisingly unexplored field. 

In order to study the surface of a silicon electrode, Ozanam and Chazalviel [ 1801 
have suggested the use of the ATR technique, applying to the electrode a potential 



208 T. Iwasita and F.C. Nart 

5 

a 
v) 

z 
P 
n 
w 

3 

2 

0 

!! W 

8 
8 b- 

v OH v SiH 
I 

I I I 

(4 
I 10-7 

5- (b) 

(a 
Fig.65. Spectrum of water (bending mode) at various sili- 
con/electrolyte interfaces: (a) nitromethane; (b) acetonitrile; 

I I 1 - (c) dimethyl sulphoxide. Note the progressive shift of the fre- 

t 

; 1000 2000 3000 4000 u 
WAVENUMBER I cn-' 

Fig. 64. npical electromodulated spectrum of a silicon/acetonitrile +0.1 M TBAP interface. Elec- 
tromodulation potentials -0.3 V, +0.3 V vs. Ag/AgCl. Modulated charge: 5x lo-' C cm-*. 
(After [180]). Reprinted by permission of Elsevier Science. 

modulation as in EMIRS but using a Fourier transform spectrometer. With this ar- 
rangement the advantages of both FT spectroscopy and lock-in detection are opera- 
tive. Using nonaqueous solvents and after a complicated cleaning procedure includ- 
ing an etching treatment with HF, they obtained spectra (Fig. 64) showing the pres- 
ence of Si-H bonds (identified by a band at 2100 cm-'. This spectrum shows that 
the ATR technique detects not only surface species but also species accumulated on 
the solution side of the interface as a consequence of the potential difference (C - H 
and C - N bands of acetonitrile (ACN). Physisorption of residual water is suggested 
by the bending mode of water observed at c. 1650 cm-' (Fig. 65). The hydrogenated 
silicon surface in contact with the electrolyte is quite stable, but after several hours 
a band at 1075 cm-' indicates the formation of SiO during anodic polarization. 

The band for SiO was observed by Boonekamp et a 1. [12]. These authors pointed 
out that silicon bulk absorption below 1500 cm-' increases the noise in the spectra. 

WAVENUMBER I an-' Reprinted by permission of Elsevier Science. 
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Fig. 66. Absorbance spectra of the Si -ACN interface after 
anodic polarization: (a) OmC, (b) 0.20mC, (c) 0.31 mC, 

I , , , I (d) 0.51 mC. (After [12]). Reprinted by permission of 
1200 1000 800 Elsevier Science. 

WAVENUMBER /cmJ 

They suggested the use of a very thin wafer of low-doped silicon mounted on a ger- 
manium reflection element. In this way FT spectra could be measured after applying 
different doping charges without potential modulation. Figure 66 shows the develop- 
ment of the oxide layer with increasing anodic doping in ACN. 

A very strong Si - H band was observed by Peter et al. [I I]  during photocorrosion 
measurements of Si in NH4F. The band at  2100 cm-' appeared during illumination 
and persisted over several minutes in the dark spectrum. It was thus concluded that 
the band is not related to intermediates of the photocurrent but to relatively stable, 
long-lived species. 

Recently, Gerischer and coworkers [181], using the ATR technique, have shown 
that the Si - H bond is preserved during the etching process of Si in alkaline solution. 
During cathodic polarization at -200 PA cm-2 in 0.5 M NaOH, a band assigned to 
the Si-H stretching is observed at 2070 cm-' (Fig. 67, spectrum b). At pH 4.0 in 
NaF/HF, the band is shifted toward higher wavenumbers (spectrum a), due to a larg- 
er contribution from SiH2, thus demonstrating the influence of the OH concentra- 
tion on the surface preparation [181]. 

11.2 Conducting Polymers 

One important application of internal reflection FTIR is the study 1 of conducting 
polymers. In the thin-layer configuration (for external reflection) large changes in 
electrolyte composition can seriously disturb the doping processes and create ghost 
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bands complicating the interpretation of the spectra. Therefore the most appropriate 
geometry for the study of polymer processes is that of the internal reflection method. 

The use of a Ge reflection element to study polymers has the disadvantage of the 
instability of germanium to positive polarizations. Nonconducting elements such as 
ZnSe prisms require the deposition of a metal layer as electrode substrate. However, 
the transmitivity of this arrangement is poor and results in a low signal-to-noise ratio 
[ 1 821. Recently Moser et al. [ 141 have suggested the use of a metal grid arrangement 
on the surface of a ZnSe element, prepared by evaporation platinum using a grid 
mask with line distances of about 0.1 mm (Fig. 68). Spectral changes during the oxi- 
dation of polyaniline as obtained using this technique are shown in Fig. 69. At pH 1 
the bands in the 1450- 1600 cm-I region have been interpreted as due to aromatic- 
ing transformations from a benzoid to a semiquinoid structure, and the broad band 
with a maximum at c. 4000 cm-’ was assigned to the metallic form of polyaniline. 
With increasing pH the intensity of the broad absorption band decreases and shifts 
to higher wavenumbers. No metallic semiquinoid form of polyaniline is stable at 
p H 5  [14]. 

Fig.68. Metal grid electrode for in-situ ATR spec- 
troscopy. (After [14]). Reprinted by permission of 

ZnSe reflection element Springer Verlag. 
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Fig. 69. Maximum spectral changes during the doping of polyaniline in solutions of different pH. 
Spectra were obtained with the metal grid electrode of Fig. 68. (After [14]). Reprinted by permission 
of Springer Verlag. 

11.3 Corrosion Processes 

Spectroscopic studies on the corrosion of iron have been performed using the ATR 
technique [13]. The working electrode was prepared by depositing a thin layer of 
iron, produced through evaporation in vacuum. Spectra were taken during a poten- 
tial cycle. The spectra shown in Fig. 70 exhibit a sharp peak at 3632 cm-' assigned 
to the 0 -H stretching vibration of Fe (OH), formed during an anodic potential 
scan. At higher anodic potentials (above -823 mV vs. Hg/HgO/OH- the loss for 
Fe(OH), increases due to its oxidation to 6-FeOOH. The latter causes absorption 
bands at 1130 cm-' and 915 cm-'. 

12 Issues and Prospects 

The in-situ infrared method has been applied to a number of systems and a consider- 
able volume of data are now available. These show that the electrochemical interface 
can be monitored by means of the vibrational spectrum of the species at the surface. 
Criteria to discriminate between features for adsorbates and solution species are now 
better defined and should help to establish the experimental conditions needed for 
obtaining reliable spectra. A very important step in the application of the technique 
is the use of well-defined single-crystal surfaces. The vibrational properties of ad- 
sorbed species can now be studied in detail. Thus the IR method is not only an im- 
portant analytical tool to establish the nature of adsorbates, it can also afford data 
on the interaction of adsorbates with the electric field, with the substrate surface and 
with neighboring molecules. 
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From the point of view of the instrumentation, the combination of high baseline 
stability and rapid scan interferometers should afford the use of time-resolved tech- 
niques. Much of important information on the vibrational spectrum of adsorbates 
lies in the far infrared region. Access to frequencies near 100 cm-' or lower would 
allow the observation of adsorbate-metal vibrations and furnish straightforward in- 
formation on the strength of the bond to the surface. Instrumentation for the far-in- 
frared region is still limited by the low energy of standard IR sources. The use of syn- 
chrotron radiation could be an alternative way of overcoming this problem. No less 
important is the development of new materials to be used as windows. The stability 
of the window to aggressive chemical solutions is a factor at present limiting the rea- 
sonable use of the 1000-600 cm-' IR region in many electrochemical systems. 
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number of water molecules (associates) removed from the electrode surface to make 
place for one activated complex 
activity of solvent s (water) in the solvents mixture 
pre-exponential factor 
acceptor number 
reactant concentration (cs and cb denote concentrations on the electrode surface and 
in the solution bulk respectively) 
electrode-reactant distance in the charge-transfer reaction 
diffusion coefficient of reactant 
donor number 
charge of electron 
electron energy 
formal potential of the electrode reaction 
half-wave potential of the electrode reaction 
liquid junction potential 
potential of the solvent-independent electrode 
Lewis acidity parameter 
fractional amplitudes 
Faraday constant 
second factor in Marcus expression for electrode kinetics (defined in Eq. (42)) 
free energy of electrode reaction 
free energy of activation of the charge-transfer reaction at the equilibrium potential 
free energy of activation corresponding to the reorganization of the reactant itself 
or/and its first coordination (solvation) sphere 
free energy of activation corresponding to the reorganization of solvent molecules 
around reactant 
free energy of activation of the deposition-type reaction and electrode reactions in 
mixed solvents 
electrostatic part of the free energy of ion solvation 
free energy of transfer of reactant from one solvent to another 
free energy of the ion-pair formation reaction 
Planck’s constant 
electrode rate constant at the formal potential in mixed solvents 
rate constant of the anodic reaction at a given potential 
rate constant of the cathodic reaction at a given potential 
standard rate constant of the electrode reaction 
apparent standard rate constant of the electrode reaction 
rate constant in organic solvent 
rate constant in water 
equilibrium constant of the ion-pair formation reaction 
formation constant of the precursor state of the electrode reaction 
average distance which reactant traverses between two nearest lattice positions in the 
solvent structure 
molecular mass 
number of moles of electrons transferred in the electrode reaction 
Avogadro constant 
partition coefficient of reactant between surface and bulk phases 
reactant radius 
gas constant 
absolute temperature 
average free energy required to transport reactant from the bulk to the reaction zone 
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mole fraction of solvent S 
charge number of the ion 
transfer coefficient of the cathodic reaction 
Bronsted coefficient as described by Eq. (59) 
transfer coefficient of the anodic reaction 
Kamlet-Taft coefficient of Lewis basicity 
stability constant of solvates 
Pekar factor 
surface excess 
nuclear tunneling factor 
thickness of the charge transfer reaction zone 
static dielectric permittivity 
optical dielectric permittivity 
high-frequency dielectric permittivity of the solvent in the near-infrared region 
solvent viscosity 
electrode surface coverage 
transmission coefficient 
energy of reorganization 
chemical potential of the reactant 
nuclear frequency factor 
frequency of solvent reorganization 
inner shell bond vibration 
Debye relaxation time 
longitudinal relaxation time 
rotation time of solvent molecules 
time corresponding to hydrogen bond rupture in structured solvents 
diffusional rotation time of monomers 
relaxation time as described by Eq. (51) 
potential of the outer Helmholtz layer 

Abbreviations 

AC 
AcAc 
AN 
BCr 
BN 
COC 
CP 
DE 
DMA 
DMF 

DMPU 
DMSO 
En 
FOC 
hfac 
HMPA 
L 
MeOH 
MSA 

dmg 

acetone 
acetylacetone; acetylacetonate 
acetonitrile 
bis(biphenyl)chromium(O) 
benzonitrile 
cobaltocene 
cyclopentadienyl 
1,2-dichloroethane 
N,N-dimethylacetamide 
N,N-dimethylformamide 
double deprotonated dimethylglyoxime 
1,3-dimethyl-3,4,5,6-tetrahydro-2/ Iff-pyrimidinone 
dimethyl sulfoxide 
ethylenediamine 
ferrocene 
hexafluoroacetylacetonate 
hexamethylphosphortriamide 
neutral ligand 
methanol 
mean spherical approximation 
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NB nitrobenzene 
NE nitroethane 
NM nitromethane 
NMF N-methylformamide 
Ox oxidized species 
PC propylene carbonate 
PN propionitrile 
1-PrOH I-propanol 
Py pyridine 
Red reduced species 
salen N,N-bis(salicy1idene)ethylenediamine 
SIRE solvent-independent reference electrode 
THF tetrahydrofuran 
TMS sulfolane 
TMU tetramethylurea 

1 Introduction 

Although water is used preferentially as a medium for electrode reactions, there is 
growing interest in the use of nonaqueous solvents. This is for several reasons: first, 
there are compounds which exhibit very limited solubility in water. Second, some spe- 
cies may not be stable in aqueous media. Third, the range of available potentials, rela- 
tively narrow in water, may be wider on both the cathodic and the anodic side in an 
aptly chosen solvent. Also, some processes of industrial or technical importance are 
sometimes carried out in nonaqueous or mixed solvents. For instance, in recent years 
different types of batteries, especially those with lithium electrodes, have been devel- 
oped and further improved. They are based on the application of nonaqueous solvents. 
These applications frequently result from the fact that thermodynamic and kinetic pa- 
rameters of various electrode reactions are greatly affected by the reaction medium. 

This effect has been studied quite intensively in recent years in order to under- 
stand better the course and nature of electrode reactions. In particular, simple 
charge-transfer reactions have been used as models to check predictions of modern 
theories of the effect of solvents on reaction rates. 

In the case of deposition-type reactions, where no appropriate theory exists, the 
studies carried out in various solvents may be helpful for a better understanding of 
such reactions. 

Sections 2 and 3 are concerned mainly with electrochemical reactions in single 
solvents, and electrode reactions occurring in mixed solvents are covered in 
Secs. 5 - 7. The chapter concludes with suggestions for future work. 

The change of the solvent (or, in the case of mixed solvents, the change of its 
composition) affects various parameters of the electrode reaction 

Ox+neHRed (1) 

where Ox and Red represent the oxidized and reduced species, respectively. 
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Therefore, knowledge of the solvent properties and ion solvation in such media 
is essential. Although an exact determination of the solvation energy of individual 
ions is not possible, extrathermodynamic assumptions have been introduced in order 
to estimate this parameter. These ideas will be presented before the influence of sol- 
vents on equilibrium and kinetic parameters of electrode reactions is discussed. As 
a basis for this discussion, a brief presentation of the properties of solvents frequent- 
ly used in electrochemical experiments will be given. 

2 Equilibrium at Electrodes and Comparison 
of Electrode Potentials in Pure Nonaqueous 
Solvents 

2.1 The Characteristics of Solvents Used in 
Electrochemical Studies 

Various solvents have been used as a reaction medium in electrochemical studies 
(Table 1). 'I 

Although these solvents should be electrochemically inactive over a wide poten- 
tial range, this is not always the case since some solvents may be relatively easily re- 
duced (e.g., nitrobenzene) or oxidized (e.g., amines). However, acetonitrile, which is 
frequently used in such studies, exhibits a very wide potential window from +3.4 to 
-2.9 V vs. SCE [5] when tetrabutylammonium salts are used as background electro- 
lytes. In acetonitrile and liquid SO, as solvents, alkali metal cations could be oxi- 
dized [6] at an ultramicroelectrode, even to the divalent state. 

In order to exploit the wide range of available potentials an appropriate back- 
ground electrolyte must be used. These are very frequently tetraalkylammonium 
salts, because the cations of such salts are reduced at quite negative potentials; e.g., 
Me4N+ at -2.65 V, and the cations containing larger alkyl fragments require even 
more negative potentials. Gritzner [7] documented useful potential ranges using the 
dropping mercury electrode and the stationary platinum electrode in nonaqueous 
solvents. 

At very positive potentials the oxidation of anions of the background electrolyte 
may also limit the range of available potentials. Therefore, MBF, or MPF, should 
be used in work at such potentials [ 5 ] .  These electrolytes are generally preferred to 
perchlorates, as the preparation of water-free perchlorates can be dangerous because 
of their oxidative properties. Another advantage is that they are relatively soluble in 
various solvents and it is quite easy to prepare these salts in pure form. 

The solvents used in electrochemical experiments should exhibit fairly high static 
dielectric permittivity, exceeding 10, in order to decrease the formation of ion-pairs, 
and consequently to guarantee good conductivity. The dielectric permittivity is also 
important in the calculation of the rate constant of the charge-transfer processes on 
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Table 1. Selected parameters of solvents frequently used in electrochemical experiments. 

Solvent Donor Acceptor E , ~  &, E ,  zD rL e o p l - ~ ; '  
number, number, (PSI (PS) 
DN ACN 

Acetonitrile (AN) 
Acetone (AC) 
Benzonitrile (B) 
Formamide (F) 
N-Methylformamide (NMF) 
N,N-Dimethylformamide 
(DMF) 
N,N-Dimethylacetamide 
( D M 4  
Dimethyl sulfoxide (DMSO) 
Nitrobenzene (NB) 
Hexamethylphosphoric 
triamide (HMPA) 
Propylene carbonate (PC) 
Methanol (MeOH) 
Ethanol (EtOH) 
1 -Propano1 (1 -PrOH) 
Pyridine (Py) 
Nitromethane (NM) 
1,2-Dichloroethane (DE) 
Tetramethylurea (TMU) 
Tetrahydrofuran (THF) 
Water (H,O) 

14.1 
17.0 
11.9 
24.0 
21.0 
26.6 

27.8 

29.8 
4.4 

38.8 

15.1 
19 

33.1 
2.1 
0 

29.6 
20.0 
18.1 

18.9 1.80 
12.5 1.84 
15.5 2.33 
39.8 2.09 
32.1 2.04 
16.0 2.04 

13.6 2.06 

19.3 2.18 
14.8 2.40 
10.6 2.12 

18.3 2.02 
41.3 1.76 

1.85 
1.92 

14.2 2.21 
20.5 1.90 
16.1 2.08 

2.10 
8 1.91 

54.8 1 .I8 

37.5 2 
21 2 
25.6 3.9 

110 7.0 
182 5.4 
36.7 4.5 

31.8 4.5 

46.1 5.1 
35.7 4.1 
29.6 3.3 

65 4.1 
32.1 5.6 
24.5 4.2 
20.4 2.2 
13.3 2.3 
36 2 
10.4 2.4 
23.1 4.5 

7.58 2.3 
80.3 

3.3 0.,2 0.528 
3.3 0.3 0.495 
38 5.8 0.390 
31 2.35 0.469 

123 3.1 0.485 
11.0 1.3 0.472 

12.8 1.5 0.459 

19.5 2.4 0.438 
45.6 5.2 0.389 
80 8.9 0.438 

43 2.7 0.480 
48 8.2 0.628 

1.30 22 0.499 
390 42 0.412 

6.9 1.2 0.365 
3.9 0.2 0.498 
6.9 0.385 

31 6.0 0.433 
3.3 1.0 0.376 
8.5 0.550 

tD, tL, cop, E,, and E ,  were taken from the [I -41, which include references to original literature. Dif- 
ferent properties of many solvents were collected recently by Y. Marcus [Chem. SOC. Rev. 22,409 (1993)l. 

the basis of the Marcus theory [8]. Therefore, a brief discussion concerning the be- 
havior of solvents which influence these parameters is important for a better under- 
standing of the phenomena which occur in liquid polar media. The discussion which 
follows is based on the Dogonadze [9] presentation. 

In a polar medium, three types of polarization are observed. The first type results 
from the deformation of the electron coulds in solvent molecules. The frequency of 
fluctuation of this polarization, v,, is given by 

V ,  = E , / h  

where E, is the energy of the electrons; v, is of the order of 10l6 s - '  and occurs in 
the visible and ultraviolet range of the spectrum. 

The second type of atomic polarization is attributable to intramolecular vibra- 
tions of the bonds between atoms and the change of bond length. It occurs in the 
near-infrared region with the frequency vi of the order of loL2- IOl3  s - ' .  
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The third type of polarization is observed over a wide frequency range of the elec- 
tromagnetic spectrum, v,, in the far-infrared region from lo9 to 10l2 s-l ,  and corre- 
sponds to the orientational rotation of polar solvent molecules. 

The wide range of frequency of this polarization is due to the fact that not only 
simple molecules, but also more complex associates, may participate in the process. 

When the frequency of the field, v, is higher than v,, the average polarization 
should be equal to zero. Under such circumstances even electrons cannot follow very 
quick changes of the external field, and the real part of the dielectric permittivity 
should be approximately equal to one, while the imaginary part should be approxi- 
mately equal to zero. 

If vev,, all three types of polarization should be observed. For water, the di- 
electric permittivity in vacuum will then be equal to 80. This is the so-called static 
permittivity. The permittivity of the vaccum is 0 . 8 5 5 ~  C-' m-I. The static 
dielectric permittivity E ,  near the ion or the surface of the charged electrodes, how- 
ever, will exhibit smaller values. For instance, in the case of water &, at the electrode 
surface is assumed to approach 6. When applying the Marcus theory [8] both static 
and optical permittivities are used in calculations. These parameters therefore are 
listed in Table 1. In other calculations and correlations of the rate constants of elec- 
trode reactions and the dynamic relaxation properties of the solvents, the relaxation 
time of the solvents is used (Table 1). 

Some solvents may be characterized by one Debye relaxation time, 5D, corre- 
sponding to the rotational diffusion; in the case of alcohols and solvents, where hy- 
drogen bonds are formed, more than one relaxation process is observed [lo]. 

Some parameters of electrode reactions have been related to the donor and accep- 
tor properties of the solvents. The solvent is considered here as a Lewis base and/or 
acid. These acid-base properties of solvents are usually represented by the Gutmann 
donor number (DN) [I 1, 121 and acceptor number (ACN) [13], which are also report- 
ed in Table 1. The donor number is defined as the molar enthalpy value for the 1 : 1 
reaction of the donor-solvent with SbC1, as an acceptor in dichloroethane. The ac- 
ceptor number is a dimensionless number from 0 to 100, given by the relative chemi- 
cal shift of 31P in Et3P0 in the solvent under consideration, with hexane as a refer- 
ence solvent, related to the shift of the Et3PO-SbC15 adduct in 1,2-dichloroethane, 
to which the acceptor number 100 has been assigned. Although other empirical sol- 
vent donor and acceptor parameters have been proposed, in electrochemical studies 
the use of DN and ACN is most frequently used. 

Information on solvent purification, purity tests and properties can be found in 
several reviews [ 14 - 201. 

2.2 Electrochemical Studies of Ion Solvation 

Since in electrochemical reactions either the reactants or the products, or both, are in 
an ionic state, the influence of ion solvation on electrochemical reactions is important. 

The solvation of ions significantly affects their properties and reactivities. Ion 
solvation is studied quite extensively by electrochemical methods. 
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Prior to the presentation of such electrochemical studies, theoretical predictions 
on the influence of solvents on ion solvation will be discussed briefly. 

2.2.1 Models of Ion Solvation 

The energy of interaction of an ion with a solvent may be represented by three parts: 
its electrostatic interaction, a solvophobic component, and a specific interaction due 
to the donor-acceptor interactions. In recent considerations of the electrostatic inter- 
action energy, the basic ideas of the Born model [21] are accepted, though its short- 
comings and limitations are evident and the original equation has been modified. 
The ion, M" + , in this model is represented by a nonpolarizable metallic sphere with 
a radius r. 

The charge is assumed to be uniformly distributed on the surface of the sphere. 
Such an ion is transferred from vacuum, with a relative dielectric permittivity equal 
to 1, to the solvent, which is considered to be a structureless dielectric continuum 
characterized by the static dielectric permittivity, E , .  This transfer may be divided 
into two processes: the transfer of a noncharged sphere from vacuum to continuum 
and the charging (to ne) of the transferred sphere. 

It is assumed that the work of the first process is equal to zero, under the condi- 
tion that the cohesion of the medium is zero. The work related to the second process 
is equal to the electrostatic part of the free energy of solvation of the ion, AG,, 
given by the equation 

* 

which is known as the Born equation. NA is the Avogadro number and ze the 
charge of the ion. 

It was assumed in the derivation of Eq. (3) that the charging process was so slow 
that all types of polarization could be changed during the charging of the sphere. 
However, if the charging process were so fast that only electronic or atomic polariza- 
tion could be changed, in Eq. (3) either cop or E ,  should be substituted instead of E , .  

Following Krishtalik [22], Eq. (3) can be rearranged to show approximately the 
role of the different types of polarization in the interaction of the ion with the me- 
dium. 

2 r  
(4) 

Assuming that the ion is situated in water, one has cop = 1.8, E ,  = 5 ,  and E ,  = 80. 
Using these values and Eq. (4), one may conclude that the largest role in such an in- 
teraction is played by the electronic polarization corresponding to the first term in 
parentheses in Eq. (4), which is equal to 0.44. The second term, corresponding to 
atomic polarization, is equal to 0.36. The role of the orientational polarization is the 
smallest (0.19). 
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The nature of the solvent is represented in the Born equation only by the static 
dielectric permittivity E,,  which includes all types of polarization. The Born as- 
sumption on the structureless nature of the solvent may be only approximately ful- 
filled in the case when the ion is cdhsiderably larger than the solvent molecules. The 
problem of ion size and the applicability of the dielectric model has been discussed 
by Evans et al. [23]. 

Also, as we discussed earlier, the assumption that the dielectric permittivity is in- 
dependent of the distance from the ion is not correct. The strong electric field around 
the ion greatly affects the dielectric properties of the solvent. In consequence, the 
static dielectric permittivity in the solvent layer which surrounds the ion is lower than 
the bulk value, making the energy of solvation of the ions less negative. These chang- 
es are larger for small, highly charged ions. 

The so-called mean spherical approximation (MSA) treatment of the solvation en- 
ergy should also be mentioned. Within the frame work of that model the electrostatic 
energy of ions is given by a Born-like expression [25], where the effective radius of the 
ion is considered to be the sum of the ionic radius and a correction term which de- 
pends not only on the solvent molecule diameter but also on the dielectric permittivity. 
Thus, the effective radius is a function of the frequency of the electromagnetic field. 

The MSA corrections to the continuum model depend on the relative sizes of the 
ion and the solvent. Only when the solvent molecule is small compared with the ion 
the continuum model gives a relatively good description of solvation [26]. 

Extended and more precise elaborations of the MSA model have been published 

In order to compare the solvation energy of a given species in two solvents, very 
frequently its free energy of transfer is used, which gives the difference in the free 
energy of solvation in both solvents. However, such parameters may be strictly deter- 
mined only for noncharged molecules or for electrolytes transferred across the phase 
boundary between two solvents. 

In order to separate such strictly determined values for electrolytes into ionic 
parts, some extrathermodynamic assumptions are necessary. In the literature many 
different types of such assumptions are described which may be divided into three 
main groups. One of the approaches used in such studies is the measurement of the 
potential difference, AE, of the following cell: 

1271. 

M I M"+ A"- (S,) I M"+ A"- (S,) I M ( 5 )  

where the common electrolyte MA is dissolved, and in both solvents S1 and S2 we 
have the same electrode M/M" + . 

The electromotive force of cell (Eq. 5) ,  corrected for the liquid junction potential, 
ELj, is simply related to the free energy of transfer, AGtr, of ion M"+ from solvent 
s1 to s2: 

A G,, (M" +) = nF (AE- ELj) 

In order to obtain reliable results, there should be identical concentrations of 
M" + in both solvents, no complexes or ion pairs should be formed by M" + ions, 
and the M/Mn + electrodes in both solvents should behave reversibly. 
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In the second approach to the electrochemical determination of the ion solvation 
energy, a cell without a liquid junction is used. Such a cell consists of an electrode 
formed by the ions to be studied, and as a reference a solvent-independent reference 
electrode (SIRE): 

SIRE I M"+ , A"- ' (different solvents) I M (7) 

is used. The potential difference of this cell with solvent S, is 

AEi = &IRE (S~) -EM~+/M (Si) (8) 

In the second solvent S2 we have 

and because we make the extrathermodynamic assumption 

the difference between the electromotive forces AE, and AE2 should give directly 
the free energy of transfer of the ion M" + , 

Equation (11) is valid under the condition that the electrode M"+/M exhibits re- 
versible behavior in all solvents used. 

Since this approach and measurements based on this concept are very common 
in electrochemical practice, they will be discussed more extensively in Sec. 2.2.3. 

The third approach may be called the reference electrolyte assumption. It is based 
on the assumption that the thermodynamic parameters of the electrolyte composed 
of a large and symmetrical anion and a similarly shaped cation of a 1 : 1 type can 
be divided into two equal components. This approach is due to Born [21] but was 
further developed by other workers who, as a reference electrolyte, suggested tetra- 
phenylphosphonium tetraphenylborate [28], tris(isoamy1)butylammonium tetra- 
phenylborate [29] and tetraphenylarsonium tetraphenylborate [30 - 331. 

2.2.2 Liquid Junction Potential Between Two Different Solvents 

The determination of the liquid junction potential between two solvents (Fig. 1) was 
considered by a number of authors [32, 34-36]. More recently this problem has been 
investigated by Izutsu and coworkers. The brief presentation given below follows the 
summary of their work [37]. 

Three sources of the formation of the liquid junction potential E L j  may be dis- 
tinguished: 

E L j  = E L j  (a)+ELj(s)+ELj (ss) (12) 
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I I - 
A X  

Fig. 1. Schematic representation of the liquid junction between two solvents S, and S, containing 
electrolyte MA. Between lines 1 and 2 there is the intermediate layer, thickness AX, where the liquid 
junction potential arises due to the difference in activities and mobilities of ions M +  and A- in 
the two solvents and due to the interaction of molecules of both solvents. Line A represents the 
situation when there is no liquid junction, while line 2 represents the change in the potential in the 
layer. Its linear change with distance was assumed arbitrarily. 

ELj (a) is due to different salt concentrations and different mobilities of cations and 
anions on both sides of the junction. This component alone determines the liquid 
junction potential if solutions of electrolyte in the same solvent on both sides of the 
junction are moderately concentrated. 

The second source, ELj(s), has its origin in the difference of ion solvation when 
there are different solvents on either side of the junction. The last component, 
ELj(ss), arises from the interaction of the molecules of both solvents at the junc- 
tion. 

The strict separation of the components of Eq. (12) is rather difficult, but Izutsu 
[37] claims that under appropriate conditions, using the free diffusion junction, the 
separation of these components may be possible. 

Component ELj (a) may be estimated in a way similar to that used for the calcu- 
lation of the liquid junction potential in aqueous solutions. It may be added that 
the KC1 saturated calomel electrode which minimizes the liquid junction potential 
in aqueous solutions produces rather large ELj values when used for boundaries 
with aprotic solvents [38 -401. 
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When there is the same electrolyte MA with different concentrations on the two 
sides of the interface, ELj(a) may be described by a relatively simple equation 
[41- 431 and is dependent on ionic transference numbers and the electrolyte concen- 
tration in both solvents. Obviously, if the activity of the electrolyte in both solvents 
is identical, then ELj(a) drops to zero. 

In order to minimize liquid junction potentials, Parker and coworkers [32, 38, 39, 
44, 451 advocated the use of 0.1 M tetraethylammonium picrate in acetonitrile for the 
construction of a salt bridge. This approach, confirmed by Izutsu [37], is based on 
the finding that both of the ions Et4Nf and picrate have similar mobilities in many 
solvents, but not in other solvents such as methanol. Also, in the case of mixed sol- 
vents formed by water and a solvent of high acidity this bridge does not work proper- 

The second component, E L j  (s), is independent of the electrolyte concentration, 
but it depends on the ionic transport numbers in both solvents and on the difference 
between the standard chemical potentials of ions in both solvents. In this case also, 
an equation which describes ELj (s) was given [47]; however, it has only a qualitative 
significance. 

Izutsu [37] compared the calculated E L j  (s) components with those found experi- 
mentally for junctions of aqueous solutions of MA-type salts with their solutions in 
dimethyl sulfoxide (DMSO), acetonitrile (AN), dimethylformamide (DMF), metha- 
nol (MeOH), propylene carbonate (PC), and benzonitrile (BN). Different MA salts 
were used, where M = Et4Nf ,  Me4N+, Pr4N+ and Bu4N' and A = picrate, C1-, 
Br-,  I - ,  and ClO,. The relations between the two measured and calculated com- 
ponents were linear, but the slope AEmeas/AEcaIc was only equal to unity in the case 
of the immiscible H20-nitrobenzene junction. In the case of junctions with other 
solvents it was about 0.5. Even lower slopes were obtained for junctions of methanol 
and other organic solvents. The origin of the difference between calculated and de- 
termined ELj(s) values is not known, but it should be kept in mind that the ELj(s) 
estimates are only qualitative in nature. 

In some cases the E L j ( s )  value may even exceed 15OmV. However, when 
tetraethylammonium picrate is used as a salt its value is usually quite small. 

The electrolyte concentration usually has a limited influence on the third compo- 
nent, E L j  (ss). Though the exact mechanism of its formation is not well known, it is 
possible to estimate its sign and magnitude, on the basis of the potential difference 
which should arise due to the interaction and orientation of molecules of both sol- 
vents at the interface. 

The problems related to this component have been discussed in several papers 
[48-511. In the case of solvents which fairly strongly interact with each other, such 
as H,O-DMF or H,O-DMSO, the ELj(ss) value is quite high, equal to about 
100 mV. The charge of the aqueous side is more negative compared with the organic 
side, since both DMF and DMSO exhibit stronger donor properties than water. 

For solvents with weak interaction, such as H20-AN or H,O-PC, E L j  (ss) is con- 
siderably lower, being equal to 30 mV or less. 

If the junction is formed by a single and a mixed solvent, it has been found [SO] 
that ELj (ss) varies practically linearly with the volume fraction of one component 
of the mixed solvent. 

ly 1461. 
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The stability and reproducibility of the liquid junction potential should also be 
briefly discussed. When the free-diffusion junction is used with an MA electrolyte 
on both sides, this potential settles within a few seconds and is later stable to 
+2 mV h-  and reproducible to k 2  mV [52], although due to mutual diffusion the 
interface region does expand in time. However, such good reproducibility is observed 
only when there is the same electrolyte, MA, on both sides of the interface, even at 
different concentrations. When two different electrolytes AM (C,) and MB (C,) are 
used in both solvents, relatively stable potentials are observed only when C, % C, or 
c,%-cc,. 

2.2.3 Solvent-Independent Reference Electrodes 

In order to use Eq. (6) in electrochemical studies of ion solvation, the problems relat- 
ed to the liquid junction potential have been presented in Sec. 2.2.2. Equation (1 1) 
may also be used in such studies, but the measured potentials should be expressed 
versus the same solvent-independent reference electrode. Such electrodes, which give 
a basis for the formation of a uniform scale of electrode potentials in different sol- 
vents, are available. A scale of this kind is also needed for a correlation of equilibri- 
um potentials (Eof, E:,,) of electrode systems in various solvents. 

One can determine exactly AG;, for noncharged species or for salts, in the latter 
case using a galvanic cell without transference. However, as shown by Guggenheim 
[53], this value cannot be precisely divided among ionic components, on the basis 
of thermodynamics. Therefore the introduction of a uniform potential scale valid for 
various solvents, related to the properties of individual ions, must be based on an 
extrathermodynamic assumption. Such a scale was already proposed in 1947 by 
Pleskov [54]. It is based on the assumption that the rubidium electrode should have 
a potential independent of the solvent: therefore AG;,(Rb+) = 0. This assumption 
follows from the Born equation which shows that the electrostatic part of the free 
energy of ion solvation, for large ions with a small charge, should not be significant. 
The cesium electrode would be better for that purpose, but at that time there were 
more data related to rubidium than to cesium. 

This idea was later applied to redox systems formed by large complex ions with 
a small charge where the solvation energy varies little with the state of oxidation. 
Three such electrodes are now in frequent use. One is formed by ferrocene (FOC) 
and its oxidation product - ferricinium ion (FOC'). Another also proposed by 
Strehlow and coworkers [55] is formed by its cobalt analogue: cobaltocene (COC) 
and cobalticinium ion (COC'). The third electrode system, formed by neutral 
bis(biphenyl)chromium(O) (BCr) and its first oxidation product (BCr '), was pro- 
posed by Schroer and Vlcek [56]. 

The BCr molecule is larger than that of ferrocene or cobaltocene, but all these 
complexes have a rather compact structure which diminishes the interaction of sol- 
vent molecules with the metal ion screened from two sides by ligands (sandwich 
structure). They have also a very delocalized multielectron system and, in conse- 
quence, when one electron is removed, the change in polarizability of these species 
is rather small. 
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Their electrode reactions in all simple solvents are fast and they thus exhibit re- 
versible behavior. Such behavior was also found in mixed solvents, especially for the 
Foc+/Foc electrode. 

The BCr+/BCr electrode was used preferentially by Gutmann and his school 
[57-601 and by Gritzner [61], because BCr is larger than FOC (COC) and in conse- 
quence its interaction with the medium should be smaller. However, the solubility of 
BCr in aqueous and water-rich water-organic mixed solvents is very low. 

The solubility of ferrocene in water is greater, equal to 5.01 x lop5 moll- '  [62]. 
Therefore, for investigations with mixed solvents of this kind, where water is one of 
the components, the Foc+/Foc and Coc+/Coc electrodes may be preferred. Howev- 
er, there is no evident preference for one of these three electrodes in experimental 
work with single nonaqueous solvents. 

Gritzner and Kuta [63], who conducted a comparative study of the Foc+/Foc 
and BCr+/BCr systems, found that the difference of potentials between these two 
electrodes in various solvents is practically constant. In Table 2 we give the differenc- 
es for selected solvents taken from their paper [63]. AE, values are taken from the 
paper by Krishtalik et al. [64]. Since the AE, values for 22 various solvents were 
similar (as illustrated in Table 2) Gritzner and Kuta recommended that both redox 
couples FOC+/FOC and BCr+/BCr may be used as reference systems. 

Perhaps the most effective approach to that problem was proposed by Senda and 
Takahashi [65]. It is based on the assumption that the energy of transfer from one 
solvent to another of anion A -  and cation A +  formed from the neutral species A, 

should be equal. Speaking in terms of potentials, this means that the formal poten- 
tial of the A+/A- system with a two-step electrode reaction should be independent 
of the solvent. Madec and Courtot-Coupez [66] have measured formal potentials of 
monocyclic and polycyclic aromatic hydrocarbons (Eit+,Ar and Eit,Ar-) and found 
that the difference between these potentials is constant in various solvents for a given 
hydrocarbon. 

Table2. Difference between E t 2  or Eof  potentials for the Foc+/Foc and BCr+/BCr (AE,)  as 
well as for the Foc+/Foc and Co:/Coc (AE,) systems. 

Solvent 

1,2-Dichloroethane 
Acetone 
Hexamethylphosphoric triamide 
Water 
Dimethyl sulfoxide 
Acetonitrile 
Acetonitrile + H,O (50 vol.%) 
Butyrolactone 
Butyrolactone + H,O (20 vol. 070) 

N,N-Dimethylformamide 

1.13, 
1.13, 
1.12, 

1.12, 
1.11, 

1.11, 

1.12, 

1.31, - 0.665 
1.31, 

1.30, 

1.31, 

1.31, 

1.34, - 0.946 

1 .30, - 0.675 

1.30, -0.680 

-0.649 
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This concept was further developed by Krishtalik and coworkers [64], who used 
the Coc+/Coc/Coc- system in their work. They have shown [64] that the solvation 
of COC' and Coc- is described by the simple Born equation, which in turn suggests 
that this solvation is only of an electrostatic nature. 

They recommended and used the scale of potentials based on the Coc+/Coc 
system corrected for the transfer energy of the Coc+ cation, calculated from the 
Born equation. This scale is almost identical with that based on the average potential 
of Coc+/Coc and Coc/Cocp couples. 

Potentials E&c+,coc(corr) given versus NHE are also reported in Table 2. As- 
suming that a liquid junction is formed between water and another solvent for which 
Eocfoc+,coc (corr) is known, the potential difference between Ecoc+ ,coc(corr) in water 
and this solvent gives directly the liquid junction potential. For instance, for H20  
and acetone (AC) it amounts to -0.28 V (Table 2). 

Krishtalik et al. [64] also arrived at a conclusion that cobaltocene and ferrocene 
electrodes are equivalent as the reference electrodes. The difference of potentials be- 
tween these two electrodes is practically independent of the nature of the solvent and 
is given in Table 2. 

The data collected in Table 2 show that the three electrodes based on the 
Foc+/Foc, Coc'/Coc and BCr+/BCr systems are equivalent. When the experi- 
ments are carried out in different solvents, including those which exhibit low dielec- 
tric permittivity, one should take into account the possibility of ion-pair formation 
by cations of the reference system Foc', COC' or BCr' with anions of the back- 
ground electrolyte. Therefore, when the behavior of one system is analyzed in several 
solvents the potentials should be corrected for the ion-pairing process, using (if 
known) the stability constant of such species or making a theoretical estimate. 

Recommendations for measuring electrode potentials in nonaqueous solvents are 
given by Gritzner and Kuta [63]. 

It is not our purpose in this chapter to discuss these problems more extensively. 
We are not presenting any results based on the so-called tetraphenylarsonium 
tetraphenylborate assumption [30-33,671. In this approach, it was assumed that the 
free energy of transfer of such species may be divided into equal parts due the fact 
that the anions and cations are large and have similar size. Also, this extrather- 
modynamic assumption has limitations [64, 681. 

We only list some other redox systems which have been proposed for the con- 
struction of solvent-independent reference electrodes. In the collection of such sys- 
tems, one finds tris(2,2-bipyridine)iron(I)/(O) [69], tris(phenantroline)iron(III)/(II) 
[72], redox systems composed of polynuclear aromatic hydrocarbons [66, 711, If/12 
[72], and cryptate complexes [73, 741. The use of these systems in practice is quite 
limited. 

The free energies of transfer of various ions related to different solvent systems 
obtained on the basis of various assumptions were collected and discussed by Y. 
Marcus [75, 761. 

It should be kept in mind, however, that the values determined are not always 
accurate and comparison of data reported for selected systems, especially those ob- 
tained under different assumptions, sometimes reveals striking differences. 
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2.3 Influence of Solvents on Potentials of Reversible 
Electrode Reactions 

The effect of the solvent on the standard potential of electrode reactions can be de- 
rived from a thermodynamic cycle. In the case of the ion-transfer type of reaction, 
where the reduced form is the metal deposited on the solid electrode, we have 

where A is the sum of the free energy of atomization of the metal and the ionization 
potential necessary to form the M"' ion from a metal atom M in the gas phase. It 
also contains the electron affinity of the metal. 

In this case the difference between the standard potentials in two solvents, hE", 
is dependent only on the difference between the free energy of solvation of the M"' 
ion in the two solvents, 

The difference between the standard potential of an electron-transfer electrode 
reaction in two solvents, AEo,  is accordingly 

AAG:,ox- AAGZR 
F 

AEo = 

It is seen that this parameter depends only on the solvation energy difference of 
Ox and Red in the two solvents. In practice, however, the standard potentials are rare- 
ly determined. Instead, one determines either the formal potential, Eof, or the half- 
wave potential EY,,, of the reversible process. 

The well-known dependence between the standard potential and E{,2 is 

RT fo,Dk'2 E:,, = Eo+-1n- 
nF fRDb'," 

The half-wave potential is equal to the standard potential, Eo (for which 
fox  = f R  = I), corrected by the term 

RT f o  Dk', 
- 1 n X  
nF fRDb'," 

In principle, both diffusion coefficients Dox and DR may be precisly determined 
from independent measurements. 
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The activity coefficients fox and fR in a given solution differing from the stan- 
dard state may be estimated, but these data are sometimes not sufficiently precise. 
Therefore, very frequently the formal potential, E o f ,  is used instead of the standard 
potential; it is described by the following relation: 

o f  RT fox 
nF f R  

E =Eo+-In- 

Eof  is related to the given background electrolyte concentration and concentra- 

From Eqs. (17) and (IS), 
tions of reactants, which influence the activity coefficients. 

RT DL; Eof  = EYl2 + - In ~ 

nF 0;" 

Since usually Dox is not much different from DR, it is frequently assumed that 

Neither the formal potential nor the E7/2 potential should be very dependent on 
the logarithmic activity term in solutions with moderate concentrations of 
background electrolyte, since the activity coefficients fox and fR should be similar 
for the oxidized and reduced forms. 

Under such conditions in noncomplexing solutions these potentials should be 
close to the E o  potential. 

In consequence, the dependence of the standard potential Eo on the difference 
of the free energy of solvation in different solvents, given by Eqs. (15) and (16), 
should be satisfactorily reflected in the change of Eof  or EY12. 

Although various workers have contributed to these data, the most extensive 
work on determination of Eyl2 in various solvents was done by Gutmann and his 
school (see, for instance, [77]). In order to arrange the collected data so that they 
form a logical system it was necessary to find a correlation between EY12 (Eof )  po- 
tentials of the system being studied and parameters of the solvents used which char- 
acterize their solvating properties. The systematic studies of Gutmann and associates 
[77] were oriented toward the correlation of the half-wave potentials of reversible 
reactions with the Gutmann donor number. Especially carefully and critically pre- 
pared is the collection of ErI2 potentials by Gritzner [7] (see also [78]). 

Gritzner [79] reported EYl2 of electroreduction of alkali metal cations and Tl(I), 
Cu(I), Ag(I), Zn(II), Cd(II), Cu(I1) and Pb(I1) in 22 different solvents. Some of the 
analyzed data were determined by this author [79], while others were taken from the 
literature. In addition to the above-mentioned cations, the potentials of the 
0.01 moll-' Ag(I)/Ag electrode were considered. The author took care to check the 
reversibility of the systems analyzed. He found the linear dependence of EY12(K+) 
on the potential of the silver electrode mentioned in hard donor solvents. However, 
analysis of the dependence of the potentials of the same process Ey/2(K+) on the re- 
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ciprocal of the relative dielectric permittivity, which is based on the Born equation, 
showed no correlation, since the correlation coefficient was below 0.26. Most impor- 
tant are Gritzner's [79] linear (Eq. (20)) and multiple linear regression analyses 
(Eq. (21)) of the dependence of the half-wave potentials of a number of cation elec- 
troreduction on the donor (DN) and acceptor (ACN) numbers of hard donor sol- 
vents according to the relations 

and 

ErI2 = a;  +aiDN+a;ACN 

The analysis of ET12 according to Eq. (21) follows from a more general proposal 
of Krygowski and Fawcett [80, 811 to analyse solvent effects on thermodynamic pa- 
rameters, taking into account both Lewis base and acid properties of the solvents. 

The results of Gritzner's [79] analysis according to Eq. (20) are given in Table 3, 
while those according to Eq. (21) are given in Table 4. Potentials used for the analysis 
presented in Tables 3 and 4 are expressed versus BCr+/BCr as a reference electrode. 
It can be observed that a linear correlation according to Eq. (20) represents well the 
dependence of E 5 2  on the donor number of the solvents. The correlation coeffi- 
cient, excepting Rb+ and Cs+ , significantly exceeds 0.9. 

A multiple linear analysis in which the influence of donor and acceptor proper- 
ties of solvents on EYl2 potentials was taken into account (Eq. (21)) did not signifi- 
cantly improve the correlation and the standard error remained almost unchanged. 

Both analysis give logical results. As expected, the coefficient a2 (a:) in both 
analyses decreases significantly when going from Li' to Cs+. However, even in the 
case of cesium, they still have a significant value, which indicates that such a system 
would not serve properly as a reference electrode in various nonaqueous solvents. 
The al  values in Table 3 represent the half-wave potentials at DN = 0, i.e. in 

Table 3. Analysis, according to Eq. (20), of Er,z potentials of electroreduction of various cations 
V91. 

Cation No. of a1 103 a2 Standard error Correlation 
solvents (V) of estimate coefficient 

Li + 

Na+ 
K +  
Rb+ 
cs + 

TI+ 
Zn2 + 

Cd2+ 
cuz+ 
Pb2+ 

16 
16 
16 
16 
15 
17 
13 
17 
10 
16 

- 0.836 
- 0.903 
- 1.080 
-1.133 
- 1.124 

0.622 
0.627 
0.857 
1.624 
1.016 

-30.1 
- 16.2 
- 9.93 
- 7.36 
-6.96 
- 12.6 
- 30.1 
- 24.3 
- 30.0 
- 25.4 

0.085 
0.055 
0.037 
0.031 
0.030 
0.041 
0.090 
0.092 
0.076 
0.071 

0.935 
0.925 
0.912 
0.888 
0.886 
0.953 
0.959 
0.938 
0.952 
0.945 
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Table 4. Analysis, according to Eq. (21), of EY,, potentials of electroreduction of various cations. 

Cation No. of a; lo3 lo3 a; Standard error Correlation 
solvents (V) of estimate coefficient 

Li + 11 -0.717 - 35.8 - 1.07 0.076 0.956 
Na+ 13 - 0.903 - 17.7 1.14 0.054 0.941 
K +  13 - 1.095 - 10.4 1.10 0.038 0.923 
Rb+ 13 - 1.152 - 7.78 1.29 0.032 0.91 1 
c s  + 13 - 1.165 - 6.92 2.00 0.028 0.921 
Tl+ 13 0.646 -15.1 1.73 0.038 0.960 
Zn2 + 11 0.745 - 36.5 -1.17 0.062 0.984 
Cd2+ 13 0.981 - 26.4 - 4.88 0.094 0.925 
cu2+ 9 1.724 -32.1 - 3.07 0.078 0.963 
Pb2+ 13 1.085 - 26.7 - 2.45 0.075 0.950 

1,2-dichloroethane. The change of these values from less negative to more negative 
ones when going from Li to Cs is monotonic, as opposed to the change of standard 
potentials, EO, of these metals in aqueous solutions. The differences AE between al 
and E o  values are equal to 1.811 V (Na), 1.84V (K), 1.787 V (Rb) and 1.80V (Cs). 
However, in the case of lithium this difference amounts to 2.209 V. Also these data 
are logical because the more negative potential of the Li+/Li couple results from 
the more negative value of AGELi+ (see Eq. (14)), since parameter A in that equa- 
tion is highest for lithium in this group of metals and becomes less positive going 
down the group. An analogous trend of the formal potentials should also be ob- 
served in a solvent which interacts weakly with alkali metal cations. 

All the analyses of potentials discussed above were carried out for hard donor 
solvents. Gutmann donor numbers for soft donors are not available. These numbers 
were not expected [82] to account for soft-soft interactions. 

The data collected by Gritzner [79] and his analysis led him to the conclusion that 
different interactions of hard and soft cations with donors cannot be accounted for 
by using only one parameter. Gritzner [79] also tried other correlations. No correla- 
tion was found with the acceptor number and the other Lewis acidity parameter, 
ET, introduced by Dimroth and Reichardt [19, 831. Only those parameters which 
represent donor properties of solvents are correlated with the change of ETlz poten- 
tials for the electroreduction of cations. 

There is also, as expected, a correlation between the formal potentials of various 
systems with DN or the Kamlet-Taft, PKT, Lewis basicity parameter [84] shown in 
other papers (see for instance [85]). Also, in this case, with increasing donor proper- 
ties of the solvents, the formal potential is moving to more negative values expressed 
versus a solvent-independent reference electrode, the FOC + /Foc system. 

In conclusion, all systems analysed which belong to the ion-transfer (deposition) 
type of electrode reactions change their Eof (EY12) potentials to more negative val- 
ues versus a solvent-independent electrode when the DN of the solvent increases. 
This conclusion seems to be valid also for electron-transfer type reactions, if both 
the oxidized and the reduced form are cations. Sahami and Weaver [86] have stud- 
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ied the charge-transfer process in the systems Ru(NH3);+/’+, Ru(En):+/2+ and 
Co(En):+’’+ (En = ethylenediamine) in eight solvents. They found that AGP, and 
consequently also Eof change in approximate agreement with the DN of the sol- 
vents. A more negative potential was observed for a given system in solvents of high 
Lewis basicity. 

A similar trend in the change of the formal or Eyl2 potentials was observed for 
solvated cations, for instance for the Eu3+/Eu2+ couple in different solvents [87, 
881. The analysis of Gibbs energies, entropies and enthalpies of single ion transfer 
led Gritzner [89] to search for general trends in the interaction of different ions with 
solvent molecules. The interactions of cations with different solvents were consid- 
ered, in terms of the Lewis concept, i.e., as a reaction of the acid (cation) with the 
base (solvent). 

If the electrode reaction proceeds with the participation of anions in the electrode 
system A/A”-, A“-/A, or A”-/A‘-, the interaction of these anions with the sol- 
vent can now be understood as the reaction between the base (anion) and the acid 
(solvent). Now the formal potential should be dependent on the acceptor number of 
the solvent, 

where bl represents the formal potential of the analysed system in a solvent with the 
acceptor number equal to zero and b2 reflects the sensitivity of the studied system 
to the influence of solvents. Such a correlation was observed for several A/A- elec- 
trode systems. 

In Table 5 we give the results of Kalinowski and coworkers [90] on the elec- 
troreduction of several quinones. The first reversible step was considered in several 
solvents. Potentials in this analysis were expressed versus the FOC+/FOC electrode. 
With an increase of the acceptor number the electroreduction potential shifted to less 
negative values. 

A very good linear correlation of the Eq. (22) type was observed by Paduszek and 
Kalinowski [91] for the electroreduction of phenazine at mercury electrodes in several 
solvents. It is shown in Fig. 2. 

Jaworski [92] has found that Eof of perylene and fluoren-9-one are independent 
of the acceptor number, as opposed to formal potentials of anthracene and benzo- 
quinone, which exhibit a linear dependence on the ACN of the used solvents. The 

Table 5. Analysis of E o f  potentials of several quinones according to Eq. (22) [90]. 

Quinone 
~~ ~ 

b, (V) r No. of solvents 
used 

1,4-Benzoquinone 0.040 f 0.002 0.997 7 
1,4-Naphthoquinone 0.026 kO.001 0.997 7 
9,lO-Phenanthrenequinone 0.022 k 0.002 0.974 8 
9,lO-Anthraquinone 0.021 f 0.002 0.981 8 
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Fig. 2. The change in the formal potential of 
the phenazine/phenazine radical anion system 
(against the Foc+/Foc electrode) with the ac- 
ceptor number of the solvent [91]. Abbrevia- 
tions are defined in Table 1 .  

explanation is based on a highly delocalized charge in the anions which are produced 
during electroreduction of perylene and fluoren-9-one. Delocalization is much weak- 
er in the case of anions produced from two other compounds. Recently the effect 
of several aprotic solvents on multielectron electroreduction of buckminsterfullerene 
(C6,,) was examined [93]. The authors found that EY,2 of the first reduction wave de- 
pends linearly on the donor number with a positive slope, and exhibits also a linear 
correlation with the acceptor number with a negative slope. ETI2 of the first three 
reversible reduction waves correlate with the normalized Dimroth-Reichardt parame- 
ter. 

The solvatochromic method developed by Taft and coworkers [94] has also been 
used to explain the solvent effect on redox potentials. Lay [951 considered specific 
hydrogen bonding contributions to the thermodynamics and kinetics of electron 
transfer. 

These correlations, especially with the donor number, mostly reflect the enthalpic 
effect. There was no correlation of the entropic effect with DN in the case of metal 
cations [86], since this term reflects more the extent of solvent orientation by the 
component of the redox system and disordering of the original solvent structure, 
than the strength of the complex-solvent interactions. Also, Svaan and Parker [96] 
did not find any correlation between the entropy of formation of different ion radi- 
cals and the empirical solvent parameter. 

However, the study of the entropy of formation of anion radicals formed by elec- 
troreduction of selected organic species such that the charge is localized at an un- 
shielded heteroatom (e.g., p-dicyanobenzene [97]) shows that this parameter is linear- 
ly dependent on the acceptor number of solvents. 

These problems have been discussed at greater length by Jaworski and Kalinowski 

All these correlations may be influenced by the ion-pair formation process, more 
advanced in solvents of lower static dielectric permittivity. This process, with free en- 
ergy, AG& given by 

1981. 

AGSf = -nF(Eof-Eoipf) = RTln (I + K ~ ~ ~ )  (23) 
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is reflected both in the change of the free energy of transfer and the formal potential 
of the system. 

in Eq. (23) denotes the formal potential of the redox system with ions in- 
volved in ion-pairing, and Kipf is the ion-pair stability constant. Since there is no 
correlation of the donor and the acceptor number with the static dielectric permit- 
tivity (see Table I), ion-pair formation may lead to deviations from the dependences 
suggested by Eqs. (20) and (22). 

Ion-pair formation in nonaqueous media was frequently observed in elec- 
trochemical studies (see [98]). There is no space here to discuss these problems. For 
illustration we mention only the study carried out in the present author’s laboratory, 
on ion-pairing in the electroreduction of nitrobenzene and related compounds 
[99, 1001. Ion-pairing of intermediates may in some cases change the mechanism of 
electrode reactions. 

E O i P f  

3 Kinetics of Electrode Reactions in 
Pure Nonaqueous Solvents 

3.1 Electron-Transfer Reactions 

3.1.1 Influence of Solvents on the Energy of Activation 

Theories of simple charge-transfer electrode reactions developed since the late 1950s 
(for review see [S, 101 - 1051) gave a rather simplified view of solvent effects on the 
rate of electrode reactions. 

Let us consider again reaction (l), assuming now that both Ox and Red are dis- 
solved in the solution. The electron-transfer reaction (1) may be considered as the 
outer-sphere process in which original bonds are not broken or formed and it is as- 
sumed that neither Ox nor Red is adsorbed on the electrode. A reaction occurring 
in the system Fe (CN)i-/4- or Cr (H20)ifi2+ may serve as an example of such a 
process. Such a reaction was analyzed in detail by Marcus [8, 1011. 

The rate constant at the standard (formal) potential is 

k, = K A  exp (?) - AG* 

where A is the pre-exponential factor, being in the Marcus model equal to the heter- 
ogeneous collision frequency and practically independent of the solvent, and K is the 
transmission coefficient (near to I), though it was assumed that the energy barrier 
forms a cusp (Fig. 3) and the barrier is not decreased by the donor-acceptor interac- 
tions. 

Here and further on, it is assumed that the rate constant (or energy of activation) 
is independent of the influence of the double-layer structure. It should be noted that 
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U 

Uf 

lAGx Fig. 3. The dependence of the potential energy (u) 
of substrate and product on an one-dimensional 
reaction coordinate. Abbreviations are defined in 

not always in experimental studies have the necessary corrections been made to 
account for this influence. This problem will be further discussed in Sec. 3.1.5. 

In this model the main influence of the solvent on the rate of electrode reactions 
is exerted by the activation barrier. The free energy of activation is simply related to 
the reorganization energy A by 

A A G * = -  
4 

where AG* is the intrinsic barrier when the free energy of reaction is equal to zero. 
The reactant and surrounding solvent molecules must be reorganized, before the 
charge-transfer step can occur, in order to reach the coordinates of the transition 
state. The explanation of A is given in Fig. 3. The expression for the energy of activa- 
tion at  potentials other than E o  (Eof)  is more complex; additional terms which then 
appear in Eq. (25) are dependent on the overpotential. 

Marcus divided the energy of activation (reorganization energy) into two parts 
[S, 1011: 

where AGT is due to reorganization of the reactant itself (e.g., an organic molecule) 
and its first coordination sphere (solvated or complex ion), while AGE is due to re- 
organization of the solvent around reactant, as a result of the change in its charge. 
Both parts may be calculated from the following relations. The component of inner 
reorganization is 

AGT = 0.5 f ,  (Ar/2)2 (27) 

where the reactants are represented by a system of independent harmonic oscillators 
[IOI, 1061, withfi the reduced force constant of the ith bond and Ar the difference 
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in the length and angle of this bond in Ox and Red forms respectively. The outer 
part contribution [8, 1011, 

AG: =A N e2 (+-&) (k-:) 
8 

may be derived using the Born solvation model. 
In Eq. (28) e is the charge of the electron, r the radius of the reactant, NA Avo- 

gadro’s number, and d the reactant - electrode distance. The solvent was considered 
here as a continuous medium with a fast electronic polarization characterized by the 
optical dielectric permittivity E and a slower oscillatory plus orientational polar- 
ization characterized by the static dielectric permittivity E,.  

Since Eq. (28) was obtained under assumptions similar to those used by Born, 
the calculation of AG; suffers from the same limitations as the Born solvation 
model. The dielectric continuum model is valid for electron transfer in a structureless 
dielectric medium with a reactant approximated by a hard conducting sphere. It is 
obeyed when the specific solute - solvent interactions are negligible. 

The assumption that the medium is structureless between the reacting species is 
certainly not fulfilled, since the solvent molecules around a reactant will be to some 
extent oriented due to short-range interactions. Therefore a bulk solvent property, 
such as the dielectric permittivity, may not describe correctly the medium around the 
reacting species. To account for that behavior, an average dielectric permittivity was 
used [lo71 in the calculation of AGZ. 

There were efforts to modify Eq. (28) slightly, based on the assumption that a 
reactant has a nonspherical shape [ 108, 1091. A short-range reactant - solvent inter- 
action was also taken into account [I 101. Some authors questioned the importance 
of the 1/2 d term in Eq. (28). This term accounts for the effect of image forces on 
reorganization of a solvent. In the Marcus theory d should be close to r, though in 
some calculations the 1/2 d term was neglected, based on the assumption that the 
reaction plane is at a distance from electrode surface significantly exceeding r (for 
discussion of this problem, see [11 I]). Another reason for neglecting this term was 
sought in the screening of reactant-image interaction by the presence of ions of the 
background electrolyte [I  121. 

In the Marcus model the solvent influence on the rate of electrode reactions is 
expressed by the change of AGZ and ACT in the activation energy. In order to sep- 
arate the influences of AGE and ACT it is desirable to study model reactions in 
which the inner-sphere reorganization energy is not significant (ACZ +ACT). 
Therefore, complexes with a fixed first coordination sphere in the oxidized and the 
reduced form, and redox reactions of some large organic molecules producing free 
radicals in the electrode reaction, were studied. 

For such model reactions, according to Eqs. (26) and (28), the changes of the rate 
constant should be simply related to the properties of the solvent by their dielectric 
permittivities: 

O? 

In k, = const + const’ - - - 1,) 
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Therefore, if the Marcus theory describes properly the effect of solvents of k,, a lin- 
ear correlation between In ks and (E;; - 8 ; ' )  should be observed in the experimen- 
tal results. Before turning to the experimental studies, the (E;; - E L ' )  parameter for 
various solvents used in electrochemical work is presented in Table 1. Inspection of 
these data reveals that the largest difference of the (E;; - E L ' )  parameter for the 
listed solvents amounts to 0.263. Thus, on the basis of the Marcus theory for the out- 
er-sphere electrode reactions, the largest change of the reaction rate for different sol- 
vents should amount to exp (const' 0.263). In this estimation any double-layer effect 
on the rate constant was neglected. 

In general, the rate constants determined experimentally are not in accordance 
with this prediction [ I  13, 1141. 

Although some rare results are roughly in line with this theory [ 1 151, the observed 
changes are usually larger than those theoretically predicted (see, for instance, [ 1061). 
These discrepancies were explained, especially in papers which appeared up to the 
early 198Os, by the change of distance of the reaction site from the electrode [116, 
2 171. Also, the influence of short-range specific reactant - solvent interactions was 
claimed to be responsible for these differences [106, 1181. It was even more difficult 
to explain the results obtained for solvated ions where the change of solvent not only 
influenced AGE, but could also change ACT, when in the first solvation sphere 
molecules of one solvent were substituted by molecules of another solvent. Such a 
situation exists in the system Eu3+/Eu2+ which we had studied earlier [88] in sever- 
al solvents. In this case also it was not easy to suggest a simple explanation of the 
kinetic results obtained. 

Some difficulties in comparing the experimental kinetic data with the out- 
er-sphere reorganization energy calculated from the Marcus formula (28) result from 
several assumptions made in this theory. The reactant was assumed to have a spheri- 
cal shape with a symmetric charge distribution. No field penetration into the metal 
was considered. Also, the spatial dispersion of the dielectric permittivity of the medi- 
um was not taken into account. In fact, the positions and orientations of dipoles 
around a given ion are correlated with each other; therefore the reorientation of one 
dipole, under the influence of the external field, changes to some extent the reorien- 
tation of other dipoles within the distance defined by the correlation length. 

Various improvements have been introduced into the Marcus description. Fawcett 
and Kharkats [119], Kharkats [108, 120, 1211, Grampp et al. [I221 and Fawcett and 
Fedurco [ 1231 considered changes in the volume and shape of the reactants. The ef- 
fects of a thin structureless dielectric layer between the metal electrode and a sur- 
rounding solution on the electrostatic works terms and solvent reorganization energy 
were also studied [124]. Such a layer is formed in mixed aqueous-organic solvents. 
Beyond the interlayer, the outer reorganization energy rises within the approach of 
the ion to the electrode, but after its penetration into this layer the reorganization 
energy decreases due to the low dielectric permittivity of this region. 

One should also mention the so-called mean spherical approximation (MSA) 
treatment of solvent reorganization [25]. McManis and Weaver [ 1251 considered how 
the solvent radius and dielectric parameters affect the electron transfer within the 
frame of this theory. The frequency dependence of the effective radius should cause 
significant deviations from the Marcus expression for the activation energy of 
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charge-transfer reactions, giving lower values of AGZ. An MSA estimation of the 
AG: parameter using a different approach was given also by Fawcett and Blum [126] 
for homogeneous reactions. MSA estimations are in very good agreement with experi- 
mental values of the activation enthalpy determined for the Coc+/Coc couple. 

Another model, in which the reactant is represented by a dielectric cavity with 
point charge in its center, has been forwarded by German und Kuznetsov [127]. It 
is beyond the scope of the present review to discuss all the above-mentioned improve- 
ments in detail. 

We would like to  present somewhat more extensively the results of the work of 
Dzhavakhidze et al. [I1 11, who studied the role of the spatial dispersion of the sol- 
vent dielectric permittivity and field penetration into a metal in determining the ki- 
netics of electrode reactions. Considering the particular case of the field penetration 
effect on the reorganization energy, they found [ l l l ]  that the AGE value obtained 
is greater than predicted by the Marcus theory. Moreover, under some conditions the 
dependence of AGZ on the reactant - electrode distance (d)  exhibits an “anti-Mar- 
cusian” behavior. 

Close to the electrode surface, under some conditions, AGZ rises with a decrease 
of d, contrary to the prediction of Eq. (28). This ,,anti-Marcusian“ behavior arises 
from a consideration of field penetration into the metal together with solvent spatial 
dispersion. 

The authors [l 1 11 claim that the discrepancy between experimental kinetic data 
and those obtained from the Marcus theory is not sufficient to conclude that a viola- 
tion of the equilibrium distribution polarization occurs. A more involved description 
of solvent reorganization leads to corrections which have the proper sign and order 
of magnitude. However, in view of the very approximate parametrization, the results 
obtained do not give the basis for quantitative agreement. 

These problems were further developed by Phelps et al. [128]. In order to estimate 
the barrier height from electrochemical data and to compare it with the theoretical 
prediction, independent information on the pre-exponential factor is necessary. For 
analysis of experimental kinetics they selected a series of metallocenes, and specifi- 
cally the Coc+/Coc system,in seven solvents. Without going into the details of the 
calculations, one finds that for model reactions the calculated AGZ values, based 
on the more advanced model presented, are significantly larger than those based on 
the Marcus equation. 

These theoretical considerations also gave a basis for the consideration of the op- 
timal distance of discharge, which is a result of competition between the activation 
energy AG* and the overlap of electronic wave functions of the initial and final 
states. The reaction site for outer-sphere electrochemical reactions is presumed to be 
separated from the electrode surface by a layer of solvent molecules (see, for instance, 
[129]). In consequence, the influence of imaging interactions on AGZ predicted by 
the Marcus equation is small, which explains why such interactions are neglected in 
many calculations. However, considerations of metal field penetration show that the 
reaction sites close to the electrode are not favored [128], though contributions to 
k, from more distant reaction sites will be diminished by a smaller transmission co- 
efficient. If the reaction is strongly nonadiabatic, then the closest approach to the 
electrode is favorable. 
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Different solvents may exert different effects on the optimal distance of adiabatic 
electron-transfer reactions, due to a very strong influence on the AGE versus d de- 
pendence. Therefore, the closest approach is not always optimal for the reaction rate 
and the effective distance may be strongly influenced by the structure of the solvent. 

Such corrections of the original Marcus theory may still be insufficient to de- 
scribe adequately the activation energy of electron-transfer reactions. However, the 
discrepancies between the experimental and calculated rate constant using Eq. (24) 
may also result from the assumption that the frequency factor developed for the col- 
lision in the gas phase should also be valid in condensed media. 

Marcus [S, 1011 expressed A in equation (24) by 

A = (s)"2 
where M is the molecular mass of the reactant. Equation (30) was taken from the 
collision model for collisions in a gas phase. 

For the condensed phase, another expression was proposed [ 1301: 

A = 3D/2L (31) 

where D is the diffusion coefficient of the reactant and L is the average distance 
which the reactant traverses between two nearest lattice positions in the solvent struc- 
ture. 

Since L may be around 3xlO-'cm and D is about 10-5cm2s- ' ,  A values 
calculated from Eq. (31) are close to 5 x lo2 cm s - '  and are about one order of mag- 
nitude lower than those obtained using Eq. (30). 

The use of Eqs. (30) and (31) was criticized by Hupp and Weaver [131], because 
these equations imply that the activation occurs only by the transfer of translational 
energy. However, in the condensed phase the activation may occur through solvent 
polaron fluctuations and the transfer of oscillation energy of solvent molecules in 
the bulk to solvent molecules in the immediate vicinity of the reactant or even to elec- 
tronic levels of the reactant [105, 1321. 

Such an energy transfer is taken into account in the encounter pre-equilibrium 
model [131, 1331, which considers the outer-sphere electrode reaction to be a two- 
step process. In the first step the reactant diffuses to the reaction zone with a 
thickness 6r at the electrode surface,-where the probability of the charge transfer pro- 
cess between reactant and electrode is significant [133]. Here the electrode and reac- 
tant in the reaction zone are similar to a pair of reactants which exchange the elec- 
trons in a homogeneous reaction. 

The effective pre-equilibrium constant K p  for the formation of the precursor 
state, expressed in nm or describes the statistical probability of the formation of 
an electrode - reactant configuration appropriate for the electrode reaction [ 13 1 ,  
1341: 

K p  = 6r exp (- Wp/RT)  (32) 
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where Wp is the average free energy required to transport the reactant from the bulk 
solution to the reaction zone. 

The rate-determining step, the second step of the process, involves activation 
within an encounter complex formed in a solvent cage. 

For such a model, the electrochemical frequency factor A is [131]: 

where r,, is a nuclear tunneling factor and v, is a nuclear frequency factor, which 
gives the effective nuclear barrier-crossing frequency from the precursor state. It is 
expressed as a weighted mean [135, 1361 of characteristic frequencies of solvent 
reorganization v,, and inner-shell bond vibrations vi: 

V: = ( v ~ A G ~  + V: A G f ) / ( A G z  + ACT) (34) 

where A G z  and ACT are free energies of activation from the precursor state of the 
outer and inner shell, respectively. 

For a typical metal-ligand bond vi is of the order of lot3 s - ' ,  while v, in water 
is about 101's-' [135, 1371. For some organic compounds vi may even be as high 
as IOt4s-'. Therefore for typical values of AGT and A c t ,  v, may be close to vi. 

r, in Eq. (33) takes into account the fact that the electron transfer can also oc- 
cur for reactant molecules without fully overcoming the energy barrier. At normal 
temperatures for electrode reactions r,, approaches 1 [131]. Therefore Eq. (33) is 
often used without the r, term. Kp in this equation was estimated to have a value 
of the order of 60 pm [138]. However, the quantitative estimation of Kp depends on 
the adiabaticity factor K (see Eq. (24)), which varies with the reactant -electrode sep- 
aration distance. It was suggested [I391 that the electrode reactions should be more 
adiabatic than the corresponding homogeneous redox reactions. But as the reaction 
site, for outer-sphere systems, is probably separated from the electrode surface by a 
layer of solvent molecules [129], K may drop below 1 since the reaction may become 
less adiabatic. These problems were more extensively discussed in [ 13 I]. 

In conclusion, returning to the frequency factor (Eq. (33)) and assuming that, at 
25"C, K p = 6 0 p m ,  v,= lOt3sP1 and r,= 1, one obtains A =6x1O4crns- ' ,  ap- 
proximately one order of magnitude higher than the value obtained using Eq. (30) 
with M =  100. 

3.1.2 The Role of Solvent Dynamics 

Though combination of Eqs. (33) and (34) gives more realistic values of the frequen- 
cy factor, it shows that this parameter should not be very dependent on the solvent 
reorganization. This conclusion was challenged in recent years, when the role of the 
dynamics of solvent reorganization in charge-transfer reactions was taken into ac- 
count in theoretical work [140- 1461 and also experimentally by Kapturkiewicz and 
Behr [I471 and later by Weaver and coworkers [I, 3, 1481 and Opallo and Kap- 
turkiewicz [2,  149, 1501. 
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In the theoretical studies it was shown that in the course of collective solvent mo- 
tion along the reaction coordinate, the effective frequency of that process is signifi- 
cantly diminished. The reason is the so-called solvent friction which, by irreversible 
energy dissipation from the reactant solvent molecule to the other solvent molecules, 
decreases the rate of the passage over the energy barrier significantly in comparison 
with the rate expected in the frame work of the transition state theory. 

Expecially when ACT is very small, such overdamped solvent relaxation due to 
dielectric friction may contribute significantly to v,, so that in some cases 

v, E v, (35) 

Based on theoretical works which take into account the dynamics of solvent mole- 
cules [140, 142, 144, 1451, v, may be expressed [I] in the following way: 

where zL is the longitudinal relaxation time of solvent molecule which is related to 
the experimental Debye relaxation time zD by the formula [I511 

in which E ,  is the high-frequency dielectric permittivity of the solvent in the near- 
infrared region, which is two to five times higher for polar solvents than the optical 
dielectric permittivity [ I  371. Equation (36) is valid under the assumption [I441 that 
the solvent relaxation dynamics are overdamped. 

The effective time of such a relaxation is much higher than the rotation time of 
solvent dipoles. In the frame work of the transition state theory, when the in- 
ner-sphere reorganization can be neglected, v, is related to the rotation time of sol- 
vent molecules in the dielectric medium, T ~ , ~ ,  by 

v, = (2 7CzrOt)-1 

Most of the solvents usually used in electrochemical studies [I521 are within the over- 
damped region; however, for those with rL below 0.5 ps, such as acetonitrile or ace- 
tone, the friction by surrounding molecules is small and v, will be determined part- 
ly by the individual solvent dipole rotational frequency approaching the solvent iner- 
tial limit. 

Experimental zD values of different solvents are given in Table 1. The frequency 
of crossing the transition state for a given reaction may be controlled in solvents of 
short relaxation time by vi, but in solvents which have longer relaxation times Eq. 
(36) will be obeyed. 

The barrier crossing frequency described by Eq. (36) is dependent not only on 
the barrier height, but also on its shape. Equation (36) was derived under the 
assumption that there is no donor - acceptor overlap and the barrier has a cusp-like 
shape. 

’ 

t 
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In the presence of solvent friction v, should decrease monotonically as the bar- 
rier-top becomes more rounded [ 1441. 

One should add that solvent friction also influences the rate of reactions proceed- 
ing with significant inner-sphere changes, since it limits the rate of the formation of 
the solvent configurations characteristic of the top of the barrier, which in turn im- 
pedes the crossing of the barrier by inner-shell motion. In the model discussed above, 
the main contribution to the solvent polarization results from the reorientation of 
the solvent dipoles. However, another mechanism of relaxation of solvent polariza- 
tion may also operate [153-1571, consisting in a translation of the solvent mole- 
cules. Such a mechanism may be very important in solvents with slow reorientation. 
Zusman [I581 presented a theory of electron-transfer reactions which takes into ac- 
count this mode of relaxation. It was shown that when the solvent dynamics control 
the rate constant of the reaction, the solvent molecule self-diffusion contributes to 
the pre-exponential factor in addition to the reorientation. In solvents which exhibit 
a large self-diffusion coefficient and Debye relaxation time, this diffusion relaxation 
may be dominating. 

By combining Eqs. (23), (33), and (36), one obtains 

where AG* is described by Eq. (26). The analysis of Eq. (39) reveals that, in contrast 
to the Marcus theory, the influence of solvent on the standard rate constant corrected 
for the double layer influence not only changes the energy of activation, but may also 
modify significantly the pre-exponential factor. However, based on work by Marcus 
and coworkers [159, 1601, it may be shown [I611 that when intramolecular contribu- 
tions are appreciable in comparison with AG,* the rate constant may be described 
by the dependence 

k, = K K ~ Z L *  (-)'"exp AGE ( -F) AG * 4nRT 

where a is within the limits 0 < a  < 1. 

adiabatic. For the reverse situation, a approaches 0. 
Equation (39) should be valid when AG,*SAGT and the reaction is strongly 

3.1.3 Methods of Analysis of Experimental Results 

Several methods of analysis of kinetic results obtained for a given charge-transfer 
reaction have been proposed. These analyses were oriented toward the separation of 
the roles of solvent dynamics and energy of activation in the kinetics of such a reac- 
tion in order to learn more about their mechanisms. 

This separation may not be possible if there is a dependence of zL on AG;. 
Problems related to such analyses were considered critically by Weaver [162], who 
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has shown that for electron self-exchange of metallocenes in 11 Debye polar solvents 
there exists a rough increase of AG,* with an increase of log T;' (Fig. 4), probably 
related to the size of the solvent molecules. Therefore, for the Debye solvents in the 
case of the reaction studied, the separation of dynamic and energetic contributions 
is difficult, though it may be easier in the case of nonpolar solvents. 

In equations used in the analysis there appear the Pekar factor, y, and the second 
factor of the Marcus expression for the electrode kinetics, which we denote by g: ' 

g = Ne2 (LL) 
8RT r 2 d  

From Eqs. (24), (33), (41) and (42), one arrives at the dependence [I, 2, 1631: 

Ink, = In K K p v , - g y  (43) 

assuming that AGT may be neglected. 
When one uses Eq. (43) the analysis may not be straightforward because, as 

shown above, 7;' is dependent on y in polar solvents; therefore when KV, depends 
on ti' the plot of In k, against y may increase with an increase of the Pekar factor, 
contrary to the prediction of Eq. (43). Such positive slopes of the In k, versus y de- 
pendence point to the significant influence of solvent friction in the reaction dynam- 
ics [I, 1571. 
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Another method of analysis was proposed by Weaver and coworkers [146,159]. 
It is based on the rearranged Eq. (43), 

( I C V , ) , ~ ~  = k,{K,exp [ - (AG,*+AG~) /RT]J- ‘  (44) 

which relates the observed pre-exponential factor (KV,)obs to AG,* and AGT terms. 
The plot of (w,,)obs, which may be calculated if the rate constant and the AG,* 

and AGT terms are known, versus log zL1 may in some cases give information on 
the role of solvent dynamics of the reaction being studied. If these dynamics control 
the rate, the slope of such a dependence should be close to 1. 

The equation 

has also been used [165- 2681. It follows from Eq. (45) that the plot of 
In ( k , ~ ~ / y ” ~ )  against y should be linear with a slope equal to g, assuming that 
other terms in this equation are not dependent on the solvent. This method may be 
useful in the analysis, but it may also lead to incorrect results [I621 when the process 
is nonadiabatic or inner-shell controlled and also when non-Debye solvent dynamic 
effects play an important role. 

Fawcett and Foss [161,169] have proposed the use in the analysis of the depen- 
dence expressed in Eq. (46), which follows from Eq. (40): 

Ink, = I n  Y-alnzL-gy (46) 

where Y collects terms which should be only slightly dependent on the solvent. On 
the basis of Eq. (46), in addition to the plot of In k, versus In zL, when parameter 
a is known one may use the plot of (In k, +a In tL) versus y [170]. These equations 
were used by Fawcett and Foss [4, 166, 169, 1701 for the analysis of published data. 
Although this multiparametric analysis may give deeper insight into the mechanism 
of charge-transfer electrode reactions, its results should be considered with care. One 
should remember that the mutual dependence of energetic and dynamic terms found 
for polar solvents [I621 may lead to difficulties in such an analysis. Therefore, 
multiparametric analysis of solvent effects for weakly adiabatic processes is not ad- 
vised by Weaver [162]. 

From this presentation, it follows that there may be difficulties with the unequiv- 
ocal separation of the dynamic and energetic influences. 

3.1.4 Influence of Solvents on Model Electron-Transfer Reactions 

Two groups of reactants have been used preferentially in the study of the influence 
of solvents on the rate of electrode reactions for a correlation of the obtained data 
with the existing theories. One of these groups comprises metal ions in complexes 
and organometallic compounds where the first coordination sphere remains un- 
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changed in the course of the electrode reaction, while the other contains organic 
compounds which are either oxidized or reduced in a one-electron process. 

In this brief review we present only results where these species were studied in sev- 
eral solvents in one laboratory. We believe that such data, usually obtained with the 
same method and sufficient precision, are more useful for an analysis of this kind 
than the collection of data obtained for a single compound in different laboratories. 

Reactions of Metal Ion Complexes 

In order to study the influence of solvents on model reactions, their mechanism 
should not be changed with the solvent. Therefore, electrode reactions involving the 
transfer of one electron are the best candidates. 

Since in some cases the influence of solvents on the rate constant is not signifi- 
cant, the effect of the double layer on the constants to be determined can become 
relatively important. In order to diminish this influence and to decrease the ion-pair 
formation effects, complexes with low charge are preferred. The ideal situation offer 
couples like: 

Oxf + e  w Red 
or 

Ox+e w Red- 

(47) 

(48) 

Electroreduction and electrooxidation of salene (N,N'-bis(salicy1idene)-ethyledi- 
amine) complexes of cobalt and copper studied by Kapturkiewicz and Behr [147] in 
eight aprotic solvents obey these conditions. These authors were the first to demon- 
strate experimentally the significant influence of the dielectric relaxation time of sol- 
vents on the electrode kinetics. They found earlier [I711 that the mechanism of elec- 
trode reactions of salene complexes is independent of the solvents applied. No corre- 
lation with the prediction of the Marcus theory was found, but the kinetic data corre- 
lated well with the viscosity of the solvents and their dielectric relaxation time. How- 
ever, because the ohmic drop was not well compensated, their rate constants are like- 
ly to be too low, as was shown in DMSO by Lasia and coworkers [172]. 

Good models for such studies are also metallocenes (M = Mn, Fe, Co) and 
Cr(C6H6)$'", which were studied by Weaver and Gennett [ 1481 in seven solvents. 
The authors compared the experimental data with two sets of calculated results. In 
the calculations of the first set of data, v, was identified with the inner-shell vibra- 
tion frequency vi and it was assumed that the reaction is adiabatic ( I C E  1). In the 
second set the authors assumed that the frequency of surmounting the free energy 
barrier is controlled entirely by the dynamics of solvent reorganization. It was found 
that the second set of calculated data was much closer to the experimental results. 

Weaver and coworkers [ I ,  31 have also studied the kinetics of the cyclooc- 
tatetraen-iron (O/-) and Coc+/Coc system [3] in 12 solvents at mercury electrodes. 
They found that most solvents yield relative rate constants in agreement with the sol- 
vent relaxation model, but the rate constants for both these reactions in methanol, 
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ethanol, and I-propanol were about 50 times larger than the expected values on the 
basis of this model. 

Similar anomalous kinetic behavior in alcohols was observed for other systems 
as well [148, 1731. Weaver and coworkers [3] discussed this behavior, considering the 
influence of high-frequency dielectric relaxation associated with rotation of solvent 
monomers and with translational motion of solvent dipoles. 

Fawcett and Foss [169, 1701 analyzed these systems using Eq. (46) and estimated 
coefficient a. For the Coc+/Coc system they found this coefficient to be approxi- 
mately equal to 0.7. An even higher value was reported for cyclooctatetraene-iron. 

Khan [I741 studied the electrooxidation of ferrocene at a Pt electrode in polar 
solvents ranging from methanol to heptan- 1-01. Experimental data concorded well 
with the calculated results when solvent influence on the pre-exponential coefficient 
was considered. In calculations v, = t6‘ was used. Khan [I741 points out that v, ex- 
pressed by Eq. (36) exhibits a temperature dependence different from that predicted 
by the classical expression v, = kBT/h. Another conclusion which may follow from 
the same paper is that the transmission coefficient for the electrochemical out- 
er-sphere electron-transfer reactions in polar alcoholic solvents may not be equal to 
unity. 

A linear dependence of log k, on log ti‘ was found [I751 in the case of a one- 
electron reduction of cobalt(II1) complexes with acetylacetone (AcAc) in several 
aprotic solvents, but the behavior in protolytic solvents was different. 

Mu and Schulz [ 1761 have shown that chloro(tetrapheny1porphinato)man- 
ganese(II1) complex, in one electron reduction in six aprotic solvents exhibits a dy- 
namic solvent effect, though its inner reorganization energy is larger than the outer 

one. The plot of [ log k, + - versus log t -‘ exhibited a slope equal to 1.03. 

Fawcett and Opallo [ 1771 have studied the kinetics of electroreduction of Mn(II1) 
and Fe(II1) complexes with acetylacetone, Mn(AcAc)!/- and Fe(AcAc)!/- in seven 
aprotic solvents. 

The analysis of rate constants not corrected for the double-layer influence 
in terms of Eq. (46) gave for the parameter a the values of 0.6 and 1.0 for 
Mn(AcAc)!/- and Fe(AcAc);’-, respectively (Fig. 5 ) .  

Weaver and coworkers [ 1631 have reported the rate constants for electrochemical 
reaction in the Ru(hfac)!/- system (hfac = hexafluoroacetylacetonate) in six solvents 
at a gold electrode and compared these data with the self-exchange rate constant and 
earlier data for metallocene and related organometallic redox systems. The rate con- 
stants obtained were relatively small and insensitive to solvent dynamics, correlating 
instead with the expected solvent-dependent energetics. Nielson and Weaver [ 1641 have 
also studied the electrode behaviour of Co(dmg)3(BF)g’o and Co(dmg)3(BC4H9)~/o 
complexes (dmg = double deprotonated dimethylgloxime) at gold and mercury elec- 
trodes. The solvents were chosen in such a way as to provide large variations in the 
frequency of barrier passage from overdamped solvent relaxation. 

It was found that in the overall energy of reorganization, there is a significant 
contribution from the inner-shell component, roughly comparable with the outer- 
shell reorganization. 
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Fig. 5. Plot of the logarithm of the standard rate constant for electroreduction of Mn(AcAc), (A) 
and Fe(AcAc), ( 0 )  in a given solvent against the logarithm of the longitudinal relaxation time of 
the solvent [177]. The left-hand ordinate scale applies of the Mn system and the right-hand scale 
of the Fe system. BTN, butyronitrile; for definition of the other solvents see Table 1. 

Another group of reactions have been investigated which should be presented in 
this section. These are systems of the form ML;+l2+ (where L stands for neutral 
ligand). Their electrode behavior can also be interpreted in terms of the theories pre- 
sented above. The main difference between these and the above-listed reactants is 
that the latter complexes have a higher charge (3 + and 2 +) than the previous ones, 
and in consequence the influence of the double layer on their kinetics may be large. 
Even corrected kinetic data may not be precise enough for comparison with theory. 
Therefore, in recent years reactions of the types (47) and (48) were preferentially stud- 
ied. 

Nonetheless, ML;+l2+ systems should also be studied, because their interaction 
not only with the double layer but also with the reaction medium is stronger, and 
such studies may supply further information about the role of the inner- and outer- 
sphere reactant in the electrode kinetics. 

From earlier investigations, one should mention the work of Sahami and Weaver 
[113] on the electroreduction of CoEn;' (En = ethylenediamine), Co(NH&+ and 
C O ( N H ~ ) ~ F ~ + .  They found that solvent effects do not agree with predictions of the 
Marcus theory. The discrepancies between theory and experiment (experimentally 
observed changes were higher than those theoretically predicted) were ascribed to 
contributions to the energy of activation from extensive reorientation of solvent mol- 
ecules. 

The Ru(NH3);+12+ system was also studied [ 1061. Again, considerable changes 
of experimental rate constants corrected for double-layer effects were observed in 
several solvents, which contrasted with small changes expected from the dielectric 
continuum treatment. Elzanowska et al. [88] studied the electrode reaction of 
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solvated europium(II1) and europium (11) ions. In this case the change of solvent sig- 
nificantly affects the inner-sphere composition also. Therefore the explanation of the 
experimental results, even corrected for the double layer, is more complex. 

Bard and coworkers [178] studied the electrode reactions of Fe(CN)i-’4- and 
Foc+/Foc systems in water and DMSO, respectively. They found that the rate of 
charge transfer in these systems decreases with an increase in the viscosity of the me- 
dium, which was changed by addition of sugar. 

The Debye relaxation time is dependent on viscosity, 

and tD is related to zL by Eq. (37), where rS is the radius of the spherical particle. 
The finding of Bard and associates points also to the influence of solvent dynamics 
on the electrode kinetics. 

Reactions of Organic Compounds 

Cathodic or anodic reactions of the type described by Eqs. (47) and (48) will be dis- 
cussed. 

Opallo and Kapturkiewicz [ 1491 studied the one-electron oxidation of pheno- 
thiazine to the radical cation. They explained the experimental kinetic data in terms 
of dynamic properties of the solvents. A linear relationship between k, and zL1  of 
the solvents has been found in aprotic and also in hydrogen-bonded solvents, as the 
two sets of data shown in Fig. 6 demonstrate. The rate constant in hydrogen-bonded 
alcohols used as solvents was above one order of magnitude higher, as seen in Fig. 6.  

- 0.5 

- 1.0 

- 1.5 

DMSO 
@DMF 

BuOH-1 pc 
PrOH-2 0’ 

THF/ 
J / 

Fig. 6. Dependence of the logarithm of the stan- 
dard rate constant of phenothiazine oxidation on 
a Pt electrode on the logarithm of the solvent’s 
longitudinal relaxation time. NE, nitroethane; 
TMS, sulfolane. For other abbreviations see Ta- 
ble 1 .  
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The electrooxidation of 1,6diaminobenzene [2] exhibits the linear dependence of 
k, on t L1 .  In this case also, the reaction in alcohols was faster than in solvents with- 
out hydrogen bonding. The one-electron electroreduction of 2,4,6-trimethylnitro- 
benzene to the corresponding radical anion was studied in five organic solvents [ 1501: 
k, was found to depend on the cation of the supporting electrolyte and on the sol- 
vent. It was shown that the rate constants corrected both for the double-layer effects 
and ion-pair formation exhibit the dependence on t i1 predicted by Eq. (39). 

Fawcett and Jaworski [I 181 have studied the electroreduction of p-dicyanoben- 
zene and anthracene in five nonaqueous solvents using 0.1 M tetrabutylammonium 
perchlorate as background electrolyte. The authors tried to explain the rate constants 
corrected for the double-layer influence in terms of the Marcus theory, since in 1983 
the importance of solvent dynamics on the rate of charge transfer was not clearly 
understood. No correlation was found between log k, and the y parameter, pointing 
to a more complex behavior of these systems. 

Russell and Jaenicke [ 1 151 investigated the electroreduction of p-benzoquinone 
to the radical, in several solvents. They tried to explain their kinetic results, after cor- 
rection for the double-layer influence, by the Marcus theory. Only in some of the ap- 
plied solvents was an agreement with that theory observed. Earlier, Sharp 11791 had 
studied several quinonoidic compounds at Pt and Au electrodes. Measurements were 
carried out in AN, DMF, DMSO and PC. Discrepancies between experimental data 
and the Marcus and Levich-Dogonadze theory were discussed qualitatively in terms 
of reactant and solvent structures. 

Phelps et al. [I801 have studied the influence of seven solvents on the rate con- 
stants for three sesquibicyclic hydrazine-radical cation redox systems. The authors 
have found that the electrode kinetics of these systems depends on the overdamped 
solvent dynamics, though the activation barrier due to reactant vibrational rear- 
rangements is substantial. 

Fernandez and Zon [ 1811, when studying the heterogeneous electron exchange 
between N,N,N',N'-tetramethyl-p-phenylendiamine and its mono-cation radical in 
12 aprotic and hydrogen-bonded solvents, using a platinum electrode, have found 
that Eq. (40) is approximately fulfilled with a = 0.53. 

One should also mention the work on electroreduction of t-nitrobutane in AN, 
DMF, DMSO and pyridine by Corrigan and Evans [182]. The results obtained were 
not in agreement with the dielectric continuum theory. They explained their results 
by ion-pairing between the anion radical product and cations of the background 
electrolyte. 

Finally we cite the work of Grzeszczuk and Smith [117, 1831 on the influence of 
solvents on the rate of electroreduction of several diphenyls in a limited number of 
solvents. In this case, disagreement of the kinetic data with the Marcus theory, but 
concordance with the dynamic model of the solvents, were observed. 

Some of the data presented above on the influence of the solvent on the electrode 
kinetic behavior or organic compounds were analyzed by Fawcett and Foss [4, 169, 
1701. Although the results of these analyses were criticized [162], they may be useful 
since, in some cases, they give a systematic view on the problem. 

Table 6 gives the value of the coefficient a from Eq. (40) which was obtained [169, 
1701 from such an analysis for several organic compounds. Other types of analysis 
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Table 6 .  Analysis of kinetic data using Eq. (40) [169, 1701. 

System Longitudinal relaxation No. of Regression 
time coefficient, a solvents coefficient 

1. Phenothiazine (01 +) [I491 0.7k0.1 7 0.912 
2. 1,4-Diaminobenzene (01 +) [2] 0.6k0.1 7 0.965 
3 .  &Nitrobutane ( O / - )  [I821 0.3 k 0 . 3  4 0.853 
4. 2,4,6-Trimethylnitrobenzene (0/ -) [150] 0.3 k O . 1  5 0.992 
5 .  Tetrathiafulvalene (0/ +) 1 . O f  0.5 7 0.924 

of experimental data were also reported. A very good linear dependence between 
log k, and the acceptor number of solvents for p-dicyanobenzene was found [I 181. 
The rate was found to be slower in solvents of higher acceptor numbers. Weaver and 
coworkers [ 1841, in their studies of solvent effects on intervalence electron-transfer 
energies for biferrocene cations, analyzed deviations of the observed optical energy 
transfer energies from the corresponding dielectric continuum predictions on solvent 
acceptor numbers. Electron transfer kinetics were found to be dependent [ 1851 on 
the so-called ,,solvatochromic" shift, which is a measure of the polarizability of sol- 
vents. Earlier, this shift was related to thermodynamic and other kinetic properties 
1931. 

Jaworski et al. [I861 found that the reaction constants from the Hammett equa- 
tion, in the case of the irreversible electroreduction of substituted chloro- and 
bromo-benzenes in a number of organic solvents, are linearly dependent on the loga- 
rithms of the solvent longitudinal relaxation times. 

3.1.5 Possible Reasons for Discrepancies Between Experimental 
and Theoretical Results 

Research upon the influence of solvents on simple electron-transfer electrode reac- 
tions, carried out in recent years, has been oriented toward the elucidation of their 
mechanism and agreement with predictions of the charge-transfer theories. Before 
going into a more detailed discussion, one should mention that not all published re- 
sults may be very precise. The rates of many of the reactions examined were high or 
very high, since both inner- and outer-sphere reorganization energies were small. Fre- 
quently in their kinetic studies the authors used cyclic voltammetry, which for such 
fast reactions may not supply exact data in solutions which do not have high conduc- 
tivity when the electrodes are not very small. Total compensation of the solution re- 
sistance, even applying modern potentiostats, was not possible, especially at high 
scan rates. The application of ultramicroelectrodes by decreasing the total current 
makes the ohmic drop, and in consequence the distortion of the voltammograms, 
smaller. Wightman and coworkers [ 1871, who used ultramicroelectrodes when study- 
ing several systems, including ferrocene in acetonitrile, demonstrated that some earli- 
er kinetic results with larger electrodes gave rate constants that were too low. 
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Baranski et al. [I881 also applied ultramicroelectrodes in the study of the kinetics 
of oxidation of ferrocene in nine aprotic solvents and in three alcohols as a function 
of temperature. The data obtained in acetonitrile were concordant with those given 
by Wightman and coworkers [187]. 

The comparative and careful study of Lasia and coworkers [172] on electroreduc- 
tion of N,N-bis(salicy1idene)-ethylenediaminocobalt(I1) (Co(salen)), with the use of 
ultramicroelectrodes has also shown that earlier kinetic results on Co(sa1en) in 
DMSO [147, 1711 are too low. 

Systematic errors could furthermore change the results in such a way that they 
could simulate an influence of solvent dynamics [162]. But even assuming that all 
kinetic data are precise, there are other factors which may affect either experimental 
or theoretical results in an insufficiently described way and may thus cause discrep- 
ancies between experiment and theory. 

Double-Layer Influence on the Rate Constant 

In order to draw a good comparison between experimental and theoretical results, 
it is necessary that the kinetic data should not be influenced by the double layer. 
Therefore, the experimental data should be corrected for the double-layer influence. 
This was not always done in the literature. But even when such correction was carried 
out, it was sometimes done with insufficient precision. Particularly in the case when 
solid electrodes are used, it often happens that not only the adsorption of ions used 
as background electrolytes in various solvents but even the zero-charge potentials of 
such electrodes are not known with sufficient accuracy. Therefore, as we indicated 
earlier, the reactions of neutral or low-charge reactants have been preferred in recent 
experimental studies, since then, as follows from the simple relation for the double- 
layer correction: 

the influence of the double-layer structure on the rate constant, expressed by the po- 
tential of the outer Helmholtz plane p2, should be low. In Eq. (50) k, is the correct- 
ed (true) and kfP  the experimental rate constant, an is the Tafel slope coefficient 
and z the reactant charge number. One should remember, however, that the potential 
at the reaction site is not necessarily equal [189] to the p2 potential. 

Although Eq.(50) works well in aqueous solutions (see for instance [190]) as 
shown by the dependence of k:” on the p2 potential calculated from the concentra- 
tion of the background electrolyte, in nonaqueous solvents such a dependence has 
not always been observed. For instance, in the study of the electrooxidation of phe- 
nothiazine [149] and the cathodic reduction of COC’ [3] no influence of the con- 
centration of background electrolyte on k:” was found. 

Also, Ahlberg and Parker [191], when studying the electroreduction of ben- 
zonitrile in DMF in the presence of tetraalkylammonium salts as background elec- 
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trolytes, found that the k:P is only slightly dependent on the nature and concentra- 
tion of the background electrolyte. They found that the simple Frumkin correction 
given by Eq. (50) works for processes which occur at potentials close to zero charge. 

Gennett and Weaver [I921 have found, when studying double-layer effects on 
electrochemical kinetics in nonaqueous media, that the rate constants of metallo- 
cenes M(Cp):”, where M = Fe, Mn and Co, were virtually independent of the dou- 
ble-layer structure. However, the structurally similar anionic couple Co(Cp)g’- and 
some other metallocenes have exhibited the expected sensitivity upon changes of the 
double layer. These differences in behavior of cationic and anionic metallocenes were 
explained in terms of charge distribution between the cyclopentadienyl (Cp) ring and 
the metal. 

Mayrhofer et al. [I931 studied the electrode reaction of the BCr(I)/BCR system 
in two organic solvents; they found that the dependence of In k:p on p2 plotted ac- 
cording to Eq. (50) yields strange values of the slope. 

All these findings may point to limitations of the classical Frumkin model for 
correction of the double-layer influence on electrode kinetics in nonaqueous sol- 
vents, although it works well in aqueous solution. In the present author’s opinion 
these rather surprising results may follow from some kind of compensation effects. 
For instance, ion-pair formation in these solutions by decreasing the effective charge 
of the reactant could reduce the double-layer effect. 

In addition to this influence, the change of T L  with the background salt concen- 
tration and E ,  may slightly change AGA. The influence of the double layer on the 
zL and E ,  parameters should also be considered. 

As is well known, the change in k, by the double-layer effect is large at poten- 
tials which are either quite negative or very positive in respect to the zero-charge po- 
tential, since then the value of the 1 p2 l potential is high. However, the influence of 
the double layer at zero charge potential may also be significant, since the variation 
of the p2 potential with the electrode potential is greatest there. 

The usual procedure, i.e., to diminish the p2 potential by increasing the back- 
ground electrolyte concentration, does not always work well in nonaqueous solvents, 
because in some solvents the typical salts used as background electrolytes have a iim- 
ited solubility. 

Table 7. Potential of zero charge of the Hg/solution interface in several solvents and p2 potential 
at an electrode charge density of - 10 pC cm-’ and electrolyte concentration of 0.10 M [4]. 

Solvent Static dielectric Outer Helmholtz Potential of the zero 
permittivity, E ,  plane potential, charge vs. potential 

P2 (V) of the Foc+/Foc 
electrode (V) 

Acetone 20.7 -0.121 - 0.670 
Acetonitrile 37.5 -0.106 - 0.622 
Dimethyl sulfoxide 46.7 - 0.101 -0.717 
Formamide 110 - 0.080 - 0.729 
Propylene carbonate 64.9 -0.093 -0.601 
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Also, when increasing the salt concentration one should be certain that the ions 
of the background electrolyte are not specifically adsorbed. Table 7 gives as an illus- 
tration, following Fawcett [4], the double-layer parameters in several solvents. Differ- 
ent p2 potentials and potentials of zero charge as shown in Table 7 may change very 
significantly the experimental rate constant ktP for a particular electrode reaction in 
different solvents. 

Time of Dielectric Relaxation 

In the calculation of the rate constants for comparison with experimental results one 
uses, in addition to other parameters, the longitudinal relaxation time zL (see Eqs. 
(39) and (40)). This parameter, discussed by Friedman [194], is related to the Debye 
relaxation time by Eq. (37). 

In this equation E ,  is the dielectric permittivity measured at infrared or micro- 
wave frequencies, which is up to five times higher than cop. This dielectric permit- 
tivity has a very significant influence on the final values of zL (see Eq. (37)). 

Because of measurements of dielectric relaxation made at frequencies that were 
too low, and a long extrapolation to high frequencies, this parameter is frequently 
not determined precisely, and in the literature there are discrepancies between data 
reported for a given solvent. For instance, for DMF one may find the following E ,  
values: 2.51 [195], 3 [196], 4.5 [197] and 5.0 [198]; cop for DMF is 2.040. For other 
solvents also, the reported data of E ,  vary considerably. 

Some differences, though usually small, are observed in the zD data for a given 
solvent. Another problem is the dependence of the parameters used in the calcula- 
tion of zL on salt concentration. Such a dependence is observed not only for E ,  but 
also for zD, while E ,  is rather insensitive to salt concentration (see, for instance, 

In the correlations the data reported for pure solvents were used. Solvents of low 
dielectric permittivity which contain salt may exhibit multiple relaxations due to ion- 
pair formation [199]. The above information relates to aprotic solvents which do not 
form hydrogen bonds and have one relaxation time. 

The situation is more complex in the case of the so-called non-Debye liquids - 
the protic solvents. Due to their internal structure, these liquids exhibit a complicated 
dielectric relaxation behavior. This group of solvents comprises alcohols, formamide, 
propylene carbonate, and some other liquids. One should remember that in the In k, 
vs. In zL analysis (Sec. 3.1.3), the rate constants measured in these solvents deviated 
from the values measured in aprotic solvents. 

For the aliphatic alcohols methanol, ethanol, and propanol, three relaxation 
times were observed. Then there is the question of which relaxation process most de- 
termines v, (see. Eq. (36)). In the analysis of the rate constant dependence on the 
longitudinal relaxation time, the longest time, z1, corresponding to hydrogen bond 
rupture in clusters caused by hydrogen bond formation was used earlier. 

The problem of a proper calculation of the barrier-crossing frequency, in such 
cases, was described by Hynes [200]; t, may be used in v, calculations of a strongly 
adiabatic reactions. For weakly adiabatic reactions, the effective longitudinal relax- 

[1981). 
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ation time for a solvent with two relaxations is a function of frequency and is deter- 
mined by a high-frequency value zL,, 

where tZ corresponds to the diffusional rotation of the monomers and f, and fz are 
the fractional amplitudes related to the corresponding relaxations. 

McManis and Weaver [201] considered the consequences of non-Debye solvent 
relaxation upon the barrier-crossing dynamics of adiabatic electron-transfer process- 
es using a formulation due to Hynes [200]. 

The use of T L ,  calculated from T, according to Eq. (37), instead of 'sL, in the 
correlation of In k, with the time of relaxation led to a single linear dependence val- 
id for Debye and non-Debye solvents. Such behavior is illustrated by the plot pre- 
pared [169, 1701 for the Cocz/Coc system in 12 solvents, including methanol, etha- 
nol, propanol, and propylene carbonate, which also exhibits a non-Debye behavior 
[202]. This plot is shown in Fig. 7. 

An extended discussion of the behavior of redox system in non-Debye solvents 
has been given recently [169]. These problems were further discussed by Baranski et 
al. [ I881 in their work on the oxidation of ferrocene at a Pt microelectrode in several 
alcohols in the temperature range 190-295 K. One should remember that the struc- 
ture of such non-Debye solvents, which is related to the large-amplitude tl relax- 
ations, may be changed considerably [3] under the influence of ions, and also at the 
charged electrode surface. 

The role of dipole-dipole interactions in relaxation processes in polar solvents has 
been discussed by Fawcett [203]. 

TMU. \ PrOH 
A 

I I I 

0.1 1.0 10 

7, I P S  

Fig. 7. Plot of the logarithm of the standard rate constant for the electroreduction of Coc+ at an 
Hg electrode versus the logarithm of the solvent's longitudinal relaxation time [169, 1701. 
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Also, when considering the systems in non-Debye solvents, the y parameter (Eq. 
(41)) should be changed [I691 to 

y t =  (k-2) 
where E ,  is the limiting dielectric permittivity defining the end of the first relax- 
ation process. The use of the y' parameter in correlations based on Eq. (46) improves 
the linearity of (In k ,+a ln  T ~ )  versus y dependences [169]. 

Such behavior may be due to solvation of the reactant by monomers in non- 
Debye solvents and to the lower local dielectric permittivity with respect to the bulk 
value. 

This short discussion shows that in the case of the non-Debye solvents further 
work is necessary on both the electrode kinetics and the dielectric relaxation behav- 
ior of the solvents in the presence of various electrolytes. There are also significant 
discrepancies between the results on the relaxation dynamics of these solvents report- 
ed by various authors (see [169]). 

Influence of Solvents on the Parameters K and Kp 

K p  is given by Eq. (32), where 6r is the reaction zone thickness beyond the plane of 
closest approach, in which the reactant must be present in order to participate effec- 
tively in the electrode reaction. K p  is expected to be dependent to some extent on 
solvent dynamics. 

The K parameter, the electronic transmission coefficient, is related to the extent 
of overlap between the donor and acceptor orbitals. When this overlap is very small, 
electron tunneling frequency determines the pre-exponential factor, the reaction is 
nonadiabatic and K Q 1 .  Such overlap may be diminished if the electrode-reactant 
distance, in the course of the charge transfer, is increased due, for instance, to the 
presence of a blocking film on the electrode. On the other hand, when the overlap 
is relatively large, K is close to 1. Only when the reactant is near the electrode surface 
does significant overlap of donor and acceptor orbitals occur. 

This close distance determines also the 6r  value. Therefore, the product KO& 

may be considered as an effective reaction zone thickness [139], where K O  is the elec- 
tronic transmission coefficient at a distance of closest approach of the reactant to 
the electrode surface. For adiabatic reactions the value of K O  should approach 1. 

For nonadiabatic reactions, when one moves from the plane of closest approach 
away from the electrode, it is assumed [204] that the transmission coefficient decreas- 
es according to the equation 

K(r )  = K O  exp [ - b ( r  -roll (53) 

where ro is the distance between the electrode and the site of closest approach, and 
b is a constant estimated [205] to be in the range of 1 - 2 A - ' .  
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Using Eq. (53) it can be seen that ~ ( r )  decreases to Ko/e for (r  -To) = 6r = b.'. 
Therefore, the effective value of the reaction zone thickness will be equal to b- ' .  
Assuming for b an approximate value of 1.6 A-' one obtains 6r = 0.6 A [I, 1391. 
This result is to some extent arbitrary. 

When the distance of the reactant from the surface increases beyond r,, the elec- 
tronic coupling will decrease, leading consequently to nonadiabaticity. For such 
nonadiabatic reactions, with a small overlap of orbitals, the net pre-exponential fac- 
tor KV should not be influenced by solvent dynamics [206,207], because IC is inversely 
proportional to v,. 

Since K depends on the distance of the reaction site from the electrode, for outer- 
sphere electrode reactions where the reactant is separated from the electrode by a lay- 
er of solvent molecules [128], the adiabaticity of such reactions may also be depen- 
dent on the nature of the solvent. 

Fawcett and Foss [161, 1661, using experimental kinetic data for nonaqueous sol- 
vents, have tried to determine the parameter icKP for several heterogeneous out- 
er-sphere reactions from the corresponding plot; however, this was done under the 
assumption that K is constant. They found the values of this parameter to be much 
lower than the 0.6 A expected [I391 for adiabatic reactions as shown above, which 
was criticized by Phelps et al. [128]. 

Such data, especially when obtained from the analysis of rate constants that have 
not been corrected for the double-layer influence, should be considered with care. 
The validity of such determinations is limited by the fact that several parameters in 
the applied equation (for instance, Eq. (39)) may be influenced by the nature of the 
solvents. 

One should add here that since parameter a may change with solvent, the analysis 
based on Eq. (46) may give an averaged value of that parameter. The problem of adi- 
abatic and nonadiabatic charge-transfer reactions calls for further study. 

Estimation of AG,* 

The separation of the dynamic and energetic effects on the rate of simple electrode 
reactions may be easier if the activation energy of such reactions could be calculated 
precisely. 

However, even assuming that for some reactions the inner part (ACT) is very 
small, the calculation of the outer part of the energy of activation (AGE) is still not 
very precise. 

In Sec. 3.1.1 we have discussed the improvements on the original expression for 
AGE made by Marcus, which give more realistic values. This kind of description in 
the case of spherical reactants is carried out in the framework of the MSA approach 
and also assuming a nonspherical shape for the reactants. The theory of such charge- 
transfer reactions has been reviewed [208, 2091. 

Is appears that the description of AG; is still not satisfactory. Further work 
should simulate the shape of natural reactants with proper localization of the charge. 
It seems that ion-pair formation may also affect the AG; values. Since the stability 
constant of an ion-pair reaction for a given reactant should depend on the static 
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dielectric permittivity of the solvents used, the ion-pairing process may influence the 
rate constant by changing the Pekar factor or the longitudinal relaxation time of the 
solvents. 

3.2 Electrode Kinetics of Ion-Transfer (Deposition-Type) Reactions 

In Sec. 3.1 we discussed the effect of solvents on simple electrode reactions in which 
the reactant preserves its first coordination sphere in the course of the electrode pro- 
cess. Now we are going to consider the influence of solvents on reactions which pro- 
ceed with total breaking of bonds between the central metal ion and the ligands. 

Assuming that such a process is represented by the cathodic reaction of a solvate 
ion MS;+: 

MS;' +ne -+ M+pS (54) 

one can see the complexity of the process, where p solvent molecules are released 
from the primary solvation sphere. In addition to that process, other solvent mole- 
cules in the second and further solvation spheres may also influence the rate of such 
reactions. 

It is not possible in this case, as it was for the charge-transfer reactions, to find 
a proper model for these reactions. 

Since there exists no general theory of such reactions, only the changes of the rate 
constant can be correlated either with the solvent parameters or with thermodynamic 
parameters of the solvation of the reactants. 

In the case of some ion-transfer reactions the chemical desolvation step controls 
the rate of the overall process and the currents observed are lower than those expect- 
ed for the process limited solely by the mass transport rate. The formation of such 
less-hydrated species was attributed [210] in the case of the electroreduction of nick- 
el(I1) in water to a slow exchange of water molecules from the first solvation sphere 
of Ni(I1) under the influence of the crystal field stabilization. A similar mechanism 
was found for Ni(I1) and Co(I1) in methanol [211]. 

The dependence of the rate constant logarithm on the free energy of solvation 
was reported by Parker and coworkers [212] for lithium and by Baranski and Fawcett 
[213] for the Na+/Na(Hg) system in several solvents. 

In our earlier work [85] the literature data were analyzed under the assumption 
that the influence of solvents on the standard rate constant of the electrode reaction 
may be expressed by the Bronsted-type relation 

A G *  = AGL+a,(AGO-AGE) ( 5 5 )  

where AGL and AGE stand for the free energy of activation and free energy of re- 
action, respectively, in the reference solvent, AG * and AGO determine the same pa- 
rameters of the reaction studied in another solvent and ag is the Bromsted coeffi- 
cient. 



262 Z. Galus 

The difference (AGO - AGE) in Eq. (55) may be expressed by the difference of 
formal potentials measured versus an electrode with a solvent-independent potential. 
Then one obtains 

In this approach the cation is considered as a reaction center, with the solvent mole- 
cules in the first coordination sphere as substituents. Combination of Eq. (24) with 
Eq. (56)  suggests a linear dependence between the logarithm of the standard rate 
constant of a given system and its formal potential. 

Such a dependence is given for several M"+/M(Hg) in Fig. 8 [85]. In the litera- 
ture there are a limited number of data useful for such an analysis. 

A more extensive analysis was carried out using the dependence of AG *(log k,) 
on the free energy of transfer of a cationic reactant from the reference solvent to oth- 
er solvents using Eq. (56a) and results obtained in an identical or similar background 
electrolyte: these data are given in Table 8. 

A negative sign before aB in Eqs. (56) and (56a) means that an increase in the 
energy of activation was observed when moving from a solvent of lower Lewis basici- 
ty to more basic solvents. This is a quite logical result, which demonstrates that ions 
more strongly solvated in basic solvents exhibit slower rates in electrode reactions 
and that the activated complex should be less strongly solvated. All the systems ana- 
lyzed, and probably all those that have been studied, show such a dependence, 
though the coefficient aB varies widely, from -0.57 for potassium to practically 0 

I 
I 1 I 
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Fig. 8. Dependence of the logarithm of the standard rate 
constant in mixed solvents related to the rate in aqueous 
solution (w) on the formal potential for the following 
systems: (1) Pb(II)/Pb(Hg); (2) Zn(II)/Zn(Hg); and (3) 
Mn(II)/Mn(Hg). -E: ( V  vs. Foc+/ FOCI 
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Cation Equation (56a) Equations (57) and (58) a 
Table 8. Results of analysis of ion-transfer electrode reactions at mercury electrodes. 

4 

aB AG: r n Ref. SC r n Sa r n Ref. F 0' E 
Li + 0.44 + 38.0 0.97 5 214, 215 1.1 0.99 5 214, 216 R 

213, 214 6 g. Na+ 0.14 + 24.6 0.98 5 214 0.75 1 .o 4 
K+ 0.57 + 21.8 0.80 3 214 0.6 2 214 
Ca2 0.77 1 .o 3 - 0.05 3 217, 218 
Sr2 + 0.8 2 0 2 218 5' 
Ba2 0.12 + 42.9 0.992 3 215, 218 0.86 0.99 4 -0.01 3 215, 218, 5 219 
Zn2 + 0.10 0.89 8 221, 222, 0.38 0.99 8 216, 

Pb2+ 0.16 + 17.9 0.95 3 215, 225 0.6 2 225 
Cd2 + 0.006 

234 227 

3 
rs 9 
s 
E 

224, 232 220-224 0 

rs 
+ 24.4 0.66 3 221, 227, 0.48 0.92 4 221, 226, 

0.99 1 .o 3 0.05 0.93 4 228-230 5 
0 

Mn2 + 0.16 0.994 4 228 - 230 
Eu2+ 0.9 2 0.1 2 23 1 EL 

r is the correlation coefficient and n is the number of solvents considered in analysis. 

LA Ni2 + 0.13 0.98 4 233 
0 

0- v) 
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for cadmium, with a very poor correlation coefficient in the latter case. However, the 
cadmium reaction does not violate this rule, and a B s  0 points to a complicated 
mechanisms for the electrode reaction, as was already observed for this system by 
Randles [234] in aqueous media. 

There is practically no correlation between a g  and the nature of the cations 
studied, which is illustrated by a deep minimum of the a B  value for Na' when mov- 
ing from Li' to K + .  

The literature cited in Table 8 refers to kinetic data, but not to free energies of 
transfer. 

Since the values of AG,, obtained in various solvents for the ions under con- 
sideration sometimes differ, one can also obtain slightly different a B  values. We also 
tried [235] to analyze the kinetic data related to anodic and to cathodic processes 
separately, by considering the changes of the cathodic rate constant (k fh)  or anodic 
rate constant (kbh) at constant potential on a solvent-independent scale. Such an 
analysis is based of the following equations for cathodic (Eq. (57)) and anodic 
(Eq. (58)) reactions: 

RT(1n kh-ln k&) = (a + a) AG,, = Sc AG,, (57) 

where superscripts s and w relate to organic solvent and water, respectively, while a 
and p denote cathodic and anodic transfer coefficients, respectively, and a is defined 
by the following equation, 

R T ( l n k ~ - l n k ~ ) =  dAGt ,  (59) 

S c = d + a  a n d S a = d - p .  

literature data using the equation for cathodic reactions, 
The rate constants k,  and k b h  at some selected potentials were calculated from 

RT 

and a similar equation for anodic processes. 
The analysis has shown that the plots of In k fh  (kbh) vs. AG,, were linear. In 

agreement with Eqs. (57) and (58) a much higher slope of such plots was observed 
for the cathodic process (a+a), while for anodic reactions in some cases the ob- 
served slopes, now equal to (a -p), where very close to zero. 

The results of such an analysis are also given in Table 8. Similarly to the previous- 
ly obtained results, they too show that the less solvated intermediates are formed in 
the course of the electrode reaction. Relatively good correlation coefficients may 
suggest that the mechanisms of a given reaction in various solvents are similar. How- 
ever, in view of the complexicity of such reactions and the influence of the double- 
layer structure on their rate, this suggestion should be considered with caution. 
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The rate of these reactions may ,be significantly influenced by the double-layer 
structure. Particularly large effects were observed during electroreduction of alkali 
metal ions [214, 236, 2371 and alkaline earth metal ions [218]. In the case of these 
reactiorls not only has the concentration of the background electrolyte influenced the 
observed rate constant in different solvents, but also a significant change of the rate 
constant was observed, when the cation of the background electrolyte was changed, 
maintaining the electrolyte concentration constant. This behavior was explained 
[238] by the assumption that the rate-controlling step is located in the inner 
Helmholtz double layer. 

In addition to the correlations given in Table 8, the kinetic data were also correlat- 
ed with donor properties of the solvents. The following dependences were used: 

In ( I C ~ T ~ )  = e+f DN [41 

In k, = g - h In T~ + i DN [239] (64) 

The results obtained with the help of Eqs. (61) and (62) are given in Table 9 [85]. 
For the process of the Cd2+/Cd(Hg) system a poor correlation was found again 
when using Eq. (61). Therefore this process, and also the kinetic parameters of the 
lithium reaction were analyzed using Eq. (63) [4, 2391. For lithium it was found that 
e = -29.3 and f = -0.40 with the correlation coefficient Y = 0.97 and n = 6, while 
for cadmium e = -30 and f = -0.11, but with a worse correlation coefficient, 
Y = 0.864 (for n = 6), were reported. 

Table 9. Results of analysis according to Eqs. (61) and (62) of ion-transfer reactions at mercury 
electrodes. 

Cation Equation used in analysis Ref. 

Equation (61) Equation (62) 

a 

Li + 

Na' 
K +  
BaZ+ 
Pb2+ 
Zn2 + 

Ni2+ 
Mn2 

1.9 
0.63 
2.5 
1.2 
3.4 
2.7 
2.9 
0.01 1 

-0.019a 

b 

-0.21 
- 0.61 
-0.13 
-0.12 
-0.17 
-0.14 
-0.15 
- 0.20 
- 0.22a 

r n C d r  n 

0.97 5 2.0 -8.3 0.97 5 208, 216 
0.99 5 0.75 -2.4 0.94 5 214 
0.93 3 2.5 -4.9 0.90 3 214 
0.96 3 1.1 -4.7 0.99 3 215, 218 
0.997 3 1.2 -4.2 0.98 3 215, 222, 225 
0.90 7 1.6 -3.5 0.70 8 221, 222, 224, 232 
0.993 4 0.68 -2.5 0.72 4 233 
0.99 4 -2.0 -4.7 0.88 4 228-230 
0.96a 4a 

a The second line for Mn2+ gives analysis for double-layer corrected kinetic data. 
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Equation (63) was applied to the analysis of the dependence of the rate of cadmi- 
um, lithium and sodium deposition on the solvent parameters [4, 2391. These corre- 
lations with solvent basicity parameters show, in agreement with the preceding analy- 
sis, that all these reactions decrease in rate when the Lewis basicity of the solvent 
increases. This behavior is common for all the systems analyzed. 

Again, the reaction of the Cd2+/Cd(Hg) system, which was sometimes used as 
a model reaction in electroanalysis, exhibited a rather complicated behavior. It was 
studied extensively by Lasia and coworkers [239-2411. Their study of this reaction 
in seven solvents with different donor numbers [239] is especially interesting. 

The foregoing discussion reveals that in order to understand better the influence 
of solvents on the ion-transfer type of reactions, further progress is needed both in 
the theory of such processes and also in experimental studies of their mechanism in 
solvents with different donor properties. 

4 Electrochemical Reactions in Mixed Solvents 

Mixtures of two solvents have frequently been used as a reaction medium. Such mix- 
ed solvents have also been applied in electrochemical analysis. Very often, water was 
one of the components of such binary mixtures. One should add here that even in 
experiments carried out in single solvents, especially with a relatively low donor 
number, water that has not been carefully removed could cause changes in thermody- 
namic and kinetic parameters of the electrochemical reaction under study. 

There are two important differences, when we compare the behavior of a selected 
electrode system in (1) two single solvents S, and S2 and (2) two mixed solvents of 
different composition formed from these two solvents. In pure solvents, both the 
electrode surface and the first and further coordination spheres of the reactant are 
populated by the same molecules, while in mixed solvents there is no apriori answer 
concerning their solvation. Usually preferential solvation occurs, and the composi- 
tions of the electrode surface layer and the solvation sphere of the reactants are dif- 
ferent from the composition of the bulk phase. 

In general, three main cases may be distinguished: 
1. both the reactant and the electrode are not specifically solvated; 
2. the electrode and the reactant are preferentially solvated by the same component 

of the mixture (either S1 or S2); and 
3. the electrode and the reactant are preferentially solvated by different solvent mole- 

cules. 

Therefore, in order to explain the influence of mixed solvents on the course of 
electrochemical reactions, information about the reactant solvation and the compo- 
sition of the electrode surface layer should be available. 

Presentation of experimental data on adsorption of nonaqueous solvents from 
their binary mixtures with water is beyond the scope of this review. However, we will 
discuss ion solvation briefly, insofar as it is related to the potentials of redox systems 
and thus to the nature of their electrochemical reactions. 
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5 Electrode Potentials in Mixed Solvents 

5.1 The Electrode Potential Scale for Mixed Solvents 

In the first part of this review we have briefly presented several redox systems which 
have both Ox and Red components only weakly interacting with the solvents, while 
their free energy of transfer between various solvents was assumed to be equal to 
zero. 

From two such electrodes, Foc+/Foc and BCr+/BCr, suggested by Gritzner and 
Kuta [63] as equally good reference electrodes in nonaqueous electrochemistry, the 
Foc+/Foc electrode is preferred in the use of mixed solvents, particularly with water 
as one of the components of the mixture, since the solubility of BCr in water is very 
low (see, however, [242]). Also the behavior of the Foc+/Foc electrode in water is 
not ideal, because of poor solubility of FOC [62] in this solvent. Since the product 
of electroreduction, FOC, is to some extent accumulated on the electrode surface, cy- 
clic voltammetric curves starting with the electroreduction of ferricinium ions exhibit 
an anodic current which is greater than the diffusion-limited one. Nevertheless, the 
error which results from the FOC adsorption should not be significant, especially in 
mixtures where the water content is not very high. 

The other system, Coc+/Coc, with a structure and performance very similar to 
the Foc+/Foc electrode (though the formal potential of the former system is more 
negative, by 1.31 V), exhibits similar limitations both in aqueous and water-rich mix- 
tures. 

The assumption about equal solvation energies of a large cation and a large anion 
which form salts like Ph,AsBPh, is frequently used in practice (see, for instance, 
[30-33, 2431 and should work better in mixtures of solvents which exhibit am- 
photeric properties. 

The decrease in liquid junction potential at the boundary of two solvents by the 
use of tetraethylammonium picrate [38, 39, 44, 451 as discussed in Sec. 2.2.2, should 
be more effective for mixtures of solvents with similar dielectric permittivities, while 
it works less well when water is one of the components of the mixture. 

In conclusion, there is no fully satisfactory system for the construction of a uni- 
fied potential scale which could be used for mixed solvents of different composi- 
tions. In fact, the scales used are the same as those applied for pure solvents, but 
in the case of mixed solvents the extrathermodynamic assumption may be even less 
strictly obeyed, especially if there are even small preferential interactions of the refer- 
ence electrode components with one of the solvents of the mixture. In our work we 
used the FOC + /Foc system as a solvent-independent reference electrode. The conse- 
quent use of one reference electrode in a series of experiments with mixed solvents 
of different composition should diminish the error. 
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5.2 The Change in Reactant Solvation and the Potential 
of Redox Systems Caused by Mixed Solvent Composition 

Mixed solvents prepared from two single solvents S, and S2 are attractive, because 
the properties of such mixtures may be varied in a programmed fashion by changing 
their composition. One should remember, however, that the change in such proper- 
ties from those characteristic of S, to those typical of S2 is not always represented 
by a monotonic function since molecules of both solvents interact with one another 
and the solvation sphere of ionic reactants can be quite different from the bulk com- 
position. 

This behavior may be simply described by the equation 

derived from thermodynamic considerations [244] similar to those used in the case 
of preferential adsorption of molecules from the mixture S, + S ,  on a surface-active 
solid: x y  2) and xsJ, describe the mole fraction of solvent S,(S2) in the first coordi- 
nation sphere of ion and bulk phase, respectively. 

In the case of regular solutions, the dependence of x!$/xt on xs,/xs2 is linear 
[244] and the slope of this function depends on the extent of preferential solvation. 
However, the change of the free energy of solvation, represented by the free energy 
of transfer, when the solvent composition changes from S, to S2 is not always 
monotonic, as shown in Fig. 9. 

Various methods were used to obtain such information. For instance, chemically 
inert, differently solvated chromium(II1) species Cr(H20)6,(DMSO)i+ formed in 

& O L  0.2 0.L 0.6 0.8 

Fig. 9. Free energy of transfer of several cations 
versus the mole fraction (x,) of the organic sol- 
vent. Curve 1, Pb(I1) in H,O-DMSO [225]; curve 
2, Mn(I1) in H,O-DMF [228]; curve 3, Tl(1) in 
H,O-DMSO [225]; curve 4, Mn(I1) in H,O-AN 
12301; curve 5 ,  Zn(I1) in H,O-AC [220]. 
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mixed solvents H20 + DMSO of various compositions were isolated by King and co- 
workers [245] using ion-exchange chromatography. l t  was shown that different 
solvates with the number of DMSO moleculesp ranging from 0 to 6 in the first solva- 
tion sphere of chromium(II1) are formed, depending on the mixed solvent composi- 
tion. 

For more labile ions which exchange solvent molecules fast from the first solva- 
tion sphere, spectrometric methods (such as NMR) which monitor the change in the 
immediate neighborhood of the ion are especially useful for the study of ion solva- 
tion in mixed solvents. 

An example of NMR application, the magnetic resonance of 27Al in the study 
of the solvation of Al(II1) in mixtures of DMF with DMSO [246], is shown in 
Fig. 10. This example is spectacular, because A1 solvates of different composition ex- 
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Fig.10. "A1-NMR spectra of Al(ClO,), solutions in mixtures of DMSO and DMF in nitro- 
methane [246]. 
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hibit separate signals. Such separated signals as those observed in the NMR studies 
of the Al(II1)-DMF-DMSO system can only be observed if the average lifetime of 
solvent molecules in the first solvation sphere is sufficiently long (see [247]). 

NMR spectroscopy has been used in the study of the preferential solvation of 
ions in two-component mixtures by Frankel et al. [248]. They assumed that the mid- 
point of the chemical shift between two pure solvents, when studying the resonance 
frequency of the ion in question, points to the isosolvation point at which the inner 
solvation shell of the studied ion is equally populated by molecules of both solvents. 
If at this point the mole fraction of one of the two solvents in the bulk is low, its 
solvating properties are high, and conversely. 

However, this model is only valid [249] under the assumptions that the total 
solvation number does not change with the solvent composition, and that the ion-ion 
interactions may be neglected. If these conditions are fulfilled, the above-described 
approach gives important information on the solvating ability of various solvents in 
their binary mixtures. 

Table 10. Isosolvation points of Na(1) in binary solvent mixtures [250]. 

Solvent added Mole fraction to NMF Donor number of solvent 3 8 . 8 ~ ~  
of NMF at isosolvation point, xi added to NMF 

- 
0.74 

HMPA 
Pyridine 
Water 
Ethanol 
DMSO 
DMF 
Methanol 
FA 
THF 
Acetone 
Acetonitrile 
NM 

0.74 
0.33 
0.59 
0.40 
0.54 
0.50 
0.48 
0.50 
0.19 
0.12 
0.12 
0.02 

38.8 
33.1 
33 
31.5 
29.5 
26.6 
25.7 
24.7 
20 
17 
14 
2.7 

38.8 
17.3 
30.9 
21 .o 
28.3 
26.2 
25.2 
12.4 
9.96 
6.29 
6.29 
1.05 

Abbreviations: HMPA, hexamethylphosphoric triamide; DMSO, dimethyl sulfoxide; DMF, dime- 
thylformamide; FA, formamide; THF, tetrahydrofuran; NM, nitromethane. 

In Table 10 we give, as an illustration, such isosolvation points for sodium(1) in 
the binary mixtures of N-methylformamide (NMF) with various solvents determined 
by Popov and coworkers [250]. The last column shows the normalized values of the 
parameter which, in the ideal case, should be close to the donor numbers of the ap- 
plied solvents. By comparing pairs of values from the last two columns of Table 10, 
we can see that although these values are not identical, the trend of the change of 
the (38.8 xJ0.74) parameter for the applied solvents is similar (with the exception of 
pyridine (Py) and ethanol) to that of the donor numbers. This order of solvating 
power, found for Na(I), may differ to some extent for other cations. This study [250] 
also shows that the earlier proposed DN value of 18.1 for water is too low. 
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The possibilities of NMR techniques are also well illustrated by the use of 31P- 
NMR [251] in the study of the resolvation of Be(I1) ions (which are not very labile 
either) when the composition of the H20-HMPA mixed solvent was changed. This 
study led to the determination of consecutive stability constants of the Be(I1)-HMPA 
species. 

The above presentation shows that the detailed analysis of the dependence of 
AGtr on the mixed solvent composition and on the stability and concentration of 
various solvated reactant species may be quite complicated, especially in the case of 
labile ions. The free energy of ions is dependent not only on their interaction with 
the solvent and with other components of the mixture [252] (for instance, ions of 
background electrolyte), but also on the change in solution structure [252] and on 
the change in hydrogen bond formation [253]. 

In the literature there are studies dealing with the relationship between changes 
of the free energy of transfer and the concentration of different solvated species. For 
the transfer of a cation from a single solvent S1 to the mixture S, +S2, one has [254] 

AGtr = -RTln 1 + p, (as,/as,)i -n,RTln as, + Ace ,  (66) 1 :  J 
where pi is the stability constant of solvates, as, and as, denote the activity of both 
solvents in the mixture, n, is the solvation number of cation, and AGel the dif- 
ference between the energy of the electrostatic interaction of the solvated cation with 
the mixed solvent and with the solvent S,. 

When molecules of both solvents only weakly interact specifically, the last term 
of Eq. (66) can be neglected for isodielectric mixtures. Such a simplified equation 
was used [255] for the calculation of the AG,, of Ag(1) and Cu(1) from AN or 
DMSO to their mixtures with other solvents. A good agreement was found between 
the calculated and the experimental data. 

Cogley et al. [256] were the first to determine stability constants of the solvated 
species from the NMR chemical shift, while Covington and coworkers [249] related 
the chemical shift to AGtr. 

Potentiometric measurements have also been used in such studies. As an example 
we mention only the work of Larson and Iwamoto [257] on Cu(I1) hydration in 
nitromethane, that of Luehrs coworkers [258, 2591 on stability constants of silver(1) 
with DMF, DMSO, and HMPA, and the studies of interaction of sodium(1) with dif- 
ferent protic and aprotic solvents and acetonitrile media carried out by Izutsu and 
coworkers [260]. 

Although several other methods have been used in such solvation studies, NMR 
spectroscopy seems to be the most useful. 

The influence of the interaction in binary solvents on AGtr ions was analyzed by 
Y. Marcus [261], who assumed a quasi-lattice model for the electrolyte in such solu- 
tions. Free energies of transfer of various ions were collected and discussed [75,76]. 
Ion solvation including mixed solvent media has been reviewed by several authors 

In the case of the study of electrode reactions in several single solvents, it was 
useful to have a simple dependence between the measured Eof (I!?:,~) potentials and 

[45, 76, 262-2651. 
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the donor or acceptor properties of pure solvents (Sec. 2.3). There have also been at- 
tempts to obtain similar solvent parameters for mixed solvents. 

The change in the Lewis acidity parameter, ET with the mixed solvent composi- 
tion is either monotonic or exhibits a maximum with an ET value higher than those 
found for the pure solvents [266]. 

The Kamlet-Taft [84] parameter of the Lewis basicity PKT (see Sec. 2.3) was also 
determined for 14 mixtures of solvents with methanol [267] and 12 mixtures of or- 
ganic solvents with water [268]. The change of /3KT with the mixed solvent composi- 
tion is determined by changes occurring in the structure of methanol and water after 
addition of the second solvent. However, the use of these parameters for a systematic 
analysis of electrochemical potentials is rather limited. 

As an example we mention the dependence of the free energy of transfer of man- 
ganese(I1) ions from water to water- acetonitrile mixtures on the parameter PKT 
[85]. It is a complicated nonlinear dependence, which suggests that the interaction 
of p-nitroaniline (used in determination of PKT) and manganese(I1) with aqueous 
solutions of acetonitrile is totally different. One may expect that complicated 
dependences of A c t ,  or Eof (EY/2) potentials on parameters of the Lewis basicity or 
acidity of mixed solvents will be observed for other ions also. Such relationships 
of the solvation abilities of water- organic solvent mixtures in respect to different 
cations are determined by several factors: 

1. the Lewis basicity of the organic solvent; 
2. structural changes which occur when water or another structured solvent with 

3. the dual role of organic molecules which are donors in the interaction with metal 

Since in many cases these influences may act in opposite directions, the changes of 
formal potentials, Eof, with the solvent composition cannot be described by simple 
correlations. 

Nonetheless, knowledge of the donor number of the solvents which form the bi- 
nary mixture is useful in the qualitative prediction of the change of the formal poten- 
tial of the system being studied. As we have shown in Sec. 2.3, Eof (ErI2) expressed 
versus the potential of the solvent-independent electrode always moves to more nega- 
tive values when a single, less basic, solvent is substituted by a solvent characterized 
by a higher DN. Therefore, when the mole fraction of this second, more basic, sol- 
vent increases in the binary mixture, the potential should change toward more nega- 
tive values. However, this change in the intermediate composition range may some- 
times be more complicated, as exemplified in Fig. 9. 

The use of chemical probes for the characterization of solvent mixtures with 
water as one of the components and completely nonaqueous mixtures was recently 
analysed and discussed by Y. Marcus [269]. 

hydrogen bonds is mixed with the organic component; and 

ions and acceptors of the hydrogen bond. 
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6 The Kinetics of Electrode Reactions 
in Mixed Solvents 

The presentation of the influence of binary mixed solvents on the rate of electrode 
reactions will be limited to inorganic ions solvated by both solvents, with water as 
one of the components. 

This presentation deals with ion-transfer and electron-transfer types of reactions. 
The electrode reactions in mixtures of water with solvents of lower Lewis basicity will 
be discussed first, followed by the presentation of such reactions in mixtures of water 
with solvents of higher donor properties. 

This organization of the experimental studies is based on the observations that, 
as a rule, the organic component of the mixed solvent is preferentially adsorbed on 
the electrode and the electrode surface may be largely covered by adsorbed organic 
molecules, even at relatively small concentrations of the organic solvent in the bulk. 
Therefore, the electrode behavior of the reactants studied depends also on the extent 
of their solvation with organic molecules. 

If the donor number of the organic component is lower than that of water, then 
the electrode surface layer will be preferentially populated by molecules of the organ- 
ic solvent while the reactant remains hydrated (the heterosolvation case). Its resolva- 
tion may usually occur in organic-rich mixtures of solvents. On the other hand, when 
the donor number of the organic solvent is higher than that of water, the reactant 
may exchange its water molecules for molecules of the second solvent, even at low 
concentrations of the organic component in the mixture. Since there should again 
be preferential adsorption or organic molecules on the electrode surface, if the elec- 
trode potential is not too negative or positive, one has the homosolvation case - 
the electrode surface layer and the inner sphere of reactant are populated by the or- 
ganic solvent. In consequence the electrode behavior, as a function of solvent com- 
position, should differ for these two cases of hetero- and homo-solvation. 

6.1 Experimental Studies of Ion-Transfer Reactions 

Jaenicke and Schweitzer [224], who studied the kinetics of the electrode reaction of 
the Zn(II)/Zn(Hg) system in mixtures of water with dioxane, ethanol, acetonitrile, 
tetrahydrofuran, and acetone, initiated and gave impetus to the practical study of 
electrode kinetics in mixed solvents. Their kinetic results are given in Fig. 11, where 
one may observe a decrease in the exchange current when the concentration of organ- 
ic component increases in the mixture. This decrease is not large in the case of diox- 
ane, but it amounts to 2.5 orders of magnitude when acetone is added to water. 

The authors 12241 explained these kinetic changes qualitatively by considering the 
energy of activation at different mole fractions of the organic component in the mix- 
ture. The minimum on the rate constant (exchange current) - mixed solvent com- 
position dependence occurs at the largest difference in composition between the sur- 
face layer and the first solvation sphere of zinc(I1). 
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Fig.11. Dependence of the exchange current of the 
Zn(II)/Zn(Hg) system on the mole fraction (x,) of organic 
solvents in their mixtures with water. Curve 1, water-diox- 
ane; curve 2, water-ethanol; curve 3, water-acetonitrile; 
curve 4, water-tetrahydrofuran; curve 5 ,  water-acetone. 

Miles and Gerischer [270] have also studied the electrode reaction of the 
Zn(II)/Zn(Hg) system but in water-propanol mixtures. After passing a minimum, 
the increase in exchange current corrected for the double layer effect in propanol-rich 
mixtures was explained by desolvation of solvated Zn(I1) ions being easier than their 
dehydration in water-rich mixtures. 

Lipkowski and Galus [271, 2721 have investigated the electrode reactions of 
HPbO;, Mn(II), and Cd(I1) in mixtures of water with propanol and t-butanol. In 
these cases also, minima in the rate constant-solvent composition dependence were 
observed. 

Parsons and coworkers [227] have studied the Cd(II)/Cd(Hg) electrode reaction 
in the water-acetonitrile system and in mixtures of organic solvents. 

In addition to the above-listed systems, a minimum of the rate constant was ob- 
served for the Zn(II)/Zn(Hg) systems in water-methanol [232] and for the 
Mn(II)/Mn(Hg) systems in water-acetonitrile mixtures [230]. Electroreduction of 
Tl(I), Zn(I1) and maleic acid was also studied in water-acetone [273] and water-etha- 
no1 [274] mixtures. 

The investigations carried out on the rate of ion-transfer electrode reactions in 
mixtures of water with solvents with a higher donor number than water, such as 
HMPA, DMF, or DMSO, revealed that the rate constant was decreased when the 
concentration of the organic solvent in the mixture increased [221- 223, 225, 226, 
228, 229, 231, 233, 2751, but no minimum was found. The shape of this decrease de- 
pends on the mixed solvent and to some extent also on the nature of the reaction 
under study. 
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Fig. 12. Dependence of the logarithm of the standard 
rate constant on mixed solvent composition. 
Curve 1, Pb(II)/Pb(Hg) in H20-DMSO [225] 
Curve 2, Zn(II)/Zn(Hg) in H,O-DMSO [221] 
Curve 3, Mn(II)/Mn(Hg) in H20-DMF [228] 
Curve 4, Zn(II)/Zn(Hg) in H20-HMPA [222] 

20 40 60 80 
V O l .  Y o  s 

Examples of such behavior are shown in Fig. 12 and the systems studied are listed 

Sometimes, even a small maximum was observed in water-rich mixtures [221, 
in Table 11 (p. 276). 

2231. 

6.2 Electron-Transfer Reactions in Mixed Solvents 

The inorganic systems studied are limited in practice to solvated Eu(III)/Eu(II) and 
V(III)/V(II) couples. In mixtures of water with less basic solvents, both the europi- 
um [276-2781 and the vanadium couples [272,279-2811 exhibited a minimum simi- 
lar to that observed for ion-transfer systems. 

A minimum was also observed [282] for complexes of Cr(III/II) with 
trans- 1,2-cyclohexanediaminotetraacetate in mixtures of water with alcohols. The 
work of Parsons and Bockris [283] on the hydrogen evolution reaction in wa- 
ter-methanol mixtures should also be mentioned. 

In the case when mixtures of water with more basic solvents were used, a mono- 
tonic increase of the rate constant was observed for the Eu(III)/Eu(II) system in 
DMF [276] and DMSO [278] and V(III)/V(II) in DMF [284] and DMPU 
(1,3-dimethyl-3,4,5,6-tetrahydro-2/ 1H-pyrimidinone) [285], as opposed to the behav- 
ior of the ion-transfer systems. However, in H,O-HMPA mixtures both the 
Eu(III)/Eu(II) [286] and the V(III)/V(II) [285] systems exhibited a minimum. In the 
case of the Cu(II)/Cu(I) system in H20-DMSO mixtures at Pt  electrodes [287], only 
a small decrease of the rate constant was observed. 
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Table 11. The ion-transfer reactions studied in binary solvent mixtures. 

Electrode system Solvent system Ref. 

Cd2+/Cd(Hg) H20-HMPA 
H20-PrOH 
H2O-t-BuOH 
H2O-AN 
H 0 - D M S 0 

Eu2+/Eu(Hg) H 2 0 - D M F 
Mn2+/Mn(Hg) H2O-DMF 

H2O-DMSO 
H2O-AN 

Ni*+/Ni(Hg) H2O-DMF 
H2O-DM'SO 
H20-MeOH 

Pb2+/Pb(Hg) H2O-HMPA 
H2O-DMSO 
H 0 - P r 0 H 
HZO-t-BuOH 

Zn2 + /Zn(Hg) H2O-DMSO 
H20-MeOH 
H20-DMF 
H2O-HMPA 
H2O-AC 
H2O-THF 
H,O-dioxane 

H20-PrOH 
H2O-EtOH 

~~~~ 

226 
271, 272 
27 1, 272 
221 
221 
23 1 

228 
229 
230 
275 
233 
21 1 
222 
225 
211, 212 
21 1, 272 
22 1 
232 
223 
222 
220, 224, 213 
224 
224 
214 
210 

6.3 The Influence of Surface Layer Composition 
on the Reaction Rate 

Early experiments carried out on the electrode kinetics in mixed solvents already 
showed the important role played by adsorption of the organic component on 
the electrode. In order to demonstrate this role more clearly we studied the 
Mn(II)/Mn(Hg) system [271], which has a quite negative standard potential. Voltam- 
metric cathodic curves of Mn(I1) electroreduction in the presence of n-propanol, 
isopropanol and t-butanol were observed at such negative potentials that the mole- 
cules of alcohols were almost desorbed from the electrode surface. On the other 
hand, the manganese amalgam was oxidized in the potential range -0.4 to -0.6 V 
(depending on the alcohol concentration), while the electrode was covered by ad- 
sorbed alcohol, as illustrated in Fig. 13 by the differential capacity curves for the wa- 
ter-t-butanol system. In order to move the potential of the cathodic reaction to even 
more negative values and to desorb the alcohol molecules totally, the experiments 
were carried out in an ammonia buffer. 
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Fig. 13 Fig. 14 

Fig. 13. The differential capacity (C,) of a mercury electrode in solutions of 0.4 M NH,CI and 
0.8 M NH, in pure water (-), 8.1 070 t-butanol (---) and 43.5% t-butanol (. . .) versus potential (see 
text). 

Fig. 14. The logarithm of the ratio of the standard rate constants of the Mn(II)/Mn(Hg) system 
in mixtures of water with n-propanol (A,A), isopropanol (m,0) and t-butanol(0, 0). Black and 
open symbols refer to anodic and cathodic processes respectively. 

The main results obtained are given in Fig. 14. One sees that the relative rate con- 
stants calculated at the formal potentials separately from cathodic and anodic cur- 
rent-potential dependences are different. While the rate constants calculated from 
cathodic curves are virtually independent of alcohol concentration, the constants 
calculated from anodic dependences exhibit a deep minimum when the concentra- 
tion of alcohols in the solution is increased. 

The formal potential was measured with the use of the saturated manganese 
amalgam electrode in a mixture containing M Mn(I1). This was also used for 
the rate constant calculations. 

The main cause of the decrease of the anodic rate constant, observed when the 
second solvent is added to water, consists in the preferential adsorption of the organ- 
ic solvent molecules (which play the role of an inhibitor) on the electrode surface. 
When there is no such adsorption (at very negative potentials) the cathodic reaction 
of manganese(I1) is independent of the mixed solvent composition. 

Additional experiments related to the influence of the composition of the surface 
layer in mixed solvents on electrode kinetics were carried out [281] with the 
V(III)/V(II) system. The electrode kinetics of this system in water-t-butanol mixtures 
were studied in parallel with the kinetics of the homogeneous electron exchange 
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V3+ +e-  wV2+. These studies revealed that in this case also a large decrease of the 
heterogeneous rate constant was observed at low concentrations of t-butanol in the 
solution, which corresponded to the rising part of the adsorption isotherm of this 
compound on the mercury electrode. However, no change was observed in the homo- 
geneous rate constant in this concentration range of t-butanol. All these experiments 
show that a significant drop of the rate constant occurs due to preferential adsorp- 
tion of the organic component on the electrode surface. 

A parallel change of the rate constants of homogeneous and heterogeneous pro- 
cesses in solutions containing more than 10 mol% of t-butanol may indicate that the 
image forces in the electrode kinetics are negligible. 

The decrease of the rate constant under the influence of organic solvent was de- 
scribed by the equation [228] 

where k,  and ksol stand for the rate constant in water and organic solvent, respec- 
tively, and 8 is the electrode surface coverage. However, it appeared later when study- 
ing the Pb(II)/Pb(Hg), Zn(II)/Zn(Hg) [222], and Cd(II)/Cd(Hg) systems [226] in 
mixtures of water with HMPA that the equation 

describes better the observed experimental data. Exponents a and b are positive num- 
bers of the order of 1 to 4. 

Equation (68) is similar to that derived by Parsons [288, 2891 for inhibition of 
electrode reactions 

ko = is the rate constant in the absence of inhibitor, and r* is the number of water 
molecules (associates) removed from the surface in order to make place for one mole- 
cule of the activated complex. If one assumes that k, s ksol and the interaction of 
the activated complex with the inhibitor, represented by coefficient A, may be 
neglected one then obtains 

In Eq. (68a) the exponent a should be understood either 

1. the number of water molecules from the surface which interact with the reactant 

2. the number of water molecules which should be removed to make place on the 
which penetrates the surface phase, or 

electrode for the reactant. 
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It is not easy to choose one of these two mechanisms on the basis of experimental 
data. 

Irrespectively of how it is understood, parameter a for a given reactant should 
not be influenced by the nature of the solvent, provided that in the concentration 
range studied no interaction of the activated complex with the adsorbed molecules 
of the organic solvent occurs. However, there should be a dependence of a on the 
size of the reactant. 

Equations (68a) and (69a) are not only formally similar. In the case of 
heterosolvation, when an organic solvent is added to water in small quantities, it is 
adsorbed on the electrode but does not change the solvation sphere of a reactant. 
Such a solvent behaves like an inhibitor. In fact, under such conditions k,  = ko=o 
and a = r * .  

Table 12. Typical u values from Eq. (68) for several reac- 
tants and solvent systems. 

Electrode reaction Solvent system 

Zn(II)/Zn(Hg) H2O-HMPA 
H20-acetone 

Cd(II)/Cd(Hg) H,O-HMPA 
Mn(II)/Mn(Hg) H2O-DMF 

H2O-DMSO 
Eu(III)/Eu(II) H20-acetone 

H,O-acetonitrile 

U 

2.5 
2 
3.7 
1.2 
1.5 
2 
1.9 

In Table 12 we give the values of a for several reactions. Inspection of those values 
reveals that they are similar for different solvents (see Zn and Mn in Table 12). They 
are also similar to the r* values found [290, 2911 for several electrode reactions in 
the presence of inhibitors analyzed by means of Eq. (69) or (69a). 

Therefore, it may be concluded that for many systems, at low concentrations of 
the organic solvent added to water, this solvent behaves like an inhibitor. One should 
mention that the determination of b is usually not precise. 

6.4 The Increase of the Rate Constant with 
Organic Solvent Concentration 

In general, an increase of the rate constant for ion-transfer reactions should be ob- 
served in mixtures rich in organic solvent, when the organic component has a lower 
DN than water. 

This supposition is based on the discussion presented in Sec. 3.2, where it was 
shown that in pure solvents the rate constant of ion-transfer reactions should in- 
crease in solvents of lower donor numbers. 
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In cases such as those discussed in Sec. 6.1 a minimum is observed in the depen- 
dence of k, upon the mixed solvent composition. The results given in Fig. 15 show 
that the position and depth of such a minimum depend on the surface coverage by 
molecules of the organic solvent on the one hand, and on the change in the free ener- 
gy of transfer with solvent composition on the other hand. In this case the increase 
of the rate constant begins at practically full coverage of the electrode surface by 
acetonitrile. Since this important factor is not changed when a change of the rate 
constant occurs, the changes of kinetics should result from the resolvation of a reac- 
tant. In fact, the rise of the rate constant is accompanied by a simultaneous increase 
of AG,, from 0 to a value characteristic of pure acetonitrile solutions. 

The dependence of the increase of k, on the resolvation process was studied by 
Gorski and the present author [285]. As a model, the V(III)/V(II) system was used. 
In this system one could follow in a more direct way the resolvation of vanadium 
ions in several mixed solvents by using spectrophotometry. The results obtained 
are given in Fig. 16, the upper panel of which shows the change in the rate constant 
with log (1 - 0) for the vanadium reaction in mixtures of water with DMF, DMPU, 
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Fig. 15. The dependence of the logarithm of the standard rate constant of the Eu(III)/Eu(II) system 
on acetonitrile concentration in its mixtures with water. The upper panel shows the surface coverage 
and the change in the free energy of transfer for the system studied. AAG,, = AGtr,Eu(III) 

Fig. 16. Variation of the standard rate constant of the V(III)/V(II) system (upper panel) and the 
absorption spectra of V(II1) (lower panel) with mixed solvent composition in terms the surface cov- 
erage of the electrode by the organic component. Solvent system: curve 1, H,O-DMF; curve 2, 
H,O-DMPU; curve 3, H,O-HMPA; curve 4, H,O-AN. 

- AGtr,Eu(IIY 
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AN and HMPA. The lower panel shows the difference AVV(III) as a function of 
log (1 - 0). AVV(I~I) = vv(III)(H,O) - + S) gives the difference between the 
position of the absorption band maximum in water at 16900 cm-’ and in mixtures 
of water with the same four solvents. The increase of AvV(III) from 0 points to the 
beginning of substitution of water molecules in the first coordination sphere of vana- 
dium ions by molecules of the added solvent. 

Comparison of both parts of Fig. 16 shows that as long as V(II1) ions are hydrat- 
ed (AVV(III) = 0), the rate constant decreases with the decrease of the free surface of 
the electrode (1 - 0). In these water-rich mixtures the change of the electrode kinetics 
is very well described by a simplified form of Eq. (69) (with A = 0), with the 
log k /k ,  versus log (1 - 0) dependence having an identical slope for the three dif- 
ferent mixtures. 

The change from inhibition to acceleration of the rate of electrode reaction oc- 
curs exactly at the mixed solvent composition at which the process of reactant 
resolvation begins in the bulk of the solution. It appears that even partial resolvation 
of vanadium(II1) ions (AvV,,II) > 0) initiates the increase of the rate of reaction in 
the surface phase, when the concentration of the organic solvent is considerably 
higher there than in the bulk. Such behavior is observed in mixtures of water with 
solvents of Lewis basicity lower (AN) and also higher (HMPA) than water. 

In the case when resolvation already occurs at a very low concentration of the 
added second solvent, in which the reaction being studied is faster than in water, an 
increase of the rate constant is observed instead of a minimum (H,O-DMF mixtures 
in Fig. 16). The composition of the mixed solvent at which the change from inhibi- 
tion to acceleration is observed does not follow the order of Lewis basicity of the 
solvents involved, but is a function of the affinity of the added solvent for the elec- 
trode surface and for the reactant. 

Although in the experiments presented in Fig. 16, HMPA has the largest donor 
number of all solvents used, its adsorption on the electrode surface already occurs 
at concentrations that are not sufficient for resolvation of vanadium ions. Therefore, 
in this case in the intermediate concentration range of the mixture an inhibition of 
the electrode reaction is observed. 

6.5 The Models of Electrode Reactions in Mixed Solvents 

A quantitative model of electrode reactions in mixed solvents was proposed by Behr 
and coworkers in 1975 [220, 2921. It is based on the assumption that the electrode 
reaction occurs in two steps: 
1. The transfer of reactant from the bulk to the electrode surface and penetration 

of the surface phase. The partition of the reactant between the surface and bulk 
phases is in equilibrium. 

2. A slow charge transfer process which is the rate-determining step. 
It was first assumed that the energy of activation changes linearly from the value 
found in solvent S1 to that found in S2. Later [276], a nonlinear change of the ener- 
gy of activation with the solvent composition was also considered. 
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In this model the change of the rate of the electrode reaction, following the 
change of the ratio of concentrations of the two solvents in the mixture, is due to 
the alteration of the reactant concentration in the surface phase, cs. 

This concentration is 

where p stands for the chemical potential of the reactant. Superscripts s and b refer 
to surface and bulk phases, respectively. 

Equation (70) may be written in an equivalent form as 

c s =  cbexp - A G t r  = C b p  

where P is the partition coefficient of the reactant between the surface and bulk 
phases, related to the free energy of transfer AGtr of the reactant between these 
phases. In the model it was in fact assumed that the surface layer is slightly thicker 
than the monolayer, as a result of which the reactant located in this layer is not ex- 
posed to interactions with the second layer of mixed solvent molecules, whose com- 
position should be similar to that of the bulk phase. 

AGtr, and in consequence P, may be calculated from the Born equation, using 
information about the composition of the surface layer supplied by the adsorption 
studies. The following equation may be used in such calculations 

where cs(xs) and &,(xb) denote dielectric permittivity for the solvent having the 
composition of the surface and bulk phases, respectively. 

In Fig. 17 we show [292] a partition of Zn2+ between the surface and bulk phase 
in binary mixtures of H20 with methanol (curve 1) and H20 with acetone (curve 2). 
Both curves exhibit a deeper minimum for acetone which is more strongly adsorbed 
on the surface of a mercury electrode than methanol and whose dielectric permittivi- 
ty is more different from that of water. 

For both pure solvents P = 1, since there is no difference between the composi- 
tion of the surface phase and bulk phase. 

A total change of the rate constant in this model is dependent on the change in 
the P coefficient and the energy of activation. Assuming that the energy of activa- 
tion is due to partial desolvation of the ionic reactant and that the reaction site is 
in the surface layer, then, at least for certain reactions, one may expect that the ener- 
gy of activation will change monotonically from the value characteristic of the reac- 
tion carried out in one pure solvent to that typical of the reaction proceeding in the 
second pure solvent. 
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Fig. 17. The variation of the partition coefficient 
P of Zn2+ between the surface phase and the 
bulk solution; curve (1) H,O-MeOH and curve 
(2) HZO-AC [292]. 

Therefore, the dependence of the rate constant on solvent composition results 
from superposition of the monotonic change in the energy of activation and the 
change in P. 

Such an approach could explain, though in a semiquantitative way, the behavior 
of the systems studied earlier, when a minimum was observed on the ktP versus sol- 
vent composition dependence. Analysis of the change in the rate of reaction, ex- 
pressed as a product of the electrode reaction rate constant and the reactant concen- 
tration in the surface phase, 2, in mixtures of water with acetone reveals a deep 
minimum, which corresponds to the greatest difference in composition of the surface 
and bulk phases. 

However, the model proposed by Behr and coworkers [220, 2921 cannot explain 
the change in the rate of electrode reactions occurring in binary mixtures of water 
with solvents more basic than water. Instead of a decrease of the rate with an increase 
of the organic component, an increase of the rate is expected for ion-transfer reac- 
tions. Experimentally such a maximum has never been observed [293]. One should 
also add that basic properties of solvent molecules adsorbed on the electrode surface 
may be quite different from those of bulk molecules. 

In order to describe the changes in the rate constant with the composition of such 
mixtures, we have proposed [228] another model, which takes into account only the 
change of coverage of the electrode surface by organic molecules. 

Equation (67), which describes the change in the experimental rate constant k 
[228] in this model, is formally very similar to the equation which was used earlier 
to describe the inhibition [294, 2951 of electrode reactions. Such an equation was 
used by Kisova [296]. Later it was found that Eq. (68) better describes the rate con- 
stant-solvent composition dependence. However, it fails to describe this dependence 
at high concentrations of an organic solvent which has a donor number lower than 
that of water. In general, it fails when the rate constant-solvent composition 
dependence exhibits a minimum. 
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To overcome these difficulties we have proposed [297] a model of the reaction 
based on resolvation of the reactant in the surface phase. The direct electrode reac- 
tion occurs with this type of resolvated complex. 

The resolvation reaction is 

where My;) and MY& denote solvated forms of reactant in the bulk and in the sur- 
face phases, respectively. S, and S2 stand for molecules of water and organic sol- 
vent, respectively, and a, b, p and q are stoichiometric coefficients of the surface re- 
action. Assuming that the equilibrium constant, Ki, of reaction (72) may be de- 
scribed by the Frumkin-type isotherm, the rate constant of the electrode reaction at 
a given solvent composition may be described [297]. This rate constant is dependent 
on Ki and on the rate constant of differently solvated ions. 

The resulting equation is too complex, because it contains parameters which can- 
not be easily obtained by experiment. However, using several approximations one 
may obtain [297] simplified versions of this equation. 

For mixtures of water with a less basic solvent, assuming that one solvated form 
predominates in the mixtures, we arrive at the expression 

where k$ denotes the product of the rate constant corresponding to the minimum 
of the rate constant-solvent composition dependence kmin and the water activity in 
such mixture. 

Another simplified form, also valid for mixtures of water with less basic solvents, 
is [297]: 

where Q is the coefficient which expresses a difference in interaction of the surface 
complex with surface molecules of water and organic solvent. 

Both Eqs. (73) and (74) predict a decrease of k, with an increase in the organic 
component in the mixture with water. These equations were used for the analysis of 
electrode reactions of the Zn(II)/Zn(Hg) and Eu(III)/Eu(II) systems in wa- 
ter-acetone mixtures. The best fit for both ractants was found for a = 2 and Q = 0. 

This result may indicate that the ionic depolarizer reacts with two molecules 
(trimers) of water from the surface phase. This conclusion may not be strictly valid 
since the shape of the k versus mixed solvent composition dependence, calculated for 
the Eu(III)/Eu(II) system by means of Eq. (73), is only very slightly dependent on 
the b, p and q parameters. 

One should emphasize again that these simple equations do not describe the 
change of the rate constant in the whole concentration range, because it was assumed 
in their derivation that the reactant exists only in one hydrated form. If one assumes 
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[277] that a second form also exists in the solution, with a fraction of water mole- 
cules in the first coordination sphere substituted by the organic solvent, then one ob- 
tains an equation similar to Eq. (73) but with an additional term. 

The description of electrode processes in mixtures of water with more basic sol- 
vents seems to be even more complicated than in the previous case. Now the organic 
solvent resolvates the cationic reactant more easily and may cover the electrode sur- 
face extensively even at low concentration in the solution. 

Another method of analyzing experimental data has been proposed [298]. It is 
based on Eqs. (57) and (58) with parameters Y,  and Ybh, which for the mixed 
solvents take the form 

~ = R T ( l n k ~ - l n k ~ ) = 6 6 , A G , ,  (75) 

Superscripts m and w relate to mixed solvent and water, respectively, and the rate 
constants k,  (kbh) are calculated at constant potential, on the solvent-independent 
scale. Such formal adoption of Eqs. (57) and (58) gives equations which can be valid 
only when there is no difference between the composition of the bulk and the surface 
phases, as in pure solvents where the validity of Eqs. (57) and (58) was proved. 

The application of Eq. (75) to the analysis of the Zn(II)/Zn(Hg) electrode reac- 
tion in several mixed solvents, shown in Fig. 18, illustrates a good way of determining 
the mixed solvent composition range, where the organic solvent acts as an inhibitor 
of the electrode reaction (see Eq. (68)). 

In H20-HMPA and H20-AC mixtures at AGE = 0 a significant decrease of the 
rate constant is observed (Y ,  assumes negative values). This behavior corresponds 
to the process of inhibition and covers a significant solvent composition range for 
the H20-AC system. One should note that inhibition is observed after adding a sol- 
vent less basic than water (acetone) to water, and also after adding HMPA, which 

Fig. 18. Dependence of Y ,  on AGtr for electroreduction of Zn(I1) in mixed solvents; curve 2 (o), 
H20-AC; curve 3 (O) ,  H20-HMPA; curve 4 (8). H,O-DMF; curve 5 ( O ) ,  H,O-DMSO. Curve 1 
(---) gives the dependence in pure solvents. 
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exhibits a significantly higher Lewis basicity than water. As soon as the interaction 
of the reactant with the second solvent begins (AG,,>O) there is a change of the 
rate of the Zn(II)/Zn(Hg) reactions. A significant increase of the rate in mixtures 
of H20 + AC (curve 2 in Fig. 18) and a rather small decrease in H20 + HMPA mix- 
tures (curve 3) is observed. This difference results from the fact that the free energy 
of transfer of Zn(I1) to AC and HMPA has a different sign in the two cases, and 
in agreement with Eq. (57) the rate constant in pure AC should be larger than in pure 
HMPA. When the concentration of the nonaqueous solvent in either mixtures in- 
creases the rate constant should approach line 1,  which gives the expected depen- 
dence for single solvents. Such plots as that shown in Fig. 18 also indicate the extent 
of resolvation of the reactant when the concentration of the nonaqueous component 
in the mixture increases. 

The difference between Y g  for the different solvent compositions at a given 
A c t ,  and the broken line in Fig. 18 may be used as an approximate measure of such 
resolvation. Inspection of Fig. 18 reveals that the behavior of the Zn(II)/Zn(Hg) sys- 
tem in H,O-DMF and H,O-DMSO mixtures is different from that described above. 
In this case there is no pure inhibition of the electrode reaction, since the decrease 
of the rate constant (Y,) is accompanied by the change in AG,,. There occur pro- 
gressive adsorption of the organic solvent (e.g., DMSO) on the electrode and in par- 
allel the resolvation of Zn(I1) ions. 

A practicaly linear dependence between YE and A c t ,  for lead(I1) was observed 
in mixtures of water with DMSO [225]. A linear dependence between log k, and 
AG,, was also found for the Zn(II)/Zn(Hg) and Li(I)/Li(Hg) systems in mixtures of 
PC with DMSO [216], and the electroreduction of Mn(I1) in H20-DMF mixtures 
[228]. These linear dependences may be explained by the occurrence of the studied 
reactions at  quite negative potentials, where the organic component of the mixture 
should be desorbed and the composition of the surface phase may be similar to the 
bulk composition over a large range of mixed solvent compositions. 

This explanation may be extended to other systems where electrode reactions oc- 
cur either at negative or positive potentials outside the adsorption range of the or- 
ganic component of the mixture. 

Dependences like the one shown in Fig. 18 for the Zn(II)/Zn(Hg) couple in 
H,O-HMPA and H20-AC mixtures have also been more extensively analysed [298]. 
Practically straight lines, observed in the analysis, exhibit a slope differing from Sc 
(Sa) (see Eqs. (57) and (58)) in pure solvents. 

The fact that Y g  is a linear function of A c t ,  for some of the mixed solvent 
composition range may suggest that the adsorption energy of the activated complex, 
AGads, is also a linear function of AG,, of the reactant. 

In order to describe the change in the rate constant over the entire composition 
range of the mixed solvent, one may modify Eq. (57) to account for the composition 
difference of the bulk and surface phases. This difference may be expressed by the 
relative surface excess. The general from of this modified equation is 

k g  = kK exp (Sc AC,, /RT)  P (r) (77) 

where P(r) is a function of surface excess. 
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The relation between P (r) and r may be established by dividing the electrode 
reaction into three steps. The first step is partial desolvation of the reactant in the 
bulk phase. The next step consists in removal of solvent molecules (associates) from 
the electrode surface, and the final step is the formation of the activated complex. 
Considering also a parallel reaction route with selective resolvation with b organic 
molecules, one obtains [298] 

k g  = ( k ;  (1 -T/Tm)'+kfh,iKirb/rb,)exp [SC AG,/RT] 

where Ki is the resolvation equilibrium constant and kfh,l is the charge transfer rate 
constant of the resolvation product. 

For a low concentration of the organic solvent in the mixture the ratio of surface 
excesses r/r, may be identified with the degree of surface coverage 19. 

The exponential term in Eq. (78) accounts for the bulk resolvation of the reactant 
and the formation of the activated complex in the surface phase. 

Equation (78) applied to the analysis of kinetic data of the Eu(III)/Eu(II) system 
was found to work satisfactorily at a lower concentration of the organic component. 
However, the description of experimental dependences at a high concentration of the 
organic component was worse. 

Afanasev and Skobochkina [299] obtained other equations which may describe 
under some approximations the rates of reactions in mixed solvents. They also con- 
sidered the increase in the rate constant with organic solvent concentration in organic 
solvent-rich mixtures. 

It follows from the foregoing discussion that the change of surface coverage on 
the one hand, and the resolvation which changes the energy of activation on the oth- 
er, are responsible for major changes in the electrode kinetics in mixed solvents. 
However, the change in the energy of activation may also occur in mixtures of organ- 
ic solvents with water as a result of hydrogen bond formation or breaking. Lipkowski 
and coworkers [300], who studied the V(III)/V(II) system in H20-DMF mixtures, 
arrived at a conclusion that the changes in hydrogen bonding in the outer solvation 
shell contribute to the activation energy of electron exchange. The difference between 
the values of the Walden product was assumed as a measure of the difference in the 
number of hydrogen bonds in solvated V(II1) and V(I1) ions. 

The important role of hydrogen bonds in changes of electrode kinetics in mixed 
water-dipolar aprotic solvents, when the electrode is covered by organic molecules, 
has also been found recently [301]. The substitution of water in the first coordination 
sphere of vanadium(II1) and vanadium(I1) ions by organic molecules should decrease 
the number of hydrogen bonds between the inner and outer shell and make the outer 
sphere more susceptible to reorganization. These experiments [301] have shown that 
the introduction of an aprotic molecule into the first coordination shell exerts larger 
kinetic effects than the exchange in the outer shell. 

The role of the outer solvation shell in mixed solvents was also studied using the 
CoEn:+'2+ system as a model [302] (En = ethylenediamine). In this system the in- 
ner sphere of the substrate (CoEni') and the product (CoEn:') was not changed in 
the course of the one-electron electrode reaction. Therefore, the changes in the rate 
constant (determined by chronocoulometric method), observed when the composi- 
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tion of the mixed solvent was varied, could be explained by the changes occurring 
in the outer solvation sphere of both complex ions. 

Recently Jaworski and coworkers [303] have analyzed mixed solvent influence on 
surface intramolecular reactions. The authors tried to explain the change in the rate 
constant with the H20-DMF mixed solvent composition in terms of the change in 
the estimated longitudinal relaxation time. A linear correlation was found between 
k for various H20-DMF compositions and TL'. 

The results of investigations on electrode kinetics of various solvated metal ions 
in mixed solvents were obtained mostly with the use of the mercury electrode. Al- 
though explanations of kinetic data obtained with such electrodes are simpler than 
with solid electrodes, the understanding and detailed description of the observed 
changes is still not satisfactory. A reasonable explanation was only given for the re- 
sults obtained in water-rich solutions for the case when a decrease in the rate of the 
electrode reaction occurs. 

7 Future Work 

Though much research on the influence of the solvent on the rate of electrode reac- 
tions has been done in recent years the problem is still far from a profound under- 
standing. The basic question is the role of the dynamic and energetic terms in the con- 
trol of the kinetics of simple electron-transfer electrode reactions. To answer this ques- 
tion it is essential to have reliable kinetic data for analysis. Unfortunately some kinetic 
data are too low and should be redetermined, preferably using submicroelectrodes. 

Such data, both in single and mixed solvents, should be carefully corrected for 
the double layer influence. The ion-pairing processes of reactant ions in the solvents 
should be studied more widely and carefully, because they may significantly influ- 
ence both thermodynamic and kinetic parameters of electrode reactions. 

In the analysis of experimental kinetic data, more attention should be paid to a 
careful determination of the longitudinal relaxation times. In the literature there are 
discrepancies between permittivities used for calculation of that parameter from the 
Debye relaxation time. Static dielectric permittivities and, to some extent, the Debye 
relaxation times exhibit a dependence on the electrolyte concentration. Therefore, in 
any analysis of the kinetic data, carefully measured and selected values fo the above 
parameters should be used. 

In future work it would be advisable to study to a greater extent the kinetics of 
selected organic compounds as model reactants. Though one-electron transfer reac- 
tions of such compounds are frequently very fast, the application of submicroelec- 
trodes in the measurement of the kinetic data of such processes should provide good 
results. Fullerenes are other good subjects for study (for a review see [304]). 

Also, more attention should be paid to  the study and analysis of electron-transfer 
reactions in non-Debye solvents which exhibit several relaxation times. Wider use of 
mixtures composed to two nonaqueous solvents of different Lewis basicity is ad- 
vised. So far, such studies are rather limited (see, for instance, [227,305]). 
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More extensive research should be carried out on complexes which have fixed co- 
ordination sphere in the oxidized and reduced forms. Then the role of the primary 
and further solvation spheres in the kinetics in mixed solvents could be more clearly 
elucidated. In such studies one should consider, particularly in the case of protic sol- 
vents, the interaction between solvent molecules from the first and further solvation 
shells. 
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apparent standard rate constant (m s-' ,  m4mol-' s-I) 
Boltzmann constant, 1.380662~ J K- '  
equilibrium constant: ratio of the backward and forward rate constants 
distance between locations of two neighboring potential barriers or equilibrium 
positions in ion diffusion jumps (m) 
particle mass (kg); convolution integral (A s'") 
molar particle mass (kg mol-') 
number of electrons transferred in an electron transfer reaction 
Avogadro's number, 6.022045 x mol-' 
probability of a particle having the coordinate x at time t 
critical radius of pore (m) 
molar gas constant, 8.31441 J mol-' K-' 
time (s); transference number 
temperature (K) 
translational velocity of ion motion (m s-l) 
coordinate perpendicular to the interface (m) 
ion charge number; partition function 
pre-exponential or frequency factor 

(mo1 m-3) 
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apparent charge transfer coefficient (at the standard potential) for the forward charge 
transfer 
Brernsted coefficient 
activity coefficient 
surface excess (mol m-2) 
electrical potential difference between two locations or phases y and x (V) 
standard electrochemical Gibbs energy change for transfer of a particle i from the 
location or phase x to y (kJ mol-') (transition state is denoted by asterisk) 
standard chemical Gibbs energy change for transfer of a particle i from the location or 
phase x to y (kJ mol-') 
standard enthalpy change for transfer of a particle i from the location or phase x to y 
(kJ mol-') 
standard entropy change for transfer of a particle i from the location or phase x to y 
(J mol-' K-') 
standard electrochemical Gibbs energy of activation at AkGf = 0 
dielectric constant 
viscosity (N s m-2) 
transport parameter 
reorganization energy (kJ mol-') 
friction coefficient (kg s-'  mol-') 
surface pressure (J m-2) 
electrical potential (V) 
two-particle distribution function 
angular frequency (s-l) 

Abbreviations 

A electron acceptor 
ac alternating current 
BLM bilayer lipid membrane 
Bu butyl 
D electron donor 
DAPC diarichidoylphosphatidylcholine 
DBPC dibehenoylphosphatidylcholine 
dc direct current 
DCC- dicarbollylcobaltate 
DLPC dilauroylphosphatidylcholine 
DLPE dilauroylphosphatidylethanolamine 
DMPC dimyristoylphosphatidylcholine 
DPPC dipalmitoylphosphatidylcholine 
DSPC distearoylphosphatidylcholine 
Et ethyl 
Fc ferrocene 
HTMA' hexadecyltrimethylamonium ion 
Hx hexyl 
ITIES 
Me methyl 
0 organic phase 
Pi- picrate 
Ph phenyl 
Pn pentyl 

V viologene 
w aqueous phase 

interface between two immiscible electrolyte solutions 

Pr prom1 
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1 Introduction 

Electrochemistry at the interface between two immiscible electrolyte solutions 
(ITIES) has a long history dating back to the end of the 19th century [l], shortly 
after Lippmann’s electrocapillarity studies [2]. However, more than 80 years elapsed 
before its fully fledged development, which came after the establishment of two pil- 
lars in this field: one an experimental method for realizing a polarizable ITIES, by 
Gavach [3], and the other the concept of polarizability of ITIES based on the stan- 
dard free energy of ion transfer, by Koryta [4]. After these two key contributions, 
electrochemistry dealing with structure and charge transfer at ITIES has rapidly 
grown to become a new branch of electrochemistry. In the earlier stage of the devel- 
opment, the analogy in methodology between the study of electrochemical processes 
at ITIES and that at electrode-solution interfaces played a vital role. The arsenal of 
key concepts in electrochemistry has been utilized effectively in analyzing what is 
occurring at ITIES, e.g., reversibility of charge transfer, significance of half-wave 
potential, and properties of current-potential characteristics for various modes of 
controlling potential or current. 

It has become increasingly clear, however, that the properties intrinsic to ITIES 
should be studied beyond this simple analogy. Whereas electrochemistry of the re- 
versible charge transfer is influenced only by bulk properties of matter, e.g., the stan- 
dard potential of charge transfer and diffusion coefficient, the interfacial structure 
and the charge transfer mechanism at ITIES are primarily revealed in the kinetics 
of charge transfer processes. Since the ion transfer across ITIES is the process of the 
transport of charged particles in anisotropic media, with respect to both solvent ori- 
entation and ion distribution, detailed analysis of the ion transfer will reveal the dy- 
namics of ion-solvent and ion-ion interactions which are not observed in homoge- 
neous media. The same is true in electron transfer processes at ITIES. 

Recent fundamental improvements in experimental methods for studying the 
structure and kinetics at ITIES, on the one hand, and theoretical developments in 
describing the double layer structure and charge transfer kinetics - the contribu- 
tions mainly from the field of statistical mechanics - on the other hand, have 
provided us with factual and conceptual means of elucidating dynamic aspects at 
ITIES. 

The primary purpose of this review is to summarize comprehensively advances 
in the study of this kinetic aspect of charge transfer across ITIES since 1981, when 
Koryta and Vanysek gave a timely review at that early stage of the development of 
electrochemistry at ITIES. Reviews [5 - 141 and monographs [15, 161 are available of 
other aspects of the electrochemistry at ITIES, e.g., ion transfer facilitated by 
ionophores, applications to analytical purposes or to liquid extraction, and instru- 
mentation. In a recent review on charge transfer across ITIES, Girault [I41 addressed 
key issues regarding the mechanism of ion transfer: the dependence of the rate con- 
stant of ion transfer on the applied potential, the presence of an activation barrier, 
the double layer correction, the effect of solvent viscosity, theoretical treatments, etc. 
Since the author’s [I41 opinions differ in several respects from ours, we have tried 
to review this subject as systematically and critically as possible. 
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In Sec. 2, we will briefly summarize current understanding of equilibrium proper- 
ties of ion partition and of double layer structure at ITIES, insomuch as the present 
review of the kinetics of charge transfer is concerned. Considerable progress has been 
made in the last decade in the study of adsorption phenomena at ITIES, which has 
significant relevance to charge transfer kinetics and will also be discussed in Sec. 2. 
Section 3 deals with ion transfer kinetics, of which our understanding has been deep- 
ened in the past ten years. Various models for the mechanism of ion transfer across 
ITIES have been proposed since 1981. We first summarize their features and physical 
meanings. Comparison with experimentally obtained kinetic parameters will then be 
described. Most of the studies of facilitated ion transfer at ITIES so far reported are 
concerned with reversible processes. We briefly touch upon contributions to the ki- 
netics of facilitated ion transfer. Electron transfer at ITIES, another field in which 
we have seen a significant progress since 1981, will be dealt with in Sec. 4, including 
the subject of photo-assisted electron transfer. 

2 Equilibrium Properties 

2.1 Distribution Potential 

Distribution potential established when ionic species are partitioned in equilibrium 
between the aqueous and organic phases, W and 0, is a fundamental quantity in 
electrochemistry at liquid-liquid interfaces, through which the equilibrium properties 
of the system are determined. In any system composed of two immiscible electrolyte 
solutions in contact with each other, the equilibrium is characterized by the equality 
of the electrochemical or chemical potentials for each ionic or neutral species, re- 
spectively, commonly distributed in the two phases [4]. It follows from the former 
equality that the distribution potential A: @, which is the inner electrical potential 
of the aqueous phase, @ w, with respect to the inner potential of the organic phase, 
@', is given by the Nernst equation [17, 181, 

RT a0 
A:@ = @i + - l n I  

ziF a? 

where R is the gas constant, T the absolute temperature, F the Faraday constant, zi 
the ion charge number and a: (a = 0 or W) is the activity of i in a. The standard 
ion transfer potential, A:@:, is defined in terms of the difference of the standard 
chemical potentials for the ionic species i, which is the standard Gibbs energy of 
transfer of the ion i from the organic phase to the aqueous phase, A$ GP, 
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A$ GP and A:@! are not experimentally accessible quantities, e.g., the standard ion 
transfer potential can be measured with respect to the potential difference between 
the two terminals of an electrochemical cell using two appropriate reference elec- 
trodes. The values of these quantities have been compiled for several organic solvent- 
water systems on the basis of a nonthermodynamic assumption [4, 1 I ] .  In general, 
the values of the Gibbs energy of transfer of an ion in Eq. (2) differ from those for 
the transfer from one pure solvent to another pure solvent. 

Hung derived a general expression for calculating the distribution potential from 
the initial concentrations of ionic species, their standard ion transfer potentials, and 
the volumes of the two phases [19].  When all ionic species in W and 0 are completely 
dissociated, and the condition of electroneutrality holds in both phases, the combi- 
nation of Nernst equations for all ionic species with the conservation of mass leads 
to 

where (a = W or 0) is the initial concentration of ion i in the phase a ,  r is the 
ratio of the volume of 0 to that of W, y p  and y y  are activity coefficients of i in 
0 and W, and 

J (4) 

In Eq. (3), summations are taken for all ionic species. The only unknown in Eq. (3) 
is AY@. By knowing initial concentrations of ionic species and their standard ion 
transfer potentials, together with the volumes of W and 0 phases, the distribution 
potential can be calculated by solving Eq. (3). The concentration of each ionic com- 
ponent at a distribution equilibrium can then be obtained through A:@ using the 
relation 

and the Nernst equation. 

two phases was first introduced by Koryta [4 ] .  
The classification of ITIES based on the A:@? values of ions dissolved in the 

When all ions initially reside in W phase, Eq. (3) reduces to 

where j # k under the product I1 means that the product is taken over all ionic species 
except k. An interesting limiting case of the distribution equilibrium is obtained from 
Eq. (6).  When r -, 0, i.e., the volume of the organic phase is very small compared with 
that of the aqueous phase [20],  
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r 1 

In this limiting case, the distribution potential, and hence the equilibrium concentra- 
tions of ionic species, do not depend on the volumes of W and 0. Equation (7) is 
useful in calculating the distribution equilibria in systems involving small particles, 
e.g., emulsions and thin membranes. 

The treatment of partition equilibrium was further generalized to the cases in the 
presence of ion-pair formation [ 191 and ion-ionophore complex formation [21]. An 
important corollary of this theory of partition equilibrium based on standard ion 
transfer potentials of single ions is to give a new interpretation to liquid extraction 
processes. Kakutani et al. analyzed the extraction of anions with tris( 1,lO-phenan- 
throline) iron(I1) cation from the aqueous phase to nitrobenzene [22], which demon- 
strated the effectiveness of the theory and gave a theoretical backbone for ion-pair 
extraction from an electrochemical point of view. 

When each of the aqueous and organic phases contains one redox couple, 0 1/R 1 
in W and 0 2 / R 2  in 0, and no appreciable partition of ionic components including 
these redox couples takes place, the reaction at the inferface 

0 1  (W)+R2(0)  = R 1  ( W ) + 0 2 ( 0 )  (8) 

ensures a contact equilibrium [23] and A r u ,  is given by [24] 

where ET,o/R1 and E$&R2 are the standard redox potentials of 0 1/R 1 in 0 and 
O2/R2 in W related to the standard H+/H, reference electrode in the respective 
phases, A;q&+ is the standard proton transfer potential (cf. Eq. (2)), n is the num- 
ber of electrons transferred in reaction (8) and up 0' = 0 1, R 1, 0 2 ,  or R2; a is 0 
or W) is the activity of j in a. The potential drop across the interface is thus deter- 
mined by the activity ratios of the two redox couples. Since Eq. (9) may be rewritten 
as 

A r p  is thus related to the standard proton transfer potential, which can be con- 
trolled or measured in an electrochemical experiment, and is formally the difference 
between the two redox potentials on the H+/H2 reference scale in each phase. 

When the partition of certain ionic species is appreciable, the potential becomes 
a mixed potential with which both the redox reaction and ion partition are involved 
[25]; addition of ionic components transferrable across the interface causes the shift 
of the contact potential originally dictated by Eq. (9) [26,27]. 
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2.2 Polarizability 

The establishment of the polarized liquid-liquid interface [3] was a pivotal achieve- 
ment in electrochemical studies of liquid-liquid interfaces, in that it is the polariz- 
ability that enables us to control the electrical state of the interface externally. 

Although the thermodynamic definition of an ideally polarized interface is un- 
equivocal (281, the polarizability of an actual interface is understood differently, de- 
pending on what is to be measured at the interface. Gavach et al. [3] obtained the 
polarized range of c. 150 mV at the interface between an aqueous M KC1 solu- 
tion and a nitrobenzene solution of 5 x M dodecyltrimethylammonium dode- 
cylsulfate. By choosing appropriate supporting electrolytes in aqueous and organic 
phases, e.g., 0.02 M MgSO, in water and 0.02 M tetrahexylammonium tetrakis[3,5- 
bis(trifluoromethyl)phenyl]borate in nitrobenzene, one can now achieve the potential 
window of 0.5 V for a conventional electrochemical measurement, e.g., detection of 
1 mM acetylcholine in the aqueous phase by cyclic voltammetry with a scan rate of 
100 mV s - ' .  

In general, however, the quality of polarizability of liquid-liquid interfaces is far 
behind the polarizability of electrode-solution interfaces, e.g., a mercury-solution in- 
terface, in view of both the magnitude of residual current density and the width of 
the potential window. 

The nonideality of both polarized ITIES and nonpolarized ITIES, the latter of 
which is usually employed as a reference ITIES to define the potential of the organic 
phase, often poses experimental difficulty in obtaining reliable kinetic parameters of 
charge transfer and double layer capacitance. It is worth considering in depth the de- 
gree of ideality of both ITIES before dealing with the kinetics of charge transfer at 
ITIES. 

2.2.1 Polarized ITIES 

The range of polarized potential (the potential window) is limited by the transfer of 
ions constituting supporting electrolytes. Let us consider an ITIES formed by the 
contact of an organic phase containing a supporting electrolyte KA and of an aque- 
ous phase containing an electrolyte K'A', 

where K and K' are cations and A and A' are anions. When K and A are more easily 
transferable than A and K at each end of the potential window, the current-potential 
curve in the case of semi-infinite linear diffusion and reversible ion transfers of K 
and A has the form [29, 391: 
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where 

and 

The current I is taken to be positive when it passes from the aqueous phase to the 
organic phase. In Eqs. (10- 12), A is the area of the interface, c: is the concentra- 
tion of KA in the organic phase, zK and zA are the charges on K and A with signed 
units, Dz and DT are the diffusion coefficient of K and A in the aqueous phase, 
and 0: is the composite diffusion coefficient defined by 0: =2 0: Dz/(D: +LIZ), 
where 0: and Dg are the diffusion coefficients of K and A, respectively, in the 
organic phase; t K  is the transference number of K in the organic phase. A dc cur- 
rent-potential curve recorded at the interface between 0.1 M LiCl in water and 0.1 M 
tetrabutylammonium tetraphenylborate (Bu4NPh,B) in nitrobenzene was well repre- 
sented by Eq. (10) [29]. This current is measured by using a four-electrode cell 
(Sec. 3.2.1), in which (for example) the ion-selective type of reference electrode revers- 
ible to cation K or K' is connected to the phase 0 or W, respectively. 

The interfacial potential difference at I = 0 is a kind of a mixed potential and is 
given by 

In the case of a metal-electrolyte interface, e.g., in studies with the dropping mercury 
electrode, the faradaic current due to redeox reactions of impurities can be made 
much smaller than the double layer charging current by carefully preparing the solu- 
tion, e.g. by deoxygenation. The potential at which the measured current becomes 
zero then corresponds to the point of zero charge [31]. In contrast, in the case of 
polarized ITIES, the faradaic current due to the transfer of supporting electrolyte 
ions can exceed the charging current when the concentrations of supporting electro- 
lytes are high and the potential window is narrower. The zero current potential may 
then be determined by Eq. (13) rather than by the zero charging current. Therefore, 
care must be exercised in applying a streaming method to determine accurately the 
point of zero charge [32-341. 

In ac impedance measurement at ITIES, admittance due to the transfer of sup- 
porting electrolyte ions is significant even in the middle of the potential window, as 
was first suggested and treated quantitatively by Samec et al. [35]. This imposes a 
difficulty in accessing double layer capacitance from the admittance, particularly 
when the transfer of supporting electrolyte ions is not reversible. There is no 
straightforward way to deconvolute the admittance ascribable to double layer capaci- 
tance and that ascribable to ion transfer admittance [30]. A nonlinear least-squares 
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I I1 
0.1 M 0.1 M 

Bu4NC1 Bu4NPh4B 
(water) (nitrobenzene) 

fitting of the total admittance at different frequencies to a certain model equivalent 
circuit [36, 371 is a promising approach. However, a reliable estimate of capacitance 
values at the edge of the potential window is very difficult, owing to the increase in 
ion transfer currents of supporting electrolyte ions. 

Polarizability of ITIES has given us a thermodynamic degree of freedom for con- 
trolling the potential drop across the interface. The nonideal polarizability at an ac- 
tual ITIES does not, however, necessarily imply ambiguity in controlling the poten- 
tial drop across the interface. From an experimental point of view, the potential con- 
trol in the presence of a residual current is primarily determined by the capability 
of the potentiostat, in particular its fast response and IR compensation. Appropriate 
design of a potentiostat [38-411 and of a measuring cell [42, 431 assures the precise 
control of the potential drops across the ITIES, even in the presence of appreciable 
flow of current across the interface. 

I11 
0.1 M 
LiCl 

(water) 

2.2.2 Potential of Nonpolarized ITIES 

where Bu4NC1 is tetrabutylammonium chloride. Since all ionic components are 
more or less soluble in both water and nitrobenzene, Bu4N+ ion gradually dissolves 
into phase I11 and Li' ion dissolves into phases I through phase 11. At the final dis- 
tribution equilibrium, the composition of phases1 would be the same as that of 
phase I11 and the eventual potential difference between phase I and I l l  would disap- 
pear, provided that the volume of phase I and 111 are the same. The reference inter- 
face made of a nonpolarized ITIES should, therefore, be intrinsically of nonequilib- 
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rium character, unlike reference electrodes commonly used in electrochemistry, e.g., 
a silver-silver chloride and a calomel electrode. 

The potential built at the interface in the presence of the transfer of more than 
one ionic species is a kind of mixed potential, as pointed out by Koryta in the context 
of ion-selective electrodes [45]. The theory of the mixed potential at the ITIES was 
presented for the case in the presence of supporting electrolyte [46] and then extend- 
ed to the case in the absence of supporting electrolyte [47]. Consider the cell 

where a monovalent cation K, is the primary ion and a monovalent anion A, is the 
interfering ion, while monovalent anion A2 does not cross the interface. When the 
approximation Dgl  c;,  +Dg2 cg22>Di1 cg ,  is valid, the mixed potential is given 
by [471 

A:@mix = A:@L,+Cln [- [ w+ C g 1 A 2  [(*)2+4a<]1'2]] (14) 
F 2 C K I A ~  C K I A I  

where 

and 

Dp, DY and D w  are defined by DY = 2 D g ,  Dg2/(D;,  +Dg2),  D w  = D;,  (DZ, 
-Dg2)/(Dgl +Dg2),  and Dp = 2DF1 D:, / (Dr,  +OF,). D( (i is K1, A l ,  or A2 
and j is 0 or W) is the diffusion coefficient of ion i in the phase j and c:, A l  and 
c$,  A2 are the bulk concentration of KIA, in W and of KIA2 in 0, respectively. 

When the condition 
2 (&) 2>4a< 

is fulfilled, Eq. (14) reduces to 

W 0 RT C$1A2 

cFIAl 
~ z q j ~ ~ ~  = Q~~ +-In- 

Thus, as long as cg, is sufficiently small, the ITIES shows the nernstian response 
with respect to the ion K,, even when A, is moderately lipophilic. 

Figure 1 shows the experimentally obtained response of a nonpolarized ITIES 
of the type of cell (11), when A ,  is C1-, A2 is Ph4B-, and K, is tetrapropylam- 
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Fig. 1. Change in the potential at a nonpolarized ITIES with the concentration ratio, C?&/C&~, 

at 25 "C for the system: RPh,B (nitrobenzene)/RCl(water), where R = tetrapropylammonium 
(Pr,N +), tetrabutylammonium (Bu,N +), tetrapentylammonium (Pn,N+), or tetrahexylammonium 
(Hx,Nf) ion and Ph,B = tetraphenylborate. (Reprinted from [47] with permission. Copyright The 
Chemical Society of Japan). 

monium (Pr4Ni), Bu4N+ , tetrapentylammonium (Pn,N+), or tetrahexylam- 
monium (Hx,N+) ion, for the water-nitrobenzene interface [47]. The solid line 
shows the nernstian response and each arrow in Fig. 1 indicates the concentration, 
calculated from Eq. (14), at which the curve deviates by 1 mV from the nernstian 
slope. With increasing lipophilicity of K,, the range of nernstian response narrows 
to a smaller range of c ~ , ~ , / c $ , ~ ~ .  The similar trend of the deviation from the 
nernstian slope was observed when K, = Bu4N+ and A, = C1-, Br-, or I - .  Thus, 
the more lipophilic are K, and A,,  the wider the potential window at the polarized 
ITIES, but the lower the concentration of KIA, required for the nernstian response 
at the reference ITIES. A low concentration of KIA,, in turn, gives rise to less re- 
versibility of the reference ITIES. The nonideality of the nonpolarized interface 
should be taken into account, particularly when a two-electrode configuration is 
used in impedance measurements [30]. 
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2.3 Structure of Electrical Double Layers 

Although the structure of electrical double layers at an ITIES has been a primary 
concern of the electrochemical study of the ITIES ever since its dawning, the most 
fruitful advances were made in the 1980s after the establishment of the polarized 
ITIES. A recent review by Samec [I21 covers the main body of progress up to 1988. 
The sharpness of the interfacial region, behavior of the diffuse double layer, presence 
of the inner layer, and the potential profile across the interface, have been the main 
points to be clarified in recent double layer studies of the ITIES. In the following, 
we will briefly summarize the salient features of the double layer structure inferred 
from the studies in the 1980s and early 1990s. The emerging picture differs from that 
presented in the review [14]. 

2.3.1 Diffuse Part of the Double Layer and Specific Adsorption of Ions 

Elegant studies of electrocapillarity of a nonpolarized ITIES by Gavach et al. [48] 
showed that the tetraethyl-, tetrapropyl- and tetrabutylammonium ions are not ad- 
sorbed within the compact layer and suggested that the interface is made of two 
space charge layers, described by the Gouy-Chapman theory, on either side of a cen- 
tral compact layer [49-511. In a nonpolarized ITIES, the potential drop across the 
interface cannot be altered independently of the chemical potential of a salt of ionic 
constituents in either of the phases. The degree of specific adsorption cannot there- 
fore be quantitatively estimated at a nonpolarized interface [28]. 

In contrast, at an ideally polarized ITIES, the chemical potential of a salt can 
be varied while keeping the potential drop across the interface constant. This degree 
of freedom enables us to quantify the amount of specifically adsorbed ions, assum- 
ing a theoretical model for the diffuse part of the double layer [52, 531. The elec- 
trocapillarity of the polarized ITIES was first studied by Kakiuchi and Senda for the 
interface between an aqueous solution of LiCl and a nitrobenzene solution of 
Bu4NPh4B, varying the concentrations of LiCl and Bu4NPh4B [52]. The depen- 
dence of measured surface excesses of all the ionic components on the excess surface 
charge density was found to be well described by the Gouy-Chapman theory, provid- 
ed that the presence of an inner layer of about 1 nm thickness was allowed for. This 
indicates the absence of specific adsorption of these ionic species and the presence 
of an ion-free inner layer, at least within the concentration range studied: 
0.01 - 1 .OO M LiCl and 0.01 -0.17 M Bu4NPh4B. 

In general, the phenomenological definition of specific adsorption depends on 
the model of the diffuse part of the double layer. However, at the potential of zero 
charge, the contribution of the nonspecific adsorption in the diffuse part of the dou- 
ble layer should be absent. According to the phenomenological definition of specific 
adsorption [53], at the point of zero charge it is said that there is specific adsorption 
if the measured surface excess of any ionic species is positive. 

The increase in interfacial tension with the activity of LiCl (Fig. 2) unambiguous- 
ly evidences the negative adsorption of Li' and C1- ions. The solid line was calcu- 
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Fig. 2. Variation of interfacial tension at the point 
of zero charge with activity of lithium chloride. 
The solid line is calculated assuming the exclusion 
of lithium and chloride ions from the inner layer. 
(Reprinted from [52] with permission. Copyright 
The Chemical Society of Japan). 0 

lated by assuming a monomolecular thickness of ion-free water. The agreement with 
the experimental points is excellent when In 5 - 1. The deviation at a higher 
value of In a&y may correspond to the negative adsorption of water at the inter- 
face between an aqueous electrolyte solution of LiCI, NaC1, KC1, or MgSO,, and 
n-heptane, 1,2-dichloroethane, or nitrobenzene, found by Girault and Schiffrin [54]. 
The latter results obtained at relatively high concentrations of electrolytes led them 
to the idea of mixed solvation and interfacial mixing [54, 551. However, at least at 
the concentrations of the electrolyte below 0.1 M, there is no evidence of specific ad- 
sorption of alkali and alkaline-earth metal ions, symmetric tetraalkylammonium 
ions, and tetraphenylborate ions at the nitrobenzene-water interface. The possibility 
of specific adsorption at higher concentrations cannot be excluded, although at such 
concentrations reliable values of interfacial tension are difficult to obtain, particular- 
ly when using a quiescent interface, e.g., a pendant drop. A similar increase in inter- 
facial tension with the concentration of tetrabutylammonium tetraphenylborate was 
observed at the point of zero charge, indicating the absence of specific adsorption 
of Bu4N+ and Ph4B- ions. 

While electrocapillary data amenable to thermodynamic analysis of ion adsorp- 
tion are available only at the nitrobenzene-water interface, a considerable number of 
double layer capacitance data have been compiled at both nitrobenzene-water and 
1,2-dichloroethane-water interfaces. From a thermodynamic point of view the analy- 
sis of capacitance data is less straightforward, since to be equivalent to capillary da- 
ta, the capacitance data must be supplemented by an independently determined in- 
tegration constant. The presence of ion-pair formation between ions in the aqueous 
phase and the ions in the organic phase, a recently proposed concept based on capac- 
itance measurements [56],  should be able to be substantiated thermodynamically 
from electrocapillarity measurements. A detailed discussion of capacitance data has 
been given in the review by Samec [12]. 
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2.3.2 Inner Layer and Potential Profile Across the ITIES 

The inner potential drop across the ITIES, A:;@, is related to the rational poten- 
tial [57], = E-E,,,, and the two diffuse layer potentials, each in the aqueous 
phase and in the organic phase, ow-@F and @:-@', through 

in which E and E,,, are the potential drop across the interface and the point of zero 
charge referred to two appropriate reference electrodes, one in the aqueous phase and 
the other in the organic phase, and A:cp,,, is the inner potential difference between 
the two phases at the point of zero charge. An extrathermodynamic assumption is 
required to evaluate The potential of the electrocapillary maximum or the 
differential capacity minimum in combination with the (Ph4AsPh4B) assumption 
led to values of A: Qprc ranging from 20 mV to - 30 mV both at nitrobenzene-water 
and 1,2-dichloroethane-water interfaces [58]. The often-employed assumption that 
A:@pzc= 0 as a first approximation would not very much oversimplify the reality. 

The evaluation of A:;@ thus depends on a particular diffuse layer model 
which gives the values of G W  - @ Y  and @: - @', apart from A:@pzc. On the basis 
of the Gouy-Chapman model, Kakiuchi and Senda showed that A:;@, which was 
once supposed to be insignificant [59, 601, has in fact a sizable value and varies with 
the total applied potential drop across the interface [61]. Figure 3 shows the potential 
profile of the interface between 0.1 M Pn4NPh4B in nitrobenzene and 0.05 M LiCl 
in water when A:@ = 0.2 V. The Gouy-Chapman theory gives @ - @? = 54 mV 

<O> < W >  
Fig. 3. Schematic representation of the double layer structure at the nitrobenzene-water interface 
at 25 "C. The full curve illustrates the potential distribution at A: @ = 0.2 V for the interface be- 
tween a 0.1 M solution of Pn,NPh,B in nitrobenzene and a 0.05 M aqueous solution of LiCl at 
25 "C. The thickness of the inner layer is assumed to be 1 nm and the potential distribution is calcu- 
lated using the Gouy-Chapman theory. (Reprinted from [61]. Copyright Elsevier Science Publish- 
ers, Amsterdam). 
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and @: - @' = 56 mV, predicting 90 mV for A:;@; 45% of the total potential drop 
resides within the inner layer [61]. 

Recent statistical-mechanical theories [62] and Monte Carlo simulations of the 
diffuse double layer [63, 641 predict that the potential of the outer Helmholtz plane 
is generally overestimated in the Gouy-Chapman theory. If this is the case, the poten- 
tial drop across the inner layer can be even greater, e.g., by c. 15% if a hypernetted- 
chain approximation is applied to the primitive model of the diffuse layer [12]. 

The inner layer is a concept within the framework of the classical Gouy-Chap- 
man-Stern model of the double layer [57]. Recent statistical-mechanical treatments 
of electrical double layers taking account of solvent dipoles has revealed a micro- 
scopic structure of ,,inner layer" and other intriguing features, including pronounced 
oscillation of the mean electrostatic potential in the vicinity of the interface and its 
insensitivity at the interface to changes in the salt concentration [65-691. 

2.3.3 Sharpness of the ITIES 

Monte Carlo and molecular dynamics calculations of the density profile of model 
system of benzene-water [70], 1,2-dichloroethane-water [71], and decane-water [72] 
interfaces show that the thickness of the transition region at the interface is molecu- 
larly sharp, typically within 0.5 nm, rather than diffuse (Fig. 4). A similar sharp den- 
sity profile has been reported also at several liquid-vapor interfaces [73, 741. The 
sharpness of interfaces thus seems to be a general characteristic of the boundary be- 
tween two stable phases and it is likely that the presence of supporting electrolytes 
would not significantly alter the thickness of the transition region at an ITIES. The 
interfacial mixed solvent layer [54, 551, if any, would probably have a thickness com- 
parable with this thin inner layer. 

Benjamin recently found for a 1,2-dichloroethane-water model system that, al- 
though the interface was molecularly sharp on time-average over hundreds of 
picoseconds, thermal fluctuations superimposed capillary waves as long as 0.8 nm on 
the sharp interface and generated a rough surface on the timescale of tens of 

Fig. 4. Average density of water and 1,2- 
dichloroethane (DCE) at 300 K. Solid lines, 
density calculated relative to the system's 
center of mass; dotted lines, densities calcu- 
lated relative to the location of the interface. 

-25 -15 -5 5 15 25 (Reprinted from [71] with permission. 
Copyright American Institute of Physics). Z(h 
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picoseconds [75]. On the other hand, from quasielastic laser scattering measure- 
ments, Takahashi et al. [76] determined the frequency of the capillary wave at the 
nitrobenzene-water interface at 26 "C to be 13.5 kHz (Fig. 5 ) ,  which decreased to 
1 1 .I kHz in the presence of a dipalmitoylphosphatidylcholine (DPPC) monolayer 
with the area occupied by a DPPC molecule being 0.825 nm2. The estimation of the 
interfacial tension from capillary wave measurements agreed well with the values 
from the du Noiiy ring method. These thermal fluctuations, which do not appear 
in the aforementioned thermodynamic analysis of the structure of the ITIES, proba- 
bly play an important role in the dynamics of ion transfer, as has been shown by Ben- 
jamin [75]. A zigzagged ITIES [77], a model introduced to interpret high values of 
inner layer capacitance, would be given a microscopic rationale from this surface 
fluctuation approach in the presence of ionic components. 

2.4 Adsorption Phenomena 

' 2.4.1 Adsorption of Surfactants 

Introduction of the polarized ITIES opened a new stage in the study of adsorption 
of ionic surfactants, which had been used from the early studies of the ITIES onward 

Electrocapillary studies of an ionic surfactant at the polarized nitrobenzene-wa- 
ter interface showed a remarkable dependence of adsorption of hexadecyltrimethyl- 
ammonium ion (HTMA') on the potential drop across the interface; HTMA' ad- 
sorbs only when A:@ is negative [82]. By using the mixed electrolyte method [83], 
the double layer structure was analyzed quantitatively. The change in potential pro- 
file due to the adsorption of the HTMA' ion and, in particular, the inversion of 
the potential at the outer Helmholtz plane in the nitrobenzene phase (Fig. 6), have 
significant implications in studying the kinetics of ion transfer. The degree of 

[78-811. 
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Fig. 6. Change in the potential at the outer Helmholtz plane in the nitrobenzene phase, I$:, with 
potential difference across the cell at 25 "C. The concentration of hexadecyltrimethylammonium 
ion in nitrobenzene is ( 0 )  0.01, (a) 0.02, and (0)  0.05 M. (Reprinted from [82] with permission. 
Copyright The Chemical Society of Japan). 

HTMA' adsorption is enhanced by counter ions on the aqueous side of the inter- 
face - F-,  C1-, and Br-, in this order [84]. Wiles et al. found similar potential- 
dependent adsorption of a triazine dye, a derivative of Cibacron Blue F3  GA, at the 
1,2-dichloroethane-water interface by electrocapillary and capacitance measurements 
[85]. A pronounced potential dependence of the adsorption of ionic dyes at the 
ITIES has recently been confirmed for the adsorption of 2-(n -octadecylamino)naph- 
thalene-6-sulfonate at the 1,2-dichloroethane-water interface by using the optical sec- 
ond harmonic generation technique (Fig. 7) [86]. 

Kakiuchi et al. studied the adsorption of tetra-, hexa- and octaethylene glycol 
monododecyl ethers at the nitrobenzene-water interface by determining electro- 
capillary curves [87, 881. Unlike ionic surfactants, these nonionic surfactants adsorb 
in the entire range of the polarized potential. However, the fact that the oxyethylene 
group can form a complex with various ions on the aqueous side of the interface ex- 
plains the strong dependence of adsorption of these surfactants on the potential 
drop across the interface. The dependence of the adsorption Gibbs energy on applied 
potential shown in Fig. 8 can be well explained assuming complex formation of the 
surfactant adsorbed from the nitrobenzene side of the interface with the ions on the 
aqueous side of the interface, and also assuming that the surface concentration of 
ions on the aqueous side follows the Gouy-Chapman theory [87]. The adsorption 
properties of these surfactants have been successfully utilized to interpret quantita- 
tively the behavior of cyclic voltammograms of ion transfer facilitated by these sur- 
factants [89]. Chen et al. reported the double layer capacitance at the nitrobenzene- 
water interface in the presence of the same surfactant [90]. 

Sorbitan fatty acid esters, whose hydrophilic head group does not show discern- 
ible complexation with ions, cause the lowering of interfacial tension in the entire 
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Fig. 7. Interfacial tension (open squares) and the square root of the SHG intensity (filled squares) 
as a function of the applied potential for 20 pM 2-(n-octadecylamino)naphthalene-6-sulfonate, 
50 mM KCl, and 25 mM Na,HPO, in water (pH = 9) and 1 mM Bu,NPh,B in 1,2-dichloroethane. 
(Reprinted from [86] with permission. Copyright American Chemical Society). 
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Fig. 8. Dependence of standard adsorp- 
tion free energy, AGO,, on applied poten- 
tial for (0) tetra-, ( 0 )  hexa-, and ((3) 
octa-oxyethylene glycol monododecyl 
ethers at nitrobenzene-water interface at 
25 "C. (Reprinted from [88] with permis- 
sion. Copyright The Chemical Society of 
Japan). 

range of the potential window [91]. Sorbitan monooleate has been used to minimize 
the convective motion of the solutions in the vicinity of the ITIES [92]. No detect- 
able change was observed on the rate of ion transfer upon the adsorption of this sur- 
factant [93]. 
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2.4.2 Adsorption of Compounds of Biological Significance 

Koryta first pointed out the importance of adsorbed phospholipid monolayers at the 
ITIES in elucidating the mechanism of complex formation at the ITIES and its gen- 
eral relevance to biological membranes [94]. A first attempt to characterize quantita- 
tively the phosphatidylcholine and phosphatidylethanolamine monolayers at the 
ITIES of the 1,2-dichloroethane-water interface with electrocapillary measurements 
by Girault and Schiffrin suggested the importance of surface pH in the ionization 
of the amino group of phosphatidylethanolamine [95]. The effect of pH on the state 
of a dilauroylphosphatidylethanolamine monolayer at the nitrobenzene-water inter- 
face and its significance to ion transfer across the ITIES were analyzed in detail with 
an ac impedance technique [96]. From capacitance measurements, dilauroylphos- 
phatidylcholine (DLPC) was found to form a liquid-expanded monolayer with an 
occupied area of one DLPC molecule being 0.73 nm2 at the nitrobenzene-water in- 
terface at 25°C [97]. 

The liquid-expanded state of the saturated DLPC monolayer was confirmed by 
thermodynamic analysis of electrocapillary curves [98]. A DLPC monolayer is stable 
when A:@ is negative [98]. A schematic representation of the double layer structure 
in the presence of a saturated DLPC monolayer at the point of zero charge is shown 
in Fig. 9 [98]. The dipole of the zwitterionic head group was predicted to lie in paral- 

W 

Fig. 9. Schematic representation of double layer structure and potential profiles of the interface be- 
tween a nitrobenzene (NB) solution of 0.1 M Pn,Ph,B and an aqueous (w) solution of 0.05 M LiCl 
in the presence (solid line) and absence (broken line) of a saturated DLPC monolayer at the poten- 
tial of zero charge, where the surface potential was assumed to be negligible. (Reprinted from [98] 
with permission. Copyright The Chemical Society of Japan). 
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lel with the interface, making no significant contribution to the surface potential. 
The elongation of alkyl side chains of phosphatidylcholine increases the surface 
activity [99, 1001 and eventually leads to the phase transition of the monolayer from 
the liquid-expanded state to the liquid-condensed state [ 1001. 

The phase transition was induced by Ca2+ and Mg2+ in the case of dipalmitoyl- 
phosphatidylserine to form a condensed monolayer at the nitrobenzene-water inter- 
face, which was stable throughout the potential window. The capacitance in the 
presence of the condensed monolayer was as low as 1.5 ~ F c m - ~  [IOI]. The phase 
transitions from the expanded to the condensed monolayer accompanied the con- 
comitant decrease in the rate of ion transfer but even the condensed monolayers were 
unable to block it completely [IOO, 1011. 

At the nitrobenzene-water interface a dipalmitoylphosphatidylcholine monolayer 
undergoes the phase transition at 13 "C, while at the air-water interface the phase 
transition temperature is 43 "C. This difference demonstrates weaker lateral interac- 
tion between phospholipid side chains at the nitrobenzene-water interface and sug- 
gests the penetration of nitrobenzene molecules in the hydrocarbon chain part of the 
monolayer (Fig. 9) [99, 1001. 

Adsorption of proteins at an ITIES has also been reported for cytochrome c at 
the 1,2-dichloroethane-water interface [ 1021, and for ovalbumin [ 1031 and bovine 
serum albumin [ 1041 at the nitrobenzene-water interface. 

3 Ion Transfer Reactions 

3.1 Theoretical Studies 

Theoretical studies have focused mainly on the simple ion transfer, 

X"(W) P XZ(0) (20) 

where Xz as an ion with the charge number z ,  and W or 0 denote the aqueous or 
the organic solvent phase, respectively. Before summarizing the results of these stud- 
ies, we introduce the apparent kinetic parameters that are accessible experimentally 
(Sec. 3.1.1). Then we proceed with the analysis based on the multibarrier (Sec. 3.1.2) 
or stochastic (Sec. 3.1.3) models, which refer to the activation or diffusion path 
mechanism, respectively. Although often no distinction is made between these two 
mechanisms, theories have originated from different grounds, and are worth consid- 
ering separately. We end this section with a summary of ion trajectory calculations 
in a molecular dynamics model of the liquid-liquid interface (Sec. 3.1.4). 

3.1.1 Apparent Kinetic Parameters 

Heterogeneous reaction (21) is currently supposed to follow the first-order rate law 

J = ReW - Reo (21) 
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where J is the interfacial ion flux, cw or co are the ion concentrations on its aque- 
ous or organic solvent side, and k or k are the heterogeneous rate constants (e.g., in 
cm s-I)  for the forward or the backward ion transfer, respectively. There is no obvi- 
ous relation between these two rate constants, except for the equilibrium state where 
J = 0, k/R = cw/co. However, a link can be established on assuming that the Gibbs 
distribution is applicable also to slightly nonequilibrium systems [105]. By taking in- 
to account the principle of microscopic balancing, the forward and the backward 
rate constants are then related to each other by [24] 

&/k = exp (- AgGy/RT) = exp [zF(E-Eo)/RT] (22) 

w o  where AgGY = A$G?-zFAr@ = -zF(AF@-Ao G i )  is the standard electrochem- 
ical Gibbs energy change for the ion transfer (20). A similar relationship is used in 
the semiphenomenological theory of electrode reactions [ 1051. Equation (22) holds, 
irrespective of the actual dependence of the two rate constants on the potential E. 
For the sake of comparison, two apparent kinetic parameters are usually introduced: 
first, the standard rate constant k i  at the equilibrium potential E = Eo,  

k: = R(E = Eo) = k ( E  = Eo) (23) 

The second parameter is the apparent charge transfer coefficient a (sometimes de- 
noted as aapp), which characterizes the potential dependence of the forward rate 
constant, 

a = (RTIzF) (a In ,%/BE) (24) 

Its value at E = Eo will be denoted at 15, 

3.1.2 Multidimensional Energy Barrier Models 

The existence of a multidimensional energy barrier, which the ion must overcome in 
crossing the liquid-liquid interface, has been widely anticipated. However, its origin, 
shape, height, and the location have been a matter for ongoing discussions. A refer- 
ence has been usually made either to Marcus's nonequilibrium thermodynamic [ 1061 
or Levich's quantum-mechanical [ 1071 theories of charge transfer in polar media, or 
to Eyring's transition state theory of multistep ion transfer in liquids [108]. The for- 
mer two theories are more explicit in regard to the role of various subsystems (ions, 
intramolecular degrees of freedom, solvent molecules), but their application to a spe- 
cific ion transfer system would require exact definition of the reaction system and 
detailed knowledge of the wave functions of the subsystems. On the other hand, Eyr- 
ing's theory of transport processes is easier to extend to interfacial ion transfer. This 
theory has provided a simple way of introducing the effects of the electrical field on 
the ion transfer rate, though with little justification. An explicit assumption about 
the mechanism of the ion transfer is common to all these approaches. 



Charge Transfer Kinetics at Water-Organic Solvent Phase Boundaries 319 

Three-Step Mechanism 

Due to the existence of the electrical double layer, the concentration of an ion near 
the interface varies, which should influence the ion transfer rate. Typically, the dou- 
ble layer effect is accounted for by assuming an equilibrium ion distribution up to 
a point located close to the interface, from which the ion becomes driven by the local 
potential gradient to cross the interface. The assumption of a three-step (four-posi- 
tion) mechanism has been introduced by Gavach and coworkers [109], but the idea 
can be traced back to a review by Buck [110]. Following this assumption, Eq. (20) 
can be expanded into 

X"(W) * Xz(a) * Xz(b) 8 XZ(0) (25) 

where the positions a and b are located in the interfacial region. Gavach et al. [I091 
suggested that the positions a and b are those of the outer Helmholtz planes xy 
and x? in the two phases in contact, and that the ion transfer from a to b is the 
rate-determining step. This suggestion was adopted by Samec [24], by Koryta [6] and 
by Melroy and Buck [I 111, while Girault and Schiffrin [60] have left the exact loca- 
tions of a and b open to further discussion. Unless we refer to the latter model, we 
shall assume that a = x? and b = x?. 

The apparent rate constant i was expressed [60] by an equation which is equiva- 
lent to the classical Frumkin correction: 

R = I?, (ca/cw) = exp [-(A&GP+zFA&@)/RT] (26) 

where it is the rate constant for the rate-determining step (i.e., the true or corrected 
rate constant), ca is the concentration of the transferred ion at the location a, A&G? 
is the standard Gibbs energy for the ion transfer from the bulk aqueous phase to the 
position a, and A&@ is the corresponding difference in the electrostatic potential. 
This approach is consistent with the idea of the mixed solvent layer introduced earli- 
er [54], which would imply a partial resolvation of the ion prior to the rate-determin- 
ing step, and would give substance to the Gibbs energy term in Eq. (26). However, 
as discussed in Sec. 2.3.3, molecular dynamics studies point to a molecularly sharp 
boundary of two immiscible liquids. Consequently, the solvation structure of the ion 
near the boundary is probably the same as in the bulk of the solution, and the term 
A&GP should equal zero. Actually, in order to illustrate ideas behind their theory, 
the authors [60] also made use of Gavach's assumption that a = x y  and b = xy. 

Quan tum -Mechan ical Approach 

Attempts to extend the theory of charge transfer in polar media [106, 1071 to ion 
transfer across a liquid-liquid interface were reviewed by Kunetsov and Kharkats 
[112]. The complexity of interfacial ion transfer follows from the fact that this is 
essentially a many-body problem, comprising motions of various components of the 
system interacting with each other which are difficult to separate. In particular, the 
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analysis must account for the transferred ion and for solvent molecules in the first 
solvation shell, as well as for solvent molecules in the surrounding medium and in 
disrupted solvent structures at the liquid-liquid interface. Components of the system 
having frequency w, which is less than the frequency of the ion motion wi form a 
quasistatic potential barrier, and those having frequency wf higher than wi form a 
fluctuating part of the ion potential, giving rise to the field of stochastic forces [113]. 
Computer simulations of ion-solvent systems [ 1141 shows that the characteristic 
frequencies of ion motion in water (lot2- l o t3  s-')  are lower by one order of 
magnitude than those of solvent librational motions and intramolecular (e.g., ion- 
solvent) vibrations - l O I 4  s-'). Hence, in contrast to electron transfer reactions, 
the contribution of this part of the solvent subsystem to the activation energy of the 
ion transfer is likely to be small [115]. 

An attempt to rationalize the kinetics of the rate-determining step in Eq. (25) 
with the help of the quantum-mechanical approach was made by Samec [24], who 
assumed that a molecularly sharp liquid-liquid boundary formed by the oriented 
molecules of both solvents (the compact layer) introduces a barrier, through which 
the ion can penetrate after some thermally populated reorganization in the surroun- 
ding medium. An analogy was drawn with the atom transfer reactions in polar li- 
quids [I051 and, hence, the classification [60] of the treatment as the direct transposi- 
tion of electron transfer theories can be misleading. The model was criticized by 
Girault and Schiffrin [60] (cf. also the review [14]), who questioned the existence of 
a compact solvent layer at the ITIES and the reliability of the quantum transition 
path for a heavy ion. However, evidence in favor of the classical concept of the inner 
layer (Sec. 2.3.2) and the molecularly sharp ITIES (Sec. 2.3.3) implies that a compact 
solvent layer is likely to be formed at the ITIES. On the other hand, the latter objec- 
tion [60] is sound, inasmuch the character of the ionic motion is probably classical. 
Nevertheless, in the classical limit, the formalism of the quantum-mechanical treat- 
ment has been shown [116] to evolve into the activated-complex theory, as for- 
mulated by Marcus [106]; this is applicable to transfer of atoms, ions or molecular 
groups in liquids [116]. Thus, the temperature dependence of the ion transfer rate 
constant Zt for the rate-determining step can be expected to have the form of the 
Arrhenius equation, 

it = Z exp (- A,"GyP/RT) (27) 

where A,*GY is the standard activation Gibbs energy. The existence of a relationship 
between A,"GY and the standard electrochemical Gibbs energy change A:GY be- 
tween locations a and b has been demonstrated by using the harmonic approxima- 
tion for the atom-atom interactions [ I  12, 1161. Such a relationship has been an- 
ticipated [24] by assuming that the standard Gibbs energy of activation is proportio- 
nal to A:GY, 

AZGY = AGT -+ aA:Gy (28) 

The effect of the electrical potential difference can then be recovered upon 
expressing the Gibbs energy change A:GY as the sum of the standard Gibbs ener- 



Charge Transfer Kinetics at Water-Organic Solvent Phase Boundaries 321 

gy of transfer AzGp from W to 0 and the electrostatic energy change between a 
and b: 

A : G ~  = A$G~-ZFA;@ (29) 

where At@ is a part of the interfacial potential difference A:@, 

A:@ = At@+ A&@ - A&@ (30) 

By using Eqs. (26), (27), and (28), the following equation was derived for 2 [24]: 

(31) k = kS exp [azF(Ag@- A:@y)/RT] 

and 

ko = k i  exp (- AGT/RT) (33) 

Note than the parameters kS and a are not identical with the apparent rate cons- 
tant k i  and the apparent charge transfer coefficient ii defined by Eqs. (23) and (24), 
respectively. Since kS can depend on the potential E indirectly through the exponen- 
tial term with the potential differences across the space charge regions in Eq. (32), 
k i  = kS(E = Eo). The relationship between ii and a can be derived from Eqs. (31) 
and (32), 

ii = a @At@ /aE) + (act / a E )  (A@ - A:@?) - @A&@ / a E )  (34) 

The existence of the relationship described by Eq. (28) can be anticipated for any 
kinetic process which proceeds from an initial to a final state through a single transi- 
tion state [105]. A more general form of Eq. (28) is the Brsnsted relationship [I 171, 

(35) 

where p = aA,*Gy/aA:Gy is the microscopic Brsnsted coefficient. Obviously, the 
Brsnsted coefficient j? differs in value from the parameter a, except for the case 
when the former coefficient is independent of the Gibbs energy change A:Gy. It 
has been concluded [I 17, 1181 that the physical significance of the parameters ii and 
a is rather obscure, and that the analysis of the molecular mechanism of the rate- 
determining step should rely rather on the Brsnsted coefficient p, which 
characterizes the symmetry of the energy barrier [105, 1191. The introduction of the 
Brsnsted coefficient by Eq. (35) has been a matter of some misunderstanding [151]. 

Koryta [6] was the first who realized that when the potential difference across the 
inner layer At@ = A:& is negligible, and the parameter a is a constant, the ap- 
parent charge transfer coefficient ii is controlled only by the potential difference 

1 
2 

A ; G ~  = A G : + ~ ~  A : G ~ + -  (ap/aA:Gp), ( A ; G ' ~ ) ~ + .  . . 
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across the space charge region, i3 =- 8 ( @ y  - GW)/i3E; cf. Eq. (34). According to the 
Gouy-Chapman theory, this potential difference can be expressed as a function of 
A:@ [49]: 

where 

p = (&O CO/EW CW)”* (37) 

in which EO and cW are the dielectric permittivities of the organic solvent and water, 
and co and cw the concentrations of a zb : Zb supporting electrolyte in the organic 
and the aqueous phase, respectively. For a large value of the interfacial potential dif- 
ference A:@, Eq. (36) simplifies to [6] 

(38) 
1 
2 

@ - 0 = - - (A:@- A:;@) T (RT / z~ ; )  In p 

and, hence 6 = 0.5. Therefore, the ion transfer kinetics could exhibit Butler-Volmer 
behavior, which bears no relation to the properties of the energy barrier, but rather 
to the double layer structure. However, more recent studies of the electrical double 
layer have indicated that neither of the two assumptions above is of general validity. 
In fact, the potential difference across the inner layer represents an appreciable part 
of the interfacial potential difference A:@ (Sec. 2.3.2), and the parameter a can de- 
pend on the potential E (Sec. 3.2.1 and 3.2.2). 

Eyring ’s Model 

Eyring’s activation model was adopted by Gavach and coworkers [log], by Melroy 
and Buck [ l l  I] and by Girault and Schiffrin [60]. In the first two contributions, the 
effect of the potential on the ion transfer rate was analyzed by assuming that the for- 
ward rate constant for the rate-determining step is given by Eq. (27), with the pre- 
exponential factor Z = k,T/h, where k ,  and h are the Boltzmann and Planck cons- 
tant, respectively. The next steps were similar to those described above, i.e., the para- 
meter a was introduced through Eq. (28), with a reference to Delahay’s phenomeno- 
logical treatment of electrode kinetics [ 1201. Apart from introducing a pre-exponen- 
tial factor of the wrong dimension, the authors [ I l l ]  dropped the term aA$GQ, 
which arises upon the substitution of Eq. (29) into Eq. (28). Although the electrical 
potential difference A \@ was not supposed to be negligible as in Koryta’s treatment 
[6], the predictions of the electrical potential [6, 1111 and the salt [6, 121, 1221 effects 
on the ion transfer rates in these two models are almost indistinguishable. 

Girault and Schiffrin [60] pointed out the multistep character of the ion transport 
across the liquid-liquid interface, and hence they referred to Eyring’s multistep mo- 
del [108]. The ion was considered to diffuse toward the interface over a sequence 



Charge Transfer Kinetics at Water-Organic Solvent Phase Boundaries 323 

I * 
x y  0 x; X 

Fig. 10. Standard Gibbs energy profile along the axis of an ion transfer across the liquid-liquid in- 
terface in the absence (1) and presence (2) of an additional potential barrier at the interface. The 
broken line represents the contribution of the long-range electrostatic forces; the solid line cor- 
responds to the sum of the long- and short-range contributions; xy and x: denote the outer 
Helmholtz planes in the aqueous and the organic solvent phases. 

of barriers of various heights (Fig. 10). Then, the steady-state ionic flux J can be 
described by an equation derived for multistep ion transport in liquids [log], 

1 + (k t /R t )  + . . . + n (Itr&,) 
r = t  

(39) 

where n is the number of jumps, R, or k, is the first-order heterogeneous rate con- 
stant for an ion at the r th  minimum to jump forward to (r + 1) or backward to (r - 1) 
locations, respectively and K, = kr+t/Rr.  Provided that the barrier for the interfacial 
jump is much higher than that for the solution jump [60], Eq. (39) simplifies to Eq. 
[21]. The rate constant for the rate-determining step was also given by Eq. (271, 
but with 2 = (kBT/h)La, where La is the distance between the location of two 
neighboring equilibrium positions, presumably on opposite sides of the interface 
(the equivalent jump length). In contrast to previous approaches [6,24, 11 I], the 
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authors have introduced two charge transfer coefficients, so that the standard Gibbs 
energy of activation in the rate-determining step becomes 

A,*GQ = A G ~ + a , A $ G O - z F a , h ~ $  (40) 

where an and a, are the chemical and electrical charge transfer coefficient, respec- 
tively. From the point of view of the transition state theory, this procedure seems to 
have little justification for the step with a single transition state, i.e., a single Brernsted 
coefficient. Further, the overall chemical and electrical charge transfer coefficients 
for the ion transfer (Eq. 20) were defined with an aim to simplify the analysis, but 
the presence of four transfer coefficients in the final expression for the electrical cur- 
rent makes it practically useless. Girault [123] extended the discussion of this point, 
but his procedure represents rather a regrouping of the terms which contribute to 
A; Gy, leading to the introduction of the poorly defined electrical potential in the 
transition state @J *. 

In an attempt to establish a link between the parameters of ion transport in the 
bulk solution and across a liquid-liquid interface, Shao and Girault [ 1241 introduced 
the diffusion coefficient Da of the interfacial jump as 

which was assumed to be comparable with the solution diffusion coefficient 0, an 
experimentally accessible quantity. This assumption virtually opened the way to a 
comparison of the standard activation entropy or Gibbs energy of diffusion between 
the bulk and the interface [124]. However, the concept of the rate-determining step 
may not be applicable to bulk ion transport and, hence, a distribution of both the 
equivalent jump lengths and the standard Gibbs energies of activation for individual 
diffusion jumps in Eq. (39) should be considered [115]. 

Note that speculations about the magnitude of the equivalent jump length 
[60, 1241 could be avoided. Following the transition state theory of a monomolecular 
process [125], the activation entropy term in Eq. (27) can be represented as the 
ratio of the partition functions of the transition state z*', from which the critical 
translational contributing along the ion reaction coordinate (here the x-axes) has 
been extracted, and of the initial ground state z, i.e., exp ( A  ,* $/R) = z*'/z. After 
separating the x-translation partition function of the initial state, 
z = z' (271MR T)'12La/h (M is the particle molar mass), Eq. (27) with 
2 = (k,T/h)La can be written as 

it = (RT/2 nM)'12 exp (- A,* Gy'/RT) (42) 

where the activation entropy does not involve a contribution from the translation of 
the ion motion along the x-axes. The pre-exponential factor in Eq. (27) would then 
have the meaning of the heterogeneous collision number. 
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3.1.3 Stochastic Model 

The stochastic model of ion transport in liquids emphasizes the role of fast-fluc- 
tuating forces arising from short (compared to the ion transition time), random in- 
teractions with many neighboring particles. Langevin's analysis of this model was 
reviewed by Buck [I261 with a focus on aspects important for macroscopic transport 
theories, namely those based on the Nernst-Planck equation. However, from a 
microscopic point of view, application of the Fokker-Planck equation is more fruit- 
ful [127]. In particular, only the latter equation can account for local friction 
anisotropy in the interfacial region, and thereby provide a better understanding of 
the difference between the solution and interfacial ion transport. 

The difference between the Nernst-Planck and Fokker-Planck equations can be 
illustrated by considering the simple model, in which the fluctuating forces are repre- 
sented by the &correlated white noise and the particle velocity follows adiabatically 
the fluctuating force. In this case, the Fokker-Planck equation can be written as [I271 

ap /at = - (43) 

with 

where p ( x ,  t )  is the probability of the particle having the coordinate x at time t, [ ( x )  
is the local friction coefficient, and V(x)  is the static potential of the regular forces. 
Equation (43), which is also known as the Smoluchowski equation [127], was 
rederived by Benjamin using a different procedure [128]. 

Obviously, when the local friction coefficient [ = [O is a constant, Eq. (44) takes 
the form of the Nernst-Planck equation, 

Although the latter equation has been often used in microscopic transport analyses 
[126, 129, 1301, the validity of such an approach is restricted either to homogeneous 
media, or to long-time limits when the friction coefficient reaches a constant value 

t 
lo, 
D = kgT/[ '  = lim (1/2) ( u ( 0 )  u(t'))dt' (46) 

t+m 0 

where u = dx/dt is the velocity and D is the diffusion coefficient. In three-dimen- 
sional space, scalar velocities in Eq. (46) must be replaced by vectors, and the 
denominator 2 by 3 (Green-Kubo equation). The autocorrelation function can be ob- 
tained by a molecular dynamics method for a specific molecular model of the system 
[114]. 

Gurevich, Kharkats and Samec [I 13, 1311 based their stochastic analysis of the 
interfacial ion transfer on Eqs. (43) and (44). Provided that this is a stationary pro- 
cess, i.e., ap/at = - a J / &  = 0, an integration of Eq. (44) yields 



where indexes a, b and x refer to the initial, final and intermediate positions in the 
rate-determining step, respectively. However, this is not exactly the equation used by 
the authors [113, 1311, who rather assumed that the friction coefficient ( = c* is a 
constant, having a value different from the bulk solution. The problem with 
calculating the integral in Eq. (47) was overcome [113] by applying the method of 
steepest descent, which is a minimizing procedure equivalent to the assumption that 
there is a minimum on the top of the potential barrier (transition state) [125]. The 
Gibbs energy of the ion was supposed to be a superposition of the potential energy 
barrier arising from the short-range repulsive interactions between ion and solvent 
molecules in the inner layer, and the linear potential connected with the long-range 
electrostatic interactions, comprising the contribution of the polar solvent around 
the ion (see Fig. 10) [131]. Although the constant field treatment of long-range in- 
teractions might be an oversimplification [132], recent estimates of the electrostatic 
Gibbs energy of finite-size ions near a planar boundary between two dielectric media 
[ 1331 confirmed the absence of a discontinuity on the energy profile, which then can 
be linearized in a narrow-range of the coordinate x. It has been argued [ 11 3, 13 11 
that, owing to the short-range interactions, the top of the barrier is not sharp but 
smooth and parabolic in shape, which has led to the introduction of the angular fre- 
quency o* of the ion motion in the transition state (harmonic approximation). Inte- 
gration of Eq. (47) yields an expression for the rate constant z, which has the form 
of Eq. (27), but the pre-exponential factor 2 is different: 

& = ( R T / ~ ~ C M ) ” ~ ( M O * / ~ ~ ) ~ ~ ~ ( - A ~ G ~ / K T )  (48) 

The standard Gibbs energy of activation A,* Gy is given by Eq. (28), with the charge 
transfer coefficient being a linear function of A ,” Gp, 

a =L*/La+A:G)/2M(o*La)2 (49) 

where L * is the distance between the initial (a) and transition locations of the ion. 
Thus, the equivalent jump length La presents only a second-order effect on the 
charge transfer coefficient, Eq. (49). Unlike treatments that are based on the Nernst- 
Planck equation [126, 129, 1301, the stochastic approach accounts for the local fric- 
tion anisotropy or variation of the diffusion coefficient in the interfacial region 
[128]. Besides, the latter approach suggests that the ion transfer rate dynamics de- 
pend on both the local friction and the local ion mobility; cf. the hydrodynamic fac- 
tor ( M c o * / ( ~ )  in Eq. (48). 

Kakiuchi [ 1301 integrated the Nernst-Planck equation by assuming a constant 
gradient of the electrochemical potential in the inner layer at the ITIES. This layer 
was not supposed to be necessarily the same entity as the ion-free inner layer at the 
interface (Sec. 2.3.2). In the absence of an activation barrier at the interface, the 
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equation for the rate constant lt in Eq. (26) can be written in the present notation 
as [I301 

with 

The nonlinear character of Eq. (50) is essentially the same as the Goldman-type 
rectification [I 341 known to membrane physiologists, and can also be responsible for 
various rectification phenomena, e.g., the Fournier effect [ 1351, i.e., the distortion of 
dc current-potential curves due to the ac noise [130]. Besides the prediction of the 
curved Tafel plots, the charge transfer coefficient at the standard potential difference 
should always equal 0.5. Thus, the model provides a simple, yet phenomenological, 
interpretation of the rate constant of ion transfer. Equation (50) can be derived even 
without assuming that the process is activationless. Thus, when the ion should over- 
come a rectangular barrier of the height AGF, only Eq. (52) is to be modified by 
introducing the factor exp (- A G$/RT). 

3.1.4 Molecular Dynamics 

Although all theoretical approaches discussed in previous sections do refer to a par- 
ticular molecular model, rather they represent attempts to rationalize experimental 
kinetic data in terms of mean values of electrical field or ion distribution, energy 
barrier height, energy change, ion mobility and viscosity of medium, which are all 
supposed to be closely related to the molecular properties of the ions and solvent 
molecules involved. However, no direct link to molecular properties has been 
established within the framework of the models discussed above. 

Recently, detailed molecular pictures of the interfacial structure on the time and 
distance scales of the ion-crossing event, as well as of ion transfer dynamics, have 
been provided by Benjamin’s molecular dynamics computer simulations [71,75, 128, 
1361. The system studied [71, 75, 1361 included 343 water molecules and 108 
1,2-dichloroethane molecules, which were separately equilibrated in two liquid slabs, 
and then brought into contact to form a box about 4 nm long and of cross-section 
2.17 nmx2.17 nm. In a previous study [128], the dynamics of ion transfer were 
studied in a system including 256 polar and 256 nonpolar diatomic molecules. Sol- 
vent-solvent and ion-solvent interactions were described with standard potential 
functions, comprising coulombic and Lennard-Jones 6 - 12 pairwise potentials for 
electrostatic and nonbonded interactions, respectively. While in the first study [ 1281 
the intramolecular bond vibration of both polar and nonpolar solvent molecules was 
modeled as a harmonic oscillator, the next studies [71, 75, 1361 used a more advanced 
model [I371 for water and a four-atom model, with a united atom for each of two 
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Fig. 11. Standard Gibbs energy profile (solid line) 
for an ion transfer across the sharp interface calcu- 
lated through a non-Boltzmann sampling using a 
total of 1.6 ns molecular dynamics trajectories. The 
crosses denote half of the average ion-solvent elec- 
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trostatic energy. (After 11281). 
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CH2 groups, including all bond stretches. bending and torsion around the C-C 
bond for 1,2-dichloroethane. The chosen ions included C1- [75, 1361, F-, Na’, 
K+ ,  and (CH3)4N+ [136]. 

Several fundamental questions have been answered in these few studies. Firstly, 
on the long time-scale (hundreds of pico-seconds), the water- 1,2-dichloroethane in- 
terface has been shown to be molecularly sharp [71, 1281. The density profile for 
each solvent varies abruptly over the distance of 0.5 - 1 .O nm, which is roughly the 
sum of the solvent molecule diameters. In this limit also the profile of the Gibbs 
energy of the ion is a smooth function of the distance (Fig. II), indicating the ab- 
sence of an activated process, which resembles the result reported by Kharkats and 
Ulstrup [133]. Such behavior indicates that ion diffusion in the bulk solution is not 
an activated process, i.e., attempts [60, 124, 1261 to interpret the diffusion coefficient 
in terms of transition state theories are rather misleading. The local diffusion (or 
friction) coefficient is also a smooth function of the coordinate perpendicular to the 
interface [128], showing a considerable drop on going from nonpolar to polar sol- 
vent. While this result is understandable from a physical point of view [128], it is at 
variance with an experimentally observed change in the apparent diffusion coeffi- 
cient, which is just the opposite. 

Secondly, on a shorter timescale (tens of picoseconds), which is actually the 
timescale of ions crossing the interface [75, 1281, thermal fluctuations superimpose 
capillary waves as long as about 0.8 nm on the sharp interface and generate a rather 
rough interface [71]. Benjamin [75] has shown that these waves are moving “fingers” 
of water that protrude into the other liquid, and that the reactive ion trajectory is 
that in which a water “finger” happens to “find” the ion. Thus, capillary waves play 
a dynamic role in the ion transfer process. In the opposite direction, i.e., from water 
to organic phase, the ion carries at least part of its hydration shell to the organic pha- 
se. During this process, the interfacial region becomes highly disordered and 
broadened, and capillary waves are longer. 
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Thirdly, it has been concluded [75, 1361 that ion transfer is an activated rather 
than a simple diffusion process. However, the existence of an activation barrier of 
several tens of kilojoules per mole is predicted only in the model, which accounts 
for the change in the liquid structure near the ion. When the system is treated as two 
homogeneous dielectric media with the ion as a charged sphere, the Gibbs energy 
profile is smooth even on the short timescale (cf. Fig. 2). In any case, the presence 
of the electrical field leads to an acceleration of the ion transfer, so that at a field 
strength of 2 x  10' V 75% of the ion trajectories are completed within 15 ps. A 
comparison or correlation of computer and real kinetic data might be prevented by 
the lack of reliable experimental data for the water- 1 ,2-dichloroethane system. 
Kinetic parameters for three of the five ions mentioned above, namely for C1-, F - ,  
and Na' , are quite difficult to acquire. 

3.2 Experimental Results of Simple Ion Transfer Reactions 

Four particular problems have been addressed in experimental kinetic studies of ion 
transfer kinetics across liquid-liquid interfaces. The effect of the electrical potential 
difference on the ion transfer rate has been always in the limelight [38, 42, 61, 96, 
100, 101, 109, 115, 117, 1 18, 121, 124, 132, 138- 1511. Second, there have been at- 
tempts to clarify the role of the nature of the ion in terms of ion mobility and solva- 
tion energy. In order to reach this goal, kinetic data for series of homologous ions 
were gathered and analyzed [42, 109, 115, 117, 118, 132, 138, 1441. Third, because 
the rate of both bulk and interfacial ion transport should depend on properties of 
the medium, effects of the temperature [115], the viscosity [I241 and the dielectric 
constant [ 1391 were examined. Finally, a monolayer of amphiphilic molecules formed 
at polarized liquid-liquid interfaces has been proposed as a suitable model of the bio- 
logical membrane-solution interface [94]. Phase behavior and ion permeability of 
monolayers were investigated by several authors [94, 96, 100, 101, 140, 1411. Most 
of the experimental work was done on the water-nitrobenzene system; kinetic studies 
of the water-I ,2-dichloroethane interface are few [124]. Highlights of these efforts 
are now summarized, with a comment on experimental techniques. 

3.2.1 Experimental Techniques 

Basically, experimental approaches to ion transfer kinetics rely on classical 
galvanostatic [ 1521 or potentiostatic [ 1461 techniques, such as chronopotentiometry 
[ I  18, 1381, chronocoulometry [124], cyclic voltammetry [146], convolution potential 
sweep voltammetry [ I  471, phase selective ac voltammetry [142], or equilibrium im- 
pedance measurements [ 1481. These techniques were applied mostly to liquid-liquid 
interfaces with a macroscopic area (typically around 0.1 cm2). However, microelec- 
trode methodology has been successfully introduced into liquid-liquid elec- 
trochemistry as a novel electroanalytical tool by Senda and coworkers [I531 and 
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Taylor and Girault [154], and has been further developed by Girault and coworkers 
[155], Van9sek and Hernandez [I561 and MareEek et al. [149]. The use of a 
microscopic interface is an essential requirement for a fluctuation analysis of ion 
transfer system under thermodynamic equilibrium which was attempted first by 
MareCek et al. [149]. No kinetic data have been reported from voltammetric or noise 
measurement at microliquid interfaces, though a new insight into the interfacial dy- 
namics comprising ion transfer has been thought possible [149]. 

Experimental difficulties in obtaining reliable kinetic parameters can arise from 
high solution resistance (typically of order 10’ - lo3 Q) compared with kinetic 
resistance (typically less than 10 Q), as well as from nonhomogeneous polarization 
due to the curved interface and/or an improper electrode configuration, or from 
electromechanical phenomena induced by the potential-dependent surface tension 
[42, 1481. Artifacts in the ac impedance measurements of liquid-liquid interfaces, 
which can originate from an improper design of the electrolytic cell, were discussed 
by Schiffrin and coworkers [43]. It was concluded that the main origin of the ob- 
served high-frequency dispersion is the high value of the resistance of the potential 
probe for the organic phase. Electrochemical cells allowing formation of an ideally 
flat liquid-liquid interface have been recognized as an essential requirement, together 
with the symmetric configuration of electrodes [42, 157, 1581 and low-impedance po- 
tential probes [43]. A first attempt to construct such a cell was made by Buck and 
coworkers [157], but the improper use of Pt wires as reference electrodes probably 
prevented the authors from obtaining meaningful kinetic data. Two approaches to 
the cell design are illustrated in Fig. 12, showing a two- [42] or four-electrode [158] 
galvanic cell. In either case, it is necessary to measure precisely the solution 
resistance, which is subtracted from the total impedance either numerically under 
zero dc conditions, or instrumentally under nonzero dc conditions, e.g., by using 
positive feedback [146]. VanderNoot and Schiffrin [36] suggested that, in order to 
extract kinetic information from impedance data, a nonlinear regression technique 
must be used. Convenient software for performing a nonlinear least-squares fitting 
of impedance data is available [159]. 

Kinetic data that have been obtained so far fall into three groups. The first com- 
prises data measured without the proper ohmic drop compensation or subtraction 
and/or the ideal polarization of the liquid-liquid interface being considered. Thus, 
from kinetic measurements made by Gavach et al. [I381 Buck and coworkers [121, 
1221, or Samec et al. [38], rather low values of the standard rate constant k i  were 
obtained - low4 cm s-I). 

In the more advanced kinetic measurements, which were carried out by using 
chronopotentiometry [118], chronocoulometry [124, 1391, linear [ 1461 and convolu- 
tion [18, 1471 potential sweep voltammetry, or phase-sensitive ac polarography [ 142, 
1431, the ohmic drop was either numerically subtracted [I 181, or compensated [124, 
139, 142, 143, 146, 1471 with the help of the positive feedback. The feedback adjust- 
ment was based either on the assumption that the separation of the current peaks 
measured by the slow potential sweep voltammetry should reach the value of 
(59/z) mV [124, 139, 146, 1471, or on the value of the solution resistance obtained 
by an ac bridge technique [142, 1431. However, the former adjustment is not very 
sensitive, whereas the estimated accuracy of 10 Q [142] in the latter case may not be 
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A 
Fig. 12. Design of the galvanic cell with a flat liquid-liquid interface. (A) The four-electrode type 
of cell with the aqueous (w, w') and the organic solvent (0) phases, silverlsilver chloride reference 
electrodes ( I ,  4), platinum counter electrodes (2,3), a glass barrier with a round hole for the liquid- 
liquid interface ( 5 )  and a tube connected to a syringe for adjustment of the interface. (After [ISS]). 
(B) The two-electrode type of cell with the aqueous (1,3) and organic solvent (2) phases, water jack- 
et (4), PTFE silicone rubber (5 ) ,  silicone rubber cap, silverhilver chloride reference electrodes (7,8), 
glass tube (9) and polarized working (w) or nonpolarized reference (r) interface. (After [42]). 

sufficient, inasmuch as the kinetic resistance are of a comparable magnitude. Hence, 
the values of the standard rate constant -5 x lo- '  cm s-l) reported in these 
studies can also be underestimated, though probably to a lesser degree. 

It has been shown [42] that the phase angle measurements by ac polarography 
can provide a very sensitive test for the correct adjustment of the positive feedback. 
Kinetic analysis based on this technique [42, 61, 144, 1451, or on the equilibrium im- 
pedance measurements [115, 132, 1481, yielded k$ around 0.1 cm s - ' .  Owing to very 
good agreement between kinetic data inferred for the same ion transfer reactions [42, 
115, 132, 1481, we propose to use these results as the most reliable reference, until 
other techniques provide a more reliable basis for consideration. In this respect, fluc- 
tuation analysis [I491 or faradaic rectification [160] appear to be promising. Recent- 
ly, ion transfer fluorometry has been introduced by Kakiuchi and coworkers [161, 
1621 as a very specific means of minimizing problems with double layer charging and 
ohmic drop compensation. 

Obviously, a comparison of kinetic data without critically analyzing their 
reliability can eventually be misleading. Girault [ 141 has made a dubious conclusion 
that the flow of the direct current can alter the solution composition in the vicinity 
of the interface, which makes the rate constant measured by a dc technique signifi- 
cantly lower, as compared with data obtained by an ac technique. However, the 
highest rate constants have been reported from ac impedance studies irrespective of 
whether the direct current flows through the interface [42], or not [132]. Analogous- 
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ly, an evaluation [I41 of the standard activation Gibbs energies from Gavach's data 
[ 109, 1381, which are only of historical value, can hardly provide actual information 
about the standard Gibbs energy profile at the ITIES. 

3.2.2 Electrical Potential Difference 

There is ample evidence that the plots of the logarithm of the apparent rate constant 
k against the potential difference (Tafel plots) for univalent ions have reciprocal 
slopes of about 1 18 mV per decade [42, 61, 124, 132, 142- 144, 1461. This behavior 
is illustrated for several cations and anions in Fig. 13, which displays data obtained 
from equilibrium impedance measurements [132]. Tafel plots derived from dc or ac 
voltammetric measurements in a sufficiently broad potential range are usually curv- 
ed [144, 145, 1631. Chronocoulometry has been claimed [I241 to provide in- 
dependently the rate constants for the forward and the backward ion transfer in Eq. 
(21); cf. also Girault's review [14]. However, this is impossible in principle, because 
these rate constants should always be related to each other by Eq. (22). The origin 
of the value of the apparent charge transfer coefficient and its variation with the po- 
tential has been always the key issue. 

Initially, the potential difference across the liquid-liquid interface has appeared 
to be concentrated in the diffuse double layer (Sec. 2.3). On this basis Koryta [6] con- 
cluded that the apparent charge transfer coefficient Ci is not related to the activation 
barrier and should have a value close to 0.5, as explained in Sec. 3.1.2. A numerical 
analysis based on Eq. (36) revealed however that, depending on the value of the para- 
meter p (Eq. (37)), Ci can vary with the potential difference Ago, i.e., Tafel plots 
should not be linear curves [60]. 

In order to account for the effect of the electrical double layer on the apparent 
charge transfer coefficient, the Frumkin-type correction was applied to kinetic data 
in the earliest kinetic analyses [109, 1471. As a result, the corrected rate constant zt 
was found to be practically independent of the potential E [I 17, 118, 1471, in agree- 
ment with the almost constant value of the inner-layer potential difference, 
A&?@ = 0. Further systematic studies of the electrical double layer (Sec. 2.3.2) have 
shown that the inner-layer potential difference A:;@ is negligible only near the po- 
tential of zero charge. A significant correlation between the corrected rate constant 
&, and A:;@ was disclosed for picrate (Pi-) ion transfer [143, 1481. Corrected Tafel 
plots at various concentrations of the aqueous base electrolyte (LiCl) are displayed 
in Fig. 14. Owing to some doubts about the applicability of the Gouy-Chapman 
theory in solutions of low electrolyte concentration [163], we ignored kinetic data for 
0.02 M LiC1. The electrolyte effect was re-examined for Csf ion transfer [163], with 
a similar result (Fig. 15). As follows from theoretical studies (Sec. 3.1), the slope of 
these plots can vary with the potential difference across the inner layer as predicted 
either for the constant-field model [I 301 (cf. Eq. (50)) or for the activated-step model 
[109, 1261 (cf. Eq. (49)). Indeed, the denominator ~ M ( u * L ~ ) ~  in Eq. (49) can be 
comparable with A,"Gp. For M = 100 and a characteristic transition time and length 
of 10 ps (i.e, o* = loll s-') and 1 nm [71, 1281, respectively, the former term would 
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Fig. 13. Logarithm of the apparent forward rate constant vs. the equilibrium potential difference 
A :@ (Tafel plot) derived from equilibrium impedance measurements for (A) monovalent cation 
and (B) anion transfer from a solution of 0.05 M LiCl in water to a solution of 0.05 M Bu,NPh,B 
or (Ph,AsDCC) in nitrobenzene at 293 K. (After [132]). 
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Fig. 14. Logarithm of the true forward rate constant kt vs. the inner layer potential difference A t @  
relative to the potential of zero charge (corrected Tafel plots) for picrate ion transfer between 
nitrobenzene solution of 0.1 M Bu,NPh,B and an aqueous solution of (0) 0.05, ( 0 )  0.1, (V) 0.2, 
(V) 0.5, and (0) 1.0 M LiCl at 298 K. Vertical bars indicate the standard deviation; the broken line 
corresponds to a = 0.5. (After [143]). 

have a value around 2 kJ mol-'. Although this is a very rough estimate, it can ex- 
plain the curvature of corrected Tafel plots (cf. Fig. 15). 

On the other hand, the influence of the base electrolyte concentration on the ion 
transfer rate casts some doubts on the validity of the classical Frumkin correction 
[143, 1451. First, the corrected rate constant should not vary with the base elec- 
trolyte concentration. Although this effect is much less pronounced when kinetic 
data at concentrations lower than 0.05 mol dm-3 are disregarded, the tendency to 
vary exceeds the range of experimental error, in particular for picrate ion transfer (cf. 
Fig. 14). Second, by using Eq. (33), Kakiuchi [I451 has shown that the apparent stan- 
dard rate constant k ;  should vary with the base electrolyte concentration in a way 
that is opposite for cations and anions, as well as opposite for ions of the same sign 
but with the standard potential difference on the positive and negative side relative 
to the potential of zero charge. At the same time, the apparent charge transfer coeffi- 
cient Go should decrease with increasing base electrolyte concentration. In contrast, 
experimental rate constants for various ions show a tendency to increase slightly, 
while Go does not vary at all (Fig. 16, p. 336). However, predicted plots were cal- 
culated on the assumption that the parameter a in Eq. (31) is a constant [145]. When 
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Fig. 15. Logarithm of the true forward rate constant z, vs. the inner layer potential difference A;@ 
relative to the standard potential difference (corrected Tafel plots) for Cs+ ion transfer between 
nitrobenzene solution of 0.05 M Pn,N[(CF,),Ph],B and an aqueous solution of (0 )  0.05, ( 0 )  0.1, 
(7) 0.2, and (V) 0.5 M LiCl at 298 K. Vertical bars indicate the standard deviation in 0.1 M LiC1; 
the broken line corresponds to a = 0.5. (After [163]). 

this condition is relaxed, and the validity of Eq. (49) is anticipated, the change in 
the inner-layer potential difference results in a change in a ,  which in turn weakens 
the effect of potential differences across the space charge regions in Eq. (31). These 
mutual compensations are seen, for example, in Cs' ion transfer kinetics, for which 
both apparent kinetic parameters are practically independent of the base electrolyte 
concentration, yet the corrected Tafel plots coincide (cf. Fig. 15) [163]. 

We conclude that, in view of the unequivocal existence of the diffuse double layer 
at the ITIES, the Frumkin-type correction appears to be a plausible working hypoth- 
esis, though its unambiguous proof has not been provided yet. A more advanced ap- 
proach, which relies on solving the Nernst-Planck equation in the space charge regi- 
on, has been developed by Matsuda and Delahay [164]. 

3.2.3 Influence of the Nature of the Ion 

One of the characteristic features of ion transfer kinetics is the minor effect of the 
ionic structure or size (diameter). Table 1 (p. 337) summarizes the apparent kinetic 
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Fig. 16. Observed changes in (A) the apparent standard rate constant k; ,  and (B) the apparent 
charge transfer coefficient Go with the concentration of the aqueous base electrolyte (LEI) for the 
transfer of (V) Me,N+, ( 0 )  Et4Nf,  ( 7 )  Pr,N+, and (0) PF; across the water-nitrobenzene in- 
terface at 298 K. Composition of the nitrobenzene phase: 0.1 M Pn4NPh4B. (After [145]). 
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Table 1. Standard potential differences A:@:, diffusion coefficients Dw or Do (in parentheses), 
and apparent kinetic parameters kS, and Go for the transfer of cations and anions across the 
water-nitrobenzene interfacea. 

Ion G@P lo6 x D 1 0 x k ;  8 0  Ref. 
(V) (cm2 s - ' )  (cm s -  ') 

Me,NH+ 
Choline 
Me4N+ 

EtMe3Ni 
Et2Me2Nt 
Me3PrN+ 
Et,MeN+ 
Me,BuN+ 
Et4Nt 

Et3PrN+ 
EtPr,N+ 
Pr4N+ 

Me4P+ 
Me3EtP+ 

Me3PrP+ 

Me3BuPt 

Me2V2' 
Et2V2+ 
Pr2V2 + 

Pi ~ 

PF; 
ClO, 

BF; 
SCN- 

0.092 
0.079 
0.030 

0.003 
- 0.022 
- 0.027 
-0.042 
- 0.063 
- 0.067 

-0.093 
-0.143 
-0.170 

0.009 
- 0.020 

- 0.050 

- 0.084 

-0.015 
-0.043 
-0.058 

0.039 

- 0.007 
-0.083 
-0.110 
-0.153 
-0.189 

11.1 
9.4 

10.6 
9.5 (3.7) 
9.5 (4.8) 

10.2 
10.1 
7.4 
8.9 
9.7 
7.8 
9.3 (4.0) 
9.3 (4.5) 
8.2 
- (1.63) 
- (1.21) 
8.5 (3.4) 

8.8 (3.7) 
8.1 (3.6) 
7.9 (3.6) 
6.7 (3.1) 
6.4 
5.8 (2.9) 

5.6 (2.3) 
4.1 (1.5) 
3.3 (0.9) 

6.1 (2.7) 
8.8 

12.9 
15.3 (6.7) 
14.9 
15.7 
13.7 

0.86 
0.83 
0.90 
1.36 
1.20 
0.78 
0.83 
0.91 
1.12 
I .03 
1.5 
0.9 
1.1 
0.88 
0.80 
0.47 
1.36 

1.48 
1.26 
1.14 
1.26 
1.05 
0.89 

0.48 
0.53 
0.68 

0.83 
0.37 
1.63 
0.9 
1.08 
1.73 
0.91 

0.44 
0.47 
0.50 
0.58 

0.50 
0.43 
0.54 
0.52 
0.54 
0.55 
0.64 

0.50 
0.42 
0.44 
0.60 

0.55 
0.5 1 

0.58 

0.57 

0.50 
0.49 
0.55 

0.56 
0.45 
0.50 
0.57 
0.53 
0.44 
0.45 

- 

- 

- 

- 

42 
42 
42 

132 
115 
42 
42 
42 
42 
42 
42 

132 
115 
42 
42 
42 

132 

132 
132 
115 
132 
115 
132 

132 
132 
132 

148 
143 
144 
132 
144 
144 
144 

a Experimental conditions: temperature 293 K [ I  15, 132, 1481 or 298 K [42, 143, 1441; base elec- 
trolyte concentrations in both phases 0.05 M [115, 132, 1481 or 0.1 M [42, 143, 1441. 

parameters for several homologous series of univalent or divalent ions. Typically, the 
apparent standard rate constant k i  is of the order of 0.1 cm s C 1  and the apparent 
charge transfer coefficient at the standard potential difference, ria, equals 0.5 kO.1. 
While the ion transport rate in the bulk of the solution reflects clearly a change in 
these ion parameters, no straightforward effect on the interfacial ion transport is 
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Fig. 17. Apparent standard rate constant k ;  vs. the limiting ionic conductance A; in water for 
the transfer of (1) Pr4N+, ( 2 )  EtPr3N+, (3) Et3PrN+, (4) Et4N+, ( 5 )  Me-,BuN+, (6) Et,MeN+, 
(7) Me,PrN+, (8) choline, (9) Et,Me,N+, (10) EtMe3N+, (11) Me,N+, and (12) Me,NH+ across 
the water-nitrobenzene interface. Vertical bars indicate the 95% confidence intervals. (After 1421). 

seen. Figure 17 displays the plot of the apparent standard rate constant against the 
ion mobility [42]. If the ion transfer across the interface were essentially similar to 
the ion transport in the bulk of the solution, as suggested by Shao and Girault [124], 
a linear relationship would be observed between k i  and the ion mobility. Contrary 
to this expectation, the plot in Fig. 17 exhibits a maximum for Et4N+, and k i  
decreases with either an increase or a decrease in the ion mobility [42]. A conclusion 
was drawn that the hydrodynamic friction due to the solvent-ion interactions dynam- 
ics, and the viscous momentum transport exerted on the transferring ion by the sol- 
vent layers at the interface, play a significant role in the ion transfer dynamics [42]. 

According to the stochastic theory (Sec. 3.1.3), the hydrodynamic friction should 
influence mainly the pre-exponential factor of the rate constant. However, ions 
studied differ considerably in the standard potential difference A:@ O ,  which con- 
tributes to the standard Gibbs energy change At GO for ion transfer between the 
locations a and b (Eq. 29), and thereby controls the magnitude of the exponential 
factor in the expression for the true rate constant (Eqs. 48 and 50). Indeed, when the 
Frumkin-type correction is applied to apparent kinetic data, the corrected rate cons- 
tant exhibits a significant correlation with AiG: for ions which differ in size, 
structure, and sign of charge [I 15, 117, 118, 1321. Such a Brmsted-type correlation 
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Fig. 18. Logarithm of the true forward rate constant vs. the corrected standard Gibbs energy 
of transfer A:GO (Bransted correlation) for a series of homologous ions: (1) Pr4N+, (2) EtPr3Nt, 
(3) Et3PrNt, (4) Et4N+, ( 5 )  Me3BuNf, (6) Et3MeN+, (7) Me3PrNf, (8) choline, (9) EtzMezN+, 
(10) EtMe,Nf, (11) Me4N+, (12) Me3NH+ (13) Pi- and (14) C l o y .  The broken line corresponds 
to a = 0.5. (After [I151 from data [42], empty circles and [132], full circles). 

is displayed in Fig. 18. Apart from an excellent agreement between data from different 
kinetic studies [42, 1321, the slope of the plot corresponds to a-0.5, as predicted by 
Eq. (50) for a constant-field model, or by Eq. (49) for the activated-step model with 
a barrier which is located in the middle between the locations a and b. This conclusion 
is corroborated by the analysis of the corrected Tafel plots (Sec. 3.2.2). 

3.2.4 Medium Effects 

The effect of temperature on ion transfer across the water-nitrobenzene interface was 
studied for a series of six quaternary ammonium and phosphonium cations and two 
anions using cyclic voltammetry and. equilibrium impedance measurements [ 1 151. 
Standard entropies (AgSp) and enthalpies (AgHY) of ion transfer have been evalu- 
ated from the experimentally accessible reversible half-wave potential and 
standard Gibbs energy of transfer (A$ GP), 
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Table 2. Thermodynamic functions, apparent activation energies and parameters of the stochastic 
theory for various ion transfer reactions at  the water-nitrobenzene interface at 293 K [I 151. 

Ion A$G: A$H: AgS: E ;r E: A G ?  Mw */(a 

(kJ mol- ')  (kJ mol-') (J mol-' K-') (kJ mol-') (kJ mol-') (kJ mol-') x lo4 

Me4N 
Et4Nt 
Bu4Nt 

Me&'+ 
Me,EtP + 

Me3PrP+ 
Me,BuPt 

Pi-  
ClO, 

2.9 - 5.3 
- 6.4 - 3.9 
- 26.5 0.6 

0.9 - 11.6 
- 1.9 -7.8 
- 4.8 - 6.4 
-8.1 - 3.0 

-4.1 - 4.6 
1.9 -12.6 

- 27.4 
-3.9 

- 41.8 
- 19.6 
- 5.2 
17.0 

-1.6 
-68.8 

19.3 
19.8 

- 

13.6 
20.1 
- 

19.2 
- 

18.8 
16.8 

- 

16.9 
19.5 
- 

19.0 
- 

4.1 
5.4 

- 

1.5 
4.4 
- 

3.2 
- 

1.4 
2.1 

- 
0.3 
0.9 
- 

0.6 
- 

Thermodynamic data are summarized in Table 2. Since, unlike nitrobenzene, water 
is a highly structured solvent, structure-breaking properties of small ions and 
enhancement of water structure in the presence of large cations are manifested in 
both entropic and enthalpic contributions, which both increase with the ion size. 

The temperature dependence of the rate constant it is illustrated in Fig. 19. 
Table 2 summarizes the apparent activation energies of the ion transfer 
E:r = -Ra In kt/a (I/T), and of diffusion E: = - R  a In D / a  (I/T). Ion diffusion 
coefficients at various temperatures were evaluated from voltammetric data [ 1 151. 
Provided that the temperature dependencies of the friction coefficient in the bulk of 
the solution, and at the location a, have equal slopes, a relationship can be derived 
from Eq. (48) [115]: 

E:r - E i  = A G - (RT/2) + a (A: Hy +*A: Cp) ( 5 5 )  

As can be seen from Table 2, the apparent activation energies of the ion transfer and 
diffusion are almost equal. Nevertheless, the standard Gibbs energy of activation 
AGT, which was derived by using Eq. ( 5 5 ) ,  has a positive value for all ions studied, 
though the potential barrier appears to be rather low [I 151. Actually, the potential 
barrier can be effectively lowered when the potential of the ion has a fluctuating con- 
tribution, because the particle has more opportunities to escape at times when the 
barrier is relatively low and need not wait for thermal excitation [165]. After inser- 
ting known values of all parameters of the stochastic theory into Eq. (48), the values 
of the hydrodynamic factor Mu*/Ca are found to be of the order of (Table 2). 
In contrast, an estimate based on the frequency of ion vibration o* = 10" s - '  
and the friction coefficient [ = RT/D= 2 . 4 ~  10'' g s - '  mol-' in the bulk solution 
and M = 100 g mol-' yields Mc0*/[~=40x lop4, a value almost two orders of mag- 
nitude greater. Since the estimate of the frequency is corroborated by molecular dy- 
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Fig. 19. Logarithm of the true forward rate constant kt vs. the reciprocal temperature T and the 
corrected standard Gibbs energy of transfer A: Gp (Brensted correlation projected on the plane of 
the page) for (0 )  Pi-,  ( 0 )  Me,PrP+, (A)Me,EtP+, (V) Et4N+, and (0) Me4N+ ion transfer 
from the solution of 0.05 M LiCl in water to the solution of 0.05 M Bu,NPh4B in nitrobenzene. 
The numbers on the lines indicate the temperature (K). (After [115]). 
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namics calculations [71, 1281, it appears that the reduction in the hydrodynamic fac- 
tor is the frictional effect. In a previous communication [132], the standard Gibbs 
energy of activation ACT was necessarily overestimated by using the bulk value of 
the friction coefficient. 

Other remarkable effects of the medium which are worth considering are those 
of viscosity and dielectric constant. In particular, the transfer of acetylcholine across 
the water-I ,2-dichloroethane interface has been studied as a function of the viscosity 
of the aqueous phase varied by adding sucrose (0-48 wt. To) [124]. Both the ion dif- 
fusion coefficient and the apparent standard rate constant k: were found to be in- 
versely proportional to the viscosity and their variation with temperature provided 
almost equal apparent activation energies (enthalpies) of about 21 kJ  mol-'. Plots 
of log k i  or logD against the change in the standard Gibbs energy of ion transfer 
6AgGP due to the presence of sucrose were found to have similar slopes. Since the 
apparent rate constant of diffusion estimated from Eq. (41) was several orders of 
magnitude higher than k:= l op2  cm s-l ,  the conclusion was made that the main 
difference between ion transfer and ion transport is the consequence of an entropy 
effect. The weak point of the argument is the use of Eq. (41), into which a proper 
value of the effective jump length L a  must be inserted. 

Analogously, the transfer of acetylcholine from water to nitrobenzene was 
studied as a function of composition of the organic solvent, which was varied by ad- 
ding nonpolar tetrachloromethane [ 1391. With increasing concentrations of CC14 
(0- 86 wt.To) both the dielectric constant and viscosity of the organic phase decrease, 
which has an effect on the apparent standard rate constant kb, the ion diffusion 
coefficient in the organic phase Do, and the standard Gibbs energy of ion transfer 
A g G ? .  In order to explain the observed effects of sucrose in the aqueous phase 
[124] and of CC14 in the organic phase [139], an empirical equation was proposed 
[139]: 

k i  = ko exp [-(Iw A G y + P  AGP)/RT] (56) 

where the standard activation energy for the ion transfer is given as the linear com- 
bination (Iw and 1' are constants) of the Gibbs solvation energies A G y  and A GP 
of the transferring ion in the two adjacent phases. Since, however, no solvation data 
were available for the solvent systems studied, a test of Eq. (56) could not be per- 
formed. 

It has been shown [151] that both effects appear to be a direct consequence of 
the stochastic theory [I 13, 1311 (Eqs. (48) and (49)). From this point of view, the cor- 
relation of the apparent standard rate constant with the standard potential difference 
(or standard Gibbs energy change) may not have a straightforward physical meaning 
when the solution viscosity can vary. In particular, the parameter to be tested is not 
k i ,  but the product of the rate constant and the viscosity q, k i q .  In order to il- 
lustrate this point, we have used thermodynamic, kinetic and viscosity data from 
both of the original communications [124, 1391. Since the standard potential dif- 
ference is close to the potential of zero charge, no correction for ion distribution was 
attempted. Figure 20 shows the variation of log (kS, q )  with the standard potential 
difference, both related to the state of the system in the absence of sucrose or CC14. 
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Fig. 20. Variation of the product of the apparent standard rate constant ki, and the viscosity q of 
(0) the aqueous or ( 0 )  the organic solvent phase with the formal potential difference A:@: for 
the transfer of acetylcholine across the (0 )  (water +sucrose)-l,2-dichloroethane or ( 0 )  water- 
(nitrobenzene+ tetrachloromethane) interface. Concentration of sucrose (wtPio): (1) 4, (2) 10, 
(3) 20, (4) 30, and (5) (40); data taken from [124]. Concentration of tetrachloromethane (wtPio): 
(1') 10, (2') 23, (3') 47, (4') 57 and (5') 71; data taken from [139]. The broken line corresponds to 
C( = 0.5. 

The slope of this correlation corresponding to a = 0.5 is consistent with the model 
involving a symmetric potential barrier. 

3.2.5 Monolayers 

Ion transfer across phospholipid monolayers at liquid-liquid interfaces has been 
studied with the aim of elucidating the mechanism and kinetics of ion transport 
across a bilayer lipid membrane (BLM). The main advantage of using these systems 
is in the possibility of controlling the interfacial potential difference, which in the 
case of the BLM has to be inferred indirectly [141]. 

In the pioneering study, Koryta et al. [94] found that the rate of the facilitated 
Na' ion transfer across the water-nitrobenzene interface in the presence of dibenzo- 
18-crown-6 is decelerated by adsorbed egg lecithin molecules, but only when the tem- 
perature is lower than 5 "C. Since the change in the ion transfer rate has been thought 
to be due to the phase transition of phospholipid, which normally occurs at a higher 
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temperature, a conclusion was made that the transition is influenced by the adjacent 
nitrobenzene phase. Girault and Schiffrin [ 1401 reported an analogous inhibition of 
Et4N+ ion transfer across the water-I ,2-dichloroethane interface in the presence of 
egg lecithin. 

In the first quantitative study, Schiffrin and coworkers [141] have shown that the 
surface pressure can be the decisive factor in determining the barrier height for 
Et4N+ ion transfer across a lecithin monolayer. The authors have proposed a simple 
model, in which the rate-determining step is the formation of a pore in the 
phospholipid layer with the critical radius r equal at least to the radius of the 
transferrable ion. The work required to open the pore against the surface pressure 
17 of the adsorbed monolayer was expressed by the term ~'17. When the surface 
excess of the phospholipid reaches the limiting value, r,, the surface pressure is 
proportional to the logarithm of the phospholipid concentration c, 
T7 = constant + RTT, In c, and the expression for the apparent standard rate cons- 
tant can be written as [I411 

where NA is Avogadro's constant. The experimentally observed slope of In k i  vs. 
In c yields the critical pore radius which corresponds to the partly hydrated Et4N+ 
ion 11411. 

These studies have indicated the importance of the phase behavior of the 
monolayer, as well as the necessity for its characterization from the chemical and 
structural points of view [96, 100, 1011. With this aim, monolayer characteristics and 
the ion permeability of saturated monolayers of six L-or-phosphatidylcholines - 
dilauroyl- (DLPC), dimyristoyl- (DMPC), dipalmitoyl- (DPPC), distearoyl- (DSPC), 
diarachidoyl- (DAPC), and dibehenoylphosphatidylcholine (DBPC) - have been 
studied by measuring the ac impedance at the polarized water-nitrobenzene interface 
[IOO]. The DLPC and DMPC monolayers are in a liquid-expanded state between 5 
and 30°C, whereas the DSPC, DAPC, and DBPC are in a liquid-condensed state 
in the same temperature range. The DPPC monolayer exhibits a temperature-induced 
phase transition at 13 "C. The monolayers in the liquid-condensed state reduce the 
rate of transfer of both Me4N+ and Et4N+. This result indicates that a phos- 
phatidylcholine monolayer exerts a hydrodynamic friction on transferring ions. In 
contrast, the monolayers in the liquid-expanded state accelerate the transfer of both 
ions, for which an explanation was seen in the change of ion distribution or the sol- 
vent structure-related friction [IOO]. The role of these two factors has been studied 
in detail by using the same method for the transfer of a cation (Et4N+) and anion 
(C10,) across a dilauroylphosphatidylethanolamine (DLPE) monolayer (961. The 
advantage in using DLPE is that it forms a denser monolayer than phosphatidyl- 
choline, and that the presence of an amino group in the hydrophilic head of DLPE 
makes it possible to change the surface charge density by changing the pH in the 
aqueous phase. The ion permeability was found to depend on the packing density 
of the monolayer, the surface charge density, and the charge and size of transferring 
ions. When the condensed monolayer was present, the decrease in the ion transfer 
rate was detectable for Et4Nf,  but not for ClO,, which has a smaller radius 
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Fig. 21. Logarithm of the apparent rate constant vs the potential E relative to the reversible half- 
wave potential (Tafel plot) derived from ac impedance measurements of Et4Ni ion transfer in the 
absence ( 0 )  and in the presence (V,  0)  of a DLPE monolayer formed at the interface between 
an aqueous solution of 0.1 M LiCl and a nitrobenzene solution of 0.1 M Pn,NPh,B+SO pM 
DLPE ( O ) ,  and at the interface between an aqueous solution of 0.09 M LiC1+0.01 M LiOH and 
a nitrobenzene solution of 0.1 M Pn,NPh,B+20 pM DLPE (V).  (After [96]). 

(Fig. 21). The negatively charged DLPE monolayer accelerates the transfer of the 
former ion and reduces appreciably the transfer of the latter ion. The effect is revers- 
ed in the case of a positively charged DLPE monolayer. The authors concluded that 
the ion permeability is primarily determined by the hydrodynamic friction and the 
double layer effect arising from the sign and density of the surface charge of adsorb- 
ed phospholipid molecules. 

3.3 Kinetics of Assisted Ion Transfer Reactions 

Simple ion transfer, Eq. (20), is often coupled to another process. A more general 
scheme involves the ion association or the formation of a complex at the liquid-liq- 
uid interface, e.g., 

X"W)+YS(0) ?= XY"'"(0) ( 5 8 )  
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where Ys is a counter ion or a ligand with the charge number s. Although a large 
number of ion transfer processes of this type were studied [14], only a few kinetic 
data have been reported, concerning mainly the transfer of alkali [166- 1681 or 
alkaline earth [ 1691 metal cations facilitated by polyether macrocyclic or acyclic 
ligands. 

A most advanced kinetic study was carried out by Senda and coworkers [166], 
who investigated the transfer of Na+ across the water-nitrobenzene interface in the 
presence of dibenzo-18-crown-6. This ligand is known to form a stable 1 : 1 complex 
with the transferred ion. It was shown that the ac impedance technique makes it pos- 
sible to distinguish between three basic mechanisms, which can be described as (1) 
transfer of the ion followed by its complexation in the organic phase (the EC mecha- 
nism); (2) complexation of the ion in the aqueous phase followed by transfer of the 
complex ion (the CE mechanism); or (3) complexation of the ion at the interface with 
simultaneous transfer of the ion from the aqueous to the organic phase (the E mech- 
anism). For the system studied, the E mechanism described by Eq. (58) has turned 
out to be most probable. The apparent rate constant of the assisted ion transfer 
(= - lo- '  cm s-') depends on the potential in a way that resembles Butler-Vol- 
mer behavior. The rate constant decreases with increasing aqueous electrolyte con- 
centration, in qualitative agreement with the expected double layer effect for a cation 
transferred at positive potential relative to the potential of zero charge. However, at 
this potential the rate constant should be independent of the electrolyte concentra- 
tion, which is not the case. 

Another assistance to simple ion transfer can be provided by a photochemical re- 
action generating the electroactive ion Xz from a precursor P, e.g., 

P(w)+hv -3 X"W) + XZ(0) (59) 

Systematic study of such systems was pioneered by Kuzmin and coworkers 
[170- 1721, who measured ionic current after the photochemical reaction of 
1,3-dinitrobenzene and 2,4-dinitrotoluene, or after electron transfer between 
photoexcited protoporphyrin and a series of quinones. In the former case, the elec- 
troactive ion was a quinone radical anion. However, in either cases, the ionic product 
responsible for a change in the interfacial potential (photopotential) [170] or the 
electrical current flow (photocurrent) [171- 1731 was supposed to be either a product 
of photoisomerization or a radical anion arising from the reaction with tetraphenyl- 
borate present. In the latter case, the ion transfer was found to be diffusion-con- 
trolled, and no kinetic data for the interfacial ion transfer could have been inferred. 
The photopotential [174] or photocurrent [175, 1761 was measured in the presence 
of some tetraaryl ions, such as Ph4As+ or Ph4B-. The photopotential was sup- 
posed to result from a photothermal effect [ 1741, but photodecomposition of 
tetraaryl ions according to Eq. (59) appears to be a more plausible explanation [175, 
1761. The photocurrent for Ph4Asf or Ph4B- exhibits Butler-Volmer behavior in a 
limited potential range, with the apparent rate constant of the order of cm s - '  
at A t @  = 0 [176]. The origin of the potential-dependent quenching of the photo- 
effect at highly positive and negative potentials [174, 1761, or in the presence of an- 
other electroactive ion [174], is unclear. 
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4 Electron Transfer Reactions 

4.1 Theoretical Studies 

Electron transfer between a redox couple 0 1 / R  1 in the W phase and a redox couple 
0 2 / R 2  in the 0 phase, Eq. (8), represents the second basic type of charge transfer 
across a liquid-liquid interface. Although this is a second-order process, its mecha- 
nism is better understood than the mechanism of ion transfer. 

4.1.1 Apparent Kinetic Parameters 

Obviously, reaction (8) can be expected to follow the second-order rate law 

The units of the forward and reverse heterogeneous rate constants, R and k, are 
seen to be, e.g., m4 mol-' SKI; note that the forward reaction corresponds to elec- 
tron transfer from the water to the organic phase. The relationship between R and 
k is analogous to Eq. (22) [24]: 

(61) 0 - 0  R/k = exp (- Aw G , / R T )  = exp [ - nF (E- E:) /RT] 

where A$G: = A $ G : + n F A g @  = nF(Ag@-  A.  w o  @,) = nF(E-E:) is the standard 

electrochemical Gibbs energy of electron transfer from W to 0, and n is the number 
of electrons transferred in reaction (8). The standard potential difference of electron 
transfer A g o :  is determined by the difference in the standard redox potentials of 
0 1/R1 and O 2 / R 2  related to the same reference electrode, Eq. (9). 

Two apparent kinetic parameters are usually introduced, namely the apparent 
standard rate constant k i  at the equilibrium potential E = E :  defined by Eq. (23) 
and the apparent charge transfer coefficient a (cf. Eq. (24)): 

4.1.2 Application of the Marcus-Levich Theory 

The mechanism of electron transfer across a liquid-liquid interface is probably quite 
similar to that of a homogeneous electron transfer [106, 1071. In either case, the role 
of changes in the oxidation state of both reactants, in their molecular structure (in- 
cluding valence bond deformation, breaking or formation), and in the polarization 
state of the solvent have to be considered. Owing to electrostatic interactions of 
charged reactants with polar solvent molecules, the electron energy levels of the reac- 
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tant are displaced with respect to their position in vacuum and, particularly, they dif- 
fer in general from those in products. However, the energy conservation law requires 
that electron energy levels in the initial and final states must coincide within the un- 
certainty limit, before radiationless electron transfer may occur. In accordance with 
the Franck-Condon principle, electron transfer occurs at a fixed configuration of 
heavy particles, and its probability can depend on the overlap of electronic wave 
functions in the initial and final states, which decreases exponentially with increasing 
distance between reactants. Consequently, the reactants must first approach each 
other as closely as possible. Then, thermal fluctuations in orientational vibrations 
(librations) of solvent molecules and intramolecular vibrations of reactants bring the 
system to an activated state, in which radiationless electron transfer can occur. Reor- 
ganization of solvent and of intramolecular degrees of freedom represents the main 
contribution to the Franck-Condon barrier of the process. The electron transfer 
probability was calculated by Kharkats [177], who used Levich’s quantum theoretical 
model [107]; compare also an extension of this approach by Kharkats and Volkov 
[178], and the review by Kuznetsov and Kharakats [112]. Recently, the problem has 
been addressed by Marcus [179], from the point of view of his nonequilibrium ther- 
modynamic theory [106]. Samec [24] implemented the result [I771 into his semiphe- 
nomenological theory of electron transfer. Hence, the forward rate constant R in Eq. 
(60) was expressed by 

R = I?, @ ( I ,  2) = Z @ (1,2) exp (- A,*G:/RT) (63) 

where R, is the corrected rate constant, @(1,2) is the two-particle distribution func- 
tion and AZG: is the standard Gibbs energy of activation. The distribution func- 
tion @ (1,2) was approximated by the product of the single-particle distribution 
functions, by denoting optimum locations for reactants in each phase as a and b: 

The pre-exponential factor Z in Eq. (63) is proportional to the volume of molecular 
dimensions V,  (e.g., the mean molar volume of reactants) and to the thickness of 
the inner layer, d :  

Z = B V m d  

where the constant B involves the overlap integral of the electronic wave functions 
in the initial and final states. When the harmonic approximation is used for the clas- 
sical subsystem, A: G: can be related to the standard electrochemical Gibbs energy 
of electron transfer from a to b, AkG:, through a quadratic function [106, 1071, 

A,* G: = (A + A: G:)’/4 A = A/4 + a A; G: (66) 

where A is sum of contributions from the reorganization of solvent Lo and reactant 
Ai 

A = & + A i  (67) 
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Later, Girault and Schiffrin [ 1801 made a similar analysis. The only point which 
they discussed in more detail concerned the optimum locations a and b for the two 
reactants, but no explicit relationship was derived. 

The solvent reorganization energy A. was calculated by Kharkats [I771 (cf. also 
[112, 1781) by taking into account electrostatic contributions from both ions and 
their images. Here we reproduce the expression derived by Marcus [179], which dif- 
fers from Kharkats's result [177, 1781 in some respects: 

where e is the electronic charge, E', cop and E ,  refer to the permittivity of vacuum, 
optical, and static dielectric constants, respectively, a and b are the radii of the two 
reactants, h W  and h o  are the perpendicular distances from the center of the reac- 
tants to the interfacial boundary in the aqueous and organic phase, respectively, and 
R is the center-to-center separation distance between the two reactants. Equation (68) 
can be compared with the expression for the solvent reorganization energy in the 
homogeneous electron transfer reaction [ 106, 1071, 

Since typically ~ ~ ~ = 2 4 ~ ~ ,  both A. and Akom are not very sensitive to the nature 
of the solvent, and a simple relationship between these two reorganization energies 
can be derived. Thus, when the reactants are approximately the same size, and 
can approach each other to the contact distance in both situations, i.e. 
a -  b - h = ho = R/2, then 

A similar relation holds when the reactants are of different sizes, but the image forces 
are practically screened by the supporting electrolyte present in an excess, which is 
equivalent to an assumption that hW,  ho  and R+m, 
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Since the reorganization term of the reactant ,Ii in Eq. (67) is also probably not very 
sensitive to the nature of the solvent, the total reorganization energy for interfacial 
and homogeneous electron transfer are approximately equal. The same conclusion 
can be inferred from Kharkat's treatment [177, 1781. 

Hence, the main difference between these two electron transfer reactions would 
be in the pre-exponential factor Z (Eq. 65). Following the treatment [24], they differ 
by a factor equal to the thickness of the inner layer d, i.e., Z/Zhom=d. By using a 
rigorous procedure, Marcus [I791 derived the expression for Z,  which in the case of 
the sharp liquid-liquid boundary reads 

Z = 2 71 y v (a+b) (AR)3  (72) 

where y is the Landau-Zener nonadiabaticity factor, v is some relevant frequency for 
the molecular motion, and AR = 0.1 nm appears in an exponent for the dependence 
of the electron transfer rate on separation distance R (cc exp ( - W A R ) )  [179]. When 
each reactant could penetrate the other phase, 2 was obtained as larger by a factor 
(0+b)~ /2  (AR)2  [179]. However, in this case the expression for ,lo would be more 
complicated, and was not derived. By using the same approach to homogeneous elec- 
tron transfer. we obtain 

Zhom = 8 y v (AR)3  (73) 

Hence, Z/Zhom = (a+b)/4, a result not very different from the approximate one 
above. 

4.2 Experimental Results of Simple Electron Transfer Reactions 

4.2.1 Experimental Techniques 

Various experimental techniques developed for kinetic measurements of ion transfer 
(Sec. 3.2.1) are applicable also in the electron transfer case. However, in order to make 
the kinetic analysis feasible, it is necessary to solve the transport problem with the 
boundary condition given by Eq. (60). Alternatively, experimental conditions are to 
be chosen so that the electron transfer occurs as a first-order reaction, for which use 
can be made of results inferred for an ion transfer reaction. 

Solution of the transport problem when the process is controlled by both the in- 
terfacial electron transfer and the steady-state or linear diffusion of reactants was de- 
rived by Samec [181, 1821. These results represent the basis for the kinetic analysis, 
e.g., in dc polarography or convolution and potential sweep voltammetry. Under the 
conditions of steady-state diffusion, Eq. (60) can be transformed into a dimension- 
less form [181], 

u YP-('-") = (1-Y) ( r -Y) -P- '  (s+Y) ( t+Y) (74) 
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where Y = Z/I$l is the dimensionless current (Id = K~ ci is the limiting current; K~ is 
the transport parameter for the reactant i), P = ( K ~ ~  K ~ ~ / K ~ ~  KR2) exp[nF(E-E:] is 
the potential function, u = ( I C ~ ~  K ~ ~ ) ~ - ~  ( K ~ ~  rc,2)a/nFAk:I$l is the kinetic func- 
tion, and the parameters r = I i 2 / Z $ l ,  s = Iil/Gl and t = Z$2/ I$ l .  Four interesting 
features can be deduced from Eq. (74) [181]. First, on going toward positive or nega- 
tive potentials, the function Y reaches a limit which is controlled by the limiting cur- 
rent of the reactant (product) with the lower transport rate. Second, under zero cur- 
rent conditions, P = s t i r  and the equilibrium Nernst equation for the potential dif- 
ference is recovered. Third, depending on the value of the rate constant kf, i.e., the 
parameter u, the reversible or irreversible limit in the reaction is reached, with the 
corresponding reversible or irreversible current-potential curve. It is noteworthy that 
either limit can be reached by changing not only the rate constant, but also the reac- 
tant concentrations. Fourth, the apparent kinetic parameters can be obtained from 
experimental current-potential curves by plotting the right-hand side of Eq. (74) di- 
vided by Y against the potential E. 

When the transport of reactants is controlled by linear diffusion, the kinetic anal- 
ysis can be performed using convolution potential sweep voltammetry [I 821. Here 
it is more convenient to choose one of the reactant concentrations to be equal to zero, 
i.e., the initial conditions are recovered at sufficiently negative or positive potentials 
as in linear potential sweep voltammetry. By using the Laplace transform and the 
convolution theorem in solving the second Fick equation for each reactant, the con- 
volution current m, 

t 
= n-1/2 I ( t )  ( t -  T)~’” dz 

0 
(75) 

satisfies the equation, 

where the concentration of 0 2  is set to zero, P has the same meaning as in Eq. (74), 
and the limiting convolution integral mf is given by 

(77) md = K~ cp = n F A D i  1/2 ci 0 

Upon evaluating the convolution integral from the experimental current-potential 
(time) curve and its limiting values (Eq. 77), kinetic analysis can be performed with 
the help of Eq. (76). Conversely, Eq. (76) or similar equations can be used to calcu- 
late the theoretical current-potential curve, e.g., for the linear potential sweep 
voltammogram, provided that the values of all the parameters are known. Some 
illustrative examples were provided by Girault and coworkers [ 1831. 
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4.2.2 Electron Transfer Systems 

In the work by Samec et al. [147, 184, 1851, the electron transfer reaction between 
ferrocene (Fc) in nitrobenzene and Fe(CN)i- in water was demonstrated for the first 
time. Since then, a number of redox reactions taking place at a water-organic solvent 
interface have been reported [26, 186-1901, though kinetic data are few. 

The former reaction proceeds according to the overall mechanism 

Fe(CN)i- (W)+Fc(O) = Fe(CN):- (W)+Fc+ (0) 

which was corroborated [I851 by the predicted [I811 dependence of the reversible 
half-wave potential on the concentrations of the reactants, and by excellent agree- 
ment between the measured value of the standard potential difference A:@:, and 
that calculated with the help of Eq. (9) [147]. However, the use of ferrocene presents 
some problems due to the possible transfer of the ferricenium ion (i.e., coupling of 
electron and ion transfer may occur in this case), and due to the limited solubility 
of ferrocene in water ( 1 . 7 ~  loC5 mol dm-3 [191], owing to which the reaction plane 
may be displaced toward the aqueous phase. Although the transfer of ferricenium 
ion was found to be well separated from electron transfer, the question of the mecha- 
nism has been left open to evidence based on kinetic analysis [192]. 

Electron transfer (78) has been shown to be rather slow [ 1851. Kinetic parameters 
were evaluated [ 1471 by means of convolution potential sweep voltammetry [I 821. 
The apparent rate constant k was found to be almost independent of the potential 
and equal to k = 4 x  lo-' m4 s - '  mol-' (units to Figs. 5 and 6 in [I471 should cor- 
rectly be read as pm sC1 M-I). Some features of the apparent kinetic behavior have 
been confirmed by a c  impedance measurements reported by Sen0 and coworkers 
[190]. In a further study [193], the effect of the nature and concentration of the ca- 
tion present in the aqueous phase was examined (Fig. 22). It is well known that both 
homogeneous and electrode redox reactions involving the Fe(CN)i- /Fe(CN):- 
redox couple depend on the nature and concentration of cation [ 194 - 1961. Hence, 
the quite negligible effect observed in reaction (78) is strong evidence that a mecha- 
nism comprising homogeneous electron transfer is unlikely. Moreover, the role of the 
electrical double layer seems to be less significant than one would expect for highly 
charged ions. This behavior was interpreted as a consequence of ion association, ion 
size, and the potential of the reaction (78), which is positive relative to the potential 
of zero charge. Actually, the ion diameter (0.96 nm) is comparable with the thickness 
of the space charge region, and because anions are repelled from the electrical double 
layer, the optimum location x = a was supposed to be displaced from the outer 
Helmholtz plane toward the bulk solution by the Debye screening length (e.g., 
1.36 nm at an ionic strength of 0.05 mol dm-3). The corrected Tafel plots evaluated 
from data in Fig. 22 by Eqs. (63) and (64), for zol = -2, are almost independent of 
the electrolyte concentration and their slopes roughly correspond to a = 0.5, with 
k, = 6 . 6 ~  lop6 m4mol-' s C 1  at A:GZ = 0 (Fig. 23). Kinetic data for the interfacial 
reaction (78) were then correlated with homogeneous kinetic data by using the theo- 
retical relationships derived from the Marcus-Levich theory (Sec. 4.1.2). Since for the 
homogeneous cross-electron transfer reaction (78) no experimental data are avail- 
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Fig. 22. Logarithm of the apparent backward rate constant k vs. the potential E (Tafel plot) of 
electron transfer between ferrocene in nitrobenzene and hexacyanoferrate(II1) in water derived 
from convolution potential sweep voltammetry. Composition of the aqueous phase: 1 mM 
K,[Fe(CN),]+LiCl (0 ,  A, V) or NaCl ( 0 )  or KC1 (a). Nitrobenzene phase: 0.01 M ferrocene 
and Bu,NPh,B. Concentration of both base electrolytes: 0.01 M (0 ,  0 ,  a), 0.05 M ( A )  or 0.1 M 
(V).  (After [193]). 

able, the authors [I931 used experimental rate constants 26 dm3 mol-' s - '  at zero 
ionic strength in water [I951 and 5 . 7 ~  lo6 dm3 mol-' s- '  in acetonitrile [I971 for the 
Fe(CN)i- /Fe(CN):- and Fc + /Fc homogeneous exchange-electron transfer reac- 
tions. After a correction for the work term [ 1981, the former rate constant is compa- 
rable with the latter one, 1 x lo6 dm3 mol-' s- ' .  Therefore, the homogeneous rate 
constant at zero corrected standard Gibbs energy can be estimated by the square root 
of the product of exchange rate constants, i.e., 2.3 x lo6 dm3 mol-' s - ' .  The value of 
this constant estimated from the heterogeneous corrected rate constant given above, 
i.e., k t / d  - 6 . 6 ~  lo6 dm3 mol-' s - '  for d - 1 nm, is in very good agreement with the 
measured one. 

By using cyclic voltammetry, Schiffrin and coworkers [26, 186, 187, 1891 studied 
electron transfer across the water-I ,2-dichloroethane interface between the redox 
couple Fe(CN)i- /Fe(CN);f- in water, and lutetium(II1) [I861 and tin(1V) [26, 1871 
diphthalocyanines and bis(pyridine)-meso-tetraphenylporphyrinato-iron(II) or ru- 
thenium(II1) [I891 in the organic solvent. An essential advantage of these systems 
is that none of the reactants or products can cross the interface and interfere with 
the electron transfer reaction, which could be clearly demonstrated. Owing to a 
much higher concentration of the aqueous redox couple, the pseudo-first order elec- 
tron transfer reactions could be analyzed with the help of the Nicholson-Shain theo- 
ry. However, though they have all appeared to be quasireversible, kinetic analysis was 
restricted to an evaluation of the apparent standard rate constant k i ,  which was 
found to be of the order of lop3  cm s - '  [186, 1891. Marcus [I991 has derived a rela- 
tionship between the pseudo-first-order rate constant for the reaction (8) and the rate 
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Fig. 23. Logarithm of the true backward rate constant kt vs. the corrected standard Gibbs energy 
of electron transfer A:GF (corrected Tafel plot) between ferrocene in nitrobenzene and hexacyano- 
ferrate(II1) in water. Composition of the aqueous phase: 1 mM K,[Fe(CN),] +LiCl. Nitrobenzene 
phase: 0.01 M ferrocene and Bu,NPh,B. Concentration of both base electrolytes: 0.01 M (O),  

0.05 M (0) or 0.1 M (V). (After [193]). 

constants of the electrode reactions of the redox couples involved, and has concluded 
that the values of the rate constant measured [186] and calculated from electrode ki- 
netic parameters are in a reasonable agreement. 

Kihara et al. [ I881 have introduced a series of redox reactions suitable for study- 
ing the electron transfer (8). These systems involved ferrocene or tetrathiafulvalene 
as electron donor or tetracyanoquinodimethane as electron acceptor in the organic 
solvent phase, and Fe(CN)i-, Ce4+, Fe3+, or Cr20;- as electron acceptor, or 
Fe(CN):- or hydroquinone as electron donor, in the aqueous phase. Since all these 
systems showed reversible behavior under the conditions of current-scan polarogra- 
phy, no kinetic. data have been reported. 
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4.3 Kinetics of Photoassisted Electron Transfer Reactions 

Attention has been paid to the kinetics of photoassisted electron transfer across a 
liquid-liquid interface [200 - 2031, e.g., 

D(W)+A(O)+hv -+ D*(W)+A(O) + D+(W)+A-(O) (79) 

where D and A denote the electron donor and acceptor, respectively. The use of the 
ITIES has been proposed [200,201] to be a suitable strategy for preventing back-elec- 
tron transfer, which is one of the key problems in effective photochemical charge sep- 
aration as the basis for light energy conversion. Electrochemical measurements of 
photocurrent at the water-I ,2-dichloroethane interface have been achieved using 
Ru(2,2’-bipyridine):+ [200-2021 or Ru(2,2’-bipyrazine)t+ [203] as a photosensi- 
tizer, and 1 ,If-diheptyl-4,4’-bipyridinium [200], 1 ,l’-dimethyl-4,4’-bipyridinium 
[201-2031, oxygen [202, 2031, iodine [202], Fe2’ and Fe3+ [202], NN‘-diphenyl- 
1,4-phenylenediamine [203], or ferrocene [203] as a quencher. Evidence has been 
provided that the quenching reaction is an interfacial electron transfer [200 - 2031. 
Impedance measurements on the irradiated interface enabled an estimation of its 
pseudo-first-order apparent rate constant (3 10 cm s-’) ,  which points to a rather 
fast process. 

5 Conclusions 

Progress in experimental and theoretical studies of the mechanistic and dynamic as- 
pects of charge transfer at the ITIES is developing swiftly. The present reviews is 
therefore deemed to be a status report concerning the charge transfer kinetics at the 
ITIES, rather than a systematic presentation of the subject. 

On the one hand, the thermodynamic realities of the ITIES, e.g., electrocapil- 
larity and standard ion transfer potential, have been well established. On the other 
hand, our knowledge of charge transfer kinetics is less solid. Although traditional 
macroscopic concepts appear to be applicable at least as a first approximation, there 
is still a rift between macroscopic views and microscopic understanding. 

In the course of developing experimental techniques in the past 15 years, we have 
seen an exponential increase in literature values for apparent rate constants of ion 
transfer. The mechanism has, however, often been discussed on the basis of scarce 
data. In order to stimulate further theoretical consideration of charge transfer and 
double layer structure from a molecular point of view, the compilation of reliable 
kinetic parameters is of decisive importance. 

Besides improving classical electrochemical methods, newly employed techniques 
such as second harmonic-generation and time-resolved fluorometry, with either con- 
trol of the potential drop across the interface or fluctuation analysis, are promising 
in this respect. Also indispensable are further advances in molecular dynamics and 
statistical-mechanical treatments of structure and charge transfer at the ITIES. 
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1 Introduction 

The treatment of industrial discharges to reduce toxicity and recover valuable chemi- 
cals/metals has gained impetus since the mid-1970s. A variety of treatment processes 
have been proposed, the more conventional being either physicochemical or biologi- 
cal in nature. Physicochemical processes tend either to shift pollutants (landfilling), 
concentrate pollutants (carbon adsorption), transfer pollutants to a different medi- 
um (air stripping), or cause secondary pollution (chemical precipitation leading to 
metal hydroxide sludges). Biological processes tend to have an extremely narrow 
range of operating conditions. 

Electrolytic treatment technologies have definite advantages over these more 
common treatment processes. The primary benefit is that chemical change in an elec- 
trochemical process is brought about by the ability to add or remove electrons from 
species to be treated. This eliminates the use of redox agents to treat wastes and also 
removes the need to treat spent redox streams. Other, equally important, benefits of 
electrochemical processes include: close control of reactions through control of the 
applied potential or current; lower operating temperatures and hence lower costs; in- 
creased possibility of on-site treatment, especially in small-scale use; possible simul- 
taneous use of the anode and cathode for waste minimization; and the ability to 
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recover and recycle valuable chemicals and/or metals from waste streams, thereby 
preventing pollution. 

Recent developments in material science, electrochemical reactor design, and 
electrocatalysis have led to an increasing number of electrolytic applications in the 
area of effluent treatment. These developments have allowed electrochemical treat- 
ment processes to become competitive with physicochemical and biological process- 
es, in terms of both capital and operating costs. Some cost-competitive cases of elec- 
trochemical pollution control have appeared in the literature over the past several 
years [l-61. 

2 Analysis of Specific Applications 

An overview of currently practiced electrolytic treatment technologies which have 
been, or promise to be successful is presented. Processes under the headings of ca- 
thodic processes, anodic processes, electrodialysis, electromembrane processes, elec- 
trochemical effluent gas treatment, electrochemical soil treatment, electroflotation, 
and electrochemical ion exchange are discussed in terms of their applicability to a 
given waste effluent. The anodic processes section has been subdivided into direct 
electrochemical oxidation and indirect oxidation by in-situ electrochemical oxidant 
generation; electrochemical synthesis of oxidizing agents is covered in another sec- 
tion. Emphasis has been placed on novel reactor designs, new electrode materials, 
and unique electrocatalytic techniques. This review should serve to augment and up- 
date the earlier reviews by Kuhn [7,8]. 

3.1 Cathodic Processes 

Almost all of the cathodic (reduction) processes used for waste removal are metal 
recovery processes. Although electrodialysis, gas treatment, and some oxidant syn- 
thesis processes make use of cathodic reactions, these will be discussed later under 
other headings. 

Electrolytic recovery of metals is an alternative to precipitation where metallic 
impurities are removed at the point of origin. Electrodeposition of metals has dis- 
tinct benefits over precipitation and ion exchange methods: the metals are recovered 
at lower capital and operating costs, no additional chemicals are needed, and sludge 
formation is eliminated. 

In the past, electrochemical metal recovery techniques have been limited by low 
efficiencies in recovering low concentrations of metal ions from a process effluent. 
Recent advances in cell design, coupled with the availability of new cathode materi- 
als, now make it possible to  achieve higher current efficiencies. 

Coeuret and Paulin [9] studied the recovery of copper in a pulsed granular fixed- 
bed cathode using copper-plated graphite spheres as the cathode bed. The spheres 
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were supported on a copper screen which in turn served as the current feeder. Period- 
ic pulsation (fluidization) of the electrolyte flowrate put particles in suspension, thus 
avoiding bed blockage which was found to occur in a fixed-bed cathode, and allowed 
for continuous metal recovery on the particles. Two modes of operation were studied; 
pulsed flow with constant current density, and pulsed flow with pulsed current. The 
pulsed current operation yielded higher current efficiencies ( = 90010), which were 
25 Yo higher than that obtained with a fluidized-bed electrode. 

Avci [lo] used a rotating tubular bed reactor to recover copper from both an acid- 
ic copper solution and an alkaline cyanide solution using 10 mm copper particles as 
a cathode with a total surface area of 40 dm2. Applying a current of 4 A, a current 
efficiency of 80% was reported for copper recovery from the acidic solution. The 
current efficiency decreased with increasing current. A cyano-cuprate complex, form- 
ed during reduction of the alkaline cyanide solutions, led to lower copper recoveries. 
Addition of an oxidzing agent (NaOCl) and a complexing agent (NH,Cl) was found 
to significantly enhance copper recovery as well as cyanide destruction. 

Scott [ 1 I ]  compared three types of circulating particulate electrodes for copper 
recovery from dilute solutions (Fig. 1): spouted (circulating) beds, vortex beds, and 
moving beds. The beds contained 500- 700 pm spherical copper particles positioned 
on a stainless steel cathode feeder, and a platinized titanium anode. All electrodes 
performed similarly in terms of copper recovery current efficiencies. Recovery was 
found to be more efficient at low pH and high metal concentrations. The spouted 
bed electrode was preferred on the basis of scaleup. 

Tsapakh et al. [I21 deposited copper on a fluidized cathode in a diaphragmless 
electrolyzer at 25 "C using a high concentration (20 kg/m3) copper sulfate solution. 
The fluidized bed contained copper particles and the anode was lead dioxide plated 

&l 
d 

f 
d 

( a )  ( b )  ( c )  

Fig. 1. A schematic of three types of circulating particulate-bed electrodes studied for copper 
recovery: (a) spouted bed; (b) vortex bed; (c) moving bed. b: bed region; d: diaphragm; f: feeder; 
e: electrolyte flow. (Adapted from [I 11). 
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on nickel. High current efficiencies (70%) were obtained at high current densities 
(20000 A/m2) along with low applied potentials (3 - 4 V) and specific power con- 
sumption (20-40 kWh/kg). Pletcher et al. [I31 used reticulated vitreous carbon 
(RVC) cathodes for the removal of low levels of copper ions from aqueous, acidic 
sulfate solutions using membrane cells. The most rapid removal rate was attained at 
a high electrolyte flowrate, with an RVC cathode with the smallest pore size [I00 ppi, 
pores per inch, ( *  cm2/cm3)], and largest surface area/volume ratio available. Cur- 
rent efficiency for copper removal was high (> 50%), provided the concentration of 
copper ion was above 5 ppm. The presence of oxygen in the solution had no influ- 
ence on the copper removal rate although it caused high cell currents, resulting in 
low current efficiencies. The deposition of copper was mass transport controlled at 
-0.4 V vs. SCE. Operating the cell at -0.3 V improved the current efficiency, but 
lowered the copper removal rate. The presence of chloride ions or a decrease in the 
ionic strength of the solution had no adverse effects on the copper deposition rate. 

In a related study, Walsh et al. [14] examined the performance of a reactor divid- 
ed by a DuPont Nafion@ 417 membrane for the removal of copper. The cathode was 
a 5 cm x 5 cm x 1.2 cm piece of RVC operated under mass transport controlled condi- 
tions in a 0.5 M Na2S04 solution (pH 2) containing low levels (< 100 ppm) of 
CuSO,. A lead - 6% antimony anode was used along with a 0.5 M Na2S04 solu- 
tion as the anolyte. 

The kLA, value (the product of the mass transfer coefficient and the cathode ar- 
ea per unit electrode volume) was found to depend on the surface area and pore size 
of the RVC and the electrolyte velocity. For a 100 ppi RVC cathode, kLA, values up 
to 0.23 s- '  were obtained. During the reduction of 10 ppm cupric ion levels to less 
than 0.1 ppm, a current efficiency as high as 69% was attained, even in air-saturated 
solutions. The cell was scaled up from an electrode length of 50 mm to 400 mm [ 151. 
Values of the mass transfer coefficient obtained from this reactor agreed well with 
those obtained from the smaller electrode [14]. The Cu(I1) content was reduced from 
10 to 0.1 ppm in a single pass, with a current efficiency of 69%. RVC cathodes were 
found to be useful for streams having low metal ion concentrations since higher con- 
centrations may lead to clogging of the three-dimensional structure, decreasing there- 
by the cathode performance. 

Yen and Yao [16] used a fin-type titanium cathodic current feeder (Fig. 2) in a 
fluidized-bed electrode to achieve enhanced copper recovery from dilute solutions. 
Copper particles served as the fluidized-bed cathode and platinized titanium screens 
were used as the anode, where oxygen evolution occurred. The feeder with the longer 
fin yielded higher current densities at increasing Reynolds numbers and larger bed 
expansions as compared with the short fin or the planar current feeder. The in- 
creased currents were due to the increased rate of copper deposition on the fluidized 
particles. 

While operating at - 1.0 V, and at a bed expansion of 75%, an initial copper con- 
centration of 350 ppm was reduced to 3.5 ppm using the long fin feeder. This exit 
concentration was found to be lower for the planar or the short fin types of feeders. 
The enhanced performance of the long fin feeder was due to increased contact be- 
tween the current feeder and fluidized particles, and the increased number of active 
monopolar particles in the cell. 
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Fig. 2. Schematic of (a) a fluidized-bed cell, and (b) a fin-type current feeder, L = 0.7, 1.2 cm. 
(Adapted from [16]). 

Bergmann et al. developed a vertically moving particle bed (VMPB) electrochem- 
ical reactor for copper recovery from dilute solutions (0.1 - 10 000 ppm) [ 171. Al- 
though higher rotation rates increased the current efficiency for copper removal at 
lower cell currents, rotation rates of below 5 min-' were chosen to minimize me- 
chanical wear. Impurities such as chloride ions, citric acid, and surfactants did not 
seem to interfere with the current efficiency of the process. This reactor was able to 
bring metal ion concentrations down to 0.5 ppm. A schematic of the VMPB reactor 
is shown in Fig. 3. 

Boyanov et al. studied the removal of copper and cadmium from hydrometallur- 
gical leach solutions using fluidized-bed electrolysis [ 181. The electrolytic chamber 
was partly filled with 0.6mm glass beads to ensure a high degree of turbulence in 
the chamber. Titanium or stainless steel expanded mesh was used as the cathode 
while platinized titanium served as the anode. High current efficiencies (90°70) for 
copper removal were attained at low current densities (30A/m2). Although a low 
current density and high acid concentration were found to aid in the separation, 
complete electrolytic separation of the two metals was not achieved. Copper removal 
was more efficient in the absence of cadmium. The presence of 0.1 g/dm3 Co and 
1 .O g/dm3 Zn did not affect the kinetics of copper deposition, while iron did lower 
current efficiencies for copper reduction. 

Avci [ 191 developed a rotating tubular-bed reactor with extended cathode surface 
areas to improve mass transfer for nickel recovery from industrial Watts plating 
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Fig. 3. Schematic of the vertically moving particle bed (VMPB) reactor. (Adapted from [17]). 

baths. The electrodes were two perforated tubes, the space between which was filled 
with 10 mm nickel particles. At a current of 8 A, current efficiencies of up to 75% 
were attained for inlet nickel concentrations of 1800 to 2000 mg/dm3 requiring 
130 Ah to reduce the nickel concentration to 2.5 mg/dm3. The current efficiency 
was a function of nickel concentration in solution and was higher at higher nickel 
concentrations. Increasing the current from 8 to 15 A, however, lowered the current 
efficiency. 

Hu and Bautista used a fluidized-bed electrochemical reactor to recover chromi- 
um from dilute solutions [20]. The particulate cathode bed contained chromium par- 
ticles (20-mesh, 450- 600 pm diameter) and carbon rod current feeders which pro- 
jected into the center of the fluidized bed. The lead tube anode was separated from 
the cathode by a porous Vycor glass tube which was selective to hydrogen ions. Cur- 
rent efficiency for chromium deposition varied from 8 to 22% and increased with 
increasing chromium concentrations and current density. The conversion ratio (the 
ratio of the amount of Cr(II1) formed to Cr(V1) consumed) was 0.77. 

Abda et al. [21] removed hexavalent chromium from aqueous solutions using 
graphite felt cathodes. The reduction rate of Cr(V1) to Cr(II1) (which precipitated 
as Cr(OH),) increased with a decrease in pH. Appropriate pH values were obtained 
by controlling the water electrolysis rate at the anode and cathode. The location of 
the Cr(OH)3 precipitate moved toward the outlet port as the current decreased. 

Dudek et al. developed an electrolytic process for the one-step stripping of galva- 
nized steel (at the anode) while recovering zinc by electroplating [22]. The zinc sepa- 
rated from the galvanized steel scrap was reused. As shown in Fig. 4, the galvanized 
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Fig. 4. An electrolytic cell for stripping galvanized steel in 90 "C caustic electrolyte. 
(Adapted from [22]). 

scrap was the anode in a tank filled with warm (70-90°C) NaOH while steel plates 
were used as the cathode. Active zinc dissolution occurred at 0.4-0.5 V positive to 
the zinc rest potential. Zinc deposition efficiencies varied between 70% at 
25 mA/cm2 to 95% at 150 mA/cm2. The presence of trace metal impurities did not 
have any measurable effect on the current efficiency. 

Electrolytic recovery of iron from pickling solutions using tungsten carbide gas 
diffusion anodes was studied by Streng et al. [23]. Replacement of Tainton anodes 
(99Yo lead and 1% silver) with a gas diffusion tungsten carbide anode led to a 
1.5- 1.7 V decrease in the cell voltage and a 50% reduction in energy consumption. 
Unwanted oxidation of ferrous ions to ferric ions did not occur on these gas diffu- 
sion anodes, since the cell was operated at a lower potential. 

Recovery of silver from spent photographic process streams using a graphite felt 
cathode in a flow-through reactor (Fig. 5 )  was studied by Tricoli et al. [24]. Initially, 
the current increased with time because of the higher exchange current density of sil- 
ver deposition on silver than on graphite. On the other hand, currents obtained from 

CE 

f 

Felt - 

Fig. 5. A flow-through reactor designed for silver 
recovery from photographic process waste streams: 
CE, counter electrode; RE, reference electrode. 
(Adapted from [24]). 
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a precoated silver cathode decreased with time. At a cathode potential of -650 mV 
vs. SCE, high current efficiencies (93 YO) were obtained at high initial silver concen- 
trations (500- 550 mg/dm3). Lower cathode potentials were recommended for lower 
initial silver concentrations to obtain high current efficiencies ( = 100%). 

Delanghe et al. studied the removal of mercury(I1) from contaminated brines 
using graphite felt cathodes [25]. A 100% current efficiency for mercury removal 
was obtained at a potential of -400 mV vs. SCE on a graphite felt 1 cm thick at a 
flowrate of 1 cm/s. This current efficiency was higher than that obtained on RVC, 
nickel foam platinum grids, or graphite sphere cathodes. 

In the 1960s, fluidized-bed electrodes (FBEs) were considered to be a major 
breakthrough in metal recovery, primarily because of high mass transfer rates and 
continuous metal removal capability (as opposed to batch operations). However, low 
interparticle contact of the fluidized cathode caused ohmic losses resulting in high 
energy consumption. The high energy consumption, as well as problems associated 
with scaleup, resulted in only a few commercial applications, mainly in Europe [lo]. 
To obtain higher current efficiencies for metal removal, a number of alternative reac- 
tor designs with moving particulate electrodes (as reviewed above) are under study. 
Although some of these designs scale up reasonably well [ l l ,  171, most of the studies 
are on a benchtop scale. 

Porous, three-dimensional cathodes that can be used in flow-by reactors have ad- 
vantages for metal removal from dilute streams. These advantages include high elec- 
trode surface area per unit volume of electrode, and high mass transfer coefficients. 
The RVC cathodes used by Pletcher and his coworkers [I3 - 151 have the additional 
benefit of a low pressure drop due to a high porosity. The RVC electrode was shown 
to scale-up well with increase in electrode length [15]. Unlike planar two-dimensional 
electrodes, however, RVC cathodes are brittle and need careful handling. There are 
also difficulties in removing or stripping the metals off the porous electrodes. How- 
ever, since most waste streams tend to have low metal ion concentrations to begin 
with, stream cleanup will be more important than metal recovery. If metal reclama- 
tion is important (as in most electrowinning processes), a two-dimensional electrode 
could be used at first to recover most of the metal ions, followed by a three-dimen- 
sional electrode for cleaning up the waste stream prior to discharge. 

Metal removal and recovery could be carried out by depositing on a three-dimen- 
sional cathode until most of the active surface area of the porous cathode is occupied 
by the plated metal. The “used” cathode would then be sent to an electrowinning 
cell where it would be regenerated by anodically stripping the metal which is deposit- 
ed onto stainless steel sheets. The metal is then peeled off the sheets as a nontoxic, 
salable product. Baker Brothers/Systems (Stoughton, MA, USA) currently use this 
process in their high-surface-area metal recovery systems. 

An alternative scheme would involve reversing the direction of current flow in a 
reactor after the porous cathode has become completely clogged by the recovered 
metal. The current reversal strips the metal off the plugged cathode and the metal 
is recovered in an independent, contaminant-free stream fed to the stripping cham- 
ber. This stream can be sent directly to the plating bath as a concentrated metal solu- 
tion. This process, however, requires the use of an ion exchange membrane to sepa- 
rate the anode and cathode chambers. 
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2.2 Anodic Processes 

While cathodic processes may produce positive payoffs by recovering metals from 
waste streams, anodic processes are essentially destructive in nature. Positive payoffs 
may occur if it is possible to carry out an anodic process which destroys toxic species 
at the same time that the cathode is recovering metals. For example, during the treat- 
ment of a cyanide plating bath, heavy metals are recovered at the cathode while cya- 
nide is destroyed at the anode along with any organic additives and brighteners. 

Anodic processes may occur by direct electrochemical reaction of the waste at the 
anode, or by indirect oxidation when an oxidizing agent is generated in the waste 
stream. For example, oxygen and ozone may be generated from water in the waste 
stream, or the addition of sodium chloride to the waste stream can be used to gener- 
ate free chlorine or hypochlorite at the anode. In addition, metal ions of higher va- 
lence states can be produced at the anode to oxidize wastes. 

2.2.1 Direct Electrochemical Oxidation 

Direct electrochemical oxidation of organics present in waste streams faces an in- 
herent problem in that the species that need to be oxidized may be present at very 
low concentrations (organics, typically at 5 - 1000 mg/dm3) compared with water 
(= 55 mol/dm3). However, the ultimate goal is not necessarily to mineralize the or- 
ganics (i.e., convert them to CO, and H20), but to detoxify the hazardous compo- 
nents in the waste water. Electrochemical oxidation may achieve this objective in a 
nonpolluting fashion by making use of the electron directly while eliminating the use 
of extraneous oxidizing agents. 

The anodic oxidation of phenol (dissolved in sodium sulfate) was studied by De 
Sucre and Watkinson using two types of lead dioxide anodes [26]. The first was made 
of 2 mm lead shot that was oxidized for 12 h at 526 mA/cm2 in 20% sulfuric acid 
while the second anode, electrodeposited lead dioxide flakes, was supplied by a com- 
mercial manufacturer. The phenol oxidized faster on the electrodeposited PbO,, 
which also turned out to be more corrosion-resistant than the oxidized lead shot. 
While all of the phenol oxidized rapidly (1.5 h) on the electrodeposited anode, not 
all of it formed CO,. It was found that 80% of the total organic carbon remained 
in solution after the phenol was completely oxidized. Phenol destruction increased 
with an increase in current density, and decreased as electrolyte flowrate, pH, and 
anode particle size were increased. 

The oxidation of aniline in sulfuric acid was studied by Kirk et al. on a packed- 
bed anode made up of 1 mm spherical lead pellets in contact with a pure lead anode 
collector plate [27]. The lead pellets were oxidized to lead dioxide for an hour in sul- 
furic acid (pH = 2) at 300 A/m2. No mention was made of the corrosion resistance 
of these anodes. The anodic destruction of aniline to COz was found to occur 
through the formation of benzoquinone and maleic acid. At a current of 2A,  the 
initial rate of aniline (2.7 mM) oxidation was very rapid with more than 90% of the 
initial aniline being oxidized within one hour. After 5 h of operation, 72.5% of the 
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aniline was converted to C02.  The amount of aniline oxidized increased with in- 
creasing current density and decreased with increasing aniline concentration and pH. 
Current efficiencies for complete oxidation to C 0 2  ranged from 15 to 40%. A sche- 
matic of the packed-bed reactor is shown in Fig. 6. 

Ho et al. completely oxidized simple sugars (sucrose, maltose, and 1.0% glucose 
in 0.5% NaCl or Na2S04) on Pb02-coated titanium mesh anodes [28]. At 0.5 A, the 
electrodestruction, measured in terms of chemical oxygen demand (COD) remaining, 
followed a linear relationship with time; all of the sugars were destroyed at a rate of 
375 -400 mg/dm3 h. Negligible electrode corrosion occurred; no Pb2+ ions were 
found in solution, even after prolonged use of the electrode. 

Fig. 6. An electrochemical reactor used for aniline oxidation 
on a lead dioxide packed-bed anode: (A) lead anode; 
(B) 1 mm lead pellets; (C) stainless steel cathode; (D) Na- 
fiona427 membrane; (E) stainless steel retaining screen; 
(F) glass beads; (G) gasket; (H) inlet; (I) outlet; (J) cathode 
gas vent. (Adapted from [27]). 

Patzer et al. studied the anodic oxidation of urea in a closed-loop hemodialysis 
system [29]. While urea was completely oxidized to ammonia and C 0 2  on platinum 
surfaces at 0.5 - 1 .I V vs. Ag/AgCl, these reaction products were thought to be ad- 
sorbed to the electrode surface, leading to electrode deactivation and subsequent in- 
crease in electrode potentials. An optimal constant constant-current strategy, voltage 
polarity relay (VPR), appeared to accomplish simultaneous urea oxidation and elec- 
trode regeneration. The VPR control method reversed the polarity of the working 
and the counter electrode when the working electrode reached 1.1 V. 

The electrochemical incineration of synthetic sewage waste in 12M H2S04 or 
urine was studied by Kaba et al. [30]. At a potential of 1.8 V vs. NHE, a 95% reduc- 
tion in total organic carbon (TOC) occurred on lead dioxide electrodes after 90 h of 
operation. The addition of a Ce3+/Ce4' redox couple to the electrolyte caused a 
fivefold increase in the current density but only a 1.5-fold increase in the destruction 
rate. The use of ultrasound also resulted in an increase in the current density and 
destruction rate. 
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Electrolysis of a urine-waste biomass mixture at 800mA on a Pb02  anode’ 
showed an 82% decline in TOC after 96 h of operation. The destruction process 
occurred through the generation of C10- ions at the anode from C1- within the 
urine. Noxious gases such as carbon monoxide, nitrogen dioxide, nitrous oxide, am- 
monia, and methane were not detected in the gaseous effluent, while CI2 which was 
formed during the process constituted only 0.1% of the evolved gases. 

Disinfection of municipal water contaminated with coliforms and fecal strepto- 
cocci was the subject of a study by Patermarkis and Fountoukidis [31]. Disinfection 
was achieved using titanium electrodes and direct current. The polarity was alternat- 
ed every minute to eliminate titanium oxide buildup. No additives or supporting 
electrolytes were used in this room-temperatures process. At a current density of 
2.5 mA/cm2 and an applied voltage of 45 V, no microbial activity was detected after 
30 min of operation. Noncontaminated, electrochemically treated water possessed a 
residual disinfection capacitiy; addition of treated water to a contaminated sample 
destroyed the microbial life in the sample. 

Matsunaga et al. studied the disinfection of drinking water at room temperature 
using Escherichia coli as a model microorganism. As shown in Fig. 7, the carbon 
cloth electrodes were interwoven with ion exchange membranes and rolled around a 
glass tube [32].  At an applied potential of 0.7 V vs. SCE, an initial cell suspension 
of lo5 cells/dm3 was reduced to < l o2  cells/dm3 at a residence time of 10 min. The 
disinfection was thought to be based on the electrochemical oxidation of intracellu- 
lar coenzyme A. 

Comninellis formulated the “electrochemical oxidizability index” (EOI) and the 
“electrochemical oxygen demand” (EOD) to quantify the anodic mineralization or 

Fig. 7. Electrochemical sterilization reactor used for drinking 
water disinfection: (1) feedwater; (2) glass jar; (3) car- 
bon-cloth electrode; (4) SCE; ( 5 )  ion exchange membrane, 
(6) treated water. (Adapted from [32]). 
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destruction of organic species in wastewaters [33, 341. Studies on the destruction of 
substituted groups, such as -COOH, -NO2, -S03H, etc., had low EOI values 
while substituents which were electron-donating, such as -NH2, had high EOI val- 
ues. 

The oxidation of phenol on a platinum anode was studied by the same author 
[34]. At a current density of 50mA/cm2, 70"C, and a pH of 3, the initial phenol 
concentration of 21 mmol/dm3 completely disappeared in 2 h. Apart from C02,  
other organic intermediates such as hydroquinone, benzoquinone, maleic acid, 
fumaric acid, and oxalic acid were identified. An analysis of the reaction intermedi- 
ates and a carbon balance showed that the destruction reaction occurred by two par- 
allel pathways; chemical oxidation with electrogenerated hydroxyl radicals, and di- 
rect oxidation of phenol and/or its aromatic intermediates to C02. 

Kotz et al. used an Sn02 anode doped with antimony to oxidize 1000 ppm phe- 
nol in 0.25 M Na2S04 [35]. It required 1 Ah to destroy phenol completely and 8 Ah 
for the total disappearance of organic carbon from the system, suggesting that all 
of the phenol had been converted to C02.  The Sn02 anode was superior to Pt and 
Pb02  anodes, as the latter two electrodes failed to eliminate organic carbon com- 
pletely. The enhanced performance of these Sn02 anodes was attributed to the 
availability of holes at the surface of the doped electrode which would allow the oxi- 
dation of organics to proceed via a hole mechanism. 

In a related study, Comninellis and Pulgarin [36] showed that only small amounts 
of intermediates were formed during the destruction of phenol on doped Sn02 an- 
odes while larger concentrations were observed on platinum anodes. Aliphatic acids 
that were formed as intermediates during phenol oxidation were rapidly oxidized at 
the Sn02 anode while they were electrochemically inactive at Pt anodes. 

Stucki et al. studied the destruction of benzoic acid [37] on an Sn02 anode. It 
required 2Ah to destroy the benzoic acid completely and a little over 10 Ah for the 
total disappearance of organic carbon from the system, once again suggesting that 
all of the benzoic acid had been converted to C02.  A similar comparison with Pt 
and Pb02  anodes revealed that both these electrodes failed to eliminate organic car- 
bon completely. 

The electrochemical oxidation of 1,4-benzoquinone, a toxic organic compound 
found in photographic process wastewater streams, was investigated by Pulgarin et 
al. [38]. The electrochemical cell designed for this purpose is shown in Fig. 8. At an 
anodic current density of 50 mA/cm2, the rate of oxidation depended on the type 
of anode used. Complete mineralization of benzoquinone to C 0 2  was observed on 
an Sn02 anode deposited on a titanium substrate at 40 Ah/dm3 while an Ir02 an- 
ode, also deposited on a titanium substrate, needed 80 Ah/dm3 of charge before all 
of the benzoquinone was destroyed. Only 60% of the organic carbon was completely 
mineralized to C02,  and a number of organic intermediates such as maleic, fumar- 
ic, and oxalic acids were found in solution. No explanation was offered for the differ- 
ences in the activity of these two electrodes. 

Murphy et al. used a proton exchange membrane (Nafion@ 117) as a solid electro- 
lyte to oxidize a mixture of 12 low-concentration (50-60ppm TOC) organic com- 
pounds contained in deionized water [39]. Platinum 10% iridium mesh anodes and 
cathodes were hot-pressed onto the surface of the membrane. This membrane elec- 
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Fig. 8. Electrochemical cell used for 1,4-benzo- 
quinone oxidation. (Adapted from [38]). 

trode assembly was in turn “sandwiched” between two current collectors as shown 
in the schematic of the proton exchange membrane (PEM) reactor in Fig. 9. At a 
current density of 1.2 A/cm2, it required 60 h to bring the TOC levels to zero. The 
oxidation of the organics was found to occur by the same reaction mechanism at dif- 
ferent applied potentials and was under kinetic control. The oxidation reactions 
occurring were assumed to be proceeding through a heterogeneous bimolecular 
mechanism where the disappearance of the organics was directly proportional to the 
concentration of the organic species as well as to the concentration of the surface- 
active sites consisting of metal oxide films formed in situ. 

The anodic destruction of low-concentration cyanide solutions was studied using 
nine different lead dioxide anodes which were plated from lead nitrate solutions con- 

Collectors 
Fig.9. Single-cell PEM reactor used to destroy 
organic waste streams. (Adapted from [39]). 
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taining different surfactants or organic additives [40]. All of the lead dioxide anodes 
were able to reduce the cyanide concentration from an initial value of 800ppm to 
0 ppm in 1.5 - 3 h, while a graphite anode was not able to achieve complete degrada- 
tion even after 4 h. The surfactants or derivatives used in electrode fabrication al- 
tered the porosity of the lead dioxide anode, which in turn appeared to affect the 
decomposition efficiency. 

Ho et al. used a packed-bed reactor and a series of 316 stainless steel fiber an- 
odekathode pairs to decompose cyanide-containing effluent [41]. The cyanide de- 
struction process was enhanced by the presence of metal ions, which led the authors 
to treat a copper cyanide effluent. The cyanide concentration was decreased from an 
initial concentration of 1400 ppm to less than 20 ppm within a 4-20 h time period 
at an energy consumption of 5- 13 kW h/kg CN. At a CN/Cu ratio of 4.6 most of 
the copper was deposited on the cathode while some was converted to the divalent 
form and deposited on the anode surface as an oxide. 

In a related study, Lin et al. [42] used a bipolar arrangement of the same reactor 
and electrode system mentioned above to compare the performance of the two con- 
figurations. The bipolar design was shown to yield higher current efficiencies for 
cyanide destruction at the expense of a higher power consumption. Nonuniform cop- 
per deposition on various cathodes showed that the reactions were not occurring uni- 
formly with the bipolar arrangement. 

Most studies on electrochemical oxidation were performed using added acids or 
salts as supporting electrolytes; these create a secondary waste stream that needs to 
be treated. In contrast, the proton exchange membrane electrolyte used by Murphy 
et al. [39] eliminates extraneous addition of acids and salts and does not create a sec- 
ondary waste. However, “real” waste streams which contain dissolved inorganics in 
addition to organic compounds could foul the membrane, the electrode, or both. 
One approach to circumvent this problem would be to treat and remove inorganics 
from the waste stream (possibly by electrochemical methods) before oxidizing the or- 
ganics in membrane cells. Alternatively, the waste stream could be treated first in a 
cell without a membrane, since the presence of inorganics will enhance conductivity 
of the waste stream where the removal of inorganics occurs simultaneously with the 
oxidation of the organics. Once the solution conductivity begins to drop to an unac- 
ceptable level, a membrane cell can be used to “polish up” the waste stream, since 
then the low concentration of the waste species should not poison the membrane 
and/or electrode. 

Mechanistic studies have shown that hydroxyl radicals formed at the anode, as 
a precursor to oxygen evolution, can chemically oxidize dissolved organics in the 
waste stream [34]. In such cases, current efficiencies for organic destruction could 
be improved by suppressing unwanted side reactions such as oxygen evolution. Metal 
oxide anodes which typically have high oxygen overvoltages work well in this area. 
Doped SnO, anodes [35 - 381 even outperform PbO, in completely mineralizing 
organic compounds. 

A majority of the studies on electrochemical oxidation were performed on single 
organic compounds. While this provides fundamental kinetic and mechanistic data, 
further studies need to be done using streams containing a mixture of compounds 
(such as the one studied by Murphy et al. [39]) to simulate actual waste streams. 



378 P. Tatapudi and J.M. Fenton 

Much like metal recovery from dilute streams, the use of three-dimensional elec- 
trodes will enhance the oxidation rates of low-concentration organics by increasing 
the surface area available for reaction. Moreover, porous electrodes which could be 
incorporated into cells using solid electrolytes can draw upon technologies developed 
for other electrochemical systems such as PEM-based water electrolyzers and fuel 
cells. 

2.2.2 Indirect Electrochemical Oxidation 

Indirect electrochemical oxidation encompasses all those processes in which the pol- 
lutant is indirectly oxidized, either by the generation of oxidants (e.g., C12, C10-, 
0,) or by the presence of a redox couple (Ag+/Ag2+, Fe2+/Fe3+, Co2+/Co3+) that 
is used as an electron carrier for oxidation. 

The indirect oxidation of dilute cyanide solutions using electrolytically generated 
chlorine or hypochlorite from NaCl in the electrolyte was examined by Yen et al. [43]. 
Packed layers of platinized titanium screens were used as the anode. The cyanide de- 
struction rate increased with increasing current density, but decreased with increasing 
pH. The presence of NaCl in the electrolyte enhanced the CN destruction rate. The 
optimum amount of NaCl increased with increasing current density. Increasing the 
electrolyte flowrate did not affect the destruction rate of cyanide, which led the 
authors to believe that the presence of oxygen and hydrogen bubbles at the anode 
and cathode respectively allowed for increased mixing, resulting in no mass transfer 
limitations. The presence of cuprous ions accelerated the destruction rate of cyanide, 
although no explanation was offered for this phenomenon. 

Poon and Soscia demonstrated a process for the destruction of cyanide from a 
metal-finishing waste solution with simultaneous removal of cadmium [44]. This was 
achieved in a reactor (Fig. 10) that electrolyzed seawater below a column of the met- 
al-finishing waste to generate oxidants such as hypochlorite which was brought to 
the top, into the metal-finishing waste column, by ascending gases (02, H2, C12) 
generated during electrolysis. The hypochlorite reacted with the cyanide to form 
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Fig. 10. Electrochemical reactor used for the simultaneous treatment and removal of cyanide and 
cadmium from a metal-finishing waste stream. (Adapted from [44]). 
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C02 and N,. Excess chlorine gas (i.e., chlorine which did not form hypochlorite) 
converted the cyanide to cyanate, which was subsequently oxidized by hypochlorite. 
Cadmium was precipitated from the water due to an increase in the solution pH. A 
platinum-plated niobium screen was the anode and a stainless steel screen was used 
as the cathode. At an applied potential of 6.0 V, resulting in a current of 6.0 A, the 
cadmium concentration decreased from 17.4 mg/dm3 to 0.01 mg/dm3, while the cy- 
anide concentration declined from 54 mg/dm3 to zero in 80 min of cell operation. 

Franklin et al. studied the in-situ anodic oxidation of barium peroxide (Ba0,) in 
aqueous sodium chloride solutions containing cationic surfactants. An active inter- 
mediate, barium superoxide (BaO:), was formed which in turn converted carbon 
tetrachloride to soluble barium chloride and barium carbonate precipitate [45]. This 
work was extended to the destruction of 1,2-dibromomethane in aqueous solutions 
[46]. Destruction of 1,2-dibromomethane was increased by increasing the amount of 
barium peroxide, electrolysis time, current density, and temperature of the solution. 
Using a graphite anode, a destruction efficiency of 86 - 89% was achieved at a poten- 
tial of 0.9 V vs. SCE and a current density of 16.6 mA/cm2, when the solution was 
maintained at 25 "C. The authors postulated that the superoxide acted as a nucleo- 
phile which in turn displaced the halide from dibromomethane. The resulting com- 
pound was then oxidized electrolytically and chemically. No oxidation was found to 
occur when the barium peroxide was replaced with hydrogen peroxide, which sug- 
gests that the barium ion helps to stabilize the superoxide ion. The surfactant was 
thought to aid in suspending the insoluble organic compound and the barium perox- 
ide, while also helping to stabilize the superoxide ion. 

Although the superoxide ion was also successful in destroying some aliphatic and 
aromatic halogenated hydrocarbons, resulting in the formation of barium carbonate, 
soluble halides, and water, it was unsuccessful in destroying nitroaromatic com- 
pounds, or aliphatic compounds having an amine or a nitrile group attached to them 
[47]. This led the authors to believe that the superoxide ion was not a strong enough 
nucleophile to displace nitro, amine, or cyanide groups. 

The combined use of nonelectrochemically generated ozone and electrolytic oxi- 
dation using ferrite anodes to oxidize ethylene glycol was studied by Takahashi and 
Katsuki [48]. At a current density of 2.1 A/dm2, an O3 feed gas concentration of 
15.6 mg/dm3, and an initial ethylene glycol concentration of 4 x  mol/dm3, the 
complete removal of organic carbon, while not achievable by either of the two 
methods separately (i.e., ozonation alone, or electrochemical oxidation alone) was at- 
tained when both methods were used in combination. The authors inferred that the 
formation of reactive free radicals was responsible for TOC removal. Glycolaldehyde, 
glyoxal, glyoxylic acid, and formaldehyde were detected as the reaction products of 
ethylene glycol decomposition: this led the authors to conclude that TOC removal 
proceeded via the temporary formation and rapid decomposition of formic acid. 

The conversion of ethylene glycol to CO, by reaction with Co(III), Fe(III), or 
Ag(I1) in HN03 using a gold rotating-cylinder anode was studied by Farmer et al. 
[49]. At temperatures between 28 and 47"C, ethylene glycol and its intermediates 
(formaldehyde and formic acid) were completely converted to C 0 2  using Co(II1). At 
673 mA, current efficiencies between 55 and  64% were observed using Co(III), in 
contrast to 88% observed using Ag(I1) under similar experimental conditions. Poor 
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conversion and current efficiencies were observed using Fe(III), which led the 
authors to conclude that the strongest oxidizing agents served as the most efficient 
mediators in the oxidation of organic compounds. 

In a related study, Farmer et al. studied the destruction of benzene by Ag(I1) [50]. 
Unlike in the case of ethylene glycol, a maximum conversion of 60% was achieved 
after 5 h of electrolysis at 336 mA. The authors attributed the failure to achieve 
100% conversion to the volatilization of benzene or one of its intermediates from 
the anolyte. Of the three separator materials, porous ceramic, Vycor microporous 
glass, and Nafion@ 117, which were investigated, the latter two were found to be ef- 
fective barriers to HN02  (formed by the reduction of HNO, at the cathode) migra- 
tion from the catholyte to the anolyte. 

Farmer and his coworkers [51] modified their earlier process by replacing the 
HNO, electrolyte with H2S04, the gold anode with platinum, eliminating the mem- 
brane separator, and replacing the Ag(I1) mediator with Co(II1). These changes were 
made because the earlier process suffered from precipitation of Ag as a halide, leak- 
age of Ag through the membrane separator, fouling of the membrane, anode corro- 
sion in the presence of HN03,  and generation of HN02 and NO, at the cathode. 
While 20-50070 of the organics studied were volatilized during the process, the re- 
maining organics were completely converted to C02. A schematic of the electrolytic 
cell with the rotating cylindrical anode is shown in Fig. 11. 

Sudoh et al. demonstrated the destruction of phenol via electrolytically generated 
Fenton’s reagent in a ferrous sulfate/sodium sulfate electrolyte. These studies were 
performed in an H-type electrolyzer (Fig. 12) on a graphite plate cathode [52]. At an 
operating potential of -0.6 V vs. Ag/AgCl, a solution pH of 3, and a ferrous con- 
centration of 2 mol/m3, a phenol degradation current efficiency of 60% was report- 
ed for initial phenol values ranging from 260 to 2600ppm. 

Ar Atmosphere 

Rotating I Cylinder 

Fig. 11. Schematic of an electrochemical cell and gold 
rotating-cylinder anode (RCA) for the indirect destruc- 
tion of chlorinated organics using Co(II1). ‘co (111) and 

Sulfuric Acid (Adapted from [51]). 
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Fig. 12. H-type electrolyzer for the electrogeneration of Fenton's reagent [52] .  (By permission from 
Society of Chemical Engineers, Japan). 

Unlike the above process, which was operated in the acidic range, Do and Chen 
showed that formaldehyde could be destroyed in situ using electrolytically generated 
alkaline hydrogen peroxide on a graphite plate cathode [53]. At a current density 
of 0.5 mA/cm2, a pH of 13, and an operating temperature of 45 "C, 99.9% of 
the initial formaldehyde (1 000 ppm) was degraded at a current efficiency of 
8 1 .I  To. 

All the above processes involved the anodic formation of oxidizing agents in 
aqueous media. Kalu and White, however, generated superoxide ions 0;- at the 
cathode by the reduction of oxygen in aprotic solvents such as dimethylformamide 
and/or dimethylsulfoxide containing 0.2 M tetraethylammonium perchlorate sup- 
porting electrolyte [54]. Studies were conducted in a once-through flow reactor (Elec- 
trocell Co., Sweden) to determine the feasibility of destroying hexachlorobenzene on 
a graphite gas diffusion electrode loaded with 0.3 mg/cm2 platinum. The extent of 
C6C1, degradation increased with current density. At 4.5 mA/cm2, the degradation 
efficiency was higher at low solvent flowrates, reaching values close to 100% at a 
solvent flowrate of < 1 cm3/min. The type of solvent also appeared to affect the 
degradation efficiency, as did the purity of the substrate. These differences in perfor- 
mance were attributed to conductivity differences of the solvents used as well as the 
physical properties of oxygen in the media. The contaminants in the impure substrate 
either inhibited superoxide formation or competed with C6Cl, for the superoxide 
ions. 

The use of electrochemically generated oxidants for the indirect oxidation of or- 
ganic wastes has an inherent advantage in that direct electrochemical oxidation of 
the wastes can occur simultaneously. However, the use of chlorine and hypochlorite 
has raised concern because of the formation of chlorinated organics. Fortunately, 
ecologically desirable oxidants such as ozone and hydrogen peroxide (which decom- 
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pose to oxygen and water) can be prepared on site, electrochemically, and are just 
as effective as chlorine or hypochlorite. 

The use of redox couples for the destruction of organic compounds has its basis 
in electroorganic synthesis. An advantage of this process is that the redox reagent 
is recycled, thus eliminating the production of unwanted solids or an effluent solu- 
tion. However, unless complete mineralization of the organics occurs (to CO, and 
H20), the redox reagents have to be separated from the waste stream (for them to 
be reused), which may not be possible. If the redox couple is immobilized within the 
electrode (in the form of a coating), separation of the couple from the waste products 
will not be a problem. 

2.2.3 Miscellaneous Anodic Processes 

This section reviews additional anodic processes in water cleanup, leaching pure met- 
als from ores, cleaning contaminated metallic surfaces, and anode behavior in harsh 
electrolytic environments. 

Pretorius et al. proposed the electrolytic dissolution of iron in a tapwater/NaCl 
electrolyte using mild steel electrodes as a means of producing ferrous ions that could 
be used to precipitate phosphorus from wastewater [55] .  The cost of this electrolyti- 
cally produced iron was found to compare favorably with commercially available 
iron salts which tend to contaminate water supplies. 

Lee et al. studied the oxidation of ferrous ions in sulfuric acid using graphite par- 
ticle packed-bed anodes [56]. The resulting ferric ions are used as oxidizing agents 
for the leaching of copper and iron from metal ores, and for sulfur dioxide removal 
from sulfuric acid solutions. Current densities of 100 mA/cm2 were achieved in 3 M 
H2S04 with 0.5 M FeS04. 

Chaudry and Bhide [57] demonstrated a process for cleaning metallic surfaces 
contaminated by a spent-fuel radioactive wastewater stream. Using an aluminum 
cathode and tapwater as the electrolyte, a current density of 15 pA/cm2 on a con- 
taminated pipe wrench made of mild steel (rendered anodic) reduced the radioactivi- 
ty from 26 pGy/h to 0.26-0.39 pGy/h in 15 min. Similar results were obtained when 
studies were performed on contaminated aluminium plates. 

Harnsberger and Ramoda compared the relative performance of platinum-clad 
niobium, iridium-oxide-coated titanium, and iridium-oxide-coated titania suboxide 
ceramic anodes to assess their stability in fluoride-containing metal-finishing ef- 
fluents [58]. The anodes were polarized in a sulfuric-acid-based fluoride-containing 
solution at 100 mA/cm2. The ceramic anode showed the highest degree of resistance 
by lasting for 3500 h before it ceased to function. The Pt/Nb and the Ir02/Ti elec- 
trodes, in comparison, lasted for 1500 and 48 h, respectively. The authors believed 
that the superior performance of the ceramic electrode was due to a lower solubility 
of the substrate in HF as well as its higher porosity, which may have provided a reser- 
voir for the IrO, coating. 
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2.3 Electrochemical Synthesis of Oxidizing Agents 

Electrochemical routes to synthesizing oxidizing agents for waste treatment practices 
can offer a number of advantages over conventional processes: close control product 
output and purity; elimination and/or minimization of by-product co-generation; 
elimination of transport of toxic and hazardous oxidants through on-site generation 
at concentrations proportional to the waste needing to be treated; possible economic 
advantages over traditional routes, especially for small-scale applications. 

Oxidants can be synthesized either at the anode or the cathode, and in some in- 
stances simultaneously at both the electrodes. Synthesis can also take place in either 
divided or undivided cells; in some cases, the presence or lack of a separator dictates 
the type of oxidant formed. 

2.3.1 Ozone 

Ozone is the second most powerful oxidant molecule, exceeded in its oxidizing capac- 
ity only by fluorine. However, the nonpolluting nature of ozone (ozone is reduced 
to oxygen during oxidation) makes it far more useful than fluorine for waste treat- 
ment purposes. The current technology for ozone synthesis (corona discharge) tends 
to yield 2-6 wt.Vo ozone in the gas phase at a relatively low power consumption 
(20-40 kW h/kg 03). However, low transfer efficiencies of ozone from the gas 
phase (where it is formed) to the liquid phase (where it is needed for wastewater treat- 
ment) have restricted the use of this otherwise useful and powerful oxidant. To over- 
come these difficulties, various electrochemical technologies for ozone evolution 
have been investigated. Advantages in capital costs, ozone concentrations, and oper- 
ating characteristics show that electrochemical technologies for ozone synthesis can 
be economical for small-scale uses. 

Since its accidental discovery by electrolysis of sulfuric acid in 1840 [59],  elec- 
trochemical synthesis of ozone has evolved fairly slowly, primarily because of low 
current efficiencies observed at practical operating temperatures. 

Electrolytically, ozone is formed by the anodic decomposition of water: 

0 3 + 6 H + + 6 e -  + 3 H 2 0  E o =  1.51V (1) 

where the oxidation of evolved oxygen could also contribute to ozone synthesis: 

0 , + 2 H f + 2 e -  + 0 2 + H 2 0  E0=2.07V (2) 

Oxygen evolution occurs preferentially to ozone evolution as it is a lower-potential 
process: 

0 2 + 4 H + + 4 e -  + 2H,O E o =  1.23V (3) 

To obtain ozone at significant current efficiencies, the rate of the oxygen evolu- 
tion reaction must be reduced. Some of the requirements for practical ozone genera- 
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Fig. 13. Electrochemical cell for ozone synthesis using the HBF,/glassy carbon route. 
(Adapted from [66]). 

tion include the use of: high oxygen overvoltage (poor oxygen evolution kinetics) an- 
odes; electrolytes whose anions and cations engage in no competitive oxidation or 
reduction; anodes present in their highest oxidation state or kinetically resistant to 
further oxidation and; anodes which are stable in highly acidic environments pro- 
duced by the anodic decomposition of water. 

Most laboratory studies on the evolution of ozone were performed at low temper- 
atures using Pt  and PbOz electrode materials and H2S04, HClO,, or H3P04 electro- 
lytes [60 - 651. A lower-temperature operation was necessary to reduce ozone decom- 
position at higher operating temperatures. 

Based on these early studies, two current approaches have evolved for generating 
ozone electrolytically. One of them, shown in Fig. 13, uses glassy carbon anodes, a 
specialized electrolyte, tetrafluoboric acid (HBF4), and an air cathode [66]. At a 
current density of 400mA/cm2, 3 5 ~ 0 1 %  of ozone was obtained from 48 wt.Vo 
HBF, maintained at -5 to O"C, with a cell potential of 3.2-3.4 V vs. NHE. The 
ozone gas formed within the cell was immediately diluted with air to lower the ozone 
concentration to 15 wt.070, a value below explosion limits. The electrodes were not at- 
tacked at these current densities and in the presence of this electrolyte. 

This approach offers relatively high current efficiencies (35%), a low cell voltage, 
and elimination of the requirement for hydrogen management through the use of an 
air cathode. However, a disadvantage of this process is that wastewater treatment 
processes will be limited by the rate of mass transfer of ozone from the gas phase 
(where it is formed) to the liquid phase (where it is needed for reaction). 

The second approach to synthesizing ozone electrochemically uses deionized wa- 
ter fed from the rear of a three-dimensional porous inert anode (lead dioxide) in con- 
tact with a solid polymer electrolyte at room temperature [67, 681. The synthesis 
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H,O+H, 

Fig. 14. Electrochemical reactor for ozone synthesis using the lead dioxideholid polymer electrolyte 
route. (Adapted from [67]). 

takes place in a cell (Fig. 14) whose anodic section is made of titanium and the ca- 
thodic section of stainless steel. A Nafion@ membrane acts as the electrolyte and as 
the separator between the anode and cathode chambers. This membrane is sand- 
wiched between the ozone- and oxygen-evolving anode (lead dioxide) and a hydro- 
gen-evolving cathode (platinum). Electrolysis takes place at 25 "C and a total cell 
voltage of 3 - 5 V yields 0.5 - 2.0 A/cm2. High concentrations of dissolved ozone 
(20 mg/dm3) were obtained at a current density of 1 A/cm2. Current efficiencies, 
however, were low (1 4%). 

This method produces ozone in electrolyte-free water, making the system more 
desirable for wastewater treatment. Higher concentrations of dissolved ozone can be 
achieved by pressurizing the system [68] ,  which eliminates the need for low-efficiency 
gas-liquid contact spargers. However, some of the disadvantages of this process are: 
low current efficiencies (< 15%); high dependence on the type of lead dioxide used 
(a- or /%forms), its morphology, and method of preparation; the substrate used for 
the lead dioxide (titanium); and the change in electrode morphology with time. 

Tatapudi and Fenton [69] explored the synthesis of ozone in a proton exchange 
membrane (PEM) electrochemical flow reactor as part of an overall scheme to study 
the paired synthesis of ozone and hydrogen peroxide in the same PEM reactor. A 
mixture of commercially available lead dioxide powder and Teflon@, deposited on a 
Nafion@ 117 membrane, was used as the anode. Current efficiencies ranged from 
2.5% at an applied potential of 3.0 V to 5.5% at 4.0 V. The low current efficiencies 
were attributed to inefficient reactor design. A decrease in ozone concentrations, ob- 
served at higher applied potentials ( > 4.0 V) was attributed to the disintegration of 
lead dioxide at high anodic potentials. 

Graves et al. showed that the current efficiency for ozone evolution on Pb02- 
plated Ebonex@ (conducting ceramic material composed of Magneli phase titanium 
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oxides) in tetrafluoboric acid at 0°C was comparable with that on lead dioxide on 
other substrates and in other media [70]. While a bare Ebonex@ anode had current 
efficiencies ranging from 0 to O.6%, the current efficiency for a Pb02-plated 
Ebonex@ anode had a current efficiency of 15% at 0.8 A/cm2. Unfortunately, the 
Pb02  was found not to be stable at this current density. 

Interest in electrolytic techniques for generating ozone will depend on the nature 
of the application, since higher specific energy consumption is required for elec- 
trochemical methods as compared with the traditional corona discharge technology. 
Electrochemical techniques will work for small-scale applications such as on-site 
wastewater treatment where high ozone concentrations are needed in water streams, 
at concentrations proportional to the waste present. Therefore, processes involving 
ozone synthesis in pure water (as demonstrated by Stucki and coworkers [67, 681 are 
likely to have applications such as sterilization of drinking and swimming-pool wa- 
ter, disinfection of pharmaceutical equipment, or generation of contaminant-free 
water for the microelectronics industry. The simultaneous synthesis of ozone at the 
anode and hydrogen peroxide at the cathode, as demonstrated by Tatapudi and Fen- 
ton [71], could further increase the dual use of ozone and hydrogen peroxide in 
wastewater treatment. 

2.3.2 Hydrogen Peroxide 

The use of hydrogen peroxide as a bleaching agent in the pulp and paper industry 
and as a nonpolluting oxidant (hydrogen peroxide is reduced to water) in wastewater 
treatment has been increasing steadily. It is rapidly replacing chlorine and hypochlo- 
rite as a bleaching agent for paper pulp. On an industrial scale, hydrogen peroxide 
is predominantly manufactured by the autooxidation of anthraquinone. Elec- 
trochemical processes which have existed for a long time can compete with the an- 
thraquinone process only for small-scale, on-site applications. 

Hydrogen peroxide can be produced electrochemically by reducing oxygen at the 
cathode. The following reaction occurs in acidic electrolytes: 

0 2 + 2 H + + 2 e -  -+ H202 E0=0.68V (4) 

At higher cathodic potentials, oxygen is reduced by a four-electron process, and wa- 
ter is formed as the end-product: 

At even higher potentials, hydrogen peroxide reduces to water: 

H 2 0 2 + 2  H' + 2  e- + H20 E o  = 1.78 V (6) 

In alkaline electrolytes, the following reactions are involved: 

0 2 + H 2 0 + 2 e -  -+ OH-+HO; Eo=-0.076V (7) 
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HO, + H 2 0 + 2  e-  + 3 OH-  Eo = 0.87 V (8) 

The perhydroxyl ion, Hog,  is formed by hydrogen peroxide dissociation in base: 

H202 -+ H++HO; (9) 

Reaction (8) and the reverse of Reaction (7) result in hydrogen peroxide decomposi- 
tion and lower current efficiencies. Decomposition of hydrogen peroxide can also be 
catalyzed by trace metal ions [72]: 

Reaction (10) may occur homogeneously (in bulk solution) or heterogeneously 
(at the electrode surface). Although Reaction (8) is thermodynamically favored over 
Reaction (7), it is much slower kinetically, so that cathodic loss of peroxide may be 
insignificant [72]. 

The synthesis of hydrogen peroxide, therefore, depends upon electrolyte composi- 
tion, and the type of electrode used. Studies on the cathodic synthesis of hydrogen 
peroxide in significant amounts have mostly been performed in alkaline electrolytes 
using carbon cathodes (i.e., Reaction (7)). 

Davison et al. [73] produced hydrogen peroxide in a trickle-bed cell design 
(Fig. 15) with graphite chips and reticulated vitreous carbon (RVC) cathodes in 2 M 
NaOH electrolyte. Using graphite chips as the cathode, the current efficiency was 
100% for H202 evolution at potentials more positive than -0.7 V vs. SCE. Under 
identical conditions the RVC cathodes exhibited similar behavior up to -0.7 V. 

Hollow Stainless Steel Anode 
Anolyte Outlet / 

Nafion Membrane 

Anode Chamber 

3rnm Glass Beads 

Cathode Chamber Packed 
With Graphite Particles 

Gas/Electrolyte Inlet 
/ 

Hollow Stainless Steel 
Cathode Feeder Plate 

Outlet 

Fig. 15. Two-compartment trickle-bed cell used for hydrogen peroxide synthesis. 
(Adapted from [73]). 
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Fig. 16. Schematic representation of the operations involved in the production of acidic hydrogen 
peroxide. (Adapted from [74]). 

However, unlike the graphite electrodes, RVC was able to maintain a higher current 
efficiency and produce higher hydrogen peroxide concentrations at more negative 
potentials. The performance of the RVC cathode was significantly better than graph- 
ite chips at lower flowrates. 

Hydrogen peroxide was synthesized in caustic potash by Kuehn et al. and concen- 
trated as an acidic product by electrodialysis in a dual-membrane batch cell contain- 
ing three chambers [74]. A carbon black gas diffusion cathode was used to synthesize 
hydrogen peroxide in a cathodic chamber by bubbling oxygen through 0.5 M KOH. 
As shown in Fig. 16, the anode chamber contained sulfuric acid electrolyte, where 
water was oxidized to oxygen. A central chamber, separated by an anion exchange 
membrane on the cathode side and a cation exchange membrane on the anode side, 
contained 0.1 M sulfuric acid. Perhydroxyl and hydroxide ions generated at the cath- 
ode migrated through the anion exchange membrane into the middle chamber and 
combined with the protons migrating from the anode. Acidic hydrogen peroxide ac- 
cumulated in the central chamber for over 6 h, resulting in a final concentration of 
3.3 M (1 1 wt.070) in a 200 ml volume. The anion exchange membranes used broke 
down after a few hours of operation although the Nafion@ cation membranes re- 
mained stable during the same period. 

Dow Chemical developed a modification of the trickle-bed cell, in which a liquid 
permeable membrane separated two chambers [72]. As shown in Fig. 17, a packed- 
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Fig. 17. Diaphragm flow controlled trickle-bed cell used by Dow Chemical Co. for the alkaline syn- 
thesis of hydrogen peroxide. (Adapted from [72]). 

bed cathode, made of graphite chips coated with a Teflon@/carbon black matrix, was 
wetted by a caustic electrolyte seeping from the anode chamber through the mem- 
brane while the bed was kept essentially dry. Oxygen gas was pumped through the 
cathode from the top and product was drawn off at the cell bottom. The product 
was 2% hydrogen peroxide in 1 M NaOH at a current efficiency of 67% in a single- 
pass operation at a cell voltage of 2 V. 

Kalu and Oloman [75] studied the simultaneous synthesis of alkaline hydrogen 
peroxide and sodium chlorate in a bench-scale “flow-by” single-cell electrochemical 
reactor. A schematic of the electrode conditions is shown in Fig. 18. Graphite felt was 
used as the cathode to synthesize peroxide from 0.5 - 2.0 M NaOH; chlorate was the 
product at a dimensionally stable anode (DSA). The anodic and cathodic reactions 
were as follows: 

C 1 0 , + 3 H 2 0 + 6 e p  + C 1 - + 6 0 H p  E o = 0 . 6 2 V  (1 1) 

3 0 , + 3  H,O+6 e- + 3 HOT + 3  OH- (12) Eo = -0.076 V 

The two chambers were separated by a Raipore@ 1035 anion membrane covered 
with an asbestos diaphragm. The peroxide current efficiency varied from 20 to 86% 



3 90 

Cathode 

Reactions 
4+%0 2;. 

HO;* OH- 

P. Tatapudi and J.M. Fenton 

Membrane 

cio; 
CI-  * 

cio- 

L 
t 

Anode 

Reactions 
zci. ci2+ 2e- 

C12+ H20 . 
i O C I  + H** CI- 

Mixture of oxygen Brine feed 
and caustic 

Fig. 18. Membrane cell for the paired synthesis of hydrogen peroxide and sodium chlorate showing 
electrode conditions and transport processes. (Adapted from [75]). 

(0.069 - 0.80 M), while the sodium chlorate current efficiency varied from 5 1 to 8 1 Yo. 
No membrane degradation was observed (in terms of a change in product current 
efficiency with time) at a cell voltage of 4.2 V (2.4 kA/m2). 

Grasso investigated the continuous production of hydrogen peroxide in a perpen- 
dicular flow-through reactor equipped with a porous RVC electrode [76]. Artificial 
seawater was used as the electrolyte. Using single-phase flow (oxygen dissolved in the 
electrolyte), 100% conversion of oxygen to peroxide was attained in the potential 
range of -0.6 to -0.9 V vs. SCE at a maximum hydrogen peroxide concentration 
of 16 ppm. The reactor design prohibited studies on two-phase flow. 

Production of hydrogen peroxide in a KCl/NaOH mixture was studied by Sudoh 
et al. 1771 using graphite particles or graphite felt as the cathode (Fig. 19). For a one- 
pass operation, sparging oxygen gas to the cathode bed was found to increase the 
overall yield of hydrogen peroxide. Current efficiencies which decreased with increas- 
ing peroxide concentration were also higher for the felt cathode. Peroxide concentra- 
tions increased with increasing bed depth. A maximum current efficiency (100%) 
was obtained at potentials less than - 1.0 V vs. Ag/AgCl and resulted in a peroxide 
concentration of 294 mol/m3. 

On the basis of this study, Sudoh et al. [78] proceeded to generate hydrogen per- 
oxide in an acidic solution (1 M H,SO,) for use in Fenton’s reagent oxidation of 
wastewater streams (Fig. 20). The peroxide, produced at the cathode in an alkaline 
KOH electrolyte, was transferred by electrodialysis to a central chamber, separated 
by anion exchange membrane (ACLE-SP, Tokuyama Soda, Japan) on the cathode 
side and a cation exchange membrane (CM-2, Tokuyama Soda, Japan) on the anode 
side. At a current of 4 A, 2.2 kmol/m3 of Hz02 was found to accumulate in the cen- 
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Fig. 19. Packed-bed electrode reactor for 
the alkaline synthesis of hydrogen perox- 
ide [77] .  (By permission from Society of 
Chemical Engineers, Japan). 
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Fig. 20. Three-compartment packed-bed 
electrode reactor for the acidic production 
of hydrogen peroxide [78] .  (By permission 
from Society of Chemical Engineers, 
Japan). 
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ter compartment. The ohmic potential drop was found to be the highest across the 
anion exchange membrane which increased with increasing charge passed. While no 
mention was made of membrane stability, this increase in ohmic resistance suggests 
a decrease in the anion exchange membrane performance with time. 

Otsuka and Yamanaka [79] generated acidic H202 at the cathode in a fuel cell 
while oxidizing hydrogen at the anode. A variety of gas diffusion electrodes, im- 
mersed in 0.1 M HC1, were investigated at an oxygen partial pressure of 100 kPa. The 
electrodes included platinum, palladium, gold, and graphite powders, all of which 
were mechanically bonded onto a Nafion@ 117 membrane using Teflon@ as a binder. 
In addition, a gold mesh was also tested as a potential electrode material for peroxide 
synthesis. This mesh was in physical contact with the membrane. Graphite and the 
gold mesh showed better performances for peroxide synthesis. A 60% current effi- 
ciency was obtained at pH 2.2 in HC1 solutions using a gold mesh electrode. 

Tatapudi and Fenton [go] investigated the continuous production of hydrogen 
peroxide by oxygen reduction in a proton exchange membrane (PEM) electrochemi- 
cal flow reactor using commercially available powders of gold, activated carbon, and 
graphite. This study was undertaken as part of an overall scheme to study the simul- 
taneous synthesis of ozone and hydrogen peroxide in the same PEM reactor. It was 
shown that catalysts containing 20% Teflon@ binder yielded slightly higher concen- 
trations than those with 10% Teflon@. This phenomenon was attributed to the hy- 
drophobic nature of Teflon@. A 6% current efficiency was obtained at 2.5 V using 
the graphite powder catalyst at a loading of 10 mg/cm2 with 20% Teflon@ binder. 

The same authors also demonstrated the feasibility of synthesizing ozone and hy- 
drogen peroxide simultaneously using pure water and oxygen as the reactants [71]. 
Commercially available p lead dioxide and graphite powders were used as the anode 
and cathode, respectively. While the lead dioxide was deposited directly onto a solid 
polymer electrolyte (Nafion@ 117), the graphite powder was deposited onto a carbon 
fiber paper and pressed against the membrane. At an applied potential of 4.5 V, with 
a current density of 2 A/cm2, a 4.5% current efficiency was obtained for ozone evo- 
lution while the current efficiency for peroxide production was 0.8%. 

The future of the hydrogen peroxide industry looks promising, especially since 
the use of chlorine-based oxidizing agents (except chlorine dioxide) is declining. 
Electrolytic techniques for large-scale hydrogen peroxide synthesis, however, contin- 
ue to remain hampered by low yields, high power consumption, and membrane foul- 
ing. Energy consumption for peroxide synthesis will be of secondary importance for 
small-scale, on-site pollution treatment applications. However, anion membranes 
needed for peroxide transfer from alkaline electrolytes (in which current efficiencies 
for peroxide synthesis are relatively high) to an acidic medium (for use as Fenton’s 
reagent) or a neutral medium are unstable [72]. Continued reasearch in the develop- 
ment of stable anion exchange membranes may produce a membrane that allows the 
system developed by Kuehn et al. [74] to be studied at the pilot plant stage. 

Synthesis of pure hydrogen peroxide using solid polymer electrolytes (SPE) could 
eliminate the need to separate the product from liquid electrolytes (basic or acidic). 
Designs of the (SPE) fuel cell type of reactor could be investigated for such a process. 
Tatapudi and Fenton [71, 801 demonstrated the basic feasibility of this process (with 
or without concurrent anodic ozone evolution). However, new cathode materials and 
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a better reactor design are required to increase the current efficiency of peroxide syn- 
thesis, thereby leading to economic feasibility. 

2.3.3 Chlorine and Hypochlorite 

Chlorine and hypochlorite are the traditional oxidizing agents used widely in sewage 
treatment, paper pulp bleaching, and sterilization of drinking and swimming pool 
water. 

Chlorine gas is synthesized by the oxidation of the chloride ion present in aque- 
ous sodium chloride. The electrode reactions are: 

C12+2e- + 2C1- E o =  1.36V (anode) (13) 

2 H 2 0 + 2 e -  + H 2 + 2 0 H -  Eo=-0.827V (cathode) (14) 

Application of membrane technology has led to the replacement of mercury or 
diaphragm cells in low-tonnage chlorine production [8 I]. 

The synthesis of hypochlorite involves the same reactions found in chlorine syn- 
thesis. The major difference is in reactor design. A separator which partitions the 
cathodic and anodic products in chlorine formation is eliminated, which results in 
the anodically formed chlorine reacting with the cathodically formed hydroxide to 
form hypochlorite: 

The cathode material is usually stainless steel, a nickel alloy, or titanium. Graph- 
ite, lead dioxide, platinized titanium, and DSA are some of the materials that have 
been used as an anode. The cells are operated at a current density of between 0.1 
and 0.5 A/cm2. The majority of the cells used to produce hypochlorite have the par- 
allel-plate type of geometry [81]. 

The use of chlorine and hypochlorite in the effluent treatment industry, and chlo- 
rine as a bleaching agent in the paper and pulp industry, is declining because of con- 
cern over the formation of chlorinated organics such as dioxin. The pulp and paper 
industry, in particular, has been substituting chlorine dioxide in place of chlorine. 

2.3.4 Chlorine Dioxide 

While the use of chlorine as a bleaching agent continues to decline, demand for sodi- 
um chlorate (NaC103), the raw material for large-scale production of chlorine diox- 
ide gas (C102), is rising. In the manufacture of chlorine dioxide, the chlorate ion is 
chemically reduced in the presence of a strong acid. Small-scale generators of 
chlorine dioxide (< 2000 kg/day), used for water treatment and disinfection applica- 
tions, prefer sodium chlorite over sodium chlorate as the starting material. Both the 
large- and small-scale processes for chlorine dioxide generation result in the co-gen- 
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eration of chlorine gas from which C102 has to be separated. These chemical pro- 
cesses also result in the formation of by-products such as sodium chloride and/or 
sodium sulfate. 

The need for chlorine dioxide with little or no chlorine present and the impetus 
to reduce/eliminate by-product formation have led to the development of a variety 
of electrochemical technologies to produce chlorine dioxide. The starting material 
for these processes is usually an alkali metal chlorate or chlorite. 

Lipsztajn et al. produced chlorine dioxide gas from a sodium chlorate, sodium 
chloride, and hydrochloric acid electrolyte [82]. A cation exchange membrane sepa- 
rated the two electrode compartments. The hydrogen ions, generated by water elec- 
trolysis on a dimensionally stable anode, migrate through the cation exchange mem- 
brane to the cathode, where they react chemically with sodium chlorate and chloride 
ions to form chlorine dioxide. 

NaC103 +2  H +  + 2  C1- + C102 + 1/2 C12 +NaCl+H2 (16) 

Chlorine gas, co-produced with chlorine dioxide, is removed by selective reduction 
on the graphite felt cathode. At 70°C, a cathode potential of -0.7 V vs SCE and 
a current density of 1.97 kA/m2 produced chlorine dioxide which had a purity of 
90.2% at a chemical efficiency of 82.2%. 

Kaczur et al. [83] electrolytically produced an aqueous solution of chlorine diox- 
ide using a cation exchange resin bed separated from the electrodes by two cation 
exchange membranes. Hydrogen ions formed at the anode passed into the cation ex- 
change resin compartment through the adjacent cation exchange membrane. For 
each hydrogen ion that enters the compartment, a sodium ion passes through the 
other cation exchange membrane to maintain electrical neutrality. An aqueous solu- 
tion of alkali metal chlorite, fed to the ion exchange compartment, reacts with the 
hydrogen ions producing chlorine dioxide. This ion exchange process and subsequent 
chlorine dioxide formation are represented by the following reactions: 

4 H +  +4 NaC102 + 4 HC102 +4  Na+ (1 7 )  

4 HClO2 + 2 C102 + HC103 + HC1+ H2O (18) 

If additives such as alkali metal chlorides, phosphates, tartrates, or citrates are added 
to the chlorite solution, chlorate ion (CIO,) formation is suppressed and chlorine 
dioxide is formed by the reaction: 

A variety of electrodes, including a platinum-plated metal mesh and perforated 
stainless steel, were used over a temperature range of 50-70°C at a current density 
of 0.05 - 3 kA/m2. 

In a similar three-compartment cell, chloric acid was electrochemically produced 
from sodium chlorate. The chloric acid was in turn reduced by water, in a separate 
reactor, to form chlorine dioxide [84, 851. The anode compartment was filled with 
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2.0 wt.070 sulfuric acid, the cathode compartment with 2.0 wt.% sodium hydroxide, 
and 20wt.Vo sodium chlorate was fed through the ion exchange compartment at 
7.0- 14.4 g/min. The hydrogen ions liberated at the anode during electrolysis migrat- 
ed to the ion exchange compartment through the cation exchange membrane, con- 
verting sodium chlorate to chloric acid: 

NaC103 + H +  + HC103 + Na' 

The sodium ions migrated into the cathode chamber where they formed sodium hy- 
droxide, 52.6% of the sodium chlorate was converted to chloric acid at an operating 
temperature of 54°C and a current density of 1.2 kA/m2. 

To reduce production of chlorinated organics during bleaching, the pulp and pa- 
per industry has replaced chlorine with chlorine dioxide. Chlorine dioxide or its pri- 
mary precursor, sodium chlorate, can be produced by the low-tonnage chlorine in- 
dustry with the same hardware that is used for synthesis of chlorine and hypochlo- 
rite. This simple transition from chlorine to chlorine dioxide synthesis may be the 
reason for the less-than-anticipated usage of hydrogen peroxide in the pulp and pa- 
per industry. Increasing use of chlorine dioxide could also lead to its applications 
in other effluent treatment areas such as industrial wastewater remediation. 

2.4 Electrodialysis 

Electrodialysis is a membrane-based process which can be used for separation, re- 
moval, or concentration of ionic species present in aqueous solutions. These opera- 
tions are accomplished by the selective transport of ions through an ion exchange 
membrane under the influence of a direct current. One of the earliest applications 
of electrodialysis was the desalting of brackish water. However, since the 1970s, ex- 
tensive studies have been performed on the application of electrodialysis for waste- 
water treatment, especially in the electroplating and metal-finishing industries. 

A typical electrodialysis stack (Fig. 21) consists of a series of anion and cation 
exchange membranes arranged in an alternating pattern between an anode and a 
cathode to form individual compartments. An ionic solution is pumped through 
these compartments and, under the influence of an electric potential difference, the 
positively charged cations in the solution migrate toward the cathode. These ions 
pass through the cation exchange membrane containing fixed negative charges, but 
are rejected by the anion exchange membrane containing fixed positive charges. The 
anions in solution migrate toward the positively charged anode, pass through the an- 
ion exchange membrane, but are rejected by the cation exchange membrane. The 
overall result is an ion concentration increase in alternating compartments with a de- 
pletion of ions in other compartments. 

Gering and Scamehorn [86] studied the removal of CdClz and CdSO, from wa- 
ter by electrodialysis using a platinum-coated columbium anode and a Hastelloy 
cathode. Ionics (Watertown, MA) cation and anion exchange membranes were used 
in the electrodialysis stack. The effective cell pair area, defined as half the area of 
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Fig. 21. Schematic configuration of an electrodialysis stack used for metal removal. 

a cell pair available for ion transfer, was 220 cm2. A voltage of 4 V/cell pair (8 V 
total) was applied to the cell stack producing current densities ranging from 0.1 to 
45 mA/cm2. The cell was operated at 15 psig (103 kPa) and at room temperature. 

Cadmium removal was obtained at high current efficiencies (= 100%) over a 
wide range of CdClz and CdS04 concentrations. The current efficiency was a func- 
tion of the concentration gradient between the diluate (feed) and concentrate, and 
decreased with an increase in this gradient. The stack resistance was also found to 
be a function of the electrolyte concentration. The current efficiency for CdC12 was 
higher than that of CdSO, electrolyte. An increase in the stream temperature and a 
decrease in pH were shown to decrease current efficiencies. Neither membrane degra- 
dation nor concentration polarization was observed in this study. 

Shah and Scamehorn [88] studied the deionization of an acidic process water 
stream containing HC1 or NaCl. The cells were operated at an applied potential of 
3 -4 V/cell stack. At higher electrolyte concentrations (2.5 -3.0 mol/dm3), current 
efficiencies for HC1 removal (12%) were lower than for NaCl removal (80%). At low- 
er acid concentrations (0.01 - 0.35 mol/dm3), however, the current efficiencies were 
comparable, so that neutralizing the acidic process stream with NaCl was not neces- 
sary. The reason for the poor performance of high-concentration HC1 systems was 
caused by hydrogen ion leakage through the anion exchange membrane. As in the 
previous study, no membrane deterioration was observed. 

Deming et al. [88] studied the electrodialytic treatment of cupric chloride solu- 
tions discharged as wastewater after an etching process, using cationic and anionic 
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membranes manufactured “in house”. The membrane area was 640cm2 and the 
membrane stack contained 30 cell pairs. A maximum cell voltage of 18.0 V was need- 
ed to reduce the cupric concentration in the wastewater from 2000 mg/dm3 to less 
than 1 mg/dm3. The energy consumption was found to be less than 3 kWh/t water 
treated. No copper deposition occurred at the cathode at these operating potentials. 
Based on the operating time of the cell, the membrane area, and the cell voltage, the 
current density to treat one tonne (1000 kg) of the water stream was inferred to be 
0.17 A/cm2. 

Raghava Rao et al. [89] selectively removed neutral salts contained in spent chro- 
mium tanning solutions to achieve a more efficient technique for recycling the un- 
used chromium and process water. The electrodialysis unit contained Neosepta 
CG25T and ACH-45T membranes. An application of 13 - 30 V to a 5 dm3 solution 
over a period of 5 - 6 h produced currents between 2 and 4 A; 90% of the sodium 
chloride and 50% of the sodium sulfate were selectively removed with minimal trans- 
port of Cr(II1) species across the membranes. Addition of EDTA to the spent liquor 
as well as periodic reversal of electrode polarities eliminated membrane fouling. 

Enoch et al. [90] used electrodialysis reversal (EDR) to prepare boiler makeup wa- 
ter for Dutch power stations from several types of surface waters. EDR uses automat- 
ic reversal of electrode polarity at regular time intervals to minimize membrane scal- 
ing. The EDR unit contained 200 anion and cation exchange membrane pairs, each 
with a surface area of 0.47m2. Polarity reversal occurred every 15, 20, or 25min. 
Samples of surface water were desalted by 96% at an energy consumption of 
1 kWh/m3 of product water and at a current density (8.3 A/cm2) that was 80% of 
the limiting current density (current density when the surface water cation concentra- 
tion at the membrane surface drops to zero). 

Walker and Pennline [91] have described a process for the simultaneous removal 
of SO2 and NO, from flue gas by a combination of adsorption, electrodialysis, and 
additional regeneration of the scrubbing liquor. The process consisted of scrubbing 
the flue gas with either a solution of ammonium sulfate and iron(I1) ethylenedi- 
aminetetraacetic acid (Fe-EDTA) or sodium sulfate and Fe-EDTA. The SO2 gas con- 
verts the ammonium sulfate to the bisulfite which is then passed through an electro- 
dialysis unit to further dilute the bisulfite stream, which is eventually converted to 
the sulfate downstream by the addition of ammonia. The size of the Fe-EDTA-NO 
species formed from the adsorption of NO gas does not allow it to pass through 
either of the permselective membranes. 

Rockstraw et al. [92] studied an integrated electrodialysis-evaporation process for 
the treatment of electrolytic aqueous streams. Using a 3000 mg/dm3 Na2S04 solu- 
tion as the electrolyte feed and with an outlet concentration of 375 mg/dm3, the op- 
timum conditions for operation required the electrodialysis unit to produce 55% of 
the purified product. At higher feed concentrations it became more economical to 
produce less of the purified product by the electrodialysis unit. 

Chiapello and Gal [93] studied the recovery of cyanide electroplating rinse waters 
by electrodialysis. The transfer rates of the ionic species present in a copper or zinc 
cyanide rinse bath was limited by the high resistance of the anion exchange mem- 
brane used. The presence of highly charged cyano complexes of copper increased the 
resistance of the anion exchange membrane. The transfer of zinc was easier at higher 
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pH values, although the transfer rate was found to be very low when compared with 
that of copper. 

Xue et al. [94] used electrodialysis to purify and recover spent alkaline process 
streams containing potassium hydroxide, lithium hydroxide and potassium carbonate 
using nickel-plated steel cathodes and a stainless steel anode. A potential of 3 - 5 V 
was required at operating temperatures of 80-105 "F (26.7-40.6 "C) to obtain current 
densities between 170 and 200 mA/cm2 with current efficiencies of 75 - 60%. 

Dobrevsky and Pavlova [95] removed humic acids and desalinated water under 
a variety of operating conditions using electrodialysis. An 86% degree of desalina- 
tion and simultaneous humic acid decrease were achieved at 30 "C and at an applied 
voltage of 200V (0.54A). 

Cherif et al. [96] separated cations from a mixture of low-concentration electro- 
lytes (0.01 M AgNO,, Zn(NO,), and Cu(NO,),) using electrodialysis. Raipore (RAI) 
5035 was used as the anion exchange membrane, and C. M. S. Neosepta (which was 
developed for the separation of monovalent ions from bivalent ions) and RAI 5010 
were used as cation exchange membranes. The separation was performed by adding 
either ammonia or nitric acid to this salt mixture to prevent precipitation of metal 
hydroxides on the membrane surface. At 10 mA/cm2, the current efficiencies for 
Ag' recovery were low (10% using nitric acid and 55% using ammonia) because of 
competitive transport of ammonium ions and protons through the membrane. 

The current efficiencies for the separation of silver from zinc and copper (in the 
presence of acid or ammonia) were found to improve by using EDTA as a complexing 
agent. Cupric and zinc ions formed negatively charged complexes with EDTA and 
were transferred to the anode side while the monovalent silver ions migrated to the 
cathode. The low mobility of Cu2+ and Zn2+ complexes in the membrane decrease 
current efficiency for metal removal, overall but, the separation using EDTA had a 
higher current efficiency than without using EDTA. 

The future for electrodialysis-based wastewater treatment processes appears 
bright. The dilute concentrations of metals in the waste streams do not degrade or 
foul the cation or anion exchange membranes. The concentrate streams are recir- 
culated to build up their metal content to a level that is useful for further recovery 
or direct return to the process stream. Ongoing research in the development of cheap- 
er cation exchange membranes, and stable anion exchange and bipolar membranes 
will allow electrodialysis-based applications to become more competitive with other 
treatments. 

2.5 Electromembrane Processes 

Unlike electrodialysis, which tends to concentrate and remove or recover species, 
electromembrane processes transform species present in waste streams by electrolysis 
and the use of cation and anion exchange membranes. These processes offer chemi- 
cal cost reduction (by recovery), water consumption reduction, and discharge or re- 
use of contaminant-free waters. Supplementary gains are also obtained by identify- 
ing a market for products obtained from the recovery and transformation processes. 
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Buckley, Simpson and coworkers recovered sodium hydroxide from textile scour 
effluent [97] and from bottling plant effluent [98]. The NaOH was first converted 
to sodium bicarbonate by passing CO, through it. This pretreated effluent was fed 
to the anodic section of a cation exchange membrane cell. A dilute NaOH solution 
was fed to the catholyte compartment. The electrolytic process took place at 
40-60°C and at a current density of 300-1000A/m2. Sodium ions from the 
anode compartment migrated to the cathode compartment through a cation ex- 
change membrane and combined with the hydroxide ions generated at the cathode 
from the reduction of water, resulting in the formation of concentrated, purified, 
NaOH. The carbonate species in the anode compartment reacted with the protons 
formed at the anode during oxidation of water to form H 2 0  and CO,. The C 0 2  was 
then recycled for effluent conversion to sodium bicarbonate. 

Simpson and Buckley [99] also removed sulfuric acid from acid minewater by re- 
action with calcium hydroxide to form calcium sulfate. Minewater containing sulfu- 
ric acid was fed to the cathode compartment. The anode compartment, which con- 
tained a saturated solution of calcium hydroxide, was separated from the cathode 
compartment by an anion exchange membrane. At a current density of 500 A/m2, 
the hydroxide ions produced at the cathode neutralized the H +  in the acid mine- 
water. Oxidation of water at the anode resulted in 0, and H +  formation and re- 
quired a high Ca(OH)2 concentration to counterbalance the production of these 
protons. CaS04 was produced in the anode compartment as a result of the migra- 
tion of sulfate ions. Precipitation of CaSO, salt crystals on the anode was avoided 
by circulating CaS04 seed crystals. 

Voortman et al. [97] converted ammonium nitrate, present in an aqueous efflu- 
ent, to reusable calcium nitrate and ammonia gas. At a current density of 1000 A/ 
m2, the ammonium ions in the ammonium nitrate effluent reacted with the hydrox- 
ide ions produced at the cathode. Ammonia gas was recovered from the solution by 
adjusting the pH of the solution, and heating the catholyte. The nitrate ion migrated 
through an anion exchange membrane to form calcium nitrate. 

Speranzini studied the treatment of boiler chemical cleaning wastes containing 
chelated metals such as copper and iron, and recovered EDTA, the chelating agent 
[ 1001. This approach combined electrochemical reduction, electrodialysis, and pre- 
cipitation. Using a “flow by” electrochemical reactor operating at an applied current 
density of 23 mA/cm2, with the inlet waste stream adjusted to pH 2, the copper was 
removed by deposition on the cathode. The EDTA was precipitated as H4EDTA, 
and the ferrous ions which were released into solution migrated through a cation ex- 
change membrane into a basic solution where the iron precipitated out as Fe(OH)2. 

The use of electrolysis in conjunction with ion exchange membranes is bound to 
find increased interest and wider application for wastewater treatment. Not only do 
these processes offer closed-loop recycling of materials, they also permit various use- 
ful products to be produced at the counter electrode (as opposed to sacrificial oxygen 
or hydrogen evolution) while treating a waste stream at the working electrode. In- 
creasing restrictions on effluent discharge for chemical manufacturing processes 
coupled with continued work on the manufacture of cheaper and more efficient ion 
exchange membranes will reduce economic barriers for the use of electromembrane 
processes and encourage further development. 
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2.6 Electrochemical Effluent Gas Treatment 

Anthropogenic emissions for sulfur and nitrogen oxides, known to be acid rain pre- 
cursors and smog promoters, represent an appreciable fraction of the gases released 
to the atmosphere. Furthermore, hydrogen sulfide, a product from coal gasifiers, is 
also known to be a source of SO2 formation. Increasing emissions of carbon diox- 
ide, a greenhose gas, continue to be a global concern. 

Studies on the electrochemical treatment and removal of these gaseous pollutants 
have increased considerably since the 1970s. In many cases, the electrochemical 
routes may be cleaner than currently existing technologies, and/or more economical- 
ly viable. Furthermore, reaction products from gas treatment may be salable by-prod- 
ucts. A review on electrochemical separation of gases has been published in an earlier 
volume of this series [IOI]. 

2.6.1 SO2 Removal 

Townley and Winnick [I021 studied the removal of SO, gases at the cathode from 
simulated coal-burning power plant stack gases. The cell functioned in two modes, 
used a molten sulfate electrolyte and 10cm2 LiCr02 electrodes, and operated at 
512 "C. In the first mode, the electrochemical cell was driven electrolytically by ap- 
plying 0.7 V across the two electrodes. The following reactions were thought to take 
place at the cathode (information on the equilibrium potentials for SO2 and SO3 
reduction can be obtained from [IOI]: 

The sulfate ions were reoxidized at the anode to yield SO3, thus concentrating the 
dilute sulfur oxides while purifying the cathode stream. 

More than 95% of the SO, was reduced at the cathode while up to 2.0% SO3 was 
produced at the anode. The removal of SO, at the cathode was limited by mass 
transfer in the gas phase. 

In the secwd mode, an electrochemical driving force was provided by passing a 
reducing gas (H2) into the anode and oxidizing the sulfate ion, to form H2S and 
H20. 

so:- + 4  H2 -+ 4 H20+S2- (24) 
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Fig. 22. Electrochemical cell used for 
SO, removal from power plant stack 
gases. (Adapted from [103]. 

Using a cell that was designed along the lines of a molten carbonate fuel cell 
(Fig. 22), the removal rates of SO, varied from 78% at 600 ppm of SO, at the cath- 
ode to 24% at 2100 ppm of SO, at the cathode. The same authors [lo31 also report- 
ed an improvement over their earlier study by using a ternary eutectic of lithium, 
potassium, and sodium sulfates as the electrolyte together with Li20.9CrO3 elec- 
trodes, which were found to be stable in the molten electrolyte. 

Scott et al. [I041 studied the cathodic removal of SOz from a simulated flue gas 
stream using pure KzSzO7 (potassium pyrosulfate), as well as a mixture of KZSzO7 
and KzS04, as the molten electrolyte, with V z 0 5  added in both cases as an oxidant 
enhancer. The studies were performed at 300°C. They found that pure potassium 
pyrosulfate actually produced sulfur dioxide at the cathode. However, a combination 
of 1% V z 0 5  and 99% KzSzO7 increasingly removed sulfur dioxide as the cathodic 
current was raised. Addition of potassium sulfate further increased the rate of sulfur 
dioxide removal at the cathode. 

Franke and Winnick [105], using a KzSzO7 based electrolyte dispersed within the 
interstices of an inert K2Mg2(S04)3 matrix, were able to achieve removal efficiencies 
of SOz greater than 99% at current efficiencies near 100%. A porous electrode con- 
structed of a perovskite-type compound, Lao,8Sro,zCo03, was found to be conduc- 
tive and stable in the corrosive cell environment. 

To diminish electrode pore flooding, McHenry and Winnick [lo61 studied new 
membrane formulations which included borosilicate glass and zeolites. These 
showed improved electrolyte retention and polarization behavior as compared with 
MgO-based membranes. The reduction in flooding allowed the cell to handle three 
times the current for the same applied overpotential. The same authors [lo71 also 
found that Lao,8Sro,zCo03 electrodes reacted with the molten pyrosulfate electrolyte. 
Lithium-doped nickel oxide replacement electrodes, however, were not degraded. 

Card et al. [I081 oxidized dissolved sulfur dioxide gas to sulfuric acid, at room 
temperature, using packed bed anodes. The corresponding cathodic reaction was ox- 
ygen reduction to water. A variety of electrodes and electrode systems were studied, 
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including platinum composite gas diffusion electrodes, platinum deposited on a 
graphite bed, a graphite packed bed, and a graphite packed bed in which iodide ions 
were dissolved in the sulfuric acid-sulfur dioxide solution to serve as an electron 
transfer mediator. 

The platinum-graphite packed-bed electrode and the iodide-mediated electrode 
provided currents in the region of 100 mA/cm2. The single-pass conversion of SO2 
to H2S04 was about 20010 using platinum deposited on graphite as the electrode. 

Aurousseau et al. [ 1091 electrochemically scrubbed SO2-containing waste gas. The 
sulfur dioxide (0.7%) was dissolved in 0.5 M sulfuric acid, transported to the electrode, 
and finally oxidized at the graphite anode. The oxidation was limited by the transport 
of sulfur dioxide to the electrode as well as by poor reaction kinetics at the electrode. 
The use of three-dimensional electrodes was suggested to alleviate these problems. 

2.6.2 H,S Removal 

Lim and Winnick [I  101 examined removal of H2S from a simulated hot coal-gas 
stream fed to the cathode while elemental sulfur gas was evolved at the anode. This 
process was performed in a cell that was similar in construction to a molten carbon- 
ate fuel cell (Fig. 23). The electrolyte was a mixture of Na2S and Li2S retained in a 
porous inert matrix material (MgO). The cathodic reaction involved the two-electron 
reduction of hydrogen sulfide to hydrogen (information on the equilibrium potential 
for H2S reduction can be obtained from [ l l l ] :  

H2S+2ep + H2+S2- (26) 

The sulfide ion migrates across the membrane-electrolyte matrix to the anode, where 
either elemental sulfur vapor is generated or, if hydrogen gas is present at the anode 
hydrogen sulfide is formed. 

Anode Housing 
/ 

' Cathode Housing 

Fig. 23. Electrochemical cell used for H,S removal from hot coal-gas streams. 
(Adapted from [I lo]). 
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s2- --f 1/2 s 2 + 2  e-  

S2-+H2 .+ H2S+2e 

Porous carbon electrodes were used as the anode and cathode and the operating tem- 
peratures varied from 700 to 920°C. A 98.8% removal efficiency of 0.65% H2S was 
reported at current densities around 35 mA/cm2. 

Weaver and Winnick [I 1 I] studied the performance of a nickelhickel sulfide 
cathode for the electrochemical removal of hydrogen sulfide gas from a gas stream. 
At 650°C, the porous nickel cathode was converted in situ to Ni3+xS2 by the H2S 
in the feed gas stream. The exact composition of the nickel sulfide was found to be 
a function of the H2S/H2 ratio in the gas stream. A current density of 150 mA/cm2 
was attained at an iR free cathodic overpotential of 300mV. A maximum H2S re- 
moval of 40% was reported. The low removal percentage was due to mass transport 
limitations of the reactant gas to the electrode. 

Alexander and Winnick [ I  121 investigated the electrochemical removal of hydro- 
gen sulfide from contaminated natural gas, using carbon and CoS, electrodes and 
a molten carbonate electrolyte encapsulated in a membrane with a 50/50 weight ratio 
of electrolyte to matrix material. The electrolyte was 62 mol% LiC03 and 38 mol% 
K2C03 while the matrix material was LiA102. The feed gas to the cathode con- 
tained specified levels of H2S, C02,  and H20, with the remainder being CH,. At 
607"C, using a feed gas containing 2000ppm H2S, 1% C02, and the remainder 
methane, it was shown that 80% of the hydrogen sulfide and 70% of the C 0 2  gas 
were removed at an applied current of 300 mA. Gas-phase mass transfer resistance 
was seen as the limiting factor on the cell performance. 

Weaver and Winnick [ 1 131 tested several transition-metal sulfides as well as metal 
oxide semiconductors as potential cathode materials for the electrochemical separa- 
tion of H2S from hot gas streams. Several of the metal sulfides tested were highly 
conductive, showed low cathodic polarization, and displayed kinetics favoring the re- 
duction of H2S over unwanted side-reactions involving other gaseous species. 
Among all the metal sulfides tested, cobalt sulfide Co9S8 appeared to have the best 
electrochemical properties. Among the metal oxide semiconductor cathodes, lantha- 
num chromite doped with strontium showed the best results. However, the metal ox- 
ide compounds had higher ohmic and activation polarization as compared with the 
cobalt sulfide cathodes. 

The same authors [I  141 also demonstrated the performance of the separator used 
in references [ I  12, 11 31 over a wide range of gas compositions and operating temper- 
atures, as well as different cathode and anode materials. The H2S concentration was 
reduced from 6500 ppm at the cell inlet to 180 ppm at the cell outlet (98.8% remov- 
al), at a current density of 70 mA/cm2, and at applied potentials of 2 V or less. At 
temperatures of 973 K or higher, mass transport of H2S from the bulk gas to the 
cathode was the rate-limiting step; while at lower temperatures, ionic transport of 
sulfide ions through the membrane was thought to limit the process. Concurrent re- 
moval of C 0 2  was also observed and was attributed to poor electrolyte morphology, 
leading to gas crossover. 

Mao et al. [ 1 151 mathematically modeled a high-temperature H2S electrolyzer 
which was similar in design to a molten-carbonate fuel cell. The maximum current 
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density that can be obtained is determined solely by the transport rate of sulfide ions 
through the separator. A large part of the cell voltage was used to overcome the con- 
centration polarization in the anodic region. The authors mention that the maximum 
current density for this type of electrolyzer cannot be improved beyond 10 mA/ 
cm2. In this mode, the authors used a sintered porous Ni-Cr plate as the cathode, 
a tape-cast lithium aluminate matrix which acts as the membrane, and a porous 
graphite anode. 

Mao et al. [I 161 also demonstrated, on a laboratory scale, a process to recover 
hydrogen and sulfur by electrochemical decomposition. A scrubber solution 
(NaOH), saturated with H2S, is pumped into the anode compartment of an elec- 
trochemical cell. The cathode compartment, containing pure alkaline solution, is 
separated from the anode compartment by a cation exchange membrane. Scrubbing 
H2S dissociates in NaOH forming HS- and S" , which apparently provides the op- 
timum pH balance for electrolysis to occur while minimizing anode passivation and 
unwanted chemical and electrochemical reactions. Oxidation of HS- and S2- at the 
anode results in sulfur formation and migration of Na' ions from the anode com- 
partment to the cathode compartment through a cation exchange membrane. Water 
is reduced in the cathode compartment to form hydrogen gas. Advantages of this 
process include improved current efficiencies because of minimal blocking of the an- 
ode surface resulting from precipitation of sulfur in the bulk electrolyte, as opposed 
to deposition; and elimination of the need for organic solvent for sulfur removal. 

2.6.3 C02 Removal 

Increasing levels of C 0 2  emitted into the atmosphere could prove detrimental to the 
environment in the future. Transforming C 0 2  electrochemically and recovering and 
utilizing its carbon has been an area of interest for a number of years. 

Mahmood et al. [I 171 studied the electrochemical reduction of carbon dioxide us- 
ing gas diffusion electrodes. The reduction was performed on metal (lead, indium, 
and tin)-impregnated Teflon@-bonded carbon gas diffusion electrodes in a sulfuric 
acid electrolyte over a 1 - 5 pH range. A schematic of the cell is shown in Fig. 24. The 
following reactions occurred: 

C 0 2  +2  H +  +2  e- -+ HCOOH Eo = -0.2 V (cathode) (29) 

1 / 2 0 2 + 2 H ' + 2 e -  -+ H 2 0  E o =  1.23V (anode) (3 0) 

The lead-impregnated electrodes produced formic acid with 100% current effi- 
ciency at  1 15 mA/cm2 and a potential of - 1.8 V vs. SCE, at room temperature and 
atmospheric pressure. The electrodes bonded with indium and tin produced formic 
acid at rates comparable with those on lead electrodes, but small concentrations of 
carbon monoxide were also produced. The evolution of hydrogen was also more sig- 
nificant on these electrodes. 

The same authors [I  181 reduced C 0 2  using carbon gas diffusion electrodes im- 
pregnated with metal (cobalt(II), copper, zinc, or manganese) phthalocyanine. High 
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Fig. 24. Electrochemical cell used for carbon dioxide reduction using gas diffusion electrodes. 
(Adapted from [117]). 

reduction rates of carbon dioxide to carbon monoxide were observed on electrodes 
containing cobalt(I1) phthalocyanine, while formic acid was produced at low current 
efficiencies (5 -38%) and low current densities (1 -22 mA/cm2) on electrodes con- 
taining the phthalocyanine of either manganese, copper, or zinc. 

Cook et al. [I  191 studied the reduction of C 0 2  at  0°C and atmospheric pressure 
in 0.5 M KHCO, (pH 9.2) using a copper cathode. At a C 0 2  flowrate of 12.75 cm3/ 
min and at current densities ranging from 15 to 38 mA/cm2, current efficiencies of 
33% were obtained for the formation of methane from C02 reduction. The reduc- 
tion step was reported to be controlled by mass transfer in the electrolyte. 

The same authors [I201 also studied the gas-phase reduction of C02 at ambient 
temperature using solid polymer electrolyte (SPE) cells with copper cathodes deposit- 
ed on the Nafion@ 117 membrane. The deposition was performed for 15 - 30 min us- 
ing a 0.5 M K2SO4/0.05 CuSO, solution. Two different configurations were used on 
the anode side of the cell. In the first, aqueous 0.5 M K2S04 (pH 8.67) was used in 
the counter electrode compartment with a platinum anode. In the second configura- 
tion, platinum was initially deposited directly onto a Nafion@ 117 membrane from a 
0.05 M H2PtCl, solution; this was followed by copper deposition on the other side of 
the membrane. Using the first configuration, C2H4 and C2H6 were observed as C02 
reduction products but no CH4 was observed. In the second configuration, however, 
all three hydrocarbon gases were detected; CO was also identified as an intermediate. 

Cook et al. also reduced C 0 2  using in-situ deposited copper on glassy carbon 
electrodes [I211 and on electrodes of the gas diffusion type consisting of copper 
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deposited on carbon black spread on copper gauze [122]. In the former case, at 
25 mA/cm2, CH, and C2H4 were observed as the reaction products with an overall 
efficiency of 79% in a 0.5 M KHCO, electrolyte. A reaction mechanism was pro- 
posed in which weakly adsorbed C 0 2  was thought to react with electrochemically 
generated chemisorbed hydrogen at the copper surface. Subsequent reduction of the 
adsorbed C02  led to formation of bridged CO groups which could desorb to form 
carbon monoxide or reduce further to form CH4 and C2H4. In the latter case, by 
operating the system in a 1 M KOH electrolyte at 2°C current efficiencies of 71.3% 
were achieved at current densities higher than 500 mA/cm2. 

Azuma et al. [I231 reduced C02  on 32 metal electrodes in low-temperature aque- 
ous KHC03 electrolyte. The current efficiency for CO, reduction was a strong func- 
tion of temperature and increased with a decrease in temperature on Ni, Ag, and Pd 
cathodes. Formation of CH, and C2H4 was observed on all 32 metal cathodes al- 
though, except for the copper cathode, current efficiencies for the production of 
these hydrocarbon gases were low. A periodic table of the 32 metal cathodes used 
for CO, was developed, based on the reduction products. The table provides a sys- 
tematic rule for CO, reduction on these surfaces. 

2.6.4 Natural Gas Treatment 

Ogura et al. [124] studied the photochemical and electrochemical oxidation of meth- 
ane to methyl chloride and methanol. This room-temperature process evolved chlo- 
rine at a platinum anode followed by photochemical generation of C1' (chloride radi- 
cal) from C12. The chloride radical subsequently oxidized methane gas (fed to the 
anode) to the methyl radical (CH;). The methyl radical reacted with chlorine gas to 
form methyl chloride which was immediately hydrolyzed to methanol. The forma- 
tion of methyl chloride and methanol began at 1.1 V vs. SCE, which corresponds to 
the onset of chlorine evolution. 

Kuchynka et al. [I251 studied the electrochemical oxidative dimerization of meth- 
ane to C2 hydrocarbon species using perovskite anode electrocatalysts. Three de- 
signs of solid oxide fuel cells were used, including tubular and flat plate solid electro- 
lytes. The maximum current density for the dimerization reaction at these elec- 
trocatalysts was related to the oxygen binding energies on the catalyst surface. The 
anodic reaction was: 

2CH,+2O2- -+ C,H4+2H2O+4e- (31) 

while at the cathode, the following reaction occurred: 

Since the overall electrochemical process is thermodynamically spontaneous, the 
free energy change associated with the electrochemical reaction is directly converted 
to dc electrical energy. 
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Electrochemical studies on SO2 and H2S removal at high temperature, using 
molten electrolytes, were limited by the transport of gases from the bulk to the cath- 
ode. Studies on SO2 oxidation at room temperature using sulfuric acid as the sol- 
vent electrolyte also encountered gas-phase transport problems. To overcome mass 
transfer limitations of gaseous pollutants to the electrode, alternative reactor con- 
figurations with three-dimensional electrode structures such as packed beds and ex- 
panded metal meshes should be considered. For high-temperature operations, reac- 
tor designs similar to solid oxide fuel cells or molten carbonate fuel cells could im- 
prove mass transport. 

The electrocatalytic behavior of cathodes appears to play a crucial role in the re- 
duction of carbon dioxide. To find more efficient catalysts, detailed mechanistic 
studies of C 0 2  reduction are needed. Further studies could also concentrate on the 
investigation of different electrolytes as well as different catalysts delivering products 
of choice, such as alcohols. 

2.7 Electrochemical Soil Treatment 

Corrosion of underground storage and gasoline tanks leading to discharge of toxic 
chemicals has led to severe contamination of soils and groundwaters. Previous prac- 
tice of discharging waste streams to settling lagoons has also contributed to soil and 
groundwater pollution. 

One of the more recent technologies in pollution treatment and remediation is 
based on the electrokinetic decontamination of soils [126- 1281, in which a dc poten- 
tial (a few volts per centimeter) is applied across two inert electrodes embedded in 
a soil mass. This applied potential causes decomposition of the soil water to occur 
at the two electrodes. The migration of contaminants in the electric field, water 
transport, and reactions at the electrodes, as well as reactions caused by the induced 
pH gradient, can effectively clean soils. Acar et al. [127] reviewed electrokinetic 
remediation for the removal of metals and other inorganic contaminants from soil 
as well as its use in the extraction of organics from contaminated soils. 

The principal electrode reactions involved in electrochemical soil remediation are: 

2 H20  -+ 0 2 + 4  H +  +4e-  (anode) (33) 

4 H20 +4  e-  -+ 2 H2 +4  OH- (cathode) (34) 

In addition the metal deposition reaction can also occur: 

M" + +ne-  -+ M (cathode) (35) 

where M is the metal that is being removed from solution. 
For a given passage of charge, twice as many water molecules are broken down 

at the cathode as at the anode, causing a gradient for the transport of water. This 
phenomenon, also known as electroosmosis, is one of the ways in which contami- 
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Fig. 25. Electrochemical cell used for zinc removal from groundwater in low-permeability soils. 
(Adapted from [130]). 

nants in the soil are transported from one region to another. Furthermore, the pH 
imbalance produced at the electrodes by the generation of H +  and OH-  ions also 
may lead to increased contaminant solubility and/or precipitation near one of the 
electrodes. Metallic contaminants may also be removed by direct deposition of the 
metal on the cathode. 

Acar et al. [I281 studied the development of pH gradients during electroosmosis 
in kaolinite clay which had a 50% water content. A current of 1 mA applied for 120 h 
on 21 cm2 carbon electrodes decreased the pH at the anode from 5.0 to 2.5, while 
the pH at the cathode increased to 12.5. For the same time period, the water content 
at the anode decreased by 8% when compared with the water content at the cathode. 

Pamukcu et al. [ 1301 selectively removed zinc from groundwater in low-perme- 
ability soils (kaolinite clay) using graphite electrodes that were placed 25 cm apart 
(Fig. 25). A potential difference of 30 V was applied intermittently across the soil 
sample. This periodic application of the dc potential enabled the authors to study 
the difference in the zinc movement during electromigration and diffusion. At the 
end of the experiment, the zinc concentration in the anode chamber had increased 
from 275 to 745 mg/dm3 and from 200 to 440 mg/dm3 in the cathode chamber. The 
authors proposed the formation and migration of negatively charged complexes such 
as Zn(0H); and Zn(OH)i- to the anode to explain the increased zinc concentra- 
tions in the anode chamber. No mention was made of the magnitude of the currents 
used or the electrode area. 

Hamed et al. [ 1311 removed Pb(1I) from kaolinite specimens using graphite elec- 
trodes. The Pb loadings varied from 11 8 - 145 vg/g of dry soil. A current density of 
0.037mA/cm2 was used and the total charge passed varied between 1400 and 
2000 Ah/m3 soil. The removal, 75 - 90%, was directly related to the pH gradients 
developed in the process. The energy requirement for lead removal varied between 
29 and 60 kWh/m3 soil processed. 

Acar et al. [I321 removed phenol from kaolinite clays using graphite electrodes. 
At a current density of 0.037 mA/cm2 (at which the maximum voltage was 20 V), 
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the acid front produced at the anode swept across the soil specimen, neutralizing the 
base generated at the cathode. A 85-95% phenol removal from an initial concentra- 
tion of 500 pg/g dry kaolinite occurred; the phenol removed was near the cathode. 
Energy requirements for this removal varied from 18 to 39 kWh/m3. 

Pamukcu and Wittle [ 1331 investigated the feasibility of electrokinetic treatment 
at 30 V of different clay mixtures containing a number of heavy metals including Cd, 
Co, Ni, and Sr. The metal removal success ranged between 85 - 95% and appeared 
to depend on the soil matrix, the metal, and the pore fluid composition. At low ini- 
tial metal concentrations, electroosmosis appeared to be the dominant mechanism 
for metal removal. At higher concentrations, electrolytic migration of the ionic spe- 
cies played a more dominant role. Of the three soil types tested, kaolinite had the 
highest electroosmotic efficiency. 

Alshawabkeh and Acar [ 1341 developed a theoretical model describing contami- 
nant transport during electrokinetic remediation, based on the equilibrium chemis- 
try of the solution and the electrochemical properties of the contaminants within the 
soil. The model demonstrates that the removal of ions from soils is caused by a com- 
bined effect of electrical, hydraulic, and concentration potential gradients that exist 
in the soil. The factors controlling the rate of change of these potential gradients in- 
cluded the volume compressibility and electrical capacitance of the soil, and the con- 
ductivities of the ions. 

Lindgren et al. examined the removal of chromium from unsaturated 50- 100- 
mesh sand containing 10% water [135]. Studies were performed in a rectangular cell 
containing the soil sample into which graphite electrodes of 0.64 cm diameter were 
embedded, spaced 21 cm apart. The centerline of the cell was spiked with 100 ppm 
sodium chromate. The application of 10.3 A for 22 h resulted in the initially contami- 
nated region being cleansed of the chromate ions. Chromate anions near the anode 
surface were found to migrate at 0.4 cm/h. The electroosmotic rate, 0.02 cm/h, was 
considerably lower, showing that electromigration was the dominant transport mech- 
anism for chromium. 

Shapiro et al. [136] removed acetic acid and phenol from kaolin clay using carbon 
or perforated 316 stainless steel electrodes (Fig. 26). A 94% removal occurred at a 
current density of 6 A/m2. Predictions of a one-dimensional theoretical model that 
takes into account electroosmotic convection, diffusion, electromigration, chemical 
reactions in the electrolyte, and electrode reactions of oxygen and hydrogen evolution 
were compared with the experimental results. The neglect of adsorption effects in the 
model did not allow the evaluation of phenol removal, although acetic acid removal 
was well predicted by the model. In a later study [I371 using the same set of elec- 
trodes, contaminants, and clay matrix, the energy cost for contaminant removal, bas- 
ed on an average applied electric field of 60 V/m, was estimated to be $2.00/ton of 
effluent removed. 

Pamukcu and Wittle [I381 removed radioactive metals (Sr, Cs, and U) in clay or 
clay-sand mixtures. An 80% removal was observed at the cathode chamber for Sr 
and Cs for 24-48 h durations of treatment. Only 20% of the uranium was transfer- 
red to the cathode compartment because of precipitation and speciation of this metal 
in the soil. Chromium, which was present as an anionic species, migrated to the an- 
ode, where a 30% removal was achieved. 
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Fig. 26. Reactor design used for the removal of acetic acid and phenol from kaolin clay. 
(Adapted from [136]). 

While electrokinetic treatment of soils looks promising, most of the work per- 
formed was bench-scale, under carefully controlled laboratory conditions. For elec- 
trokinetic remediation to be a viable alternative for in-situ cleanup of waste sites, a 
number of factors will have to be investigated. All of the work to date has dealt with 
uniformly contaminated soil samples. Studies performed on partially saturated soils 
will yield different results. Further studies on the removal of mixed metal contami- 
nated soils, using different soil types, are needed. The presence of organic com- 
pounds in the soil will also influence successful treatment of “real” contaminated 
soils. The use of reagents which could increase desorption and/or solubilization 
(without further contaminating the soil matrix) may also be areas of future investiga- 
tion. Finally, field tests need to be performed to substantiate studies accomplished 
on the bench scale. 

2.8 Electroflotation 

Electrolytic formation of finely dispersed bubbles (usually H, and 02, from water 
electrolysis) can remove suspended particles from a liquid by floating them to the 
top. This “solid” matter can then be skimmed off from the top and subsequently 
treated. Much like electrodialysis, electroflotation is a process that concentrates the 
waste, which eventually needs to be treated and/or reused. It was estimated in 1980 
that 20 electroflotation plants existed in the UK for treating industrial effluent [139]. 
Little to no information is available on the use of electroflotation for the decontami- 
nation of waste effluents in the USA. 

Matis studied the separation of a paint - water suspension by electroflotation us- 
ing seawater as the electrolyte [139]. At 300 A/m2, the paint concentration dropped 
from 1000- 1500 mg/dm3 to 100- 150 mg/dm3, a 90% reduction. The horizontal 
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sets of electrodes were separated by a cation exchange membrane to examine the indi- 
vidual effect of oxygen and hydrogen on the flotation process. The oxygen gas could 
accomplish flotation only when a coagulant (alum) was used. Oxygen contributed 
mostly to the transfer of the already coagulated matter to the surface. Hydrogen gas 
on the other hand, was capable of breaking up the emulsion by itself. 

Costaz et al. investigated the simultaneous electroflotation and disinfection of 
sewage in the presence of chloride ions (used to form hypochlorite ions) [140]. The 
solid - liquid separation was improved, compared with static clarification alone. The 
disinfection efficiency of the sludge was equal to or better than that obtained using 
gaseous clorine only. 

Ho and Chan used a Pb02-coated titanium anode for the electroflotation of 
palm oil mill effluent [141]. The electroflotation of suspended particles and anodic 
destruction of soluble substances such as sugars and phenolics occurred simulta- 
neously. At 0.5 A and after 20 hours of operation, 86% of the suspended matter was 
found to be removed by flotation while 50% of the dissolved substances were de- 
stroyed. The lead dioxide anode was not corroded during the course of operation. 

Electroflotation is unlikely to compete economically with air flotation (using 
compressed air and an air-sprager) to achieve large-scale separation of solid suspen- 
sions. However, the use of high oxygen overvoltage anodes such as lead dioxide [I411 
could generate hydroxyl radicals during gas generation, causing not only separation 
of suspended particles but oxidation of the wastes as well. This type of separa- 
tiodoxidation unit could find on-site wastewater treatment applications where the 
ease of operation outweighs consideration of power consumption. 

2.9 Electrochemical Ion Exchange 

Electrochemical ion exchange is a relatively new technology for treating waste 
streams. Two distinct types seem to be emerging. One method uses a two-phase mix- 
ture of particulate ion exchange materials and the dilute aqueous metal waste solu- 
tion to enhance the reclamation of metals at the cathode. The ion exchange resin is 
used to enhance the conductivity of the dilute aqueous solutions, thus increasing the 
reaction rate and improving current distribution. Although the addition of dissolved 
electrolytes can improve solution conductivity, these electrolytes require replacement 
and may cause additional contamination. 

Tison [I421 reclaimed metals from dilute copper and nickel solutions using this 
method. Studies were performed at 20-23 "C in 267 cm3 Hull cells using five pro- 
prietary ion exchange resins (weakly and strongly acidic cationic and strongly basic 
anionic). The strongly acidic cation exchangers with sulfonate functional groups im- 
proved plating performance and enhanced the conductivity of the solution. The per- 
formance improvements included lower electrical energy requirements, higher cur- 
rent efficiencies, and improved throwing power. 

A second method incorporates an ion exchange material (weak acid cation ex- 
changers and basic anion exchangers) into an electrode structure using a suitable 
binder (Fig. 27). Bridger et al. [143] used such a system to remove ionic species from 



41 2 P. Tatapudi and J.M. Fenton 

Fig. 27. Cross-sectional view of the 
electrochemical ion exchange (EIX) 
electrode. (Adapted from [ I  431). 

aqueous waste streams. The ion exchange materials were ground to a fine powder and 
mixed with a suitable rubber binder dissolved in l,l,l-trichloroethane (a volatile sol- 
vent). This dispersion was poured into molds containing platinized titanium mesh 
electrodes and the solvent was allowed to evaporate. Studies were performed using 
a zirconium phosphate cation electrochemical ion exchange unit with anion exchange 
units to remove radionuclides from low-level radioactive waste, the bulk of which 
were Co isotopes. Cobalt activity decreased by a factor of 50 using the cation elec- 
trochemical ion exchange unit. The major anion present in the waste stream, borate, 
was removed to below the detection limit using the anion exchange unit. 

Adams and Hudson [I441 used the water splitting reaction to promote ion ex- 
change properties of materials incorporated into electrodes. The authors extracted 
Co(I1) using alpha-zirconium hydrogenphosphate mixed in an unreactive polymer 
matrix which was embedded in a platinized titanium cathode. The cobalt removal 
process occurred solely by ion exchange into the matrix, i.e., neither cobalt precipita- 
tion nor cobalt plating was observed. The rates of ion exchange by this elec- 
trochemical method were found to be 100 times faster than normal ion exchange. Co- 
balt elution was achieved by reversing the applied potential at a low solution pH of 
2.3. 

Hobro et al. are currently utilizing the concept of electrochemical ion exchange 
to remove chromium from metal finishing waste [145]. In this process, a three-com- 
partment cell is filled with anion exchange resins and separated by two anion ex- 
change membranes. Solution containing chromate (Cr,O$-) is fed into the middle 
compartment, where it is adsorbed by the resin. The adsorbed ions, under the influ- 
ence of an electric field, migrate to the anode across the anion exchange membrane. 
These ions are concentrated in the anode chamber and returned to the plating bath. 
Hydroxide ions produced at the cathode migrate to the middle compartment to re- 
generate the ion exchange resin continuously. Increasing the chromate mass loading 
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(a product of the solution volumetric flowrate and chromate concentration) was 
limited because of co-migration of hydroxyl ions into the anode compartment. 
Analysis of process streams revealed complete “on line” regeneration of resin 
without the need for extraneous chemicals. 

A modification of the above process, also under study, involves ex-situ regenera- 
tion of the ion exchange resin. This process has an ion exchange resin bed saturated 
with a metal cation which is regenerated using an H+-based solution. This solution, 
containing a high concentration of the metal ions, is sent into a metal recovery cell 
where the metal is plated onto a planar cathode. Water splitting at the anode releases 
protons into the solution, which is reused for regenerating the resin. 

DiMascio et al. are developing an electrochemical deionization process (EDP) 
[I461 for deionizing pretreated water to high purity levels, similar to that attained by 
mixed bed demineralizers, without the need for chemical regeneration. The EDP 
module is made up of a series of alternating cation and anion exchange membranes 
placed between two electrodes. A specific arrangement of cation and anion exchange 
resin layers is placed between each membrane pair to increase electrical conductivity 
and enable the process to treat low-conductivity water. 

The feedwater is fed downward between the parallel ion-selective membranes and 
through the ion exchange resins, enabling the cations and anions to be adsorbed by 
the resins. A dc potential applied across the electrodes results in the migration of the 
adsorbed ions and continuous regeneration of the ion exchange resins. Each com- 
partment alternately becomes more dilute and concentrated in ions, the contents of 
which are then continuously withdrawn. 

Electrochemical ion exchange appears to be especially suitable for dilute waste 
streams having low ionic conductivities. The addition of ion exchange resins reduces 
electrolyte resistance by providing a conductive pathway between the electrodes. This 
results not only in reduced cell potential (and therefore lower operating cost), but 
also in increased metal recovery, and high feed throughputs. Unlike conventional ion 
exchange, the resins used in electrochemical ion exchange need not be chemically re- 
generated, thus eliminating the need for regenerating reagents and reducing the vol- 
ume of resin required at a given time. These features make electrochemical ion ex- 
change more acceptable than traditional processes such as evaporation and filtration; 
it may replace electrodialysis and traditional chemical regeneration in several appli- 
cations. 

3 Conclusions 

Our desire to protect the environment (i.e. air, water, and soil) has increased consider- 
ably since the 1980s and will continue to do so in the future. This has steered industry 
to develop optimum waste treatment and/or minimization processes which are com- 
patible with their needs and requirements. A variety of factors need to be considered 
in the development of an optimum waste management approach, including the type 
and size of waste stream (organic or inorganic), the phase in which the contaminant 
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is present, and the direct and indirect costs (recovery of waste or conversion to a sal- 
able by-product) associated with the choice of a treatment process. 

Apart from metal recovery from metal finishing wastes and a few oxidant genera- 
tion systems, electrochemical treatment techniques are practiced only on a laboratory 
scale or, at best, on a small scale. For larger-scale electrochemical treatment technol- 
ogies to be established, the electrochemical route will have to compete more effective- 
ly with established and emerging physicochemical and biological treatment process- 
es. Fortunately, the increased availability of ion exchange membranes coupled with 
recent advances in electrocatalysis and electrochemical reactor design will lead to an 
increasing number of applications in the area of waste treatment and minimization. 
One way for electrolytic treatment processes to gain increasing access to the 
marketplace is to combine or include an electrochemical step along with another 
treatment process. As the waste treatment industry becomes more familiar with the 
benefits of electrochemical processes, the number of applications involving elec- 
trochemistry will increase. 

Traditionally, return on investment calculations of a manufacturing operation 
were the sole factor for its development. The process economics of a manufacturing 
operation will undergo an adjustment (in most cases for the worse) when effluent 
treatment steps are included. Electrochemical technologies, either for treatment or 
manufacturing, can be cleaner than pure chemical technologies, even after taking in- 
to account utility power plant emissions (needed for generating electricity). This is 
because chemical change in an electrochemical process is brought about by the abili- 
ty to add or remove electrons, thus eliminating the use of redox agents. Redox reac- 
tions without spent streams, coupled with recovery or recycling of valuable chemicals 
and metals, permit electrochemical techniques not only to treat pollutants, but also 
to aid the environment through long-term pollution prevention. 
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chromium(II1) species, solvated 268 
chronocoulometry 288, 330 
chronopotentiometry 330 
Cibacron Blue F3GA 314 
citric acid, impurities 368 
classification, ITIES 302 
CO see carbon monoxide 
Co(dmg), (BC,H 9):'o complexes, electrode 

Co(dmg),(BF):'' complexes, electrode 

co-adsorption 
- hydrogen, carbon monoxide layer 
- water, carbon monoxide layer 
C02  removal 404 f 
cobalt complexes 249 
cobalt(II1) complexes, acetylacetone, electron 

cobalticinium (Coc"), oxidation product, SIRE 

cobaltocene (COC), SIRE 229 
Coc/Coc- system, SIRE 231 
Coc', cathodic reduction 255 
Coc'/Coc system 242 
- SIRE 231 
- kinetics 249 
Coc'/Coc/Coc- system, SIRE 231 
Coc:/Coc system 258 
COD (chemical oxygen demand) 373 
CoEnF, electroreduction 251 
coliforms, water disinfection 374 
collision frequency, heterogeneous 238 
complexing agents 366 

solvents 297 ff 

behavior 250 

behavior 250 

152 ff 
152 ff 

reduction 250 

229 



Index 421 

computer simulations, molecular dynamics, 

conducting polymers 209 f 
conduction band 9 
- imaging 11 
contaminants, organic 72 
convolution potential sweep voltammetry 

copper 398 
- cyanide adsorption 169 
copper complexes 249 
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experimental techniques, electron transfer 
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faradaic currents, redox reactions 305 
faradaic surface effects 140 
Fe203, scanning tunneling spectroscopy 18 
fecal streptococci, water disinfection 374 
Fenton reagent 380,390 
ferricinium (Foc'), oxidation product, SIRE 

ferrocene (FOC), SIRE 229 
FeS2, scanning tunneling spectroscopy in air 

first solvation sphere 269 
- zinc(1I) 273 

kinetics 346 

229 

18 
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first-order Stark effect 201 
flat band potential 9 
flat windows 144 
fluidized-bed cathode see fluidized bed- 

fluidized-bed electrode 366 ff 
fluoride electrolytes, surface chemistry, silicon 

67 ff 
fluoride solutions 33 
- silicon 75 
fluorine 383 
Foc+/Foc system, SIRE 231,235 
Foc-/Foc, SIRE 267 
Fokker-Planck equation, ion transfer 

reactions, ITIES 325 f 
formal potential 
- electrode systems 236 
- mixed solvents 267 
- reversible process 232 
formaldehyde decomposition 379 
formation, liquid junction potential 226 f 
formation mechanisms, porous silicon 42 
Founier effects, ion transfer reactions 327 
four-electron process 108 
Fourier IR spectrometer 127 f 
Fourier transform infrared spectroscopy 

Franck-Condon barrier 348 
free-diffusion junction 229 
free energy 
- ions 271 
- solvation 233 
- - electrostatic part 224 
- transfer 225 
frequency 
- barrier crossing 245 
- inner-shell vibration 249 
- reorganization, solvent 244 
frequency factor 243 
- nuclear 244 
friction, solvent 245 
Frumkin correction 256 
- electrical potential difference 
- ion transfer reactions, ITIES 
Frumkin-type isotherm 284 
FTIRRAS (Fourier transform infrared 

fuel cell 392,401 

electrode 366 ff 

(FTIRS) 123 ff 

332, 334 
319 

reflection-absorption spectroscopy) 137 

GaAs 
- corrosion 47 
- metal deposition 53 

- nanolithography 48 
- tip current voltammetry (TCV) 20 
- ultrahigh vacuum 16 
GaAs(llO), ultrahigh vacuum 14 
n-GaAs, in-situ scanninng tunneling 

galvanic cell, transferenceless 229 
GaP, tip current voltammetry 20 
gas diffusion cathode 388 

see also gas diffusion electrode 
gas diffusion electrode 
gas treatment 400 ff 
Gerischer model 90 
germanium 
- conducting polymers 211 
- metal deposition 53 
- semiconductor/electrolyte junction 10 
- STM 4ff  
glycolaldehyde 379 
glyoxal 379 
glyoxylic acid 379 
gold 
- cyanide adsorption 169 
- thiocyanaie absorption 180 
gold(ll1) 16 
gold anode, platinum 380 
Goldman rectification, ion transfer reactions, 

Gouy-Chapman theory 309 f 
Green-Kubo equation, ion transfer reactions, 

ITIES 325 
group 111-V compounds 45 ff 
- corrosion 47 f 
- passivation 49 f 
- semiconductor/electrolyte junction 10 
- STM 4ff  
Gutman donor number 223,233 

spectroscopy 25 

381, 392, 402, 404 f 

ITIES 327 

H-termination, silicon 49 
half -wave potential, reversible process 
Helmholtz double layer, inner 265 
Helmholtz layer 88 
Helmholtz plane potential 255, 312 
hemodialysis system, urea oxidation 373 
heterogeneous collision frequency 238 
heterogeneous electron exchange 253 
HF; anodic dissolution, silicon 82 ff 
homogeneous broadening 135,155 
homologous ions, ion transfer reactions 
HPbO;, electrode reactions 274 
H,S removal 402 f 
humic acid 398 

232 

329 
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hydrocarbons 379 
hydrodynamic friction 338 
hydrofluoric acid 184 
hydrogen absorption 145 ff 
- silicon 79 f 
hydrogen passivation 
- chemisorption, water 81 
- porous silicon 99 
- silicon 71 f, 101 ff 
hydrogen peroxide 379,386 
hydrogen-terminated surface 74 
hydroxyl radicals 377 
hypochlorine 386 
hypochlorite 378,393 

imaging conditions, tunneling 11 ff 
impedance measurements, ITIES 305 
in-situ Fourier transform infrared 

in-situ investigations, silicon 33 
incidence angle 143 
indirect electrochemical oxidation 378 f 
induced local modification 22 

see also potential modification 22 
industrial discharges, toxicity reduction 364 
infrared frequencies, dielectric permittivity 

inhibition, electrode reactions 278 
inhibition process, mixed solvents 285 
inhibition/acceleration change 281 
inhomogeneous broadening 135,155 
inner layer, ITIES 311 f 
inner shell 287 
- reorganization energies 254 
- vibration frequency 249 
In-Se, layered materials 45 f 
InSe, scanning tunneling microscopy 4 ff 
interface between two immiscible electrolyte 

interface states 20 

interferogram, Fourier IR spectrometer 127 
internal reflection infrared spectroscopy 

ion exchange, electrochemical 411 f 
ion free energy 271 
ion-ionophore complex formation, 

ion mobility 338 
ion-pair formation 237 
- distribution potential, ITIES 303 
- nonaqueous media 238 

spectroscopy 123 ff 

257 

solutions (ITIES) 300 ff 

see also electronic states 

206 ff 

distribution potential 303 

ion-pairing processes 288 
ion-pairing, nitrobenzene 238 
ion-pairs 221 
ion permeability, saturated monolayers 344 
ion size effects, electrical potential difference 

335 f 
ion solvation 
- electrochemical reactions 223 ff 
- mixed solvents 269,271 
ion structure effects, electrical potential 

ion transfer 
- ITIES 301 
- SIRE 235 
ion transfer fluorometry 331 
ion transfer reactions 261 ff 
- ITIES 317 ff  

difference 335 f 

ionic concentration, distribution potential, 
ITIES 302 

ionic effects, electrical potential difference 

IR spectroscopy 131 ff 
iridium-oxide-coated titanium ceramic anode 

isosolvation point 270 
isotropic etching, silicon 69 ff 
ITIES (interface between two immiscible 

electrolyte solutions) 300 ff 
- nonpolarized 306 
- polarized 304 f 

335 f 

382 

Kamel-Taft parameter, Lewis basicity 272 
kaolinite 408 
kinetic parameters 317 f 
kinetics, nonaqueous solvents 238 ff 

Landau-Zehner nondiabatic factor 350 
Langevin analysis, ion transfer reactions, 

ITIES 325 
lateral coupling, sulfate adsorption, 

platinum(ll1) 193 
lateral interactions 157 ff 
- cyanide adsorption 176 f 
lattice model, quasi- 271 
layered materials 45 ff 
- dissolution 51 f 
- STM 4ff 
LDOS (local density of states) 18 
lead, anodic oxidation 372 
lead dioxide 384 
LEED (low-angle electron diffraction) 72 
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Lennard-Jones pairwise potentials 327 
Levich quantum-mechanical theory 318 f 
Lewis acidity 235,272 
Lewis basicity 288 
- Kamel-Taft parameter 272 
Lewis properties, solvents 234 
Li(I)/Li(Hg) system 286 
lipophilicity, nernstian reponse range 308 
liquid junction potential 226 f 
- mixed solvents 267 
liquid-liquid interfaces 
- ITIES 317 
- transfer mechanism 347 
lithium reaction 265 
local density of states (LDOS) 
local deposition 53 
longitudinal relaxation time 245,254,257 
low-angle electron diffraction (LEED), silicon 

low-concentration cyanide solutions, anodic 
destruction 376 

low-doped silicon 97 
luminescence, porous silicon 104 

18 

72 

magnetic resonance, aluminum 269 
majority carriers 9, 91 
maleic acid, electroreduction 274 
manganese amalgam 276 
manganese(I1) 
- electrode reactions 274 
- electroreduction 286 
- energy transfer 272 
manganese(II)/manganese(Hg) system 274, 

Marcus theory 222 ff, 238,240,318 
Marcus-Levich theory 347 f 
mass transport effects, porous silicon 
mean spherical approximation (MSA) 225, 

medium effects, ion transfer reactions 339 f 
metal deposition 27, 53 ff 

metal-electrolyte interface, FTIRS 123 ff 
metal electronic structure, CO absorption 

metal recovery 365,371,413 
metal removal 371, 398, 409 
metallic substrates 17 
metallic surfaces, STS 19 
metallocenes 249 
metals, imaging 16 
methane 406 

276 

87 

241 

see also corrosion 

148 ff 

methanol, adsorption 160 f 
microorganism model, Escherichia coli 374 
microscopic balancing, iontransfer reactions 

microwave frequencies, dielectric permittivity 

minority carriers 11 
mixed potential, ITIES 303 
mixed solvents, electrochemical reactions 

ML redox systems 251 
Mn see manganese 
mobilities 227 
molecular dynamics, ion transfer reactions, 

ITIES 327f 
molecular level, metal-electrolyte interface, 

FTIRS 123 ff 
molten-carbonate fuel cell 403 
monocation radical 253 
monolayers 
- ion transfer reactions, ITIES 
- phospholipid, ITIES 316 f 
Monte Carlo simulations, pore formation 

MoSz, layered materials 47 
MSA (mean spherical approximation) 225 
multidimensional energy barrier models, 

multiplex advantage, Fourier IR spectrometer 

ITIES 318 

257 

217 ff 

343 f 

112 

ITIES 318 f 

130 

Na+/Na(Hg) system 261 
Nafion membrane 367,375,380,385,388 f, 

405 
nanolithography, silicon 28 f, 48 
NaOH 
- dissolution mechanism 39 
- n-Si 16 
NaOH dissolution, silicon 35 
NaOH solution, silicon 33 
naphthalene 203 
natural gas 403,406 
Nernst equation 
- distribution potential, ITIES 
- electron transfer reactions, ITIES 
Nernst-Planck equation 335 
- ion transfer reactions, ITIES 
nernstian response, range 308 
NH4F solution 25 
- silicon 33 
Nicholson-Shah theory 353 
nickel/nickel sulfide cathode 403 

301 f 
351 

325 f 



426 Index 

nitrobenzene 
- ion-pairing 238 
- ITIES 306 
nitrogenoxide 397 
nonadiabatic reaction 242 
nonaqueous solvents, electrochemical 

reactions 217 ff 
non-Debye liquids 257 
non-Debye solvent dynamic effects 248 
non-Debye solvent relaxation 258 
non-Debye solvents 288 
nonhomogeneous polarization, experimental 

nonpolarized ITIES 306 
nonpolluting oxidants 383, 386 
nonthermodynamic assumption, distribution 

nuclear frequency factor 244 
nuclear tunneling factor 244 
nucleophile superoxide 379 

difficulties 330 

potential, ITIES 302 

ohmic drop 330 
one-step stripping, elctroplating 369 f 
open-circuit etching, silicon 69 ff 
optical dielectric permittivity 245 
organic component, preferential adsorption, 

organic compounds reactions 252 
organic contaminants 72 
organic molecules, adsorption 273 
organic phases, distribution potential, ITIES 

organometallic redox systems 250 
orientational, polarization 224 
outer-shell 287 
outer-shell reorganization energies 254 
outer solvation sphere 288 
outer-sphere electrochemical reactions 

outer-sphere reorganization energy 241 
overdamped solvent relaxation 245 
oxidation product, ferrocene, SIRE 229 
oxides, semiconductodelectrolyte junction 

oxidizing agents 
- chlorine based 392 
- elctrochemical synthesis 383 ff 
oxyanions 184 ff 
- adsorption, platinum 199 
oxygen reduction 401 
ozone 383 f 
- nonelectrochemically generated 379 

electrode surface 278 

301 f 

242 

10 
366 ff, 372, 381 

p-polarized Iight 
- IR spectroscopy 131 
- reflectance 143 ff 
packed-bed anodes 382 
palm oil mill effluent, electroflotation 
partial charge transfer, sulfate adsorption 

passivation 47 ff 
- GaAsinvacuum 21 
- group 111-V compounds 49 f 
Pb(II)/Pb(Hg) system 278 
Pekar factor 247 
perovskite-type compound 401 
phase boundaries, water-organic solvents 

phase transitions, nitrobenzene-water 

phenol, anodic oxidation 372 
phosphate, sulfate adsorption 196 ff 
phospholipid monolayers 343 
- ITIES 316f 
photoanodic dissolution, silicon 104,108 
photoassisted electron transfer reactions, 

photochemical reaction, ion transfer 346 
photocurrent, ITIES 346 
photoelastic modulator (PEM) 137 
photoelectrochemical etching, silicon 103 
photoluminescence (PL) 42 
photon emission 43, 56 ff 
photon mapping 43 
platinium-graphite packed-bed electrode 

platinized titanium screens 367, 378 
platinum 385 
- thiocyanate absorption 181 
platinum electrode, sulfate adsorption 187 f, 

platinum-clad niobium ceramic anode 382 
PMIRRAS (polarization modulation IR 

ref lection-adsorption spectroscopy) 137 
polarizability 203 
- ITIES 304ff 
- solvents 254 
- atomic 222 
polarization modulation 137 
polarized ITIES 304 f 
polarized radiation 131,143 ff 
polarography 330 
pollution treatment, elctrolytic processes 

polycrystaline platinum, sulfate adsorption 

411 

194 

297 ff 

interface, ITIES 317 

ITIES 355f 

402 

191 ff 

363 ff 

196 ff 
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polymers, conducting 209 f 
polynuclear aromatic hydrocarbon electrode, 

pore formation 
- semiconductors 111 
- silicon 83 f 
pore morphology, porous silicon 
porous silicon 56, 99 
- pore morphology 94 ff 
- surface chemistry 102 f 
porous silicon layer (PSL) 
potassium fluoride 184 
potential-dependence, CO band center 152 
potential-dependent surface tension, ion 

potential distribution 
- silicon 86 f 
- tip-induced 23 f 
potential effects, cyanide adsorption 175 
potential profile, nitrobenzene-water 

potential range, pure aqueous solvents 
potential sweep voltammetry 330 
potential window, ITIES 304 f 
potentials, pure nonaqueous solvents 221 ff 
pre-equilibrium constant 243 
pre-exponential factor 246,259 
- Marcusmodel 238 
preferential solvation 268 
prismatic windows 143 
propargyl alcohol, adsorption 167 
proton exchange membrane (PEM) 385 
- oxygen reduction 392 
- reactor 376 
proton transfer potential, ITIES 303 
pseudohalide ions, adsorption 168 ff 
pseudohalides, absorption 182 ff 
pseudospectroscopy 25 
Pt see platinum 181 

redox systems 231 

94 ff 

42 f 

transfer reactions 330 

interface 311 
221 

quantum-mechanical approach, ion transfer 

quasi-lattice model, electrolytes 271 
reactions, ITIES 319 f 

radioactive metal removal 409 
rate constant, standard potential 238 
reactant partition, surface/bulk phases 281 
reactant resolvation 284,286 
reaction medium 220 f 
reaction plane 240 
reaction rate increase, surface phases 281 

reaction site potential 255 
reaction zone thickness 259 
recombination 56 
- semiconductor/electrolyte junction 10 
- surface photovoltage 57 
redox couples 373, 378,382 
- distribution potential, ITIES 303 
redox systems, SIRE 231 
reference electrode, solvent-independent 

reflection-absorption infrared spectroscopy 

regular solutions 268 
relaxation, overdamped 245 
relaxation time 245 
- Debye 223,245,257,288 
- dielectric 249, 257 ff 
- longitudinal 245, 254,257 
- solvents 223 
reorganization energies 239 
- inner-shell 254 
- outer-shell 254 
- outer-sphere 241 
reorganization frequency, solvent 244 
resolvation 287 
- beryllium 271 
- reactant 284,286 
- vanadium 280 
reticulated vitreous carbon (RVC) 367 
- electrode 371, 387 
reversible electrode reactions 232 ff 
rotating tubular-bed reactor 366 ff 
rotating-cylinder anode 379 
rotation time, solvent molecules 245 
rotational diffusion 223 
Ru deposition 21 
Ru-NH system 251 

RVC (reticulated vitreous carbon) 367 
RVC electrode 371,387 

(SIRE) 226 

131 ff 

R u S ~  45 

s-polarized light, IR spectroscopy 131 
s-polarized radiation 143 ff 
salene complexes, electrooxidation 249 
salt addition, electrochemical oxidation 

saturated monolayers 344 
scanning electrochemical microscopy, 

scanning tunneling microscopy (STM) 

- semiconductor electrodes 1 ff 

377 

(SECM) 48 

72 
1 ff, 
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scanning tunneling spectroscopy (STS) 

Schottky behavior 93 
Schottky diode 8 f, 22,59 
Schottky junctions 88 
Schottky photodiodes 57 
SECM (scanning electrochemical microscopy) 

second order Stark effect 202 
semiconductor electrodes, STM 1 ff 
semiconductor/electrolyte contact 4 ff 
semiconductor/electrolyte interface, Gerischer 

semiconductor/electrolyte junction 8 ff 
semiconductors 207 f 
- etching 88 
SFG (sum frequency generation) 173 
sharpness, ITIES 312 f 
short range specific reactant, solvent 

interactions 241 
Si(lOO), ultrahigh vacuum 14 
Si-H, ultrahigh vacuum 15 
Si-H bonds 16 
- dissolution 35 
- silicon substrates 27 ff 
Si-H monohydrides, etching 30 
Si-H termination, silicon substrates 27 
Si-OH, ultrahigh vacuum 15 
Si-OH bonds 16 
n-Si 6 f, 13,16 
- TCV in acidic medium 22 

signal-to-noise ratio, Fourier IR spectrometer 

silicon 
- dissolution mechanism 39 
- fluoride electrolytes, surface chemistry 

- nanolithography 48 
- semiconductor/electrolyte junction 10 
- STM 4ff 
silicon electrode 207 
silicon substrates 27 ff 
silicon/fluorine 80 f 
silicon/gas interface 80 ff 
silicon/HF interfaces, surface chemistry 

silicon/water interactions 81 f 
silver 
- cyanide adsorption 169 
- thiocyanate absorption 178 
silver recovery 370 
silver(I), free transfer energy 271 

3 ff, 
17 ff  

48 

model 90 

see also silicon 

129 

67 ff 

101 ff 

single beam spectrum, Fourier IR 

singleton frequency 156 f 
SIRE (solvent-independent reference electrode) 

site occupancy, carbon monoxide adsorption 

slope coefficient 255 
SNIFTIRS (subtractively normalized Fourier 

transform infrared spectroscopy) 138 
SO, removal 400 f 
soil treatment, electrochemical 407 f 
solid polymer electrolytes 405 
solid-liquid interface, tunneling 5 ff 
solution bands 139 ff 
solution resistance, ion transfer reactions, 

solvachromic method 237 
solvation energy, free 233 
solvation number, cations 271 
solvatochromic shift 254 
solvent dynamic influence, electrode 

solvent interactions 241 
solvent phase boundaries, water-organic, 

charge transfer 297 ff 
solvent properties 221 f 
solvent reorganization 244 
solvent reorganization energy, electron 

transfer reactions 349 
solvent-independent reference electrode 

(SIRE) 226,229 ff 
space charge layers 88 
specific adsorption, ITIES 309 f 
spectroelectrochemical cell 136 f 
splitting, degenerate states 184 ff 
SPV (surface photovoltage) 57 f 
stability constants, Be@)-HPMA species 

stain etch films, porous silicon 
Stark effect, electrochemical interfaces 

state of light polarization, IR spectroscopy 

states distribution see electronic states 

static dielectric permittivity 238 
- vacuum 223ff 
steady-state diffusion, electron transfer 

reactions, ITIES 350 
steady-state pore growth 94 
STM (scanning tunneling microscopy) 

spectrometer 130 

226 

148 

ITIES 330 

dynamics 252 

271 
99 

199 ff 

132 

17 f 

1 ff, 
72 
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stochastic model, ion transfer reactions, ITIES 

streptococci, water disinfection 374 
structureless dielectric continuum 224 
STS (scanning tunneling spectroscopy) 

sulfate absorption 185 f 
sulfate adsorption 
sulfide ion migration 402 
sulfur layers, GaAs 21 
sulfur treatment, STS in air 
sulfuric acid, aniline oxidation 372 
sum frequency generation (SFG) 173 
superoxide, nucleophile 379 
surface chemistry 
- silicon, fluoride electrolytes 
- silicon/HF interfaces 101 ff 
surface coverage 280,287 
surface density, etching 70 
surface hole concentration 91 
surface layer composition 282 
surface phases, reaction rate 281 
surface photovoltage (SPV) 57 f 
surface preparation 45 f 
surface selection rule 133,204 
surface states 18, 58 

see also electronic states 
surface structure, open-circuit etching 74 
surface tension, potential-dependent 330 
surface/bulk phases, reactant partition 281 
surfactants 36, 368, 376 
- adsorption, ITIES 313 f 
- cationic 379 
symmetry, sulfate adsorption 190 f 
symmetry groups, sulfate adsorption 185 

325 f 

3 ff, 
17 ff 

185,190 f, 202 f 

18 

67 ff 

Tafel behavior 88 
Tafel plots 
- electrical potential difference 332 
- ion transfer reactions, ITIES 327 
TCNQ- 203 
TCV (tip current voltammetry) 20 ff 
tetrabutylammonium chloride, ITIES 306 
tetramethyl-p-phenylendiamine 253 
tetraphenylarsenium tetraphenylborate 

assumption, SIRE 231 
thickness, reaction zone 259 
thiocyanate absorption 178 ff 
three-step mechanism, iontransfer reactions, 

Ti02 45 
- scanning tunneling spectroscopy 18 

ITIES 319 

n-TiO, 13 
tip current voltammetry (TCV) 20 ff 
tip-induced potential distribution 23 f 
TI(I), electroreduction 274 
total organic carbon (TOC) 373,379 
toxicity reduction, industrial discharges 364 
transfer energy 
- free 225,271 
- - Mn(I1) 272 
- Zn(I1) 286 
transition metal sulfides 403 
transition metals 
- carbon monoxide adsorption 148 
- cyanide adsorption 171 
transition moment 204 
transition probability 134 
transition time, potential difference 332 
transmission coefficient 238,242 
- electronic 259 
- WKB approximation 5 
transport properties, semiconductor/ 

electrolyte junction 10 
triazine dye, Cibacron Blue F3GA 
trickle-bed cell 387 
2,4,6-trimethylnitrobenzene 253 
tris( 2,2-bipyridine)iron( I) electrode 231 
tuning rates 199 
tunneling, general equations 4 ff 
tunneling conditions, TCV 21 
tunneling factor, nuclear 244 
tunneling frequency, electronic 259 
two-component mixtures, preferential 

two-electron process 105 

314 

solvation 270 

ultrahigh vacuum (UHV) investigations 29 
ultramicroelectrode 221,255 
underpotential deposit (UPD) 3 
urea 373 

V(III)/V(II) first sphere, water substitution 

V(III)/V(II) system 277, 280, 287 
V(III/V(II) couples 275 
vacuum, GaAs 51 
valence band, imaging 11 
vanadium, resolvation 280 
vertically moving particle bed (VMPB) 
vibrational frequencies 135 f 
vibrational pertubations, cyanide adsorbed 

287 

368 

layer 175 
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VMPB (vertically moving particle bed) 

Vycor glass tube 369 
368 

Walden product 287 
wastewater see water 386,396 
water 
- deionized 375 
- drinking- 386 
- waste- 386, 396 
water decomposition 384 
water disinfection 374 
water-nitrobenzene interface 308 
water-organic solvent phase boundaries, 

water substitution, V(III)/V(II) first sphere 
charge transfer 297 ff 

287 

WKB approximation 5 
work function 156 
n-WSe,, STS in air 18 

XeF, , silicon etching 80 

zeolites 401 
zero charge potential 156, 255 
zigzagged ITIES 313 
Zn 398 
Zn(I1) 273 
- electroreduction 274 
- free transfer energy 286 
Zn(II)/Zn(Hg) system 273 f, 278,284 ff 
ZnO 45 
n-ZnO 13 
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