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The rate constants (skr) of Kt+e (Hg)=~K(Hg) in the dipolar aprotic solvents like propylene carbonate
(PC), N, N-dimethylformamide (DMF), acetonitrile (AN), and their several binary mixtures have been
determined at 25 °C on a hanging mercury drop electrode (HMDE) by cyclic voltammetric measurements. The
observed nature of the cyclic voltammograms indicates that the reaction is quasi-reversible in the range of the
sweep rates 1.0—0.01 Vs~1. An insight to the composition profiles of the free energies of activation (AG¥)
relative to that in the chosen reference solvent (r) in the respective solvent (s) systems: —~6AG?# (=RT In skr/:kr)
reveals that not only the solvation of K+ but also that the transition state (TS) are responsible in dictating the
rate constants. Also the solvation of TS is being guided by the dispersion interactions as well as the availability
of the fraction of the free surfaces (1—6;) for varying adsorption of the solvent molecules on the electrodes, all rela-

tive to that of the respective reference solvents.

The galvanic reactions involving alkali metal ions
and alkali metal amalgams M+*/M(Hg) have lately
drawn particular attention because of their wide utility
in high energy nonaqueous batteries.’-®  These
reactions are also important from the point of
academic interest!-® because of their simplicity of
involving one electron transfer devoid of complication
of extra phase generation and coupled reactions. The
main object of using these M+/M(Hg) galvanic
elements as the chief anode materials is to increase the
emf of the cell. But performance of a galvanic cell?
depends not only on the intensive factors like the
standard electrode potentials but also on the capacitive
factors like the exchange current densities () or the
rate constants (kr) which again depend upon various
factors at the electrode-electrolyte junctions. Thus the
measurements of i, or kr of the concerned reactions
under different conditions, have lately become?:® one
of the most important objectives for the development
of nonaqueous batteries. Moreover, ¢, or kg is greatly
influenced not only by the nature of the electrode
substrates8? or composition of the electrolytet® but
also by the nature of the sovlents i.e. the medium
effects of the reactants and products in different solvent
systems.

Unfortunately however, only a few worksé:10:10 have
been reported so far on the medium effects of the
M+/M(Hg) redox couple in pure solvents and pra-
ctically no work has been done in the mixed solvents
which often play a better rolet11.13 over the pure
solvents. Notably again, the highly encouraging
results of our earlier study® on the charging-
discharging properties of cell (A)

K(Hg)/KI, solv./Ix(Pt) (A)

in propylene carbonate (PC), N,N-dimethylformamide
(DMF), acetonitrile (AN), and their binary mixtures,
also point out the importance and usefulness of such
studies. The outcome of these studies showed that the

discharging efficiency of cell (A) passes through

a maxima in (PC+DMF) and (DMF+AN) solvent
systems. In search of the reasons behind it, it was
considered highly useful to measure the rate constants
of the reaction

K+ (solv) + e(Hg) = K (Hg) + solv. (B)

in the pure dipolar aprotic solvent like PC, DMF, and
AN and their binary mixtures.

It is now increasingly recognized that the determina-
tion of exchange current (z,) or rate constant (kr) can
be achieved by many techniques!4-19 viz d.cx. polarog-
raphy with or without rotating disk (RD) and rotating
ring disk (RRD) electrodes, AC impedance, faradaic
rectification, chronopotentiometry with or without
current reversals etc. But most of such techniques are
cumbersome, tedius, and time consuming, while the
method of widely applicable cyclic voltammetry?6.1? is
rather simple, easy to follow, and free of extra hazards.
Therefore, we used cyclic voltammetric method in this
study, following Parker,'® although the measurements
are somewhat approximate in nature.

Experimental

AN, DMF, and PC were purified by the methods
previously described.19-2? The working electrolyte KC1O4
(Fluka, AG) and the supporting electrolyte tetrabutyl
ammonium (TBA) perchlorate [BusNCIO4] (Fluka, AG/
Fischer Scientific Co., PG) are dried under a vacuum
desiccator. Since there are strong evidences® 10 that the rates
of alkali metal cation reductions depend on the size of the
cation of the supporting electrolyte, a single suitable
supporting electrolyte, i.e. BuyNCIO4 has been chosen for
the present study. The supporting electrolyte being
common to all the solvent systems, the relative kinetic
scheme of K++e(Hg)=K(Hg) reaction in cell (B) will not be
much altered.

The basic experimentation involved a three electrode cell
assembly in a glass vessel which provides an inlet and an
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outlet of an inert gas like N2 through the system. The
method for finding out the rate constant (kr) through cyclic
voltammetryl® in essence involved the measurement of the
cathodic and anodic peak potentials [(E;)s and (Ep)s] and
peak currents (I)r as a funtion of the voltage scan rate (v).
An approprate scan rate had been chosen so that AE,~=[(E,)—
(Ep)v] falls almost in the range of 60—120 mV where the error
limit is only 5% for the deviation of the transfer coefficient a
from 0.5.16.1® Cyclic voltammetric measurements were
performed at a hanging mercury drop electrode (HMDE)
employing the appropriate appliances of PAR Electro-
chemistry system ECS 370.8, i.e. potentiostat (model 173)
together with a universal programmer (model 175) and a
Houston Omnigraphic (series 2000) X-Y-t recorder. Vol-
tage sweep rates in the range 1.0—0.010 V s~1, had been used.
The lower range of the scan rates was however limited by
incapability of the capillary used to hold the amalgam drop,
as the surface tension decreases with the increase of
impressed high negative potential for the reduction reaction.
The Ag/Ag* (solvent) reference electrode was kept separated
from the test solutions by a porosity 4-sintered Gooch cap
but placed as close as possible to the working HMDE
electrode (WE) using a Luggin capillary to ensure minimum
IR-drop when the current was passed. The test solutions
were pretreated with pure and dry Nz for about 10—15
minutes.

Results

A few typical voltammograms (CVG’s) of different
solvents containing 0.00056 M KClO4 and 0.1 M Bus-
NC1O4 (1 M=1 moldm=3) at 0.5V s~1 in (PC+DMF)
system have been presented in Fig. 1. At a con-
centration higher than 0.001 M of KClO4, IR-drop
is large so as to increase the cathodic and anodic peak
potentials [(Ep); and (Ep)a] and hence the AE, values
with the increase of the said concentration. At
concentrations of 0.1 M of BusNClO4 and above, the
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IR-drop is negligibly small in the concentration
range 0.005—0.0005 M of KClOy, as it is evident from
the constancy of the peak potentials and AE, values
with the concentration in the said range. Further
lower values of concentration of KClO4 are difficult to
work with, since the current at these concentrations are
comparable with the charging current of the system.1®

A typical CVG in 75 wt% PC+25wit% AN (wt=
weight) solvent has been shown in Fig. 2 in order to
indicate the variation of AE, with concentration. For
each solvent such variations of AE,’s with concentra-
tion have been measured. But only those values which
remain invariant with concentration are taken into
consideration as IR-free correct (E;) and (Ep)» values
and the corresponding AE; values are noted in Table 2.
From the observed variation of AE;, and (I;); with the
scan rate, it is evident!4:19 that the reaction is quasi-
reversible in nature in the range of scan rates studied
here. The kr values were therefore evaluated by use of
Nicholson’s equation!® correlating the rate constant
kr with the scan rate v.

nnFv
RT

¥ = vhe/( D)2 6]
where y=Nicholson’s function!® and D.,=diffusion
coefficient of K+, y=(D,/Dr)¥2=1 by convention, and
other terms have usual significance.’®® ¢ values at
different AE, separations, corresponding to different
respective scan rates for a given electrolyte solution,
are obtained from Nicholson’s plot of ¢ versus AE,X
7.16b)

The diffusion coefficient of K+ ion [D, (K+)] in each
solvent has been evaluated by masuring the peak
current at 0.010 V s—! where AE; value lies very near to
60 mV. The essential equation used is

0.2
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i/mA cm™!

-02

Potential/V

Fig. 1.

Typical cyclic voltammogram at 0.5Vs1 of

0.0005(M) KC104+0.1(M) BusNC1Oy solution in DMF(I),
75%DMF+25%PC(IT), 50%DMF+50%PC(III), 25%DMF+

75%PC(IV) solvents at 25°C.
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Tprev) = 2.72 X 105 n32 C,D,172 v172, (2)

The average surface area of each hanging Hg-drop was
obtained with assumption of perfect spherical shape,
by weighing approximately 25 such drops in a
previously weighed dry glass pot.

The authenticity of those D, values presented in
Table 1 is however checked by comparing them with
those computed from Stokes-Einstein’s (SE) relation™
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Fig. 2. Typical variation of peak potential (E;) and
AE, vs. concentration of K+* ion at the scan rate of
0.5 Vs, The curve shown is for [(75%PC+25%AN
solvent+x(M)KC1041+0.1(M) BusNClO4] electrolyte.
x=0.0020(M)K+* for I, x=0.0015(M)K* for II, x=
0.001(M)K+ for III, x=0.0005(M)K+ for IV.
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Do(i) = (RT/F2)Ao(1) 3)

where A0(1) 1s the limiting equivalent conductance of
an ion i. The required A,(K*) values in the solvents
have been recently evaluated in this laboratory (loc lit)
by partitioning the measured values of 4, (KI) using
Krumgalz’s assumption2? that

Ao (TBA*) 7, = 0.213 (4)

is valid irrespective of solvents. Here A, (TBA*) is
limiting equivalent conductance of (TBA*) and 7, is
the viscosity coefficient of the solvent in poise. The
diffusion coefficient Do(i) thus obtained however
corresponds to that at infinitely dilute solution, Do(=o).
So the appropriate D, values at the experimental ionic
strength (C) of 0.1 M, Dgc=0.1), were evaluated using
Nernst-Hartley™ relation (5)

Dae=01) = Doge=0y [1 + dIn f/d In c] (5)

and the limiting form of Debye-Hiickel (DH) equa-
tion for the activity coefficient f:

logf ~ — ACY? (6)
which leads to the relation
Doic=0y = Doe=01y (1 — 1/2 ACY?) (7)

Here DH constant,

A =1.8246 X 106 (&T) %2 ®)

and & is the dielectric constant of the solvent.

Thus the diffusion coefficient values at infinitely
dilute solution Dgc—q were calculated from the
conductivity data and those at 0.1 M ionic strength by
use of relation (7). All these values together with those
obtained from CV measurements are presented in

Table 1. Values of (ip)ev in mA cm~2 at 0.010 V s7! Scan Rate, D(K*) as Computed from (#;)ev Using
Eq. 2, Limiting Equivalent Conductance of K* Ion [A.(K+)], Debye-Htickel Parameter 4,
and Other Diffusion Coefficients [D,—o(K*) and D= (K*) as Computed
from S.E. Relation (3), at Various Solvent Compositions at 25°C

(iores? D(K*)/cm2s  Ay(K*)/ohm-!  D(K*)/cm?s-! vars  Demon(K¥)/
Solvent mAcm?  (CV data)X105  cm?equiv-!  C—0X105 A/molT B L 1X 105
PC 0.0197 0.21 10.43 0.28 0.6858 0.25
750%PC+H25%DMF 00247 0.33 12.81 0.34 0.7439 0.30
50%PCH50%DMF  0.0313 0.53 20.25 0.54 0.8882 0.46
25%PC+75%DMF  0.0339 0.62 95.87 0.69 1.1510 0.56
DMF 0.0385 0.80 32.97 0.88 15935 0.66
75% PC+25%AN 0.0330 0.59 9372 0.63 0.8435 0.55
50%PC+50%AN 0.0447 1.08 43.15 1.15 1.0146 0.96
250 PC+75%AN 0.0547 1.62 60.42 1.61 1.2353 1.29
AN - — 85.44 2.97 1.6442 1.68
75%DMF+25%AN  0.0441 1.05 4310 115 1.6059 0.86
50%DMF-+50%AN  0.0502 1.36 50.28 134 1.6185 1.00
25%DMF+75%AN  0.0554 1.66 62.59 1.67 1.6313 1.24
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Table 3. Values of Rate Constants (kr) and —8(AG™) for the Cathodic Reaction: K* (solv.)++e~(Hg) — K(Hg)
and Transfer Free Energies of K+ and TS at Different Solvent Compositions at 25°C

Mole fraction cosolvent 108 kr/cm s71

—8(AG™*=RT In kr/:kr/k] AG{(Kt)/k] mol!

AG2(TS)/k] mol-!

PC— (PC+AN)
0.00 7.54 0.00 0.0 0.0
0.45 13.86 1.51 1.5 0.0
0.71 19.42 2.35 2.5 0.2
0.88 39.84 413 3.8 —0.3
PC— (PG+DMF)
0.32 12.97 1.34 —4.4 —5.7
0.58 10.97 0.93 —7.4 -8.3
0.80 15.32 1.76 —8.6 —10.4
1.00 10.73 0.87 —9.7 —-10.6
DMF — (DMF+AN)
0.00 10.73 0.00 0.0 0.0
0.30 18.94 1.41 1.3 —0.1
0.44 34.65 2.91 41 1.2
0.79 12.64 0.41 7.4 7.0
1.00 — - 14.8 —

Table 1 for comparison. From this table it is evident
that all the diffusion coefficient values agree fairly well
with each other at least for the present purpose of
determining kr.

The kr values for all the solvents at different scan
rates ranging between 0.50—0.02 V s—! and obtained by
use of Eq. 1 and the other relevant data viz. (Ep)s, (Ip)s,
(Ep)s, AE,, and y values are presented in Table 2.

The kg values for the solvents, as determined by
taking the averages of all the measured kr values at
different scan rates [vide Table 2] are displayed in Table
3. Moreover, in order to facilitate the explanation of
the observed solvent effect on kr the values of free
energy of activation (sAG%) in the solvent (s) relative to
that in the chosen reference solvent (r) i.e. 6(AG?)
[=AG*—AG#=—2.303 RT log skr/:kr], transfer free
energies of K+, AG{(K+) and that of the transition state
TS, AG{(TS), are also presented in Table 3.

Discussion

Branski and Fawcett:® in similar studies on rate
constants kg in some dipolar aprotic solvents observed
that a direct correlation exists between —RT In kr and
the free energies of solvation of alkali metal cations.
Seemingly, the observed nonlinear variation of relative
rate constants RT In (skr/:kr) versus AG{K+) (viz.
Table 3) indicate that other factors are playing a vital
role in dictating the values of kr in these solvent
systems. So, for a proper insight to the relative effects
of these factors on the reaction rates, the well-known
Eyring equation

ke = (kT/h) exp (— AG¥RT) 9)

where AG# is the free energy of activation of the
process:

K+ (solv.) + e-(Hg) —— TS — K(Hg) + solv. (A)

was used to correlate the solvent effect on the relative
rate constants —8 (AGH[=R Tlnskr/:kr] with the transfer
free energies (AG) of K+ and the transition state (TS).
Thus,

2.303 RT log (skr/skr) = — 8(AGH)

= AGS(K*) — AGS(TS). (10)
From this it appears that it is not only the relative
solvation of K+ but also that of TS is likely to be
responsible for the observed kinetic solvent effect of the
cathodic reaction. Again, AG(TS) seemingly depends
on two factors: (i) stabilization of TS by solvation
through its exposed part towards the bulk of the
solution and (ii) stabilization of TS on the electrode
surface as guided by (1—6;) where 6; stands for the
coverage by solvent molecules.

Thus, effectively three factors are responsible for
influencing the relative reaction rate constants —&
(AG#). Firstly, the relative solvation of K+ as reflected
from AG{K+) values; secondly, the stabilization of TS
by solvent molecules and thirdly, by the availability of
free sites on Hg-electrode surface on which the
adsorption of the TS takes place. In fact, the greater
the value of AG{K*) i.e. the relatively less solvated is
K+, the greater will be the rate. From the values of
AG{K*) in these solvent systems [vide Table 3], as
taken from an earlier work,?® it appears that the
change of rate of the reaction due to this factor only
will be in the order: AN>PC>DMF.

Again, if the formation of the intermetalic adions
[K(Hg)]*+ (¢=0.5 say) be taken as the TS, the solution
side of the adions will be stabilized mainly through
ion-dipole2¥ and dispersion!? interactions. If such
interactions increase, so will be the rate of the reaction.
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Hg phase
Hg phase
Hg phase

Position III

Position I Position II

Fig. 3. Model for the passage of K+ ion through the
compact region of the double layer. The solvent (S),
supporting electrolyte (TBA* or BusN+) and K+ ions
are represented as hard spheres. Positions I, II, and
III correspond to passage of the reactant from a fully
solvated ion at its distance of closest approach (I)toa
contact adsorbed atom or ion at the metal phase in
which it is adsorbed. Electron tunneling from the
metal surface to the ion take place at any positions of
the three steps.

The effect of this factor on the reaction rate will be in
the following order: PC>DMF>AN, since polariza-
bility and dipole moment of the three solvent mole-
cules AN, DMF, and PC are (4.41, 7.88, 8.56/A3) and
(3.92, 3.86, 4.98 D) respectively. If donor property?® of
the solvent also plays a significant role, the effective
order of solvation would be DMF>=>PC>AN as the
donor numbers?® are 26.6, 15.1, and 14.1 kcal mol-!
respectively (1 cal=4.184]). However, the donor
numbers being enthalpy data rather than free energy,
they can hardly be taken as true measures of the
solvating tendency of the solvents. The latter in fact is
partly guided by polarizability and dipole moment
besides the electronic and structural configuration of
the solvent molecules.

From the work of Branski et al.,® it is expected that
whatever be the mechanism, the electrode surface is
largely covered, even at the high negative potentials,
partly by the solvent molecules and partly by sup-
porting electrolyte cations TBA+. And the essential
path towards alkali metal ion (K+) reduction is likely
to involve the steps nearly similar to that shown in
positions I—III in Fig. 3. Evidently, availability of the
free surface relative to that of the reference solvent
would be partly responsible for dictating the relative
rates in the solvents.

At a given negative potential the degree of adsorp-
tion of solvent molecules (6;) on the Hg surface is
likely to be dictated by the relative magnitudes of the
surface potential and the dipole moment of the solvent
molecules rather than its acceptor property.2® From a
study of Nat reduction in some nonaqueous solvents,
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Jorne and Pai!® have determined the surface potentials
in PC, DMF, and AN solvents as 0.179, 0.147, and
0.132V. As is well-known, the sign of the surface
potential is determined by the orientation of the
solvent dipole towards vacuum. Also, as a general
rule, it can be assumed that if the surface potential is
positive or negative, the same respective end of the
solvent dipoles will point towards the electrode. Thus
the positive surface potential values for the three
solvents indicate that all the three solvents, PC, AN,
and DMF will point towards the negatively charged
electrode through their positive ends. Furthermore,
the works of Payne?® on capacitance measurements,
Brasseur and Hurwitz2? on conformational studies,
and Yeager?® on spectroscopic measurements also
indicate the same order of surface potentials for the
three solvents concerned. Evidently, from a close
perusal of the dipole moment and surface potential
values of the three solvents the expected order of 0, is
PC>DMF>AN.

Since the solvation of TS and hence the reaction
rates are likely to be partly determined by the extent of
free surface i.e. by (1—6,), their relative order in absence
of other factors, would be as follows: AN>DMF>PC.
Thus, the magnitude of kr depending on several
factors including the relative solvation of K+ and the
relative coverage 6; of the electrodes by the solvent
molecules, which act oppositely to one another, an
extremum 1is expected among these binary solvent
mixtures. This has been actually observed in the
composition containing 25 wt% PC+75 wt% DMF in
(PC+DMF) solvent system.

In (PC+DMF) system, as one adds on DMF to PC,
both the K+ ion and the TS get solvated more and more
due to greater cavity effect and also charge-transfer
type interactions? for K+ ion and increased availabi-
lity of the free space (1—6,) for the TS. But since the
transition state remains much more stabilized than K+
ion in the whole composition range (Table 3), these
result in the observed increase of the reaction rate.
However, at the compositions containing 75—100 wt%
DMF, where an almost complete replacement of
adsorbed PC molecules by DMF molecules on the Hg-
surface is expected, the stabilization of the TS, unlike
that of K+ ion, reaches a saturation point, because the
free energy change due to solvent desorption factor
remains invariant at this stage. This results in the
observed maxima of the relative rate (Table 3) at
75wt% DMF composition of (PC+DMF) solvent
system.

In (PC+AN) system, on addition of AN to PC, K+
ion is increasingly desolvated due to the well-known
cationophobic!® characteristics of AN, as also reflected
from the observed increasingly positive magnitudes of
AG{K+) from PC to AN (Table 3). Notably, however,
as reflected in Fig. 3, the stabilization of TS remains
unaltered possibly because of two equally strong
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opposing effectes: (1) the increased desolvation of TS
due to smaller dispersion interaction of AN than PC
and (2) increased solvation of TS due to larger (1—6,)
factor on the Hg-surface in the AN-rich compositions
of the solvent system. The observed increase in the rate
constants 1s therefore dictated by the increased
destabilization of K+ with the increased AN composi-
tion.

In (AN+DMF) system, the observed maxima in the
50 wt% DMF+50 wt% AN mixture is seemingly guided
by the increased desolvation K+ in AN-rich composi-
tion due to lack of charge transfer and less dispersion
type of interactions as compared to the less desolvation
of the TS (Table 3). The combined effect of two
opposing factors, desolvation of TS by AN and
increased (1—6;) factor in the AN-rich compositions of
the system leads AG{(TS) to pass through a minimum in
the lower AN-composition of the system. The overall
effect is however a maximum in the relative rate at
25 wt%h DMF+75 wt% AN composition of the system.

Significantly enough, the observed percent dis-
charge efficiency values of cell A9 lie almost in the
same sequential order as the above-noted kg values do.
The maxima in the discharge efficiency were at 75 wt%
DMF+25 wt% PC and at 75 wt% DMF-+25 wt% AN, just
as the relative rate constant composition profiles
exhibit similar maxima in the said compositions in
the respective solvent systems. Thus the kr values
observed herein show a complete accord with the
discharge efficiency resulted in our previous studies.”

Thanks to Dr. K. Das, lecturer in Physical Chem-
istry Section, Jadavpur University and Dr. K. Bose,
Chloride India, for helpful discussions.
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