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A INTRODUCTION

The kinetics of electron transfer by transition metal complexes are studied
specifically in non-aqueous solution for two general purposes. One is to characterize
the electron transfer reactivity of the diverse array of compiexes that are only stable
in such media. The second is to use the reactions in non-aqueous soiution to further
test the developing theory of electron transfer kinetics, both through the study of
types of compounds that cannot be studied in aqueous solution and in order to test
predictions of the dependence of electron transfer reactivity on the medium.

The characterization of electron transfer reactivity is important from the practi-
cal standpoint that many complexes, typically classed as organometallic, that are
soluble and stable in non-aqueous solution have a variety of oxidation states. Thus
their synthesis and reactions frequently involve electron transfer. The compounds
discussed below are substitution nert, and their reactivity is limited to acting as
oxidizing or reducing agents and thus electron mediators between electrodes or
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photogenerated electron donors or acceptors and catalytically competent com-
pounds. However, the patteras and principles of reactivity that are being developed
should carry over to those related complexes that can carry out more complex
reactions when they reach the appropriate oxidation state. Organometallic com-
pounds often involve transition metal oxidation states, ligands, geometries, and
charge types that are not found in complexes that are stable in aqueous solution.
Furthermore, since the stability of organic solvents to oxidation and reduction is
typically much greater than that of water, complexes with a much wider range of
reduction potential are amenable to study.

The best way to characterize the electron transfer reactivity of a compound is
to specify the reduction potential and the electron self-exchange rate constant between
a pair of oxidation states. Because of difficulties in establishing a common reference
for reduction potentials in non-agueous solution and the scatiered data on the
electron transfer kinetics, it has been a rather difficult process to search for weil-
characterized electron transfer reagents. One purpose of this review is to present a
table of transition metal complexes, their potentials, and their measured or apparent
electron self-exchange rate constants.

The theory of electron transfer kinetics by transition metal complexes is well
developed, especially as compared with the theory of more complex reactions. A
good recent review of inorganic electron transfer reactions has been prepared by
Creutz et al. [1]. Rather accurate predictions of electron transfer rate consiants can
now be made, both from first principles and from correlations between self-exchange
and cross-reaction reactivity. As the theory has evolved, greater demands have been
put on the experimentalists to design experiments that can test specific predictions
of the theory. As is common to many areas, the parameters and assumptions of the
theory do not all match the independent variables in the experimental design. For
example, it is convenient to assume a spherical molecule, but it is more difficult to
make one; it is easy to change the size of a molecule by modifying a ligand, but the
size is seldom the only property of the complex that has changed. A principal
prediction that must be tested is the dependence of the electron transfer rate constant
on the properties of the solvent. The predictions of the standard theory are based
on the assumption that the medivm can be treated as a dielectric continuem. This
convenient assumption must eventueally break down for fast reactions and there must
be some influence of the molecular nature and shape of the solvent molecules, but
the continuum assumption may very well cover a large aumber of reactions. The
more complex problem of treating the molecular nature of the solvent and the
contribution of solvent dynamics to electron transfer reactivity has also been pursued,
both by theoreticians and experimentalists, and is a new area of focus in non-agqueous
electron transfer chemistry [2].

The vast majority of the data that are available and that have been vsed in the
development of the theories involve reactions of complexes of first row transition
metals in aqueous solution. Because neutral complexes are seldom soluble in water,
and because the common oxidation states are III and II, reactions between + 3 and
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+ 2 complexes are most commonly studied. By switching to non-aqueous solvents,
a broader range of complexes is amenable to study. Still, however, acutral complexes
that are soluble in less polar soivents are often much less soluble in the more polar
solvents, and the more highly charged complexes are not soluble in the less polar
solvents. Most of the reactions in non-aqueous solution involve complexes that are
—1, 6, 1, or 2 in charge. Since single-electron transfer cannot be studied without
involving at least one ionic reactant, and since many of the solvents that are studied
have a rather low polarity, ion pairing ofien occurs. Thus, one of the major concerns
in the studies that are to be described will be the establishment of the influence of
counter ions on the reactivity of the complexes.

{i) Scope

The general scope of this review is limited to thermal, bimolecular, outer-sphere
electron transfer reactions by substitution-inert transition metal complexes in solvents
other than water, In addition, some atom/electron transfer reactions are discussed,
particularly as they relate to discussion of 4V, The literature has been surveyed via
Chemical Abstracts through March 1992, The topic of the contribution of solvent
dymamics to these reactions has recently been reviewed, and thus will be considered
only by reference to that work [2].

{ii) Available data

in order to provide an overview, the systems that have been studied will be
briefly described. Because NMR methods have made them reasonably straightfor-
ward to measure, many electron self-exchange rate constants have been determined.
Table 1 lists the systemns which have been studied and indicates a typicat rate constant
and other information that is available. The largest class of compounds investigated
in this way is the metallocenes. Various metals {(Co, Fe, and Ni), and ligands {cp,
alkylated cp, and others) have been studied, and the full range of conditions of
temperature, pressure, solvent, and added electrolyte that have been examined for
any system have been studied for metallocenes. These reactions have been the primary
testing ground for theories of the dependence of electron transfer rate constants on
solvent dynamics. Closely related are the studies, by EPR, on dibenzeae chromium
and substituted arenes.

The second class of compounds that has been studied with particular thorough-
ness includes the hexakis{isocyanide) complexes of Mn{L,II) and Cr{0,LII). For the
Mn systems in particular, a range of ligands which differ in size and extent of
conjugation {methyl, ethyl, isopropyl, t-butyl, cyclohexyi, benzyl, and varicus phenyl
isocyanides) have been examined as a function of femperature, pressure, solvent,
including mixed solvents, and added salt,

The third, rather large class of compounds includes the tris(bipyridine) and
trisiphenanthroline) complexes of Fe, Os, and Cr as well as various substituied
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ligands, and the bis(2,9-dimethylphenanthroline) complexes of Cu. Some of these
compounds, especially Fe{phen)3*/?*, have also been investigated extensively in
aqueous solution. These reactions have been studied less extensively than the first
two classes, but examples of all of the types of measurement described above are
available. The remaining systems represent individeval compounds, or small groups
of related compounds. Rufhfac)y’~ has been examined extensively, including volume
of activation measurements, and is one of the few couples involving anions. Related
compounds with both acetylacetonate and bipyridine ligands have also been consid-
ered. Copper compounds often change their coordination environment significantly
on reduction from Cuill) to Cu(l), but some notable exceptions that have been
carefully studied both structurally and kinetically are Cu{(py),DAP)*/2* and
Cu{5MeimidH),DAP*/?*. Rh,(OAc),(MeCN), is the only polymetailic compound
that has been studied, and more work has been done with it in cross-reactions. A
few compounds, Cofnor);’®'*, Co(P(OMe),)* ", and Fe{[9]aneS;)2*/** have had
their seif-exchange reactivity determined in conjunction with other aspects of their
characterization.

Cross-reactions, reactions in which one type of complex reacts with another,
provide a much more flexible venue for the study of electron transfer reactivity than
does the study of self-exchange reactions. Questions of the effect of thermodynamic
driving force on reactivity can be considered, along with the correlation of seif-
exchange and cross-reaction reactivity. The influence of varying the properties of the
reactants, such as size, shape, charge, and electronic structure, can be explored to a
greater extent than is possible in seif-exchange reactions. Further, it is only cross-
reactions that can ever lead to net energy transfer and thus they must eventually be
understood. Since concentrations change in a cross-reaction, unlike a self-exchange
reaction, they are inherently easier to follow. Many of the studies that will be
discussed have included the use of Marcus theory to estimate self-exchange rate
constants from cross-reaction data, and test the Marcus theory cross-reaction predic-
tion. Table 2 shows the systems which have been studied, a representative rate
constant and an indication of further information that is available. The largest
number of studies has employed the family of cobalt clathrochelate complexes
Co{dioximate),(BX)y* in reactions with metaliocenes, Cr(CNdipp)?*, and each
other. The clathrochelate complexes have been used because they are soluble and
substitution inert in many solvents, and because their reactions are typicaily slow
enough to be studied by stopped-flow methods. This is not the case for most of the
reactions that could occur between the complexes with known self-exchange rate
constants. Other reactions that have been studied include a large matrix of reactions
of Mn(urea)?*, Colbpy0,): */**, Ni macrocycles, Rh,(OAc),(MeCN),, and bipyn-
dine and phenanthroline complexes of Ru, Os, and Fe, a pseudo-exchange reaction
between Cofterpy)3* and Co(bpy)3*, and some reactions of the Cu complexes
described above as well as Ru(hfac); ™.

Table 3 is provided as a convenient summary of the electrochemical potentials
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TABLE 3
Reagent summary
No. Reagent® Onxidation E°® kit Comments
states vy (M~ 's™h
i Cofep*), (10))1 —13  4xigs a
2 Co{P(OMe),), G/—1 —1.1 oxI0? el
3 Colbpy), 111/1§ 0.6 &
4 ColbpyO.), I11/11 1.2 0.1-600 ab
5 Coicpl, i/l -0.7 4x107 a
6 Cofdmg),(BBu), N 03  6xI0? h
7 Cotdmg),(BF), /I 06  1xip? b
8 Coeldmgi, (BPh), I/l 0.5 1 x 17 B
9 Co(dpg);(BPh), AT 0.6 5x10? :
10 Colnor), v/l 00  7xi0° j
1 Co(nox),(BBuw), IT#/11 0.4 1 x10* k
12 Co{nox),(BF), I/ 11 0.7 2 x 1P h
13 Co(nox)(BPhj, i/ 05  3x10? h
14 Colterpy), T/ 0.5 !
15 Cr(CNdiip), 10 —01  2xI108 !
16 Cr{CNdiip), i 07 2x107 ’
17 Cr{CiPh), ) —01  2xi0" -
18 Cr{MePh}, 10 —-0.6 3xi¢? e
19 Cr{PhCOQ,Et}, 1§11 —-03 3Ix108 m
20 Cr({Ph), /0 —0.5 6x107 ¢
2t Cr{PhCOMe), 1/0 05  8&x107 m
2 Cr(PhPh), 10 64 4x10P m
23 Cu(2,9-Me,phenl, 11/ il sxi0? "
24 Cui5-MeimidH),DAP LLH 4 x10% °
25 Fe{5-Clphen), 111 i.5 2x107 abx
26 Fe(3,4,7,8-Me, phen), 11 10 2x1g P
27 Fe(5-Mephen), I/ 4  2x107 b
28 Fe(4,4'-Me,bpy)s IE/1E 12 2x10? pux.ab
29 Fe{4,7-Me,phen)s /I L1 3x107 p
30 Fe{4,7-Ph,phen), 1yl 1.2 2 %107 P
31 Fe{d,7-{chx),phen), TIE/TE L1 4x10° a
32 Fe{5,6-Me,phenj; 14051} 12 2% 107 P
33 Fe{9aneS,), I1/8E Sx1pt
34 Fe{Bucp), 11131 5x10%
35 Fe(cp*), 114/ 02  3x107
36 Fe{Mecp), HI/IT 0.6 8 x 108 k
37 Fe{4,4"-Ph,bpy), i i1 2xi0’ ‘
38 Fe{bpy), IEAT b3 4 x10° §
39 Fefcp(CH,)scp)s THi/T 2 x107
40 Felcp), 11/ 07  9x16° ds
41 FefcpepCH, NMe,) TH/IT 2 x10°
42 Fe{cpcpCO,Me} i/ 7 =107
43 Feiphen), 191 FEL] 14 1 %167 s
44 Ma(CNCsH, ,)e I 07 4x10® :
45 Mn{CNCH,Ph), /1 09  1x10° '
46 MmCNCHMe, ), 1] 0.7 Ixip !
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TABLE 3 (continued)

No. Reagent* Oxidation E"® k,° Comments
states V) (M-'s™Y

47 Ma(CNEt), i1f1 07 2 %108 !

48 Mn{CNMej, 11 Qa7 2 %19’ !

49 Mn{CNPhMej, 1/ L1 3x107 *

50 Mn{CNPhOMe), 10 10 Sxi0? :

51 Mni{CNtBu), 118]) Q.7 7x10* !

52 Mnfurea) /i1 1 10721073 e

53 Ni(Me, [14]dieneN,) /11 12 2x10° Py

54 Ni(Megl I4]aneN,) 1131 0.1 11 v

55 Ni([ 14]aneN,) Al 12 3x10° piLv.st

56 Ni([9]aneN,) /AT 12 6x16° puab

57 Ni(cpl /1 03 2x108 -

58 Ni(meso-Meg[14]aneN, I/ 4.0 19 v

59 Nifrac-Meg[ 14]aneN, IT/1I 4.0 9 ¥

60 0s(3,4,6,8-Me,phen), I 0.7 2 %108 i

61 Os(3,4,7,8-Me,phen), oy 67 3x10° sy

62 Os{4,4'-Me,bpy)s II/H 0.9 2x10° b

63 Os{4.4'-Ph,bpy)s ITyIT 1.0 8 x 107 P

64 Os{4,7-Me,phen), /1t 10 4x108 y

65 Os{4,7-Ph,phen), IT§/11 09 9 %10’ P

66 Os(5,6-Me,phenj, I1§/11 1.0 1x108 P

67 Os(5-Clphen), TIy/1 12 4x10’ s.xab

68 Os{5-Mephen}, T¥/EI 10 9x107 P

69 Osibpy), i/l 1.1 2x 0P e

70 Os(phen), 111] b4 1L 4xi0’ saad

Fi! Rh(OAc),(MeCN)2 +/0 i4 Sx10¢ ¥

72 Ru(3,4,7,8-Me,phen), M/ 13 1x10® 4

73 Ru(3,5,6,8-Me,phen), 1051} 13 1xI0® p

74 Ru(4,4'-Ph,bpy)s 1)1 14 :

75 Ruf4,7-Me,phen), HI/TI 1.3 ixt08 P

76 Ru(5-Clphen), /1T 1.6 z

77 Ru{Me.bpylfacac); ITL/TE 0.1 Sx10° i

78 Ru{Me,bpy)(hfac), i/ 1.2 1x10® ’

79 Rufbpy)s Iy 15  8xI0° s

80 Rufhfac), TH/11 09  4xio® "

*Charges are omitted. Ligand abbreviations: bpy, bipyridine; terpy, terpyridine; dmg, dimethyl-
glyoximate; dpg, diphenyiglvoximate, nox, cyclohexanediondioximate; CNdipp, 2,6-diiso-
propylphenylisocyanide; DAP, 2,6-diiminocthylpyridine; py, pyridine; imid, imidazole;
phen, phenanthroline; OAc, acetate; hfac, hexafluoroacetylacetonate;  cp*,
pentamethylcyclopentadienide; bpyQ,, 1,1-dioxo-2,2"-bipyridine. * Potentials have been refer-
enced to the hydrogen electrode, after the example of ref. 42. This has required a variety of
assumptions and thus the potentials are of limited accuracy. “The second-order rate constants
are from directly measured or calculated using the Marcus cross-reaction relationship; the
values are taken from Tables 1 and 2, ?Ref, 43, *Solvent was THF. TRef. 8. *Ref, 44, ®Ref. 34.
'Ref. 35. *Ref 45, “Ref. 32. 'Ref 46. ™Ref. 12. "Ref. 13. °Ref. 14. PRef. 40. 9chx assumed equa
to Me; for E° estimate. "Equation and parameters of ref. 42, *Ref. 42. 'Ref. 59. “Ref. 48. *Ref. 30.
*Ref. 49. "Ref. 17. *Ref. 18, “Ref. 50. **Ref. 51. **Ref. 41.
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and self-exchange reactivity of the compounds that have been studied. The approxi-
mate nature of the potential is dictated by the problem of producing stabie reference
electrodes in non-aqueous solvents, and of relating potentials in different solvents,
The best current solution is to use any arbitrary but stable reference electrede and
relate the measured potentials to the potential of a standard compound such as
ferrocene. Table 4 displays some available results on atom/electron transfer reactions.

{iii} Factors affecting electron transfer reactivity

Before presenting the discussion of the avaiiable results, which forms the bulk
of this review, it is appropriate to present briefly the factors which current electron
transfer theory indicates should control electron transfer reactivity.

Before eleciron transfer takes place, the reactants must come together, How
frequently they encounter each other, how long these encounters last, and their
geometry is going to be influenced by electrostatic and non-electrostatic interactions
between the reactants, which in turn are influenced by the solvent and other solutes,
particularly ions. In addition to affecting the Coulombic interaction between charged
reactants, added salts control the extent of ion pairing in any given solvent. Ion
pairing becomes an important consideration in non-aqueous solvents and ion paired
reaciants can be considered as derivatives of the free ions with their own reactivity
properties. Relatively little work has been done on the problem of measuring or
estimating these important parameters, partially because much of the statistical
mechanical and solution thermodynamics theory is most developed for aqueous
solution. In the limit of slow encounters or rapid electron transfer, reactions will
become diffusion controlled and only the encounter will be relevant to the kinetics.
To the extent that transfer within a complex is understood, including the influence
of solvent dynamics as well as solvation thermodynarics, electron transfer kinetics
become a way to study the encounter step which is common teo all bimolecular
reactions,

Marcus theory and elaborations from that model treat unimolecular electron
transfer within a defined precursor complex. The activation energy is considered in
terms of an inner-sphere reorganization component and an outer-sphere or solvent
reorganization component. The inner-sphere component is the energy required to
distort the complex to a compromise geometry between that of the oxidized and
reduced forms. Calculation of this energy can be accomplished if all of the force
constants are known and if the ground state structures are precisely known. The
small structural change occurring on electron transfer for most of the complexes that
have been studied in non-aqueous solvents leads to small inner-sphere reorganization
energies. However, the complex structures and lack of detailed force constant informa-
tion can also make it difficult to estimate this factor precisely. The solvenat reorganiza-
tion energy is typically estimated by treating the solvent as a dielectric continuum
and the precursor complex as a charged cavity assumed to have a spherical or
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ellipsoidal shape. This is clearly a major simplification, but it forms a point of
reference in the treatment of solvent effects. The total reorganization energy is also
influenced by the free energy chanpge for electron transfer in the precursor compilex.
The dependence predicted is a parabolic one, with the rate constant increasing with
driving force up to a maximum value beyond which, in the “Marcus inverted region”,
the rate constant decreases with further increases in driving force. None of the
systems discussed in this review involved such large free energy changes.

The probability of electron transfer also depends on electronic interaction
between the two reactants. Factors here include elecironic coupling between the
initial and final states which determines whether the reaction will be adiabatic, as is
commonly assumed, or non-adiabatic and thus inhibited compared with the adiabatic
case. The electronic coupling is controlled by the nature of the orbitals which gain
and lose the electron {or hole), their relative orientation, and the electron transfer
distance. The exponential dependence of the electron transfer rate constant on
distance, which is typically expected for a given orientation, makes it necessary not
only to know the most likely orientations of complexes in the precursor compiex,
but the time they spend at the whole range of distances that are still viabie for
electron transfer. Nuclear tunneling can also modify the electron transfer rate con-
stant, particularly at low temperatures.

After electron transfer, the successor complex must separate into the products.
This process is seldom resolved in the kinetics, but it is important to understand it
in evaluating the free energy change for the electron transfer within the precursor
complex, since it is the overall free energy change for the reaction corrected for the
difference in the free energy for formation of the precursor and successor complexes
that is properly to be considered.

The most commonly used result of current theory is the Marcus cross-reaction
relationship, which correlates a cross-reaction rate constant with the electron self-
exchange rate constants of the reactant couples and the equilibrium constant for the
reaction. Much work has been done o establish whether this relationship is valid.
It s clear that agreement within 1 to 2 orders of magnitude between the observed
and calculated cross-reaction rate constant is to be expected. Much larger deviations
and systematic trends in deviations are most profitably attributed to changes in the
donor and acceptor orbitals involved or the structure of the reactants between the
cross-reaction and the self-exchange reaction, in other words deviations from the
assumptions of the theory, rather than failure of the theory. When the cross-reaction
relationship is used to estimate seff-exchange reactivity for a new reactant couple,
and when several reactions give consistent results, the value obtained is likely to be
a reliable estimate. On a practical level, if the self-exchange rate constant is later
measured and found to deviate, it may well be the scli-exchange value obtained
directly which represenis a less typical mode of reaction. For particular reactions,
further testing of electron transfer theory is probably best pursued through the
attempt at detailed predictions of particular rate constants from first principles.
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B. DISCUSSION

The generai values of rate constants observed deserve some comment. For
cross-reactions, the observed second-order rate constants are typically in the range
of 10°-10* M ™! 571, This range is limited on the high end by the stopped-flow
method with mixing times of a few milliseconds. This 1s a severe limitation since so
many of the complexes of interest have such high inherent reactivity that cross-
reactions between them cannot be studied. This also limits many studies to reactions
with low equilibrium constants. No particularly slow reactions are in the table
because the less reactive complexes of the first row transition metals are insoluble
or have not been studied, and none of the organometallic compounds so far studied
are so unreactive.

Electron seli-exchange studies suffer from the opposite technical problem. These
reactions are typically studied by NMR line broadening. Since NMR characterization
of new organometallic complexes is routine, the extension to line broadening studies
is often pursued. The observed rate constants are in the range of 16°-10° M 151,
Unlike the case for stopped-flow studies, here the faster reactions are more easily
studied and slow reactions are mech more difficult.

These experimental limitations are complementary. Directly measured self-
exchange rate constants are possible for reactant couples that have appropriate NMR
properties and which have a reasonably high reactivity. If a compound of interest is
not particularly reactive, then cross-reactions can be studied by the stopped-flow
method, using optical changes that commonly accompany electron transfer and using
well-characterized oxidants or reductants. The heavy emphasis in our laboratory on
the reactions of the cobalt clathrochelates is a direct result of these compounds being
soluble in the solvents of interest while being of inherently low reactivity.

For the fastest reactions, especially if studied at low temperatures or in more
viscous solvents, there is the concern that the diffusion-controlled limit is being
approached. In general, this has not proven to be the case with the exception of the
fastest rate constant on the Iist, Crbpy)¥*, which yielded a rate comstant of
2x10° M~ ! s7! in dimethylformamide from ESR data. The different limitation of
sclvent dynamics control is more commonly influential, as has been discussed by
Weaver [2], especially for the faster metailocene self-exchange processes.

The rest of the discussion will be organized in terms of the experimental
variables studied in the various investigations. These are reactant structure, added
electrolyte, solvent, pressure, and temperature. The influence of these factors is not
independent, and reference between them will be made while attempting to minimize
repetition.

{i} Reactant structure

Reactant structure is the most basic variable available to the experimentalist.
Many of the studies have been done to evaluate the intrinsic reactivity of a given
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class of compounds. Such studies rely on either directly measuring the electron self-
exchange rate constant, which is the best single indicator of inherent reactivity, or
on cross-reaction studies of the reactant of interest with well-characterized oxidants
or reductants in order to extract the apparent self-exchange rate constant through
application of the Marcus cross-reaction equation. Study of a series of cross-reactions
of the same complex can be used to establish the reliability of the cross-reaction
equation calculations as well as to establish situations in which inconsistencies are
apparent.

An extensive study of cross-reactions was pursued by Macartney to establish
the reactivity of Mn{urea)? */** (Table 2: 37-56). In that study, apparent self-exchange
rate constants varied by a factor of 3x10* The highest values were from cross-
reactions with Ni{ILIFI} macrocycles, while the lowest were from reactions with
alkylated tris-phenanthroline complexes of Fe, Ru, and Os. The variation was atirib-
uted to changes in adiabaticity, and particularly io the orbital symmetry mismatch
that occurs in the cross-reaction of the Mn{urea)? *, which accepts the electron into
a ¢ symmetry orbital while the polypyridine complexes of Fe, Ru, and Os provide
an electron from a n symmetry orbital. The n/n pathway that is available for the
self-exchange process of the polypyridine complexes gives them a high intrinsic
reactivity but is not available for the cross-reaction. Macartney and co-workers also
studied the reactivity of Rh,{OAc)(MeCN)Y* (Table 2: 28, 57, 59, 61, 63-65) through
cross-reactions with Ni macrocycles and Fe and Ru polypyridine complexes. In
this case, the apparent self-exchange rate constant calculated for the
Rh,(0OAc),(MeCN)Y'* complex is consistent, and agrees well with the directly mea-
sured value (Table 1: 52). it should be noted that the self-exchange values used for
the Ni macrocycles, unlike those for the polypyridine complexes, are not measured
directly but are calculated from cross-reactions with the polypyridine complexes.
Thus cycles of cross-reaction and self-exchange rate constants are developed and it
becomes more clear, even when some of the seif-exchange values are not available,
that a particular reaction, such as Mn{urea)® /2" is not showing the Marcus cross-
reaction correlation in all of its reactions.

A result similar to that observed for Mn{urea)2*/?* was obtained in another
study from the Macartney laboratory. In this study, 15 cross-reactions of
CoilbpyO,)3*/°* were investigated (Table 2: 67-81) and apparent seli-exchange rate
constants for the Co complex calculated. Again there was a large range (0.08-
600 M~ ! 571 in the calculated value and there were two categories. The faster
apparent self-exchange values were derived from reactions with Ni{ILIII) macrocycles
while the slower ones again came from cross-reactions with polypyridine complexes.

An extensive series of cross-reaction studies from our laboratory has involved
the reactivity of CofILII) clathrochelates of the general form
Cofdioximate);(BX)3 '°, where the dioximes are dimethylglyoxime, diphenylgiyoxime,
and cyclohexanedionedioxime, and the X is F, phenyl, or buty] (Table 2: 2-21, 35).
This is another case in which the self-exchange has not been measured. The matrix
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of cross-reactions studied has shown consistency with the Marcus eross-reaction
equation and some patterns of varying reactivity with the substituents on the cage
structure.

Direct measurement of seif-exchange rate constants permits a study of how
structural factors lead to differences in reactivity without the complication of con-
sidering two different reactants and products, and the necessary thermodynamic
driving force. The ideal study isolates one siructural contribution and considers a
series of compounds. We attempied to study the effect of reactant size, and especially
electron {ransfer distance, on bimolecular reactions through the scries
Mn{CNR);/2* (Table 1: 35-43). The R groups studied were methyl, ethyl, isopropyl,
#-butyl, s-butyl, cyclohexyl, benzyl, tolyl, and methoxyphenyl. The rate constant
decreased by a factor of over 300 with increasing size of the aikyl substituents and
after consideration of other possible contributions to the rate constant variation, it
was concluded that the effect was due to decreased orbital overlap produced by the
increased eclectron tramsfer distance. Introduction of a phenyl group that could be
conjugated with the Mn—C=N center produced reactivity comparable with that of
CNCH,, further establishing that orbital overlap was being decreased by the bulkier
alkyl substituents. Size also changes the outer-sphere reorganization energy since
this decreases with increasing volume. When ion pairing is influential, it too will
decrease as size increases. These factors wilt be discussed in later sections. Related
to the Mn{CNR);/?* studies is the investigation of C{CNdipp)%/ */2* ({Table 1: 7, 8).
Here, both seif-exchange and cross-reactions {of the Cr(II) complex with Cofil)
clathrochelates) allowed the investigation of a variation in charge and electronic
structure through the consideration of three oxidation states of a single complex.

Metallocene self-exchange has been extensively studied, both through vanation
of substituents on the cp ligands and through variation of the central metal ion and
thus the electronic structure (Table 1: 1-3, 24-29, 31, 32, 44). As in structural, and
electrochemical studies, ferrocene is the reference point for a great deal of work in
electron transfer kinetics. The pioneering work in this area was done by Wahl and
co-workers. This has been extended and refined by work from Weaver’s laboratory
aimed at solvent dynamics effects. Generally, for a given central metal ion, the rate
constant increases when the ring is methylated and cobaltocenes are more reactive
than ferrocenes. For the one case in which it has been studied, nickelocene is more
reactive than cobaitocene. The increase in rate constant with alkylation, contrary to
the manganese isocyanide result, indicates that the increase in electron transfer
distance brought about by the alkyi group is not enough to bring the orbital overlap
beiow that threshhold necessary to produce adiabatic behavior, A significant question
for metallocenes is whether a stacked or some side-by-side geometry is preferred.
This wili depend on the electronic structure, thus on the central metal ion, and has
been investigated through electronic structure calculations by Newton and co-
workers [58] who found that ferrocene electron transfer corresponds to electron
transfer and cobaltocene to hole transfer superexchange, and that the stacked (D)
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geometry provides the best overlap. Related to the metallocene studies are the
investigation of dibenzene chromium(0,]) and related compounds (Table 1: 9-14).

The next large structural class involves the polypyridyl ligand complexes (phe-
nanthroline, bipyridine, terpyridine, and alkylated derivatives) of M(ILIII) including
Co, Fe, Ru, and Os ({Table 1: 18-23, 30, 33, 45-51}. These had been extensively
studied in aqueous solution, but maintain adequate solubility for reactions to be
studied in organic solvents also. Again, Wah! and co-workers did much of the early
self-exchange work, The lower oxidation state Cr(bpy)y'* self-exchange reaction has
also been studied, and is one of the fastest reactions known in this category.

Copper complexes offer a particular challenge since the coordination number
and geometry often vary considerably between the Cu(l) and Cu(Il) oxidation states.
However, Cu(2,9-Me,phen)3’™ and some copper macrocycle complexes have been
amenable to study {Table 1: 15-17).

(ii) Added eiectrolyte and ion pairing

Many of the classical, aqueous electron transfer kinetics studies involved high
ionic strength and often high acid media. This evolved from the need to suppress
hydrolysis of agua ions through high acid concentrations and the recognition that
constant ionic strength should be maintained. In a high dielectric constant medium
such as water, even +3 ions form on ion pairs only weakly with the large —1 ions
of the added salts. When added electrolyte dependences are pursued, it is the influence
on the electrostatic work required to form the precursor complex that is affected.
For typical +2/+ 3 ions, added salt significantly increases rate constants and this is
reasonably anaiyzed through a consideration of the ionic strength of the medium.

For solvents of much lower dielectric constant than water, the situation is much
more complex. fon pairing is extensive, even for large +1 cations ia a solvent as
polar as acetonitrile, if an anion such as BF; or PF,; is present at 0.5 M. For
solvents with a dielectric constant near 10, such as dichloromethane, ion pairing is
extensive even without added electrolyte. Larger aggregates must also be considered,
and ion pairing of the added electrolyte must also be considered. Aqueous selutions
have been so extensively studied and modeled that activity coefficients can be
reasonably estimated, but this is not true for the non-agueous selutions at the higher
concentrations of electrolytes typically invelved in the kinetics studies. Thus, in
addition to the influence on any electrostatic work required to form the precursor
complex, the possibility of the formation of ion pairs which are effectively structural
derivatives of the parent ions, must be considered. Fortunately, the systems available
for study in non-aqueous solution have a variety of charge types, which help in
designing systems to study these effects in isolation.

Much of the work on the influence of added electrolyte has been done on cross-
reactions. This is because the electrolytes typically used in nom-aqueous solvents,
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such as tetrabutylammonium tetrafluoroborate, produce overwhelming 'H NMR
signals which interfere with those from the reactants.

The best way to separate the effect of ion painng from that of electrostatic
work forming the precursor complex is to eliminate the electrostatic work by studying
a reaction involving a neutral reactant. A neutral reactant often has a large dipole
or quadrupcie moment, but such orientation-dependent quantities have not yet been
considered in any detail. Several studies involving Co(dioximate);(BX)Y* and
Fe{ep)¥* have included consideration of the added salt dependence, For the ferrocene
self-exchange reaction in acetonitrile (Table 1: 28), Wahl and co-workers found that
added PF; or ClO, cause a decrease of up to a factor of about 2 in the rate constant.
This was consistent with inhibition by ion pair formation if the association constant
for the ion pair was 10-20 M !, Attempts at conductivity measurements for
Colcp), PF indicated that ion pairing was weak, with an association constant of less
than approximately 20 M ™! in acetonitrile and other polar, aprotic solvents. Higher
values were found in methanol (120 M ~}), dichloroethane {5600 M ~ {) and dichloro-
methane (25000 M ~!). The reduction of Co{dmg);(BF); by Fe{cp), (Tabile 2: 7) has
been extensively studied in a series of papers from our laboratory. Conductivity
measurements on the Co{dmg),(BF),BF, in acctonitrile indicated that it was oaly
weakly associated (K ~10 M 1), The kinetic results showed a reduction in the second
order rate constant by a factor of ca. 5 as Bu,NBF, was added. Similar results for
other clathrochelate/ferrocene reactions were also found (Table 2: 3, 6, 17, 18). As for
the ferrocene self-exchange data, the dependence on added electrolyte fit a rate law
with an ion association constant, a path for the free ion and a path involving
reduction of the ion paired cation. The apparent association constant was 17 M ™7,

A concern in treating the data using the parailel path rate law is that activity
coefficients are being ignored. Attempis to use available equations involving estimates
of the activity coefficients were not successful, presumably because of the inaccuracy
of these estimates at 0.1-0.5 M ionic strength in acetonitrile. However, another
appreach was attempted. The added electrolyte dependence was repeated using Be ™,
PF., and B{C,H,), as the anion. The first two anions gave results quite similar to
those for BF, , whereas B{C H,), did not affect the rate constant within the concen-
tration range accessible, up to 0.1 M. This is consistent with the ion pair model if
the large anion does not form ion pairs, but it is inconsistent with the effect as being
due to activity ceefficient vanation, since this is not influenced, within the approxim-
ations used, by the size of the ion. Variation of sotvent showed the same pattern of
reactivity, but with an increase in the apparent ion pair association constant with a
reduction in the dielectric constant of the solvent (200 M ™! in acetone, 53 M ™! in
nitrobenzene, and 29000 M~} in dichloroethane). Nitrobenzene showed a larger
change in reactivity, with the rate constant for the ion paired form being a factor of
19 smaller than the rate constant for the free ion. Ia dichloroethane, there was
some evidence for further ion association. A study on reactions between
Co{diphenylglyoxime),(BC,H)¥* and other clathrocheiates (Table 2: 4, 18, 11, 15)
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also showed the now familiar decrease in rate constant with added clectrolyte and
an increase in the apparent association constant for the ion pair with decreasing
solvent dielectric constant. The origin of the inhibitory effect of ion pairing can be
sought both in the precursor formation and the eleciron transfer steps. The arguments
which have been used here leave a good deal of room for more detailed analysis. If
it is assumed that the transition state has the two reactants and the anion mutually
tangential {other combinations of geometries are possible, but are limited to a certain
extent by the principle of microscopic reversibility), many trajectories that would
have led to adequate precursor complexes when the anion was not present do not
lead to reactive geometries when the anion is present. To the extent that reactants
must approach each other very closely, even to the extent of particular geometries
with interpenetrating ligands, in order t0 get the most favorable orbital overlap, then
the presence of the anion may block the optimal geometry attainabie by the free ion,
The driviag force for the eleciron transfer within the precursor complex may vary,
although no evidence for a change in apparent reduction potential has been found
for the reactants at high salt concentrations. Relevant to this question are the
observations from Hupp’s [39] and Lewis’s [60,61] laboratories of significant effects
on the energies of intervalance electronic tramsitions brought on by ion pairing.
Lastly, the detailed dynamics of the inner and outer coordination spheres will now
involve the anion and the effect is not clearly predictable.

The other reactions that have been studied in detail involve positive charge on
both reactants, either +1/+2 or +2/+ 3. This further complicaies the analysis, but
also allows a connection to be made to the +2/+3 systems studied in aqueous
solution. The two +1/+ 2 reactions are the Mn{CNR)}/?* seli-exchange (Table 1:
35, 38, 39, 43) and the Cu{{imidH),DAP)* and Cuf(imidR),DAP)" reduction of
Cu((py),DAP)** (Table 2: 22, 23). Both studies included conductivity analysis which
is particularly well done for the Cu system from Stanbury’s laboratory. For the
Cufl1,IT) cross-reaction, the ion pairing constant of the Cu(Il) reactant with BF{ in
acetonitrile was found to be 300 M~ * and further ion pairing was not considered
within the range of salt concentrations used, up to 52 mM. The data were treated
with a2 Debye—Huckel expression, which could describe the observed increase of
observed rate constant with increasing ionic strength reasonably well, although the
slope of the plot used was not quite the theoretical value. This indicates that changes
in ion and transition state activity coefficients (comparable with changes in the
electrostatic work to form the precursor complex) with ionic strength dominate the
observed effects. Further attempts were made to take inio account the ion pairing
of the Cu(ll} reactant and the possibility that it has different reactivity. The authors
found that the data could be adequately described even if the ion pair was assumed
to be totally unreactive.

The most detailed study of the Mn{CNR};/2* systems was performed on
Mn(CNCH, )¢ /2" in the presence of varying concentrations of Bu,NBF, in a senies
of solvents of varying dielectric constant (Table 1: 35}, It was possible to study the
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self-exchange reactions by NMR in the presence of added salt because it was the
55Mn resonance that was observed. Conductivity studies of both Mn complexes and
Bu,NBF, were performed to estimate the ion pairing constants. Using an equation
for the dependence of the activity coefficients on the ionic strength, an estimate was
made of the concentrations of the various ion paired species in the different solvents,
This is more approximate than in the Cu{LII) study cited above because total BF;
(free and ion paired) up to 8.4 M was investigated. The resuits showed that the most
polar solvents, MeCN and (CH,),80, involved only free ions and the increase in
rate constant could be attributed to the decrease in electrostatic work to assembie
the transition state which accompanies higher ionic strength. For ethanol and ace-
tone, the Mn(li} complex occurred only as the ion pair, and the further path with
the complexes completely ion paired to make neutral reactants was also possible.
The rate constant increased with ionic strength but to a smaller extent than for the
+1/ 4 2 path observed for the more polar solvents. This is attributable to an increase
in the rate constant for the +1/+ 1 path being balanced by a decrease in rate constant
for the path which involved the fully ion paired reactants. In the lowest dielectric
constant solvents studied, chloroform and bromobenzene, only the fully ion paired
species and more highly associated species should be present. The rate constants
decreased with added Bu,NBF,. The general pattern observed was that the rate
constants decreased with increasing extent of ion pairing, but this effect is dominated
by the electrostatic work term when two ionic reactants are involved.

The next reactant charge type which has been studied in detail involves
Mipolypyridine)® */** complexes of Fe and Os, and the work is from Wahl’s labora-
tory. These studies were done at very low ionic strength, 0.1-0.4 mM from added
NaClo, or KPF, and with only 0.05 mM reactant concentrations in acetonitrile.
Conductivity studies were also done, which established that only ion pairs with the
+ 3 ions were significant at the concentrations studied. As above, activity coefficients
were included in the analysis. It was found that the rate constants increased more
with added salt than could be predicted from the activity coefficienis. Using the
measured ion association constants, this was attributed to higher reactivity of the
ion paired reactant than the free ion. This is the only case where this has been shown.
It is supported by a greater effect of NaClO, than KPF, which correlates with a
greater extent of ion pairing by the ClO, ion (Table 1: 19, 33, 48).

The last reaction to be considered has a charge type that is only accessible for
a cross-reaction, 0/ + 2. The reduction of Cr{CNdipp)Z* by Co{nox},(BBu), in aceto-
nitrile (Tabie 2: 20) showed no salt dependence. Based on just the work term effect
arising from the charged products, which causes the driving force for the overall
reaction to be different from that in the precursor complex, the rate constant should
have increased by about a factor of 2. Thus any inhibition from lower reactivity of
the jon paired Cr reactant can only be this small factor. The insensitivity of this
particular system to ion pairing may arise from the highly delocalized acceptor
orbitals on the Cr which lead to better orbital overlap {more nearly adiabatic
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reactivity) and thus less influence of the BF, counterion when it is in the transition
state.

The study of the effects of ion pairing would be greatly facilitated if the
structures, concentrations and lifetimes of the various ion paired species could be
more directly evaluated, especially at the higher concentrations of added electrolytes.

{iii} Solvent

The study of the influence of the soivent on electron transfer reactivity is one
of the primary concerns of the area of non-aqueous electron transfer kinetics. There
is a prediction of the effect of varying the solvent on electron transfer reactivity that
comes from Marcus theory, If the solvent is treated as a continuum with a dielectric
constant (£) and an index of refraction (n), then the outer-sphere reorganization
energy will be proportional to a size and shape factor multiplied by [(1/#%)—(1/e)).
This comes about because the high frequency response of the solvent, #%, can respond
as rapidiy as the change in electric field produced by the transferring eleciron, but
the lower frequency motions which contribute to £ do not, leading to the need for a
non-equilibrium orientation of the solvent about the precursor complex which must
be attained before the electron is transferred. It is not simple to design experiments
to test this factor. The shape and size term is not universally agreed on, but a
commonly used form is {1/2r,)+(1/2r,)—[1/r.+r,)]} where r, and r, are the radii
of the reactants, which are assumed to be spheres. Clearly this is a crude definition
of shape; however, it brings out the general principle that larger reactants and
precursor complexes will have smaller solvent reorganization energies. The descrip-
tion of the solvent as a dielectric continuum must be inadequaie at some level, The
molecular nature of the solvent must eventually become important as must the actual
composition and surface features of the solutes. The dynamics of solvent movement
are also important in some cases. A practical problem is that solvent variation s
necessarily a discontinuous process. Studies in mixed solvents can lead to a smoother
variation, but they also raise the problem that certain solutes will remain preferen-
tially solvated. This has been observed for intervalence compounds [62,63]. As will
be discussed later, pressure and temperature change solvent properties continuously
over a smail range. Lastly, varying the solvent dielectric constant over a wide range
also leads to changes in the extent of ion pairing and otherwise affects precursor
complex formation.

The type of reaction that should lead to the fewest ancillary concerns is of the
0/ + or 0/ — charge type with reactants that are as muoch like hard spheres as possible.
Seli-exchange reactions are preferred since there is no need to determine the depen-
dence of the driving force on solvent and rely on some way of taking this into
account. Thus reactions that are especially approptiate for starting to test the solvent
effect predictions are the self-exchange reactions of Fefcp)y* (Table 1: 28),
Cofcp)y * (Table 1: 3), Ru(hfac)y ~ (Table 1: 53), and Cr{CgH )% (Table 1: 13) as well
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as similar compounds with ligands bearing substitutions. The ferrocene self-exchange
rate constants, as redetermined in Weaver’s laboratory in a series of eight polar
solvents, as well as the Ru(hfac)y ™ and Ce(C,H)Y* reactions, show a reasonable
correlation with the dielectric parameter {{1/n*)—(1/e)}, indicating that solvent varia-
tion influences the rate coastants primarily through the energetics of solvent reorgani-
zation. The cobaltocene rate constants show no such correlation. Weaver and
co-workers pursued an extensive analysis of the metallocene results to seek solvent
effects that originated in the details of solvent motion, and thus they first factored
out the calculated cuter-sphere reorganization energy (inner-sphere reorganization
energies in these systems are small and solvent-independent) and looked for trends
that remained. Ap important technique in this critical step is to use the solvent effect
on an intervalence band of a structurally related compound, in this case the bis(ferro-
cenyljacetylene cation, instead of relying only on theoretical equations. The details
of these and later studies are beyond the scope of this review, especially since they
have been recently reviewed [2]. However, as an introduction to a2 major conclusion
of that work, it appears that, particularly for the fastest metallocene seif-exchange
reactions, cobaltocene and decamethylcobaltocene, solvent dynamics are strongly
affecting the observed rate constants, while for somewhat slower reactions such as
ferrocene self-exchange, the contribution is much less. The origin of this difference is
in the weaker electronic coupling in the Fe cases. The lowest dielectric solvents, such
as dichloromethane, did not fit the analysis.

A large number of cross-reactions of a neutral reductant with a +) oxidant
have been studied using the cobalt clathrochelate family, Co{dioximate),(BX)3'*
{Table 2: 3, 6, 15). When solvents of much lower dielectric constant than acetonifrile
are used, such as dichloroethane, the observed change in rate constant, corrected for
the varying driving force for the reactions, correlates at best poorly with the solvent
dielectric parameter. These are much more complex systems to analyze in detail
because ion pairing must be considered and precursor complex structure may be
varying, but it is clear that more than the outer-sphere reorganization energy is
contributing to the rate enhancements observed in the less polar solvents.

Seli-exchange reactions between +1 and +2 ions have been studied as a
function of solvent for the M{CNR); 2+ series of compounds (Table 1: 35, 38, 43)
for Co{CNdipp)/*/2* (Table i: 7, 8) and for two solvents with Cu(2,9-Me,-
phen); /2* (Table 1: 15). The limitation to self-exchange simplifies the interpretation
somewhat, but ion association options further complicate it. The most detailed study
is for Ma(CNCgH,,}¢ /%" in six solvents. Within that analysis, the measured rate
constants were assigned to different paths involving varying numbers of counter ions
(BF;). Thus there were few comparisons that could be made of the same path in
different solvents. The most extensive comparison that could be made was for the
reaction between fully ion paired (neutral} complexes, which appeared to give an
increase in rate constant with the solvent parameter rather than the predicted
decrease. A later, more limited study of the Mo(CNC(CH;),)¢/2* seif-exchange
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reaction showed a significantly different solvent dependence, further indicating that
the molecular details of the interaction between the solvent and the reactant surface
are influential. For the Cr isocyanide system, which was studied in five solvents,
there was a much smaller variation in the measured rate constants compared to the
Mn systems with alkyl isocyanide ligands. The small solvent dependence was consis-
tent with predictions based on solvent reorganization and electrostatic work required
to form the precursor complex oaly if the reactants were assigned +1 and +2
charges even in dichloromethane. No correlation with the solvent dynamics model
was found.

A cross-reaction of the +2/+ 3 charge type, Co{terpy): * /Co(bpy); ', has been
studied in a series of 15 solvents with no additional electrolyte and at a total ionic
strength of 3-5 mM. The equilibrium constants were evaluated and found to vary
little, except in acetophenone for which it was larger, while the rate constants varied
by a factor of 20, except of acetophenone which was again larger. The general
correlation was that expected just from electrostatic work terms, assuming that the
ions are not ion paired.

A mention should be made of the particularly heroic attempts of Schmid et al.
who have attempted to analyze the solvent dependence of the Fe(Il) reduction of the
Fe(IIl) solvates, These reactions invoive changes in the first coordination sphere
ligands with solvent and thus involve large changes in structure and driving force
with solvent [04,65].

(iv) Activation parameters: AH®, AS* and AV?

Temperature and pressure dependence data provide a much more severe test
of electron transfer theory than rate constants alone, especiaily to the extent that
solvation effects are significant. Rate constants which may give an easily interpreted
pattern at one temperature may give a different pattern, even the inverse, at another
temperature, The Marcus cross-reaction eguation can be extended to the correlation
of AH¥, AS?, and AV? given the corresponding parameters for the overall reaction,
AH®, AS° AV® However, the precision of the activation and equilibrium constant
parameters is less than that of the rate constants, thus the precision of the predictions
from the cross-reaction equation calcuiations is often sufficiently low to make inter-
pretation of the apparent variations difficult. This is not to discourage such calcula-
tions; they should be done to pursue the origin of large variations of reactivity or
activation parameters, but care must be taken in evaluating the precision of the
results. Thus, it is again espectally useful to consider the directly measured activation
parameters of self-exchange reactions.

Before presenting the trends, some general points can be made about the
activation parameters. With the rather low imner-sphere reorganization energies
characteristic of most of the reactants, solvent and precursor complex contributions
are dominant. Still, values of AH* below 2-3 kcal mol~! are certainly indicative of
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low barriers or significant exothermic contributions from precursor complex forma-
tion or other prior equilibria. In the case of Cr{CNdipp)¥'*, AH? is only 1.5 kcal
mol ™! in dichloromethane. This is above a value of AH*® of 1.0 kcal mol~? that is
estimated for diffusion in dichloromethane, but not much. The AS? values obtained
are typically negative and can be quite negative. This result must also reflect precursor
formation in some cases.

The largest set of data for one solvent is that for acetonitrite. The simple
electron exchange reaction data from Table ) give a range 1-7.5 kcal mol ! for AH?
and —7 to —28c¢al mol ! K™ for AS*. The overall range is limited because the
range of rate constants is limited by the nature of the compounds and the NMR
techniques. There is a general trend of decreasing {more negative) AS? with decreasing
(less positive) AH?3, Some of this tread is due to correlation of errors in the calculation
of the activation parameters, as demonstrated by some of the same compounds
measured in different laberatories or at different times giving the described trend,
but on a much larger scale the trend is clearly apparent. The best example is the
Ma{CNR){2* family when R is ethyl, methyl, cyclohexyl, t-butyl, n-butyl, benzy)
and isopropyl (Table 1: 35-40, 43), which give a range of 3.5 kcal mol ~? and 8 cal
mol ! K1 The aryl isocyanides give smaller entropies. There is some indication
from the CNEt and CNtBu reactions that increased ionic strength, from 0.1 to 0.3 M,
also lowers AH* and produces a more negative AS*. The +2/+ 3 phenanthroline
and bipyridine complexes of Fe and Os (Table 1: 18, 20-23, 48, 50} have small AH?
{1-3 kcal mol~') and a highly variable AS* (—12 to —25cal mol Y K™},

The activation parameters for several self-exchange reactions have been studied
as a function of solvent. Ru(hfac)y~ (Tabie 1: 53) shows a substantial variation of
ca. Skeal mol ! and 11 cal mol™! K™ ! between acetic acid and acetone, as well as
ca. 2 kcal mol ~* variation with different cations present. The Cr{(CNdipp)d 2 reac-
tion (Table 1: 7) gives a change of 3 kcal mol ! and 11 cal mol ™! K~ ! on changing
from dichloromethane to acetone. The Mn(CNR),; /2* reactions also show significant
solvent sensitivity. It remains a challenge to separate the ton pairing and solvation
contributions to these activation parameters.

Volumes of activation are obtained from the pressure derivative of the rate
constant, and are measured even less frequently than AHY and AS?, particularly for
electron transfer reactions in non-aqueous solvents. All of the entries in Tables 1 and
2 are from our laboratory and that of Thomas Swaddle. More work has been done
on aqueous systemns, particularly by European and Japanese groups, and a great
deal more work has been done oa substitution reactions particularly by van Eldik
et al. An extensive review of AV? results is available [66].

The appeal of AV measurements is that they should reflect strongly the changes
in solvation in the activation process. At least superficiaily, they should also be easier
to interpret than AS®. Since electron transfer rate constants typically increase as
distance decreases and since the volume of the precursor complex should decrease
as the ions are brought closer together, there should be a discernible effect if pressure
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leads to shorter electron transfer distances. Pressures used for reactions in solution
should not lead to significant changes in bond lengths, but they can lead to changes
in ligand conformation which would change reactant-reactant separation. Since
pressure influences solvent properties such as the index of refraction and dielectric
constant, pressure variation is like a continuous solvent vanation. Thus, it will gffect
electrostatic interaction, both between ionic reactants and in the formation of 1on
pairs between reactants and counter ions. The possibility that several different factors
can influence AV is also one of its difficulties. The molar volume of an ion, AV?, or
AV? in solution will be the sum of contributions from an intrinsic volume occupied
and an electrostatic term arising from the interaction of the ion with the solvent.
The electrostatic term can be large, and thus lead to negative molar volumes for
ions, and all electron transfer reactions involve ions at some stage. This problem is
exacerbated by the lack of molar volume data for solutes in solvents other than
water, especially for large ions such as are involved in the electron transfer reactions
of interest here. This latter problem has been partially alleviated by a recent study
from our laboratory on apparent molar volumes (at 1-10 mM concentration) of a
variety of complexes that we have studied, and some related compounds in aceto-
nitrile and dichloromethane, along with a presentation of data from the literature
on solutes in water and raethanol. The principal result of use here is that the molar
volumes of ions are a linear function of the volume of the molecules that can be
calculated from computer graphics techniques (“van der Waals volumes”). For aceto-
nitrile, neutral compounds give a parallel line that lies 28 cm® mol ™! above the line
that desribes the 1-1 electrolytes. For dichloromethane there is no such distinction
f671.

A particularly thorough extension of Marcus theory to the prediction of AV*
for self-exchange reactions has been presented by Swaddle [68], which leads to the
conclusion that, for some reactions, particularly MnO,/?~ in aqueous alkali, the
increase n rate constant from a decrease in electron transfer distance contnbutes
significantty to AV?. The electrostatic work required to form a precursor complex is
influenced by pressure because the dielectric constant is influenced by pressure, This
has been long appreciated, but the sign of the contribution was incorrect in an early
treatment by Stranks, thus some of the first measurements of AV? for an electron
self-exchange reaction were thought to be in agreement with theory when they were
not. This apparent agreement probably discouraged work in the field. We corrected
the sign error, but wish to point out that in that paper there are also typographical
errots in the example [69]. It seems that some degree of confusion is permanently
associated with this subject. Further application of the Marcus cross-reaction to the
correlation of volumes of activation from cross-reactions and self-exchange reactions
is discussed below.

The AV? for electron self-exchange in MeCN has been measured for
Mn{CNR);/** where R is methyl, ethyl, t-butyl, isopropyl and cyclohexyl (Table 1
35, 38-40, 43), Fe(cp)y™ (Table 1: 28), Ru(hfac)y~ (Table 1: 53), Fe(phen);*/**
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{Table 1. 33), and Cu(2,9-Me,phen); '>* (Table t: 15). Further solvents were studied
for the Cu, Ru and two of the Mn systems, and salt dependence data are available
for MR{CNC(CH,)3)¢ /2 * and Mn(CNCgH,,}¢**. The values obtained span a smail
range including —2 to —6cm® mol~?! for Mn(CNR)//2* when R is methyl and
ethyl, Cu(2,9-Me,phen),, Ru(bfac)y -, and Fe(phen)2*/**, —7 em? mol ~? for Fe(cp)a,
and —10 to —20 for Mn{CNR)?** when R is cyclohexyl, t-butyl, and isopropyl.
These data indicate a rather consistent sign, and no particular influence of the overall
charge. In the series of Mn systems, there is an indication that the more flexible
ligands, that could adopt more compact conformations with increased pressure, lead
to more negative AV* values. This lack of a charge effect is surprising, and may be
a result of compensating factors. The general negative sign, even for the reactions
which include a neutral reactant (Fe{cp), and Ru(hfac),), indicate that simple charge
density arguments which would lead to solvent release on forming a +1 or —1
precursor complex, are not adequate. A requirement in these reactions for some
degree of ligand interpenctration which is enhamced by pressure and leads to
increased rate constants is apparently required. Mn{CNC(CH,),)2*"?* and
Mn{CNC¢H,,)2%/** were studied as a function of solvent in a large series of solvents
and solvent mixtures. The AV? remained in the range of —9 to ~22cm?® mol ™ L.
Predictions based on a Marcus model, as presented by Swaddle, and consideration
of ion pairing as only changing the charge on the complexes, ted to the conclusion
that much of the variation that would have been expected was attenunated by ion
pairing, Added salt, .2 to 8.7 m, produced no resolvable effect in MeCN.

Two studies of cross-reactions are available, both involving Co-
{dioximate);(BX)3'* complexes (Table 2: 2, 5-7, 12, 13, 17-19) studied by the high
pressure stopped-flow method. The first paper presented cight reactions involving
the reduction of CofIil} clathrochelates by ferrocene or 1,1'-dimethylferrocene in
acetonitrile, one reaction was also studied in the reverse direction, two reactions
were further studied as a function of solvent and added salt. Studying a cross-reaction
instead of a self-exchange reaction has added complexity, including the possibility
that the equilibrium constant for the reaction is pressure-dependent, but it also allows
studies such as the salt dependence to be dome which are difficuit in most seli-
exchange reactions and it allows extension of the Marcus cross-reaction relationship
to the correlation of volumes of activation and the prediction of volumes of activation
for the self-exchange process when one seif-exchange and the cross-reaction volume
of activation are known as well as the volume of reaction.

AV +AVEL+AY9)

AV, = > {for K ,=1)

The AV, values obtained in this study ranged from —4 to —14 cm? mol ~ %, generally
becoming more negative with increasing reactant bulk. Again, negative values are
not predicted from simple solvent elecirostriction arguments and nor are most of the
values predicted from the pressure dependence of the solvent reorganization term in
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Marcus theory. It appears again that some ligand interpenetration and pressure-
dependent electron transfer distance term contributes to making the AV?® negative,
Solvent variation showed that acetonitrile and nitrobenzene gave comparable results,
while acetone gave 3-8 cm® mol ™! more negative volumes of activation than aceto-
nitrile. Four reactions were studied in dichloromethane with 0.1 M Bu,NBF, and
all gave AV, values of —14 or —15cm® mol ~*. The more negative values were
attributed to the ion paired pathway, This was further investigated by a study of the
added sait dependence of AV}, in acetonitrile. Here the ion pairing constant will
decrease with pressure and both the ion paired and free ion paths must be considered.
The variation observed, more negative AV* values at 0.1 M salt and slightly less
negative values at 0.4 and 0.5 M, could be fit to such a model.

The most recent study involved the oxidation of Co(il) clathrochelates with
Cr{(CNdipp): *, thus exploring a different charge type, and an oxidant of particularly
high intrinsic reactivity. The results give positive volumes of activation, ranging from
+2to +11 cm?® mol ™!, increasing with the size and number of phenyl rings on the
clathrochelate. Further, AVt showed a dependence on the concentration of added
Bu,NBF, similar in shape to, but smaller in magnitude than that observed for the
reduction of Co(iIl} clathrochelates by ferrocene. In this case, however, the rate
constant at ambient pressure was insensitive to the concentration of added salt. This
is the only case, except for reactions in aqueous solution between oppositely charged
ions and some atom/electron transfer reactions, for which a positive volume of
activation is observed. This is the expected result if the primary contribution to AV?
is solvent release brought on by the decrease in charge density on the formation of
the precursor complex from a charged and a neutral reactant. If the negative AV?
values obtained for the ferrocene reductions of the Co{lll) clathrochelates were due
to an increase in rate constant brought about by a pressure-induced decrease in
eleciron transfer distance, then this factor must have overcome the positive contribu-
tion to AV* from solvent release. Further, the observation of a positive AV? for the
Cr(CNdipp): * reductions must then indicate that either pressure does not decrease
the electron transfer distance, or that these reactions are adiabatic and do not benefis,
through improved donorfacceptor orbital overlap, from decreased electron transfer
distance. The latter interpretation is consistent with the high self-exchange reactivity
of C{CNdipp)¥*/2* and their insensitivity to added salt, as well as the insensitivity
of the Cr{CNdipp)?* oxidations of the clathrochelates to added salt.

The results of some studies of halogen/electron iransfer are presented in Table 4,
Possible mechanisms for such reactions include X* transfer, or X and one electron
transfer in the opposite direction, or X~ and two electron transfer in the opposite
direction. For the current purpose, the most important limitation is that the reactions
are assumed to take place via a halogen-bridged transition state. This is supported
by the processes occurring in the absence of {ree halide and without decomposition
of the halogenated species. The most striking result is the solvent dependence of AV
for Os(cp),/[Os{cp),[JCF380,, which ranges from —8 and —5cm® mol™* for
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CD,CN and CH;NO, as solvent to 0 cm® mol ™! for {CD4),80 ard 10 cm® mol !
for (CD,),CO. There should be no particular concern about a vanation in adiabat-
icity for any electron transfer component to these reactions, so the variation must
reflect changes in the contribution to A¥? from the formation of the bridged precursor
complex and the release of solvent required in forming the bridge. This effect seems
to be particularly pronounced for the iodo system, since the Ru(ep)y/
[Rufcp),BrJICF;80; reaction shows little if any dependence of AV* on solvent, in a
more limited series of solvents.

C. CONCLUSIONS

QOuter-sphere electron transfer reactions in non-aqueous solvents are just stari-
ing to be thoroughly investigated. The range of metal ion oxidation states, ligand
structures, and complex geometries available are much broader than in the more
thoroughly studied aqueous systems. However, the charge types and, so far, the range
of reactivity, are not so diverse as for the aqueous reactions. The organometallic
reactions are particularly rapid, and expose factors such as solvent dynamics and
diffusion effects. The influence of the solvent and of the ionic strength and ion pairing,
are highly interrelated and make it difficult to separate the vartous contributions. Of
major importance in separating the factors is the future establishment of the concen-
trations, lifetimes, and struetures of the ion paired species. The influence of ion
pairing, typically an inhibitory effect, is probably also 2 contributor to aqueous
reactivity but it is seldom observed because of the larger affect of ionic strength on
electrostatic interactions between ionic reactants. The interpretation of AVt measure-
ments is progressing, and it appears that AV? is strongly influenced by the need to
bring reactants close together when the reactions are non-adiabatic. Further, the
displacement of tightly associated solvents is also a major contribution in some cases.
Besides attempting to define ion paired species, further work should investigate
slower reactions in order to further study the AV? of non-adiabatic reactions, and
continue to investigate important types of organometallic structures involved in
electron transfer reactions such as metal ion cluster compounds and highly delocal-
1zed systems that involve ligand-centered electron transfer.

ACKNOWLEDGEMENTS

It is a pleasure to acknowledge all those with whom I have worked, including
Dr. Dan Borchardt, Dr. Roger Nielson, Dr. Kim Anderson, Dr. Jacqueline Gribble,
Dr. Mark Murguia, Prof. John Huat, and Prof, Harold Dodgen. 1 would also like
to acknowledge those who provided manuscripts in advance of publication, Prof.
Mike Weaver, Prof. Tom Swaddie, and Prof. Donal Macartney. The National Science
Foundation has supported wotk in our laboratory.



198 S. Wherland/Coord. Chem. Rep. 123 {(1993) 169-199

REFERENCES

2
3

4

5

6

7
8
g

19

1

12

13

14

15

16
17
18
19
20

21
22
23
24
25
26

27
28
29
30
3t
32
33
4
35
36
37
38

C. Creutz, R.G. Linck and N. Sutin, in J.J. Zuckerman (Ed.), Inorganic Reactions and
Methaods, Vol.15, VCH, Deerficld Beach, Fi, 1991, pp. 3-87.

M.J. Weaver, Chem. Rev,, 92 (1992) 463.

G.E. McManis, R.M. Nielson, A. Gochev and MLJ. Weaver, J. Am. Chem. Soc., 111 {1989)
5533,

& M. Nielson, M.N, Golovin, G.E. McManis and M.J. Weaver, I, Am. Chem. Soc, 110
(1988) 1745,

R.M. Nielson, G.E. McManis, L.K. Safford and M.J. Weaver, J. Phys. Chem,, 93 (1989)
2152,

R.M. Nielson, G.E. McManis, M.N. Golovin and M.J. Weaver, ]. Phys. Chem., 92 {1988}
3441,

E.K. Byrne and K H. Theopolid, J. Am. Chem. Soc,, 111 (1989) 3887

1.D. Protasiewicz, K.H. Theopold and G. Schulte, Inorg. Chem., 27 (1988) 1133.

T. Saji and S. Aoyagui, Bull. Chem. Soc. Jpn.,, 46 {1973) 2101.

K.A, Anderson and 5. Wherland, Inorg. Chem., 29 (19%0) 3822

K.A. Anderson and S. Wherland, Inorg. Chem., 28 (1989) 601.

T.T. Li and C.H. Brubaker, Jr,, J. Organomet. Chem., 216 (1981) 223.

H. Doiae, Y. Yano and T.W. Swaddle, Inorg. Chem., 28 {1589) 2319.

K. Coggin, J.A. Gonzalez, A.M. Kook, C. Bergman, T.D. Brennan, W.R. Scheidi, D.M.
Stanbury and L.J. Wilson, Inorg. Chem., 30 {1991} 1125.

JA. Goodwin, D.M. Stanbury, L.J. Wilson, C.W. Eigenbrot and W.R. Scheidt, J. Am.
Chem. Soc., 109 (1987) 2979.

M. Chan, J.B. DeRoos and A.C. Wahl, J. Phys. Chem., 77 (19731 2163.

M. Chan and A.C. Wahi, J. Phys. Chem., 82 (1978) 2542,

D.M. Triegaardt and A.C. Wahl, J. Phys. Chem,, 90 (1986} 1957.

ES. Yang, M. Chan and A.C. Wahl, J. Phys. Chem., 84 (1980) 3094,

K. Kirchner, S. Dang, M., Stebler, HW. Dodgen, S. Wherland and J.P. Hunt, Inorg. Chem.,
28 (1989) 3605.

E.S. Yang, M. Chan and A.C. Wzhl, J. Phys. Chem., 79 (1975) 2049.

H. Doinre and T.W, Swaddle, Inorg. Chem., 27 (1988) 665.

H. Dotne and T.W. Swaddle, Can J. Chem., 68 (1990} 2228.

R.M. Nielson, J.P. Huat, HW. Dodgen and S. Wherland, Inorg. Chem., 25 (1986) 1964.
R.M. Nielson and 8. Wherland, J. Am. Chem. Soc., 107 {1985) 1505.

M. Stebler, R.M. Nielson, W.F. Siems, I.LP. Hunt, HW. Dodgen and 8. Wherland, Inorg,
Chem., 27 (1988) 2893.

D.S. Matteson and R.A. Bailey, J. Am. Chem. Soc,, 91 {1969 1975,

R.M. Nielson and 8. Wherland, Inorg. Chem., 25 (1986) 2437.

J.D. Gribble and S. Wherland, Inorg. Chem., 29 (1990) 1i30.

M.A.S. Aquino, D.A. Foucher and D.H. Macartney, Inorg. Chem., 28 {1989) 3357.

M. Chan and A.C. Wahl, J. Phys. Chem,, 86 {1982) 126.

W.S. Prow, $.K. Garmestani and R.D. Farina, Inorg, Chem., 20 (1981) 1297.

M.A. Murguia and 8. Wherland, Inorg. Chem., 30 {1991) 139.

D). Borchardt and 8. Wherland, Inorg. Chem., 25 {1986} 301.

J. Gribble and S. Wherland, Inorg. Chem., 28 (1989) 2859.

D. Borchardt, K. Pool and 8. Wherland, Inorg. Chem., 21 {1982) 93.

K.A. Anderson and §. Wherland, Inorg. Chem., 30 (1991) 624.

N.D». Stainaker, J.C. Solenberger and A.C. Wahl, J. Phys. Chem,, &1 (1977) 601.



S. Wherland [ Coord. Chem. Rev. 123 (1993) 169199 199

39 T.G. Braga and A.C. Wahl, J. Phys. Chem., 89 {1985} 5822

40 D.H. Macartney, Inorg. Chim. Acta, 127 (1987) 9.

41 D.H. Macartney and 8. Mak, Can J. Chem., 76 {1992) 39.

42 ABP. Lever, Inorg. Chem., 29 (1990) 1271.

43 T. Gennett, D.F. Milner and M.J. Weaver, J. Phys. Chem., 89 (1985) 2787.

44 S.A. Richert, P.KS. Tsang and D.T. Sawyer, Inorg. Chem., 28 (1989) 2471.

45 EK. Byrne and K. H. Theopold, 1. Am, Chem. Soc., 109 (1987) 1282

46 D.A. Bohling, J.F. Evans and K.R. Mann, Inorg, Chem,, 2] {1982) 3344,

47 R.M. Nielsoan and 5. Wherland, Inorg. Chem., 24 {1985) 1803,

48 D.H. Macartrey, A. McAuley and O.A. Qlubuyide, Tnorg. Chem., 24 {1985) 307.

49 1.D.L. Holloway and W.E. Geiger, Jr,, J. Am. Chem. Soc., 101 (1979} 2038.

50 A, Juss, V. Balzani, F. Barigelletti, 5. Campagna, P. Belser and A. von Zelewsky, Coord.
Chem. Rev., 84 {1988) 85.

51 G.S. Patterson and R.H. Holm, Inorg. Chem., 11 {1972) 2285.

52 C.L. Schwarz, R.M, Bullock and C, Creutz, J. Am. Chem. Soc,, 113 (1991) 1225,

53 K.A. Anderson, K. Kirchner, HW. Dodgen, 1.P. Hunt and S. Wherlaad, Inorg. Chem,, 31
(1992) 2605.

54 K. Kirchner, L. Han, H.W, Dodgen, S. Wherland and J.P. Hunt, Inorg. Chem., 29 {1990
4556.

55 K. Kirchner, HW. Dodgen, S. Wherland and ¥.P. Hunt, Inorg. Chem., 28 {1989) 605.

56 K. Kirchner, HW. Dodgen, §. Wherland and J.P. Hunt, Inorg. Chem., 29 {1990} 2381.

57 T.P. Smith, D.J. iverson, MW, Droege, K.8. Kwan and H. Taube, Inorg. Chem., 26 {1987}
2882.

38 M.D. Newton, K. Ohta and E. Zhong, J. Phys. Chem., 95 (1992) 2317,

59 R.C. Blackboura and J.T. Hupp, Chem. Phys. Lett,, 28 (1988) 399.

60 N.A. Lewis, Y.S. Obeng and W.L. Purcell, Inorg. Chem., 28 (1989) 2796.

61 N.A. Lewis and Y.S. Obeng, J. Am. Chem. Soc., 110 {1988) 2306.

62 3.C. Curtis, R L. Blackbourn, K.S. Ennix, S. Hu, J.A. Roberts and J.T. Hupp, Inorg. Chem,,
28 (1989) 3791.

63 R.L. Blackbourn and J.T. Hupp, 1. Phys. Chem., 92 {1988) 2817.

64 R. Schmid, K. Kirchner and F.L. Dickert, Inorg. Chem., 27 {1988) 1530.

65 R. Schmid, K. Kirchner and V.N. Sapunov, Inorg. Chem., 28 (1989} 4167

66 R. van Eldik, T. Asano and W.J. le Noble, Chem. Rev, 89 (1989) 549,

67 D.T. Tran, J.P. Hunt and 8. Wherland, Inorg. Chem., 31 {1992} 2460.

68 T.W. Swaddle, inorg. Chem., 29 (19903) 5417,

69 8. Wherland, Inorg. Chem., 22 (1983) 2349. The corrections required are: B=
4284 x10° kg mol~?m~! and (Jin /éP); =471 <107 Pa 1,



