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MICHAEL J. WEAVER and JOSEPH T. HUPP
Michigan State University, Department of Chemistry, East Lansing, MI 48824

Some conceptual relationships between the
kinetics of corresponding electrochemical and
homogeneous redox processes are discussed and
applied to experimental data for suitable outer-
sphere reactions in order to illustrate the util-
ity of electrochemical kinetics for gaining some
fundamental insights into the energetiés of elec-
tron-transfer processes. It is pointed out that
electrochemical kinetic and thermodynamic mea-
surements, as a function of temperature and elec-
trode potential, yield direct information on the
shapes of the potential-energy surfaces and free
energy barriérs ~for individual redox couples.
Comparisons between kinetic parameters for corre-
sponding electrochemical and homogeneous exchange
reactions show reasonable agreement with the
predictions of the conventional 'weak overlap"
model for several aquo redox couples, but exhibit
substantial disagreement for couples containing
amines and related ligands. These latter dis-
crepancies may arise from the closer approach of
the amine reactants to the electrode surface
compared with the strongly solvated aquo com-
plexes. A comparison is also made between the
effects of varying the thermodynamic driving force
upon the kinetics of related electrochemical and
homogeneous reactions. It is shown that the
apparent discrepancies seen between the predic-
tions of the harmonic oscillator model and experi-
mental data for some highly exoergic homogeneous
reactions may be related to the anomalously small
dependence of the rate constant upon overpotential
observed for the electrooxidation of aquo com-
plexes. This behavior seems most likely to be due
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to a marked asymmetry of the reactant and product
free energy barriers for these half reactions.

The kinetics of inorganic electrode reactions have long
been the subject of experimental study. The advances in method-
ology, both in the precise treatment of mass transfer effects
and the evolution of electrochemical relaxation techniques, have
allowed the kinetics of a wide variety of electrode reactions to
be studied. 1In addition, double-layer structural data are be-
coming available for a wide range of metal-electrolyte inter-
faces, which is enabling the kinetics of electrode reactions to
be explored quantitatively in a variety of interfacial environ-
ments. However, electrode kinetics is a relatively underdevel-
oped area in comparison with homogeneous redox kinetics, not
only in terms of the availability of accurate kinetic data but
also in the degree of molecular interpretation.

Nevertheless, simple electrochemical processes of the type

0x + e (electrode,¢m) 2 Red (1)

where both 0x and Red are solution species, form a valuable
class of reactions with which to study some fundamental features
of electron transfer in condensed media. Such processes in-
volve the activation of only a single redox center, and the free
energy driving force can be continuously varied at a given tem-
perature simply by altering the metal-solution potential differ-
ence, ¢m’ by means of an external potential source. In addi-

tion, electrode surfaces may exert only a weak electrostatic in-
fluence upon the energy state of the reacting species, so that
in some cases they could provide a good approximation to the
"outer-sphere, weak overlap" limit described by conventional
electron-transfer theory. The study of electrochemical kinet-
ics, therefore, provides a unique opportunity to examine sepa-
rately the reaction energetics of individual redox couples
("half-reactions'") which can only be studied in tandem in homo-
geneous solution. In this paper, some relationships between the
kinetics of heterogeneous and homogeneous redox processes are
explored in order to illustrate the utility of electrochemical
kinetics and thermodynamics for gaining fundamental insights
into the energetics of outer-sphere electron transfer.

Electrochemical Rate Formulations

Similar to homogeneous electron-transfer processes, one can
consider the observed electrochemical rate comstant, ko , to be
related to the electrochemical free energy of reorganiza%ion for

the elementary electron-transfer step, AG¥, by
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kob = A exp(-wp) exp (-AG*/RT) . 2)

where A is a frequency factor, and wP is the work required to

transport the reactant from the bulk solution to a site suffi-
ciently close to the electrode surface ("precursor" or '"pre-
electrode” state) so that thermal reorganization of the appro-
priate nuclear coordinates can result in electron transfer.
Also, for one-electron electroreduction reactioms [eq 1] AG* can
usefully be separated into "intrinsic" and "thermodynamic" con-
tributions according to (1-3)

N o= o - o -
AG AGie + ofF(E - E°) + L wp] 3)

where E is the electrode potential at which kob is measured, E°

is the standard (or formal) potential for the redox couple
concerned, W is the work required to transport the product from

the bulk solution to the "successor" state which is formed im-
mediately following electron transfer, o is the (work-corrected)
electrochemical transfer coefficient, and AG"{e is the "intrin-

sic" free enmergy of activation for electrochemical exchange 3.
This last term equals AG* for the particular case when the pre-
cursor and successor states have equal energies, i.e., when the
free energy driving force for the elementary reaction [F(E - E°)
+ wo - wp] equals zero. The electrochemical transfer coeffi-

cient, &, reflects the extent to which AG* is altered when this
driving force is nomzero; « therefore provides valuable infor-
mation on the symmetry properties of the elementary electron-
transfer barrier (4).

It is conventiomal (and useful) to define a "work-correct-
ed" rate constant k that is related to k b at a given elec-
trode potential by orr °

corr Kop €XP {[wp + u(ws - WP)]/RT} (4)

This represents the value of kob that (hypothetically) would be
obtained at the same electrode potential if the work terms wp
and vy both equalled zero. For outer-sphere reactions, the work

terms can be calculated approximately from a knowledge of the
average potential on the reaction plane ¢rp’ since wp = ZF¢rp

and w, = (Z - 1)F¢rp’ where Z is the reactant's charge number.

Eq 4 can then be written as

kcorr = kOb exp{[(Z - a)F¢rp]/RT} (5)
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Usually ¢rp is identified with the average potential across the
diffuse layer ¢gc as calculated from Gouy-Chapman theory using

the diffuse-layer charge density obtaired from thermodynamic

data. In view of the usefulness of kcorr’ it is also convenient

to define a "work-corrected" free energy of activation AGg at a
given electrode potential, which is related to kcorr by [cf.
eq 2}]:

kCorr = A exp(—AGg/RT) (6)

so that eq 3 can be written simply as
- = > - E°
AGX = AGF, + oF(E - E°) (7

Therefore the value of kCorr measured at E°, i.e., the "standard"

, is directly related to the intrinsic bar-

]
rate constant,k
corr

rier AG%
ie
In addition, temperature derivatives of kCorr can be meas-

ured which allows the enthalpic and entropic components of AGi

to be obtained. Here an apparent difficulty arises in that a
multitude of different Arrhenius plots may be obtained for an
electrochemical reaction at a given electrode potential (in-
evitably measured with respect to some reference electrode), de-
pending upon the manner in which the electrical variable is
controlled as the temperature is varied. However, two types of
electrochemical activation parameters provide particularly use-
ful information (5-8). The first type, which have been labelled
"real" activation parameters ( ?, AS?) (5, 6), are extracted

from an Arrhenius plot of kzorr as a function of temperature.

The significance of these quantities is analogous to that for
the activation parameters for homogeneous self-exchange reac-
tions. Thus,AH? equals the activation enthalpy for conditions

where the enthalpic driving force, AH;C, for the electrochemical
reaction 1 equals zero. Similarly, AS? equals the activation

entropy for the (albeit hypothetical) circumstance where the en-
tropic driving force AS;C (the "reaction entropy" (9)) is zero

.

(6). The quantities X and AS? are, therefore, equal to the

L

"intrinsic" enthalpic and entropic barriers, ¥ and A ?e’

respectively, which together constitute the intrinsic free en-
ergy barrier, AG?e. However, although the activation free

energy Al i determined at E° will equal AG?e [eq 7], the enthal-
b

8.
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pic and entropic barriers at E°, AHg and A g, will differ from
AH¥ and AS*¥ . This is because, at E°®, generally AS® # 0 (9),
e 1e rc -
and since AH®° = TAS® ., then also AH® # O.
rc rc rc
Reasonable estimates of AHZ and ASZ at a given electrode

potential can be obtained from an Arrhenius plot measured at the
required electrode potential held constant at all temperatures
using a "nonisothermal cell" arrangement with the reference
electrode compartment maintained at a fixed temperature (§).
These quantities, which have been termed "ideal' activation pa-
rameters AH? and AS?, can be identified with AHE and ASZ since

the use of such a nonisothermal cell maintains the Galvani me-
tal-solution potential difference, ¢m’ and, hence, the energy of

the reacting electron, essentially constant as the temperature
is varied (8, 9).
Similarly, the reaction entropy, AS?C for a given redox
b

couple can be determined from the temperature derivative of the
standard potential, Egi measured using a nonisothermal cell,

b
: o - ° : o :
i.e., ASrC F(dEni/dT), since (dEni/dT) should approximately

equal the desired temperature dependence of the standard Galvani
potential, (d¢;/dT) (9). The reaction entropy provides a useful

measure of the changes in the extent of solvent polarization for
a single redox couple brought about by electron transfer (9).
Since AGEC = F(E - E°), the corresponding enthalpic driving

force, AH®
r b

F(E - E°) + TAS;C. It is simple to show that the corresponding

for the electrode reaction can be found from AH;C =

values of AH? and AH?, and AS? and AS? at a given electrode

potential are related by (6)

AHF = ~ + TAS® (8)
i r rc
and
AS%. = AS* + QAS° (9)
i r rc

Consequently, a wealth of information on the energetics of
electron transfer for individual redox couples ("half-reac-
tions") can be extracted from measurements of reversible cell
potentials and electrochemical rate constant-overpotential re-
lationships, both studied as a function of temperature. Such
electrochemical measurements can, therefore, provide information
on the contributions of each redox couple to the energetics of
the bimolecular homogeneous reactions which is unobtainable from
ordinary chemical thermodynamic and kinetic measurements.
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Relationship Between Electrochemical and Homogeneous Reaction
Energetics

Consider the following pair of electrochemical reduction
and oxidation reactions

Ox1 + e (electrode,¢m) 2 Red1 (10a)

Red2 2 Ox2 + e (electrode,¢m) (10b)
and the corresponding homogeneous cross reaction

0x, + Red2 2 Red1 + 0x, (11)

Providing that the interactions between the reactant and
the electrode in the electrochemical transition state, and be-
tween the two reactants in the homogeneous transition state, are
negligible ("weak overlap" limit), the activation barriers for
reactions 10 and 11 will be closely related.

At a given value of ¢m (and, hence, electrode potential E),

the thermodynamics of reactions 10 and 11 are identical since
the energy required to transport the electron across the metal-
solution interface in the half reactions 10a and 10b will then

cancel. The overall activation free energy, AGﬁ 127 for reac-
. b

tion 11 can be considered to consist of separate contributions,

AGF and AG* _, arising from the activation of Ox and Red,
h,1 h,2

respectively. Although a multitude of different transition-
state structures may be formed, corresponding to different indi-

vidual values of AGE 1 and AGﬁ 20 the predominant  reaction
b k4

channel will be that corresponding to a minimum in the activa-

i % + d N " -

tion free energy, (AGh,l AGh,Z)min (10) In the "weak over

lap" limit, each pair of values of AGﬁ 1 and AGﬁ 2 satisfying
3 b

the thermodynamic constraints of reaction 11 will be identical

to the corresponding pair of electrochemical free energies of

activation, AGZ 1 and AGg 29 for reactions 10a and 10b, respec-
b b

tively, having the same transition-state structures. Therefore
the energetics of reactions 10 and 11 are related in the "weak
overlap" limit by

e v E = v il - %
(A% |+ AGE ))pin = (BGE )+ AGE )iy = A% 1o (12)
- - E . ~
where (AGe,l + AGe,Z)min refers to the particular electrode po
tential where the sum of AGi 1 and AGg 2 is a minimum. Only
b b

By & i imentall
the sum (A h1 + AGh,Z)min, can be determined experimentally

for a given homogeneous reaction. In contrast, the values of
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AGg 1 and AGg , may be examined individuwally as a function of
b b
the free energy driving forces, AG? and AG;, for these two half
reactions, 10a and 10b, which equal F(E - E°1) and F(E - EE),
respectively, where E; and E; are the corresponding standard
electrode potentials.

This relationship is illustrated schematically in Figure 1.
Curves 11' and 22' represent plots of AGg against the reaction

free energy F(E - E°) for a pair of cathodic and anodic half

reactions on a common scale of electrode potential FE; such

curves are generally expected to be curved in the manner shown

(vide infra) so that a shallow minimum in the plot of (AGz 1 +
b

AGz 2) versus FE will be obtained. In practice, unless AGg is
b

small (< 3-4 kcal mol_l), the slopes of these plots, i.e., the
cathodic and anodic transfer coefficients, are often to be found
to be equal and close to 0.5 so that to a good approximation
a1,12)

E 3 = 3
GE 1o = AGE 19 (13)
where AG: 12 is the value of A Z at the intersection of the
(A g 1" E) and (AGZ 9 E) plots. [A previous claim (11) that

eq 13 is applicable in the '"weak overlap” limit when AG: 1 and
3
AGZ 9 exhibit a quadratic dependence upon (E - E°) (1) is not
b
entirely correct. The energy minimization condition
{a(a § 1+ Al z 2)/8B = 0} employed in the appendix of ref. 11
bl b

leads to eq 12, eq 13 only being obtained as a special case
when the slopes of the (AG: 1" E) and (AGz 9~ E) plots are
bl ’

equal but of opposite sign at the intersection point].
For the special case where the cathodic and anodic half-
reactions are identical, since the two plots of AGZ ~ E must

intersect at E° for the redox couple, then eq 13 can be written
in terms of the electrochemical and homogeneous intrinsic
barriers:

ZAGge = AG; (14)

Relationships having the same form as eq 14 can also be written
for the enthalpic and entropic contributions to the intrinsic
free energy barriers (10). Provided that the reactions are
adiabatic and the conventional collision model applies, eq 14
can be written in the familiar form relating the rate constants
of electrochemical exchange and homogeneous self-exchange re-
actions (13):
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(ks )2 _ kh,ex
cCorr = corr
(Ze)z Zh

(15)

. h,ex
where k’
corr

is the (work-corrected) rate comnstant for homo-
geneous self exchange, and Ze and Zh are the electrochemical and

homogeneous collision frequencies, respectively.

AG:',(Oxl+e‘*Redl) In the following sections, we shall explore the applica-
AG* (Red, - e —Ox,) , bility of such relationships to experimental data for some sim-
€2 2 2 ple outer-sphere reactions involving transition-metal complexes.
2' In keeping with the distinction between intrinsic and thermody-
/ namic barriers [eq 7], exchange reactions will be considered
3 first, followed by a comparison of driving force effects for

/ related electrochemical and homogeneous reactions.

(AGE, + 06%)F

AG* Electron Exchange

Tables I and II contain electrochemical kinetic and re-
lated thermodynamic parameters for several transition-metal
redox couples gathered at the mercury-aqueous interface. These
AGR‘Z systems were selected since the kinetics can be measured accu-
N rately under experimental conditions where the diffuse-layer

AG;;,! AGig,2 potentials, ¢d, are small and/or could be estimated with confi-

dence, yielding trustworthy estimates of kiorr from the observed

values, ki [eq 5]. (Details are given in refs 11 and 14.)

b
Also, the observed rates probably refer to outer-sphere path-
ways, and the rate constants for the corresponding homogeneous
. self-exchange reactions are available or can be estimated from
\' rate data for closely related cross reactions (E). These

latter values, kgéii, which are also corrected for electrostatic

2
e

—FE,° ~FE— —FE; work terms (15), are given alongside in Table I for comparison.

. . Also included are estimates of kh,ex’ kh,ex
Figure 1. Schematic illustration of the general relationship between electro- cory corr
chemical and homogeneous redox reaction energetics. Curve 1--I" is a plot of
activation free energy, AG.*, vs. thermodynamic driving force, —P:‘E, for an
electroreduction {8G, (O, + € —> Red,)] reaction; and Curve 2-2" is a plot of

(calc), that were

obtained from the corresponding values of kzorr using eq 15.

AG.* vs. —FE for an electrooxidation [AG, »*(Red, — ¢ — Ox;)] reaction (Reac- [Values of 5 x 10% em s7! and 2 x 10%? b_i_l s ! were employed for
tions 10a and 10b, respectively). E,° and E,° are the standard electrode polent::aés Z and Z,, respectively, appropriate for a "typical" reactant
for these two redox couples. Curve 33" is formed by the sum ( A_Ge, 4+ AG,, *)E. e h . ‘
The corresponding homogeneous activation barrier, AGy, 12*, is, in the “weak over- ' mass of 200 and radius 3 ,58. The estimate of Zh given in refs
lap” limit, gi by the minimum in this curve (Eq. 12). _ _ ’
ap it gven by e ( 11 and 15 (6 x 1010 Ml 1) is incorrect due to calculational

error.}

It is seen that the values of kh’ex

corr
couples in Table I are uniformly larger than the corresponding

for the five aquo



. . Table I
Rate Constants and Thermodynamic Parameters for Selected Electrochemical Exchange
and Homogeneous Self-Exchange Reactions at 25°C.

£ 2 b c d

Redox Couple E AS‘;C B k:orr k:gii B kggii(calc) £
mV vs. s.c.e. cal deg—1 mol—1 cm s"1 M-1 s.'1 M-ls_1
Ru(oH2)2+/2+ -15 (0.3) 36 2x 1072 200 3
V(0H2)2+/2+ 475 (0.2) 37 1x 1073 3 x 1072 8 x 1073
Fe(OH2)2+/2+ 500 (0.2) 43 ~1x 1074 15 8 x 107°
Eu(OH2)2+/2+ 625 (0.2) 48 8 x 107° 4x 107% 5 x 1077
cr(om 3/ -660 (1) 49 2x 1070 2 x 1076 3 x 1078
Ru(NH3)2+/2+. -180 (0.2) 18 >10 5 x 107 >8 x 10°
Co(en)§+/2+ lk =460 (1) 37 5 x 1072 £ 2.5 x 1074 20
Co(bpy)§+/2+ - 70 (0.05) 22 k1074t ~80 2 x 1073
Co(EDTA) /2" 135 (0.5) : -8 = ~5 x 1072 £ ~1 x 107° . 20

Notes to Table I

2 Formal potential of redox couple, determined at ionic strength noted in parentheses. Data
from ref. 9 unless otherwise indicated.

b Reaction entropy of redox couple, determined at same ionic strength as Ef‘ Data from ref. 9
unless otherwise indicated.

e}

Standard rate constant for redox couple measured in 0.1-0.4 M KPF6 and/or NaClO4 supporting
electrolytes, corrected for electrostatic double-layer effect using eq. 5 assuming that

¢rp = ¢gc. Kinetic data from ref. 11 unless otherwise stated.

=y

Rate constant for homogeneous self exchange, corrected for electrostatic work terms using

Debye-Hiickel-Bronsted model. Data taken from sources quoted in ref. 15 unless otherwise stated.

[

Rate constant for homogeneous self exchange, calculated from corresponding value of kzo using

eq. 14, assuming that Ze =5x 103 cm s-l, and Zh =2x 1011 g-l s.1 (see text).

Sahami, S.; Farmer, J.; Weaver, M. J., unpublished results.

Tanaka, N.; Yamada, A. Electrochim. Acta, 1969, 14, 491.

rr

frh

[E=a )

Quoted in R. G. Wilkins, R. E. Yelin, Inorg. Chem., 1968, 7, 2667.

e

Yee, E. L.; Weaver, M. J., unpublished results.

en = ethylenediamine.

T

bpy = 2,2'-bipyridine.
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Table II
Comparison between Experimental Reorganization Parameters
for some Electrochemical and Homogeneous Exchange Reactions

a2 b € d € £
Redox Couple 2AG¥* 2AH% 2A8% AG, AHF AS%
ie  _ ie 4 ie _ ih _ ih - ih -1 -1
kcal mol kcal mol cal deg = mol kcal mol kecal mol cal deg =~ mol
v(or,) 2 182 16.5 -5.5 17.5 13.0 -15
Eu(o,))"/*" 212 17.2 -9 20.0 ~15.5 (-15)
cr(on,) T/ 256 23.4 -7.5 23.2 ~18.5 (-15)
3+/2+ 0 £ _
Colen)y 13.6 0 4 20.3 13.8 -22
2 Twice the intrinsic electrochemical free energy of activation, obtained from value of kiorr
at mercury-aqueous interface given in Table I using AG¥ = -RT In(k® /2 ), where Z_ =
3 o1 ie corr’ “e e
5x 107 em s .
b Twice the intrinsic (''real") electrochemical enthalpy of activation, obtained from
H?e = ~R[d(1n kiorr - 1n T%)/d(l/T)] (see text). See vefs. 8 and 11 for original data, except

K}

="

where indicated.
Twice the intrinsic ("real') electrochemical entropy of activation, obtained from 2TAS"£e =

2MH, = 2AG%F .
ie ie
Intrinsic free energy of activation for homogeneous self-exchange, obtained from values of

h,ex h’ex/zh), where 2. = 2 x 10 w7t g7t

cory 8iven in Table I using AGgh = -RT ln(kCorr h M

Notes to Table II Continued.

€ 3+/2+

Intrinsic enthalpy of activation for homogeneous self-exchange. Values for V q and
3+/2+ . . a
Co(en)3 / obtained experimentally (see ref. 15 for sources and and calculational details).
Values for Eu3+/2+ and Cr3+/2+ obtained f AG* i h woo=
) aq aq ine rom T 2ssuming that ASgh = ~15 e.u.
= Intrinsic entropy of activation for homogeneous self-exchange. Values for V3+/2+ and
3+/2+ 4 . , , 29
Co(en)3 / obtained from TASgh = Ath - AG;h. Values in parentheses are estimates, based on

the observation that AS?h ~ =15 e.u. for several related aquo redox couples (1;).

Farmer, J.; Weaver, M. J., unpublished results.
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values of kgéii(calc) by typically 1-2 orders of magnitude, al-

+/2+
though the value of kh,ex for Fe3 /2 (where "aq" denotes aquo
corr aq

ligands) is over 105—f01d larger than ktéii(calc). Such discrep-

ancies have been discussed previously (11). The most general
derivation of eq 14 [and hence eq 15] involves the assumption
that the stabilization of the electrochemical tramsition state
resulting from the proximity of the reactant to the electrode
surface will equal one half of the corresponding stabilization
of the homogeneous transition state arising from the approach of
the two reactants (13). 1In terms of the conventional model,

this will occur when the distance Rh between the homogeneous

reactants equals the distance R® between the heterogeneous
reactant and its electrostatic image in the electrode (1§)' The
observation that k?éex > k?éex(calc), and, hence, ZAG’{‘e > AG?h,
is expected for electrochemical outer-sphere reactions on this
basis since the reactant plus coordinated ligands will be sepa-
rated from the ele:irode surface by the “inner layer" of solvent
molecules {(i.e., the electrode's “"coordination layer') so that
3+
aq
reduction at the mercury-aqueous interface to systematic varia-
tions in the double-layer structure, it has been concluded that
at least two, and possibly three, water molecules lie between
the electrode surface and the metal cations in the transition
state (16).

Additionmal imsight can be obtained by comparing the elec-
trochemical and homogeneous activation parameters. Table 11
contains values of 2A ?e’ ZAH?E, and ZAS?e for three aquo cou-

+ +/2+

3 /2+, Eu3 /2 , and Cr3+/2+
aq aq aq
rections can be reliably made as a function of temperature (8).
The values of AG".{e were obtained from the corresponding values

+
generally R® > Rh. From the rate responses for Crzq and Eu

ples [V 1 for which work term cor-

of kidrr using eq 6, assuming that the frequency factor A equals
Ze 5 x 103 cm s—l). The intrinsic enthalpies of activation
AH* were obtained from the slope of a plot of -R(1n Kk° -
ie corr
1
1n T?) versus 1/T (8) and the corresponding intrinsic entropies
of activation ASY¥ from AS¥ = (AH¥ - AG* )/T. Table II also
ie ie ie ie
contains the intrinsic free energies (AG?h)’ enthalpies (Aﬂéh),
and entropies of activation (Asih) for the corresponding homo-

geneous self-exchange reactions. These were similarly obtained
from the work-corrected homogeneous rate constants. (See ref
15 for calculational details and data sources.)
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Comparison of the corresponding electrochemical and homo-
geneous reorganization parameters reveal that 2 ?e > AG?h’
which follows from the observation that kh’ex > kh’ex(calc) [eq

corr corr
14]. This inequality in free energies is paralleled by greater

differences between ZAﬂie and Aﬂih, these being partially com-

pensated by values of 2As§e that are significantly less negative
than ?h' The classical model of outer-sphere electron trans-
fer predicts that both AS?e and A ?h should be close to zero

(within ca. 1 eu) (11,11). Part, but probably not all, of the
observed negative values of AS*';\:e can be ascribed to the influ-

ence of nuclear tunneling and ponadiabaticity (17); these fac-
tors may account entirely for the observed small negative values
of AS?e. The larger negative values of AS?h may arise partly

from the solvent ordering that probably attends the formation
of the highly charged precursor complex from the separated cat-
ionic reactants (15). Nevertheless, by and large the relative
values of the electrochemical and homogeneous reorganization
parameters are reasonably close to the expectations of the weak
overlap model (13). The observed differences are consistent
with the anticipated smaller extent of the reactant-electrode
interactions as compared with the homogeneous reactant-reactant
interactions in the trapsition states for electron transfer.

The remaining four redox couples in Table I, containing
amine and related ligands, exhibit values of kg;ii

different from the corresponding electrochemical estimates

that are very

kﬁéii(calc). Gimilar discrepancies between the experimental

results and the predictions of eq 15 have been observed pre-
viously (18-20), although corrections for work terms have seldom
been made. A puzzling feature of these data is the relatively

small variation in K> and hence kh’ex(calc) for the three
corr hCogT

Co(III)/(II) couples compared with kcérr'
may arise from differences in electronic trapsmission coeffi=~
cients at the electrode surface and in the bulk solution (18),
from additional contributions to the work terms not considered
in the Debye-Hiickel and/or Gouy-Chapman models, or from unex-
pected differences in the onter-shell reorganization energies in
the surface and bulk environments (11).

Electrochemical and homogeneous reorganization parameters

These discrepancies

for Co(en)g+/2+ are also given in Table II. The large disparity

between the electrochemical and homogenous parameters is high-
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lighted by a value of AH?e that is close to zero. Since the
inner-shell contribution to AH";e is undoubtedly large (>5 kcal

mol_l), this result indicates that the electrode is markedly
influencing the transition-state structure. We have also ob-
tained comparable electrochemical reorganization parameters for
+/2+
the Co(NH3)2 /2 couple. Since there is strong evidence that
ammine complexes can approach the electrode surface more close-
ly than the more strongly solvated aquo complexes (16), it
seems likely that this unexpected electrochemical behavior of
3+/2+
Co(en)

environment.

arises from a specific influence of the interfacial

Influence of the Thermodynamic Driving Force

Given that the reorganization parameters for electrochemi-
cal exchange of various aquo redox couples are in acceptable
agreement with the corresponding homogeneous rate parameters on
the basis of the weak overlap model, it is of interest to com-
pare the manner in which the energetics of these two types of
redox processes respond to the application of a net thermody-
namic driving force.

For one-electron electrochemical reactions, the harmonic
oscillator ("Marcus") model (21) yields the following predicted
dependence of AGi upon the electrode potential:

F(E - E°)2

164G, (16)
ie

AGk = AG%_+ 0.5 F(E -~ E°) +
e ie

where the plus/minus sign refers to reduction and oxidation re-
actions, respectively. The transfer coefficient o [eq 7] is,
therefore, predicted to decrease linearly from 0.5 with increas-
ing electrochemical driving force * F(E - E°). The derivation
of eq 16 involves the assumption that the reactant and product
free energy barriers are parabolic and have identical shapes,
and that the reactions are adiabatic yet involve only a small
"resonance splitting" of the free energy curves in the inter-
section region (21).

A number of experimental tests of eq 16 have been made
for inorganic reactants (14, 22). Generally speaking, it has
been found that, o~0.5 at small to moderate overpotentials, in
agreement with eq 16. Tests of this relationship over suffi-
ciently large ranges of overpotential, where the quadratic term
becomes significant, are not numerous. A practical difficulty
with multicharged redox couples is that the extent of the work
term corrections is frequently sufficiently large to make the
extraction of kcorr’ and, hence, AGz and o, from the observed
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rate-potential behavior, fraught with uncertainty. However, we
have recently obtained kinetic data for Crzz, Euig and V2+

aq
electro-oxidation over wide ranges of anodic overpotential
(up to 900 mv) under conditions where the electrostatic work

terms are small (14). The anodic transfer coefficients, o, for

all those reactions were found to decrease with increasing anod-
ic overpotential, but to a greater extent than predicted by
eq 16. This behavior contrasts that found for cathodic overpo-
tentials, where the cathodic transfer coefficients o remain

essentially constant at 0.5, even over regions of overpotential
where detectable decreases in 0 are predicted by eq 16 (14,

23). These aquo redox couples, therefore, exhibit a ma}kedly
different overpotential dependence of the anodic and cathodic
rate constants; this contrasts with the symmetrical dependence
predicted by eq 16. An example of this behavior is shown in

3+/2+

Figure 2 which is a plot of AGz versus (E - E°) for Cra at

the mercury-aqueous interface at both anodic and cathodic over-
potentials. The solid curves are obtained from the experimental
data and the dashed lines show the overpotential dependence of
AGZ predicted from eq 16.

The prediction corresponding to eq 16 for driving force
effects upon homogenous kinetics is (21)

(163, 2
AGF = AG¥% + 0.5 AGY, + i
h,12 h,1 x
s ih,12 12 16AGih,12 (17)
where AG?h 12 is the mean of the intrinsic barriers for the

t 1f- i % N o
parent self-exchange reactions, [0.5(A 1 + AGih,Z)]’ and AGY,

is the free energy driving force for the cross reaction. Equa-
tion 17 has been found to be in satisfactory agreement with
experimental data for a number of outer-sphere cross reactions
having small or moderate driving forces. However, there appear
to be significant discrepancies for some reactions having large
driving forces (where the last term in eq 17 becomes important)
in that the rate constants do not increase with increasing driv-
ing force to the extent predicted by eq 17; i.e., the values of
AGﬁ 12 are larger than those calculated from the corresponding
b

values of AG"’ifh,12 and AG‘{2 using eq 17 (15, 24-26).
It has been suggested that these apparent discrepancies
could be due to the values of AGﬁ 12 and AG?h 12 that are ob-
b 2

tained from the experimental work-corrected rate constants being
incorrectly large due to nonadiabatic pathways (24-26), or to
the presence of additional unfavorable work terms arising from
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AG.", keal - mol™
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G200 400 600 -800
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Figure 2. The electrochemical free energy of activation, AG.*, for Cr( OH,) "

at the mercury—aqueous interface, plotted against the electrode potential for both

anodic and cathodic overpotentials. Solid lines are obtained from the experimental

raie constant—overpotential plot in Ref. 14, using Eq. 6 (assuming A =5 X I 0°
) cms'). Dashed lines are the predictions from Eq. 16.
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the solvent orientation required to form the highly charged pre-
cursor complex (15). An alternative, or additional, explanation
is that the free energy barriers are anharmonic so that the
quadratic driving force dependence of eq 17 is inappropriate.
It is interesting to note that the form of the discrepancies
between the kinetic data for the electrooxidation of aquo cat-
ions and eq 16, and between the homogeneous rate data and eq 17,
is at least qualitatively similar in that both involve unex-
pectedly small dependencies of the rate constants upon the

thermodynamic driving force. Moreover, the large majority of
homogeneous reactions for which such discrepancies have been
observed involve the oxidation of aquo cations (lé, 24). How-

ever, nonadiabaticity effects cannot explain the asymmetry be-
tween the (AGz - E) plots at anodic and cathodic overpotentials

(Figure 2). Also, any specific work term effects should be
different (and probably smaller) at the mercury-aqueous inter-
face compared with homogeneous reactions between multicharged
cations (11); yet any anharmonicity of the free energy barriers
should be similar, at least on the basis of the weak overlap
model. A quantitative comparison of the driving force depen~
dence of the kinetics of related electrochemical and homogeneous
reactions should, therefore, shed light on the causes of the ob-
served discrepancies for ‘the latter, more complicated pro-
cesses.

One can generally express the free energy barriers, AGﬁ,

for the pair of cathodic and anodic electrochemical reactions
10a and 10b as [cf., eqs 7 and 16]:

2 = % o
AGe,l AGie,l + (YlAG1 (18a)
and
e = s o
AGe,2 A ie,2 + OIZAG2 (18b)

where o, and o, are the transfer coefficients for these two re-
actions "at a given electrode potential. A similar relationship

may be written for the free energy barrier, AGﬁ 127 of the cor-
’

responding homogeneous cross reaction (11) [cf., eq 17]:

% = =3 o
AGY 12 T B6Th 12t %1080, (19)

where o, is a "chemical" transfer coefficient. Although o and

a, are determined only by the shapes of the free energy barriers

for the individual redox couples at a given driving force, %y

is a composite quantity which is determined not only by both a,
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and o, but also by the relative magnitudes of AG‘ih,l’ AG{h,Z and

2
v:3
AGE 15

Nevertheless, comparison of values of AG"f1 12 for a2 series I T T I I I T
b

of related cross reactions having systematically varying driving
forces can yield useful information. Figure 3 is a plot of

25
% % o =3 ; - ® /5
AGh,lZ/AGih,lz versus AGlZ/AGih,lz for a series of cross reac ®

tions involving the oxidation of various aquo complexes. (The 8

values of AG¥, and AG¥ were obtained from the measured homo-
12 ih,12

geneous rate constants in the same way as the homogeneous free 8 3V

energies of activation given in Tables I and II. Details are L

given in ref. 15.) The graphical presentation in Figure 3 has s

the virtue that the values of AG{‘\’1 12 for different cross reac- v
b

1.0 S-S

tions are normalized for variations in the intrinsic barriers 120 99

AG"i\h’lz; the driving force dependence of AG‘"’12 predicted by the

h
Marcus model all fall on a common curve (shown as a solid line
in Figure 3) when presented in this manner (27). [Omitted from

+
Figure 3 are reactions involving COg;/Z

2’#

since there is evidence

AG1*/AG 2

that the measured self-exchange rate constant does not corre- ®
spond to an outer-sphere pathway (28).] It is seen that the Al 20
experimental points deviate systematically from the Marcus pre- i TN

dictions in that the apparent values of oy, [eq 19] are signifi- ® Marcus prediction

cantly smaller than predicted from eq 17 at moderate to high 17
driving forces. Figure 4 consists of the same plot as Figure 3
but for a number of outer-sphere cross reactions involving re- 2
ductants other than aquo complexes (27). 1In contrast to Fig-
ure 3, reasonable agreement with the Marcus prediction is ob-
tained (cf., ref. g). The data in Figure 3 are also shown in
Figure 5 as a plot of [AG"1~‘2 - AG¥ _.] versus —[O.SAG‘i2 +

i,12
2 b
o " . . . .
(AG12) /16AGi,12]. Since this plot is an expression of eq 17, | | | A i ,
the Marcus model predicts a slope of unity (the solid line in 35 3.0 2.5 2.0 1.5 1.0 0.5 0
Figure 5). However, the experimental points (closed symbols)

are almost uniformly clustered beneath this predicted line, and

increasingly so as -AG‘l’2 increases, again indicating that oy

tends to be smaller than predicted. Figure 3. Plot of AGs*/5G; 1o* against —AG,°/AG; 4o* for homogeneous cross

reactions involving oxidation of aquo cations. Reductants: ®, Eu, 2 A, Cry®;
i + 4 . N . s q » aq s
It therefore seems feasible that these anomalously small V., V.2'; and W, Ru,?. Key to oxidants and data sources: 1, Fewd; 2, Rutgl

values of oy noted from Figures 3 and 5, have their primary 3, Npo*s 4, Vo 5, Euel®'; 6, Ru(NHy)¢*; 7, Ru(NH;);py*; 8, Cofen)s®; 9,
’ Co(phen)s*; 10, Co(bpy)s® (1-10 are from Ref. 15); 11, Ru(NH,)sisn® (Ref. 25);
12, Co(phen) (Ref. 24); 13, Co(phen)s*" (Ref. 32); 14 to 17 and 25 are from

—AG12° /G 12*

origin in the oxidation half-reactions which uniformly involve

aquo complexes. This possibility was explored by converting the Ref. 33: 14, Co(phen);**; 15, Ru(NH;),isn®; 16, Os(bpy)s®; 17, Ru(bpy)s*'; 18 1o

electrooxidation data into a form suitable for direct comparison 22 are from Ref. 34: 18, *Ru[4,4(CH,),bpyl#; 19, *Ru(phen)s*; 20, *Ru(bpy)s®;

with the homogeneous data in Figure 5 in the following mamner. 21, *Ru(5-Cl phen)s®; 22, *Ru[4,7-(CH,),phenl®; 23, *Os(5-CI phen)s” (Ref.

As noted above, the free enmergy barrier AGf for each outer- 35); 24, Ru[4,7-(CH;).phen)s*" (Ref. 36); 25, Ru(NH,)spy*". An asterisk (*) indi-
,12 cates the oxidant is a photoexcited state reactant.

sphere cross reaction will consist of contributions Ah 1 and
b
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Figure 4. Plot as for Figure 3, but involving reductanis other than aquo complexes.
Key to reactions and data sources: ®, Co(l11)/(11) macrocycle oxidants (data ar?e+
given in Figures 2, 5, 6, and Ref. 27); O, other nonaquo oxidants; 1, Ru(NH;);py

+ Ru(NH,):*; 2, Ru, + Ru(NHy)¢%; 3, Co(phen)® + Ru(NH;)e*; 4,
Co(bpy)s®* + Ru(NH,),”'; 5, Co(phen)s®" + Ru(NH,);py** (I-N from Ref. 15);
6, horse heart ferricytochrome ¢ -+ Ru(NH,)¢® (Ref. 37); 7, Co(phen)s® + horse
heart ferrocytochrome c (Ref. 38); 8, Ru(NH,),bpy* -+ Ru(NHs)spy* (Ref. 24).
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AG;;’Z from the oxidant and reductant, respectively. In the
"weak overlap" limit, AGﬁ,l and AGﬁ,Z will equal the free energy
barriers AG‘;';,1 and A\G"'é‘,2 for the corresponding electrochemical
reactions at an electrode potential where the sum (A Z,l +
AG";:"Z) is a ;n+inimum [ZE 12 and Figure 1]. Estimates of A ‘ﬁ’z
for Euaq’ Craq’ and Va oxidation as a function of the half-

reaction driving force AG; [= -F(E - Eg)] were obtained from the
corresponding (AGZ’; - E) plots (see Figure 2 and ref. 14) by as-

suming that they have the same shape but replacing the value of
AG‘é‘ at AGE =0 (i.e., AG’)'.:‘e) by 0.5 AG"ifh. [This procedure cor-

rects for any differences between AG"'i‘e and O.SAG‘f;h (Table II)

resulting from the limitations of the weak overlap model

(eq 14)]. The accompanying plots of AI; | versus AG?{ for the
I

reduction half reactions involved in Figure 5 were constructed
using the experimental value of AG’i“h 12 by assuming that the
b

harmonic oscillator model applies, i.e., by utilizing eq 16
written for homogeneous half reactions:

AGF | = 0.5 AG*
i

o o 2 =3
b1 + 0.5 AG1 + (AGl) /8 AGi (20)

h,12 h,12

These pairs of (AGF - AG®) and (AGF - AG®) curves were plot-
h, 1 h,2 2

1
ted on a common driving force (i.e., electrode potential) axis

such that (AG‘{ - AGE) = AG‘;Z, and the required estimates of

AG‘I"; 12 for each cross reaction were then obtained from the sum
b

(A(;I"1 .t AGl"1 2) at the value of AG®° where the quantity has a
b b

minimum value [eq 12]. These estimates of AG‘ﬁ 12 are plotted
b

as open symbols in Figure 5 for the reactions having moderate

to large driving forces (—AG;2 > 8 kcal mol—l), alongside the

corresponding experimental values of AGﬁ 12 (closed symbols).
b
It is seen that the "electrochemical" estimates of values of
AG‘i'*l 12 diverge from the straight line predicted from the har-
b

monic oscillator model to a similar, albeit slightly smaller,
extent than the experimental values. Admittedly, there is no
particular justification for assuming that the reduction half
reactions obey the harmonic oscillator model. However, it turns

out that the estimates of AG‘i}; 12 are relatively insensitive to
3

alterations in the shapes of the (AG‘i"‘1 1 - AG‘;) plots.
b
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from homogeneous data; key to points as in Fzg_ure.3. Open syn{bol; are corre-
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cations. Reductants: O and ®, Eu,,>; N\ and A, Cry®; V and VW, V./*; an

B Ru.”.
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It therefore seems reasonable that the deviations of the
activation free energies for highly exoergic electrochemical and
homogeneous reactions, illustrated in Figures 2 and 5, may arise
partly from the same source, i.e., from values of «. for the
oXidation half reactions that are unexpectedly small.” That is
not to say that other factors are not responsible, at least in
part, for these discrepancies. Nonadiabaticity, work terms,
specific solvation, and other enviromnmental effects may all play
important roles depending on the reactants. For example, there
is evidence to suggest that the true rate constant for outer-
3+/2+
aq
directly measured value (29); this canm account for a good - part
of the unexpectedly slow rates of cross reactions involving
this couple.

It remains to consider possible reasons for these apparent
deficiencies of the harmonic oscillator model for the oxidation
of aquo cations. Some discussion of the electrochemical results
has been given previously (14). It was concluded that the most
likely explanation for the observed disparities between the ex-
perimental results and the predictions of eq 16 (Figure 2) is
that the reactant and product free energy barriers for the aquo
redox couples have markedly different shapes. Such an asymmetry
of the free energy barriers is unlikely to arise from inner-
shell (metal-ligand vibrational) contributions, at least within
the confines of a classical model. Thus, choosing even unrea-
sonably large differences in vibrational force constants for the
oxidized and reduced forms generates much smaller differences in
the shapes of the resulting anodic and cathodic Tafel plots than
are observed experimentally (Figure 2; also see 14). Indeed,
such calculations performed for homogeneous reactions led to an
earlier assertion that anharmonicity effects were unlikely to
account for the extent of the observed breakdowns in the appli-
cability of the Marcus cross relationship [eq 17] as exempli-
fied in Figures 3 and 5 (24). A plausible, albeit somewhat in-
accessible, source of asymmetry in the free energy barriers
could lie in major differences in short-range solvent structure
between the reduced and oxidized aquo complexes. There is
strong evidence that tripositive aquo complexes induce extensive
solvent ordering via field-assisted hydrogen bonding with the
aquo ligands, which is partly dissipated upon reduction to the
dipositive species (9, 30). This short-range reorientation of
water molecules may well contribute unequally to the individual
free energy curves for the oxidized and reduced species, thereby
generating the required nonsymmetry. A related point is that
the reactant and product potential-energy barriers will be high-
ly nonsymmetrical even when the free-energy driving force, AGEC,

sphere Fe self-exchange is significantly smaller than the

is zero (i.e., at E°), as a result of the especially large posi-
tive values of ASEC for the aquo redox couples (Table I). Thus,
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the electrooxidation reactions will be highly exothermic (—AH?C
~ 15 kcal mol—l) even when AG;C = 0, and increasingly so at

anodic overpotentials. In contrast, the electroreduction re-
actions are endothermic (AH;C > 0) within the entire overpo-

tential range that is accessible to experiment.

Conclusions

It seems clear that kinetic as well as thermodynamic data
gathered for simple electrode reactions can contribute signifi-
cantly towards the development of our fundamental understanding
of electron transfer in condensed media. In particular, de-
tailed studies of electrochemical kinetics, with due regard for
work term corrections, can yield information on the shapes of
free energy barriers, and also their enthalpic and entropic
components, that are largely inaccessible from studies of homo-
geneous redox kinetics. The former can provide a direct means
of detecting deficiencies in the applicability of the harmonic
oscillator model which forms the kernel of most contemporary
treatments of electron transfer.

Experimental comparisons between the kinetics of related
electrochemical and homogeneous reactions in suitable cases can
also yield insights into the differences, as well as similari-
ties, between these two major types of redox processes (3, 11,
31). Unfortunately, there is still a paucity of electrochemical
Kinetic data on substrates other than mercury. However, recent
advances in the methods for preparing and characterizing clean
metal surfaces, particularly for single crystals, should allow
the acquisition of quantitative data for a much wider range of
reactions and surface environments than hitherto available. It
is hoped that a greater comparison of results for heterogeneous
and homogeneous processes will occur in the future; this should
be to the benefit of both areas.
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General Discussion—Some Comparisons Between the Energetics of
Electrochemical and Homogeneous Electron-Transfer Reactions
Leader: Stephen Isied

DR. NOEL HUSH (University of Sydney): On the question of
the correlation between the free energy of activation for the

homogeneous and the heterogeneous processes (e.g., Fe3+’2+),
some years ago I suggested that there is probably an important
difference between these processes [Hush, N. S. Electrochim.
Acta 1968, 13, 1004]. 1If one uses the model in which there is
an outer-sphere contribution arising from the interaction with
the dielectric and an inner-shell contribution due to vibra-
tional modes, then it is reasonable to suppose that the inner-
shell contribution for the homogeneous process will be twice
that for the corresponding heterogeneous reaction. However,
such a relationship need not necessarily hold for the remaining
terms. When we bring two ions together to separation R in the
homogeneous case, we have a term proportiomal to -1/R in the
free energy of activiation, which reduces the dielectric inter-
action energy. But in the case of reaction at a metallic elec-
trode, an analogous term will be present only if there is an
appreciable image effect.

My conclusion (based on double~layer theory) was that,
under the usual experimental conditions, the image term is al-
most entirely screened off. When this is so, the dielectric
contribution to the activation free energy is essentially the
same for the homogeneous and the heterogeneous process.

A number of years ago, John Hale made calculations of the
free energies of activation for transfers at metallic electrodes
using that assumption, and obtained quite reasonable agreement
with experiment [Hale, J. M., in "Reactions of Molecules at
Electrodes," Hush, N. §., Ed.; Wiley-Interscience: New York,
N.Y., 1971; Chapter 4]. So if that is the case,one would not
expect to get a 1:2 heterogeneous:homogeneous ratio when the
dielectric term was particularly small. This may arise for
certain classes of molecules in which the dominant terms are the
inner-shell ones. But for the small aquo ions, for example, one
might well expect the ratio of reorganizational energy param-
eters to differ from 1:2. Of course, a detailed calculation may
suggest some small contribution from image effects under the
usual experimental conditions of reasonably high ionic strength,
but I do not think that this has yet been domonstrated.

DR. WEAVER: As I have shown in Tables I and II of my con-
tribution, the activation free energies, and especially the
activation enthalpies, for electrochemical exchange of aquo
cations are significantly greater than one-half the correspond-
ing activation energies of the homogeneous self-exchange re-~
actions. This is qualitatively in accord with the model you
cited which asserts that there is no imaging in the electro-
chemical case.
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Nevertheless, I think imaging remains significant because
there is no way that the image in a transition state can be en-
tirely screened by surrounding ions. One is, in a sense, get-
ting two transition states because of the Franck-Condon barrier,
and there is no way that the surrounding ions can entirely
screen both the reactant and product transition states at the
same time. Also, as I have pointed out in my presentation and
in reference 11, the activation energy for the outer-sphere
electrochemical exchange is generally expected to be greater
than one-half of the homogeneous activation energy even on the
basis of the imaging model since the presence of the imner layer
of solvent molecules will make the distance between the reacting
jon and its image in the electrode greater than the contact
distance between the reacting ioms in homogeneous solution.

DR. HUSH: There is thought to be a mystery as to why the

+,2+ .
Eu3 2 self-exchange is so slow in aqueous solution. I believe

the reason is very simple. The coordination number and symmetry
of the water molecules in the first shell around the two aquo
ions is completely different so the electron-exchange reaction
is inhibited by the slow rate of dissociating a water molecule
and reorganizing the inner-coordination sphere. It is quite
unnecessary, I believe, to invoke possible electronic nonadia-
baticity to account for the observed slow kinetics.

In the electrochemical case, this ought to be reflected
both in slow exhange kinetics and also in a value of the trans-
fer coefficient significantly different from one-half. Dr.
Vlicek originally attributed the observed slow electrochemical
rate to transfer via excited electronic states. I do not think
that is correct. I believe that slow kinetics of ligand ex-
change in the first solvation shells are generally responsible

+,2+
for the unusual features of the Eu3 2 exchange rates.

We carried out some measurements some years ago in order to
measure the transfer coefficient in DMF for this couple at a
mercury electrode [Hush, N. S.; Dyke, J. M. J. Electroanal.
Interfac. Electrochem. 1974, 53, 253]. The deviation £from
one-half for the value so obtained was consistent with reason-
able values for the free energy of activation of ligand exchange
in the inner-coordination spheres.

Thus, in my opinion, nonadiabaticity does not have to be
invoked to explain the slow homogeneous and heterogeneous
Eu3+’2+

exchange rates.

DR. WEAVER: 1 agree that the difference in coordination

+ + . .
numbers between Eu3 and Eu2 could contribute importantly to
the observed slow rates of electron transfer. However, it is
true to say, from our data, anyway, that the way in which the
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3+,2+

alpha for the Eu ’ couple depends upon the overpotential in

aqueous media is very similar to the behavior of the Cr3+’2+ and
3+, 2+

the V couples as well.

DR. HUSH: The work of Anson showed that Parsons' and
Passeron's experiments [Parsons. R.; Passeron, E. J. Electro-
anal. Chem. 1966, 12, 524] on the dependence of alpha for

3+,2+ .
Cr™ upon potential were incorrect [Anson, F. C.; Rathjen,

N.; Frisbee, R. D. J. Electrochem. Soc. 1970, 117, 477].

DR. WEAVER: Anson only looked at the cathodic side which
yields very little change in alpha with overpotential. The
anodic side, as I showed, exhibits a very marked dependence of
alpha on overpotential.

DR. HENRY TAUBE (Stanford University): Though I agree that
present evidence points to the conclusion that the slow rate for

3+,2+
the aquo Eu™ ’ exchange is attributable to differences in

solvation between the two oxidation states, I still find it very
puzzling that these differences are greater for this system than

3+,2+
for aquo Fe™ ’ where the radii are much smaller. When an ion

gets large enough, specific solvation must lose its meaning.

+ . .
For Cs , I imagine there are many solvent configurations about
the metal ion which have approximately the same energy.

DR. WEAVER: With regard to the assignment of the very slow

+ 2+
exchange rate for aquo Eu3 »2 to nonadiabaticity or to sol~-

vational rearrangement, we find that encapsulation of europium
1?31de a 2.2.1- or 2.2.2-cryptand, forming a macrobicyclic
ligand shell around the ion, results in homogeneous self-ex-

change rates approaching 10 M_ls_1 in contrast to ~10-5 l“,l_ls_1

3+,2+
for aquo Eu™ ’ [Yee, E. L.; Weaver, M. J., unpublished re-

sults]. We don't believe that those results can be easily
egplalned by electron tunneling since the f-orbital overlap is
likely to be smaller for the europium cryptate couple.

DR. DAVID RORABACHER (Wayne State University): We have

recently obtained very similar results for the Cu2+’+ couple.
This is one of the classic redox couples involving a large
change in coordination number, Cu(Il) preferring a tfetragonal
geometry while Cu(I) is predominantly tetrahedral. For aquo

24+
Cu” ’ , we have recently estimated that the self-exchange rate

constant at 25 C is ~2 x 10_6 M_lsnl, When complexed with ma-

crocyclic tetrathiaether (SA) ligands, however, the self-ex-
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change rate constant increases by about eight orders of magni-

tude to ~102 M_ls_1 [Martin, M. J.; Koenigbauer, M. J.; Endi-

cott, J. F.; Rorabacher, D. B., unpublished results]. When a
macrocyclic pentathiaether (SS) ligand is used, the self-ex-

change rate constant increases further to ~104 M—lsul.

We believe that these large changes in rate constant are
primarily attributable to restrictions imposed upon the inner-
coordination sphere by the macrocyclic ligands. Presumably, the
use of a suitable macrobicyclic ligand, such as you have used

. . . . +,+
with europium, would induce even larger changes in the Cu2 ’

self-exchange rate constant. We are planning to pursue such
studies in the near future.

DR. EPHRAIM BUHKS (University of Delaware): Is there any
experimental evidence indicating the possibility of electron
transfer from the electrode into the excited electronic state of
a transition metal ion?

DR. WEAVER: Such a process is possible but I don't know of
any data which would provide direct evidence. At metal sur-
faces, at least, excited electronic states of nearby reacting
ions might be expected to be quenched rapidly. Semiconductor
surfaces would provide more systems with which to search for
such an effect.

DR. ALBERT HAIM (State University of New York at Stony
Brook): When you vary the free energy of reactions and go to
very exoergonic reactions, you enter into a region which is
sometimes called the inverted region or the abnormal regiomn.
Has anything similar been observed in very highly exoergonic
reactions in electrochemical reductions or oxidations?

DR. WEAVER: The major problem seems to be that when we
talk about a fast reaction in electrode kinetics, with rate

. -1 .
constants in the range 0.1 - 10 cm s , we are referring to a
process which has an activation energy equivalent to a homo-

P . -1 -1
geneous reaction having a rate constant about 105 M s . We

are not able to explore such a large range of rate constants
and, hence, driving force in ~lectrochemical processes because
diffusion becomes the overall :ate-limiting step at much smaller
rates than occurs in homogeneous solution, two-dimensional dif-
fusion being much less efficient than three-dimensional dif-
fusion. Therefore, it is extremely difficult to measure rate
constants that correspond to a sufficiently small activation
barrier to investigate the predicted onset of inversiomn.





