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upon the redox thermodvnamics of such simple redox couples where the oxidized
and reduced forms have identical structures and the composition of the
coordination shell remains unchanged when the solvent is varied. The reaction
entropies AS:C for each redox couple in each solvent were evaluated fron the

temperature dependence of E_ using a nonisothermal cell arrangement. Estimates

of the free energy of transger for each redox couple A(Agg)s_w from water to

each nonaqueous solvent were obtained from the difference in Ef relative to the
corresponding differences for the ferricinium-ferrocene couple. The corresponding
enthalpies of transfer A(AH;C)S_w were obtained by combining these values of
ASEC and A(AC?C)S_W. Substantially larger values of AS;c were found for all

four redox couples in nonaqueous solvents compared to water, particulurly in
aprotic media where for a given couple A(AS;’C)S_w v20-40 cal deg—lmol—l.

Markedly larger values of AS:C in each solvent were found for the Co(III)/(II)
couples compared with the low spin Cr(II1I)/(1I) and Fe(III)/(II) couples. Therc
entropic vairiations appear to reflect the ease by which solvent molecules are able
to be oriented by the additional field around the oxidized compared to the

reduced forms of the redox couple. Small nepative values of A(AGzC)S—w were
typically obtained as a result of partial compensation of the entropic terms by
the corresponding enthalpic components. The utility of reaction entropy

measurements for interpreting the dependence of electron transfer kinetics

upon the nature of the solvent is pointed out.
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Introduction

~
N .
\\::ZSVariations in the solvent medium are generally expected to yield prciound

-

changes in the thermodynamics and kinetics of electron transfer reactione.
The origins of the observed solvent effects are frequently manifold, arising
from alterations in the chemical nature of the reacting species as well as
the reactant-solvent interactions in both the ground reactant and transition
statesx\\This diversity of possible influences can severely hamper the funda-
mentgl un&érﬁganding of the observed effects for both homogeneous and elec-
trochemical reébx‘reactions. Thus, the effects of solvent substitution upon
the electrode kinetics of substitutionally labile cations can arise from
changes in the compoéiLion of the coordination shell, which may often yield
large variations in the inner-shell (metal-ligand reovrganization) as well as
the outer-shell (solvent rcorganization) contributionl to the overall acti-
vation energy required for electron transfer. Also, the atom transfer

o4
reactions [c.pg., €&° 5 o T C4{He) ] that have been commonly employed to
study solvent effocts in electrode kinetics have the further disadvantage

that the structure and location of the transition state is ill-defined. Con~-

sequently, the observed sclvent dependence of the kinetics for such systems

‘will inevitably contain . number of contributions that cannot be separated
by experimental means. For these reasons, Je¢ have embarked on a systematic
=
=

study of solvent effects upon the electrode kinetics and thermodynamics of
redox couples involving subatitutionaily incrt cations where the oxidized
and reduced species are both stable in the solution phase and differ only bv

one electron.g_ These couples have the general form
B § § ../X t,

'L o (metal clectrode) =M L' L" (1)
mn \ m n
N

where M is a trané{{fon metal, especially ruthenium, cobalt, iron, or




chromium, and L' and L" are ncutral or anionic ligands, especially
saturated amines and aromatic chelates such as polypyridines. The use of

these reactant systems allows the effects of varying the solvent to be inves-

tigated while keeping the composition of the inner coordination shell constant;

the observed solvent effects upon the redox kinetics are then expected to be
due entirely to variations in the outer-shell contributions. 1In addition,
for a number of such redox couples it is possible to obtain accurate

measurements of the formal electrode potentials E_. as well as electrochemical

f
rate constants in a range of solvents which enables experimental separations

o

to be made between the so-called "intrinsic" and "thermodynamic" contribu-

tions to redox reactivity. -

Although not an essential part of this approach, it is also instructive
to obtain estimates of the changes in the standard Galvani metal-solution
potential difference A(¢;)Sl_szcorresponding to the measured changes in E,
AEfS]—SZ, for a given redox couple between pairs of solvents §; and S;. This
is because —F¢; equals (a;ed - ng), where E;ed and ng are the partial molal
free energies of the reduced and oxidized species, respectively. For con-
venience, we shall term (Eged - ESX) the "reaction free energy" of the redox

couple AG;C. The change in AG;C resulting from substituting solvent 52 by

solvent S. will be

1
° SI“SZ= _ 0,8,-5,
a(aG2 ) Fa (e )
- S-S
= —F[AEfsl SZ_ A(i)lj 1 2] )

where A¢ljsl—sz is the change in the liquid junction potential between th.
working and reference compartments which is brought about by substituting

solvent S; by S,.
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The quantity A(AG;c)81-82 is of fundamental interest for simple redox
couples (eqn (1)) since it provides a measure of the relative changes in
solvation energy of the reduced versus the oxidized forms as the solvent is
varied: the correlation of values of A(AG:C)SI-S2 for a series of solvents

S| with their physical properties should provide valuable information on the

. . . 5
variations in the reactant-solvent interactions (the "medium effect"” for a

S1-S» S1-S2

redox couple). Although the estimation of A¢1j and hence A(AG:C)

requires an extrathermodynamic assumption, there are a number of routes now

available by which such transfer free energies can be obtained to a reason-
5
1 ). Recently, solvent

able approximation (probably within 1-2 kcal mol
effects upon the formal potentials for a number of substitutionally inert
redox couples have been reported which demonstrate the importance of

specific reactant-solvent interactions to the redox thermodynamics.6_1o

In addition, in order to understand the solvent structural factors

influencing A(AG;C)SI_SH it is desirable to evaluate the entropic and
. oo =0 Sl“S'v o S]"S') o 77© S. -8
3 c — <. - P - A - 3 .
enthalpic components a( Sted = Sox) i A(Asrc) ] and (Hred )
-S .
[=A(AH‘;C)S1 ‘], respectively. Although the evaluation of these latter two

quantities will also require some sort of extrathermodynamic assumption, we
have recently pointed out that reliable absolut: estimates of (§ied - §;x)
[=A5icj in a given solvent may be obtained from the temperature dependence

of the formal potential for the redox couple using a nonisothermal cell
arrangcmcnt}l These so-called "reaction entropies" are of particular interest
since they are sensitive to the difference in the extent of solvent polari-
zation ("ordering") in the vicinity of the solute induced by the reduced auu
oxidized forms of the redox couple.l1 Striking variations in AS;C have beun

observed in aqueous media by altering the nature of the ligands, even for

couples of the same charge type and comparable size, which provides strong

i I J - .- . - I
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evidence of the sensitivity of the extent of solvent polarization to the nct

11,12 Conse-

charge and ligand composition of transition-metal complexes.
quently, the evaluation of reaction entropies as a systematic function ot
the structure of the metal redox center, the ligands and the solvent she 1d
provide a valuable means of evaluating the role of reactant-solvent inter-—
actions in the reorganizational barrier to outer-sphere electron transfoer.
Indeed, we have shown that there is a close parallel between the magnitude
of the free energy barrier to outer-sphere electron exchange of a number of

transition metal redox couples in aqueous solution and the corresponding

reaction entropies.

S-Sz S1-S2

In the present paper, estimates of A(AG:C) < A(ASEC) , and
- ” )
A(AH:C)Sl 52for the transfer of Fe(bpy)§+/2+, Cr(bpy)§+/2+, Co(bpy)g+/“+,
3+/ 2+ o , . . .
and Co(phen)3 (bpy = 2,2'-bipyridine, phen = 1,10-phenanthroline) from

water to seven nonaquecus solvents are reported on the basis of the scelvent
dependence of the formal potentials relative to those for the ferricinium-
terrocene couple, combined with the reaction entropies for these redox
couples determined in cnch solvent. The nonaqueous solvents selected

were dimethylsulfoxide (DMSO), N,N-dimethylformamide (DMF), N-methylformamide
(NMF), formamide, propvlene carbonate (PC), acetonitrile, and nitromethane.
All thesc solvents have relatively good ionizing properties, yet they have
widely varying basicities and degrees of "internal order" (i.e., bulk

liquid structure arising from association between solvent moleculeslé), S0
that the possible influence of such factors upon the redox thermodynamics

can be explored systematically. Polypyridine redox couples were selected fcr
several reasons. The polypyridine ligands should provide an "insulating
shield" around the central metal cation, and are not expected to interact

strongly with the solvent so that dielectric continuum treatments may provid:
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a reasonable description of the solute~solvent interactions. Indeed, these
couples have been widely employed as inert outer-sphere reagents for
homogeneous redox kinetics in aqueous media, and are anticipated to provide
valuable model systems for investigating outer-shell solvent effects upon
electrochemical as well as homogeneous electron transfer rates. Some

/2+

measurements of the solvent dependence of E

51-52

for Fe(phen):;+ and related

f

couples9 suggested that A(AG;C) may be quite small for such systems.

It is therefore of interest to ascertain if such behavior, if confirmed

for the other couples, is found for the structurally more sensitive entropic

component A(ASéc)Sl_sz, and also to test the ability of the conventional

dielectric continuum treatments to predict the magnitudes of these thermo-

dynamic quantities. The comparison between Fe(bpy)§+/2+, Cr(bpy)§+/2+, and
Co(bpy)§+/2+ is of particular interest for exploring the influence of the

electronic structure of the metal center upon the redox thermodynamics.

Thus the iron and chromium couples involve electron transfer into a

t2g orbital,15 so that the charge should be extensively delocalized

around the bipyridine rings via back bonding with the empty N-orbitals on
16 6 5 2 15

the ligand . The cobalt couple involves the transition tZg > t2g eg

so that the added electron will be localized at the metal center and the

cobalt-nitrogen bond distances will be substantially increased in the lower

oxidation state.16 Markedly larger values of AS;C have been seen in aqueous

g+/2+ and Co(phen)i”2+ (both 22 e.u. for ionic strength

u = 0.05 11) compared with those for the low spin couples Fe(bpy)3+/2+

3 bl
2
§+/2+, and Ru(bpy)§+/“+ (2, 3, and 1 e.u., respectively, for

11,12

media for Co(bpy)

Fe(phen)
u=0,05-0.1 ); these effects have been attributed to differences in

the extent of orientation of water molecules in the vicinity of the
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11,12

polypyridine rings. It is therefore of interest to ascertain if such

electronic structural effects upon S;c are obtained in other solvent:.
A study of the dependence upon the solvent of the redox thermodynamics
of transition-metal couples containing ammine and ethylenediamine ligands

is reported in the following article.l7

Experimental

Most solvents were Aldrich "Gold Label" grade and were used either
following further drying with molecular sieves and vacuum distillation, or

as received. The water content typically was <0.05% as determined by Karl

. 11 o
Fischer titration. Water was purified by "pyrodistillation’. Cr(bpy)B(L104)3

was prepared (cf. ref, 18) by electrolyzing an aqueous solution containing

50mM Cr3+ and 50mM HC104 over a stirred mercury pool held at -1100 mV. vs.

2+ . .
a saturated calomel electrode (s.c.e.) to form Cr™ . This solution was

then transferred using a gas-tight syringe to a deoxygenated suspension

of 2,2"-bipyridine in aqueous 10mM HC10 The resulting black suspension

4
; of Cr(bpy)3((1104)2 was bubbled with oxygen for one hour to yield a yellow
precipitate of Cr(bpy)3(C104)3 which was filtered, washed with ethanol and
water, and dried in a vacuum dessicator. Co(bpy)B(ClOQ)z, Co(phen)3(ClOA)2,
and Fe(bpy)3(0104)2 were prepared using standard procedures.ls’19
The formal potentials Ef for each redox couple were obtained using
;j cyclic voltammetry by bisecting the cathodic- and anodic-going peak poten-
tials. Either the oxidized or the reduced form of the redox couple was
} present in the bulk solution, as convenient, usually at a concentration of

o

lmM. Sweep rates in the range 50-200 mV sec—1 were typically employed;

N

'1
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reversible or quasi-reversible behavior was normally obtained using platinum,
glassy carbon or mercury electrodes in that the cathodic-anodic peak separations
were typically 60-80 mV. About 25 mM of bipyridine or phenanthroline was
added (as appropriate) in order to inhibit dissociation of the reduced
complexes in solution. The absence of significant dissociation was confirmed
from the equality of the anodic and cathodic peak currents and the lack of

a dependence of Ef upon the added ligand concentration. Anodic~cathodic
cyclic voltammograms for the ferricinium-ferrocene couple using dissolved
ferrocene yielded essentially reversible behavior as described in ref 1.
Ferricinium picrate was employed in aqueous media due to the limited solu-
bility of ferrocene.20 The derived values of Ef were usually reproducible

to within 1-2 mV. {The actual values of Ef will generally differ slightly

from the experimental estimates due to the inequality of the diffusion

< s R . 11 . -
coefficients for the oxidized and reduced species. However, this dificrence
is generally small (2-3 mV) and, most importantly, is similar for all the
! systems studied here so that it generally cancels when differences in Ef are

considered, as in the present work.,] For some systems, particularly with

bY 2 ) . . ;
' Co(bpy)i+/“+, larger peak separations (90-100 mV) were obtained, presumabi: :
{
? resulting from slow electrode kinetics so that the derived values of Ef were
\
[ known only approximately (:5-10 mV) under these circumstances. A conventional
)
f
Ej two-compartment cell was employed, with the reference compartment (in which
| was immersed a commercial s.c.e.) separated from the working compartment by
L
| O
; -
g‘
! Y
i ’

. ) -
.. . D T ’ .
et e Ui erem AP~ O RS TN Y o VT T T TN PTG




means of a glass frit (''very fine'" grade, Corning, Inc.). For most measure-
ments, the working and reference compartments were filled with the same
solution so that the solvent junction was formed between aqueous KC1 and the
solvent of interest at the fiber tip separating the reference compartment anc
the reference electrode itself., Values of the reaction entropy AS:c were

obtained from the temperature derivative of E_ with the reference electrode

£
held at room temperature. The thermal junction between the "hot'" and "cold"
regions of the electrolyte was formed within the reference compartment so
that the solvent liquid junction was maintained at room temperature and
therefore did not affect dEf/dT. As explained in detail in ref. 11, such
measurements yield AS;c directly since it is very likely that the thermal
junction potentials are negligible, so that AS?C = F(d¢;/dT) = F(dEf/dT).
Evidence in support of this assertion was obtained from the observation that
the resulting values of AS:c were essentially independent of the ionic
strength u and composition of the electrolyte contained in the thermal

5
, junction region,“o at least within the experimental reproducibility

(£0.5~1 e.u.). The temperature of the working compartment was varied over

k4 as wide a range as practicable (usually 30-60 deg. C); the slopes F(dEf/dT)
)

? and hence AS;C were found to be nearly independent of temperature (within

\ *1 e.u.)

-

Other experimental details were essentially the same as described in ref. 11.

Ve

R, Ny
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Results

3+/:¢

3 1
3+/2+ . .

, and Co(phen)3 in 0.1 M LlClOa in each solvent

Table 1 summarizes the formal potentials E_. obtained for Cr(bpy)

+/2+ 3+/ 2+
W coopy) 3

at 25°C quoted relative to the corresponding values of Ef for ferriciniun/

£
Fe(bpy) /2

+ . . . : -
ferrocene (Fc /Fc), along with the corresponding reaction entropies Lsic'
. - + . L
The formal potentials for Fc¢ /Fc¢ are also given in Table I, quoted versus

an aqueous s.c.e. Estimates of the change 1in (C;e - ng) for the poly-

d
pyridine redox couples resulting from substituting the various nonaqueous

S—W

solvents for water, A(AC?C) » were obtained from the corresponding values
. SW . ) . e .
of Ahf using eqn (2). A common extrathoermodvnamic approach for obtainin -
_ C S-w . S—W
the required values ot . has been to assume that g equals the mcasured

1] M1
R 3=W . S P o - . o =
values of LE? ¥ for the Fo /¥ couple, <“hf)? w; i.¢., that A(;G; )b Y for the
- C <

+ \ S—w 5 e C s - . -
Fc' /Fe couptle, ~.‘(:"('ixv\/r , equals zero, The validity of this "ferrccene assump-
S Fe
c
i

tion" has been questioned; on the balance of the presently available evidence
it appears that a more reliable extrathermodynamic method is the so-called
"tetraphenvlarsonium-tetraphenylborate' (TATB) assumption which is based

+
on the assertion that the transfer free energies AGE for the PhQAs and

Ph,B 1ions are equal.5 Nevertheless, the values of (AE can still
4

)s-w
f'Fc
provide a straightforward route to the evaluation of A®i;w and hence

A(AG;C)S—W on the TATB scale if the appropriate values of A(AG;c);zw on

S-w

[+] .
rc)Fc for

this scale are known. Fortunately, the required values of A(AG
most solvents can be easily obtained from the differences in the apparent
values of ACE for a given ion that have been obtained using the ferrocene

and TATB assumptions. Extensive data tabulations of ACE have been

. + - 5 . . c s S—=w !
assembicd tor Ay transter,” from which the estimates of A(AG® )F listeu
rc’ Fc

in Table 1 can be obtained. (Sce Notes to Table 1 for details). Since from

eqn (2) we can write




FA¢T;W =

) . 5—wW
the required values of A(ubzc)b

F(.\Ef)s“w +

Fe

260 )3TV
( rc)Fc

(3)

for a given redox couple can be obtaindd

from
Aee )T = p@eR Y - PR 4 aace )5
- ~FA(E¢“)5"” 3068 D" )
‘c,s-w

where A(E;') is the change in the formal potential for the redox couple

. - R I . -
ol interest (versus those for the Fe /Fc¢ couple) resulting from substituting
another solvent for water.

The appropriate values of A(E;C)S_w were obtained from the formal

potentials listed in Table I, and inserted into eqn (4) along with the

corresponding estimates of I(QG:C);EW to yield values of A(AG:C)S—W for the

_ IIL/11 A . . . .

four M polypyridine couples that are given in Table 1l1. [The estimates
. s-

of A(AG;C)FCW used in eqn (4) are also given in Table I1, along with litera-

8S—w

ture sources|. Values of A(AG;C)S_W obtained by assuming that A(AG;C)FC

=0,
f.e., by using the ferrocene rather than the TATB assumption, are listed in
parentheses in Table [1.

The corresponding variations in ASi when changing from water to other
¢

. S—w . . . .
solvents, A(Ab: ) , were obtained directly from the values of AS° given
. ; re

in Table 1 and are also listed in Table Jl. The corresponding enthalpies

S—=w

of transter A(KH; ) that are also given in Table 1l were obtained trom
¢

-w S~w

+ TA(AS® ) .
re

. S-W s
the relation A(AH? ) = A(AG® )
re rc
Formal potential measurements were also made at varving electrolvte
concentrations in the range 0.025 - 0.2 M, and in tetracthylammonium
perchlorate as well as lithium perchlorate clectrolytes. However, the

values of AS?C were found to be essentially independent of ionic strenpth
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(1e.u.). Also, the variations in Ef with ionic strength for the M(III)/(II)
polypyridine couples were found to be approximately the same (within 2-3 my)

S—wW
as those for the Fc+/Fc couple; consequently the derived values of A(AC:C‘

are essentially independent of the electrolyte concentration, at least on the

ferrocene scale.

Discussion
The data presented in Tables I and Il exhibit three interesting features.
Firstly, the values of ASZ are markedly larger in nonaqueous solvents compareu
c

S™W ~920-40 e.u. Second.y,

to water, especially in aprotic media where A(AS;C)

. . . . o S—Ww
there consistently is an approximate compensation between A(Asrc) and

S-w S~

A(AH;C) so that the values of A(AG;C) d are uniformly small and neg.tive
in the range 0 to -3 kcal mol_l for all four polypyridine couples o1 the basis
of the TATB assumption employed here. Thirdly, although the absolute values

of ASQC for the Co(TII)/(II) couples are 15-20 e.u. larger than for

Cr:(bpy)?'/2+ and Fe(bpy)%“2+ (Table I), the values of A(ASEC)S_w in a given

solvent are approximately the same for all four polypyridine couples (Table II).
The simplest theoretical treatment of such outer-shell solvent effects is to
utilize the Born dielectric continuum theory. It is well known that this

model yields estimates of solvation free energies and entropies for sizple

)
monatomic cations that are often in substantial disagreement with experiment,
\
! undoubtedly due in large part to the extensive short-range solvent order
?
T
*J induced by such uncoordinated ions.21 The Born model might be expected to
be more applicable to the estimation of A(AG;’C)S_w for the present systems
§‘ since the polypyridine ligands should act to shield somewhat the solvent {rom
the metal cation, and several complicating factors may cancel out in the
b
/
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measured difference of transfer free energies between the oxidized and

reduced forms. The Born estimates of A(AG® )5~w can be obtained from21
re
2 2
2 Z Z
o - N 1 1 red .
A(Acrc)go:n = e )(rox ") )
) - W ox red

where € and g are the (static) dielectric constants in water and the non-

aqueous solvent, Zox and Zr are the charges on the oxidized and reduced

ed

species, rox and r are the corresponding radii, e is the electronic

ed

charge, and N is Avogadro's Number., Calculations using radii appropriate
29

for the M(II1)/(II) polypyridines (rox ~ 6.8 877) yielded values of

A(AG® )s—w for the various solvents here that lie in the range -1.5 to
rc’Born

1 kcal mol-l. Bearing in mind that the experimental values of A(AG;c)S_w

are probably trustworthy only to within ca 1 kecal m01-1 due to the likely
uncertainties in the TATB assumption,5 the agreement can be considered to be
reasonable.

The comparison between the experimental and Born estimates of the
reaction entropies is uf greater interest since it enables the applicability
of the Born model to be tested in a single solvent. The Born estimates of

ASrc are given by

2 VA
o _eN diln e ox red N
(Asrc)Born TO2eT (d 1n T)(r T r ) (€
ox red
Values of (AS° ) calculated from eqn (6) for r =r_ .=6.8 g are
rc’ Born ox red

given for each solvent in Table I (see notes to Table I for sources of e).
The experimental values of AS;c are scen to be typically in marked disagree-

ment with the corresponding Born predictions (AS:c)Born' A milder test of

the Born model 1is to compare the observed solvent dependence of AS;C,

(ASZC)S—W, with the corresponding differences in (AS° A(AS® )S—w

rc’Born’ rc’Born.
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S—w

AQoO S-w AQ©
Fig. 1 contains plots of A(ASrc) against A(“Src Born®

It is seen that

a rough correlation between these quantities is obtained, although there s
considerable scatter and the average slope is somewhat larger than the
predicted value of unity.

These comparisons suggest that a substantial part of the observed
values of AS;c in the various solvents arise from extensive short-range
polarization in the higher oxidation state which is partly dissipated upon
reduction, this factor being superimposed upon the milder long-range cation-
solvent interactions which are more likely to be described successfully by
the Born dielectric continuum model. Thus typically AS;c >>(AS:c Born
(Table I), indicating that the enhancement of solvent polarizatien ("ordering")
in the tripositive versus the dipositive oxidation states is in most cases
greater than predicted from macroscopic dielectric considerations, probably
as a result of dielectric saturation in the vicinity of the solute. The Born
model also fails to account for the markedly larger values of A8;C seen for

2 )
Co(bpy)§+/2+ and CO(Phen)2+/”+ compared with Cr(bpy)§+/k+ §+/2+

and Fe(bpy)
in each solvent.

In recent years there have becen a number of attempts to provide more
successful treatments of ion solvation, either by modifications to the Born
modelz3 or by the development of fundamentally new appmaches.zA However, muost
effort has been devoted to the utilization of these treatments for the esti-
mation of solvation free energies in aqueous solution, and little attention
has been paid to the estimation of solvation entropies, particularly in

nonaqueocus media.25 It has been found that reasonable agreement with experi-

mental solvation entropies for monatomic cations in various aprotic solver'.s

can be obtained using a modified Born model where the first solvaticn layer
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25
was assumed to be dielectricallv saturated. Direct application of this

approach to the present systems does indeed vield estimates ot As: tual o .
(&
larger than (As° ) and in some cases closer to the experimental value. .

r¢’ Born

However, it is unvertain that the model is entirely : snropriate Lo Li

present systems where the tirst solvation sphere is occupied by the coordin o d

ligands, and in anv case it is unable to account for the observed variatio s
of AS;C with the metal spin state or the small values ot 287 seen i
re
hydrogen-bonded solvents. More sophisticated solvation treatments which
o
3 - <4
take into account the molecular stracture of the polar solvent should
ultimately vield accurate descriptions of the experimental results., Howeoer,
N these models in their present form are not entirelv applicable to th coent
systems since neither chemical interactions between the complexes and their
immediate environment nor dielectric saturation effects are rullv taken into :
24 . , . o
account., Such eftects should should provide an important influence upon the
redox thermodvinamic parameters considered here since these quantities reflect
the change in solvent polarization resulting from decreasing the solute charge
from +3 to +2. The remaining discussion will theretore be concerned with the
. utilization of more "intuitive chemical" approaches for rationalizing the

experimental behavior.

»
; The uniformlv positive values of A(As:c)s_w indicate that the increase of tne
\ metal oxidation state from +2 to +3 yields a relatively greater enhancement

fg in the extent of solvent polarization ("ordering") in the vicinity of the

|

4 complex for nonaqueous solvents compared with the same process in water. Suct
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ditterences can be simply explained by the unusually high degree of internal
order exhibited by liquid water,  Thus the additional cationic charge carric? v
the oxidized comparca to the reduced form of the redox couple will generate
preater degree of solvent polarization in the vicinity of the solute in so.-
vents having a smaller degree of internal order due to the relative case by
which solvent molecules can be disturbed from their bulk orientation in

: 14, i
response to the electric tield., Indeed, Criss and Saiomon have pointed
out that the ionic entropy §i of a glven univalent cation in various solvents
generally becomes increasingly negative as the degree of internal order of the
solvent decreases, suggesting that a major factor contributing to gi is the
extent to which the cation can induce additional solvent order within its
vicinityv., The decreases in §i tound for the transfer of a given cation from
water to other solvents have been tound to be determined predominantly by a

characteristic "a'" parameter tor each solvent, the value vt "a" becoming more

. . . 14,26
negative as the internal order of the solvent decreases, '

If the same

factors that Jetermine 87 also int luence the values S relative to §° for .
+ o red ;

the MCITD)CTD) polvpyvridine couples, it would be expected that A(ﬂSsc)S-w :

would be linecarlv rolated to -u, Such a plot is piven in Fig., 2. 1t i{s seen

that there is indeed an approxima . correlation between the values of

S-wW - . .
d(“h:‘) tor all tour polvpyridine couples (closed symbols) and ~a. Thus
L
. g0 \STW r :
relatively small values ot (usr‘) ( =15¢.u.) are observed in formamide
<

and NMF that are expected to be polymerized to some extent via hydrogen

14 : §=
bonding. Larger vatues ot (s8¢ )S v

Ste (20-40 e.u.) are seen for the aproti-

solvents PC, DMSO, DMF, and acetonitrile which are expected to have relativ.
small degrees of internal order, and have sizable dipole moments which shou!d

encourage additional solvent ordering around M(111) compared to the
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corresponding M(II) polypyridine complexes via ion-dipole interactions, Parallel,
although smaller, variations in i(ﬂssc)s_w are also seen for the re'/Fc couple
(open symbols) in Fig. 2. We have noted elsewhere that these variations

provide a major contribution to the apparent breakdown of the ferrocene assump-

. : 20
tion for estimating free energies of single ion transfer.

There is also the possibility that the observed solvent dependence of
AS;C may arise from variations in the ability of the solvents to engage in
donor-acceptor interactions with the M(1II) state to a greater extent than with
M(II). 1If this factor does indeed provide a major contribution to AS; , ' n

-

; Lo (8w c

a correlation between A(Asr‘) and the donicity ot the solvents wonld be
L

expected. Although it is difficult to formulate quantitative scales which
reflect the electron donating abilities (or basicity) of solvents, one such

. . . 27
measure which has proved useful is the so-cvalled Donor Number (D.N.).

: : - . S-w . -

Fig. 3 contains plots of L(AS;C) against the values of D.N, quoted in
Ref. 27. 1In contrast to Figs. I and 2, it is seen that there is a complete
failure of the values of D.N. for the various solvents to correlate with
A O S5-w
“(Asrc) .

On the basis of Figs. 1-3, it therefore appears that the large changes
in AS?v observed when the solvent is varied are primarily determined by the
relative ability of the tripositive M(I11) polypyridine complex compared to
the corresponding M(1I) species to disturb the bulk solvent structure and re -
orientate solvent molecules within its vicinity. The use of the macroscopic
dielectric constant in the Born model presumes that such solvent polarization

is minor. Neverthlieless, it is interesting to note that at least qualitatively

similar variations in ASEC with the nature of the solvent are predicted by
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the "a" parameter, and the simple Born treatment, inasmuch as the correspond-
ing plots in Figs. 2 and 1 have similar shapes. This similarity reflects the
interrelationship between the internal order of solvents and their macrosco-ic
dielectric properties, and suggests that both these factors play a major role
in determining the alterations in the degree of solvent ordering induced by
M(III) vs. M(II) polypyridines as the solvent is varied. In contrast, the

°C)S—w and the solvent Donor

almost complete lack of a correlation between A(ASr
Number suggests that the changes in relative solvent polarization on the nature
of solvent only depend to a minor extent, if at all, on the ability of the solvent
to coordinate to the cationic solute, Although there may well be substantial
variations in solvent polarization in the vicinity of the M(III) polypyridine
complexes as the solvent is altered arising from variations in the solvent
coordinative abilities, if present they appear to be largely compensated by
similar changes for the corresponding M(I1) complexes.

Nevertheless, the apparent sensitivity of AS?C to the symmetry of the
orbital occupied by the reducing electron suggests that the extent of solvent
polarization in the oxidized state relative to the corresponding reduced form in
a given solvent is indeed sensitive to local, and presumably short-range,
solvation factors. The strikingly smaller values of AS:C (1-4 e.u.) seen in

+/2+
aqueous solution for Cr(bpy); / y Fue(bpy)

11,12
compared with the values for Co(bpyv)

3+/2+
3

+/2
(Table 1), Fc(phen)g / +. and

I+/24
3

I+/24
3

(22 e.u.) probably arise from the delocalization of the reducing t2g electron
around the aromatic rings for the Fe(111)/(IT), Ru(II1)/(I1), and Cr(I11)/ (1T

3+/2+

Ru(bpy) and Cn(phen)3

couples; this delocalization will be largely absent tor the Co(III)/(11)

9
couples which involve the electronic transition tgg > t;ge;. As noted previ-
ously,ll’12 this electron delocalization may influence AS:c by inducing an
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Dvoepcase in solvent polarization in the vicinity of the aromatic rings in the
reduced state compared with the oxidized form which will counteract the¢ norma’
entropy increase resulting from the decrecase in solvent polarization close to
the metal redox center. FEvidence supporting this contention includes the
negative value of Assc (-5 e.u.) found for Fc+/Fc in aqueous solution.lz’zo
The structure of Fc+/Fc differs from the polypyridine couples in that the
compact "sandwich'" structure of the former couple should prevent the closc
approach of solvent molecules to the metal redox center that can occur along
the channels formed by the more open polypyridine rings. Therefore the only

[}

i ; . +
major factor contributing to Abrc for the Fc /Fc couple is presumed tc be th-
additional solvent polarization in the reduced state arising from the delocali-

zation of the added ligand around the cyclopentadienyl rings, vielding o

"
negative value of 1S° .1"
rc
. +/2+ . 3+/2+
As noted above, the values of AS? for Cn(bpy)i / and (,o(phen)3 /
R
+/ 2+ . 34/ 2+ )

compared with those tor Cr(bpy)i / and Pv(hpy); / are also consistently

15-20 e.u., larger not onlv in water, but also in all seven nonaqueous solvents
(lfable ). This simple result is surprising; the tendency of the various
solvents to be oriented by the delocalized electron might be expected to be
dependent to some extent upon solvent properties such as the extent of internal
order or the abilitv to act as an electron aceeptor, However, the behavioral
simplicity mav be misleading in that it could arise from a fortuitous cancel-
lation between several effects,  Thus the degree of internal order of several
ot the solvents used here vary rouphly with their expected tendency to act us
27
clectron acceptors as measured by the so-called "acceptor number”.
The extent of solvent orientation induced near the aromatic ligands could

remain similar when changing, for example, from water to DMF since both the
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degree of internal order and electron accepting ability of the solvent are
thereby diminished.

The approximate compensation between corresponding values of TA(ASiC)S_w

S- S—-w

and A(AH;C) v yielding markedly smaller values of A(AG;C) (Table 1I) h.s
often been observed for entropic and enthalpic quantities in electrolyte
solutions.28 Such a compensation is expected since the (entropically unfa-~
vorable) orientation of solvent molecules as a result of ion-dipole inter-
actions, for example, would necessarily yield favorable enthalpic changes.
Although A(AG;’.C)S_w is frequently close to zero, the values are typically
negative (at least on the TATB scale) so that the entropic factors appear
to provide the predominant influence upon the free energies of transfer.
3+/2+

Measurements of reaction entropies for the Fe(phen)3 and related redox

couples involving methyl substitution around the phenanthroline ring have been

previously compared in acetonitrile and water.29 The value of AS‘;C given for
2
F¢.=_(phen)§+/2+ in acetonitrile (25 e.u., u=0.1“9) is close to our value for
3+/2+ . o
Fe(bpy)3 in this solvent (23 e.u., Table I). However, the value of ASrC

/2+

in water (-20.5 e.u.) is markedly dii-

+/2+

reported in ref. 29 for Fe(phen)§+

: +
ferent to our previous determinations for Fe(phen)i 3+/2

3
(3 and 2 e.u., respectively, 1=0.05 ll). Since values of AS:C close to zero

and Fe(bpy)

have also been given earlier for these and other low-spin M(III)/(I1) poly-
pyridine couples in aqueous solution,30 the disparate value for Fe(phen)g+/2+
quoted in ref. 29 is presumably in error. One possible source of this dis-
crepancy is the confusion that can be caused by the indiscriminate use of
alternative entropy scales without clearly identifying which scales are being

employed. As pointed out in ref. 11, the values of AS:_c obtained from a non-

isothermal cell arrangement as employed here differ markedly from the fre-

quently quoted "reaction entropies" ASE that actually refer to the overall
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entropy change for an ciectrochemical cell containing a hydrogen reference
)
~ o

electrode; it can be shown that ASrv = ASS + 20.5 e.u. Some, but not all,

of the "reaction entropies" quoted in ref. 29 are actually values of *$° ratner

H
than AS° .
re
We have recentlv observed that there is a consistent correlation betwe n
the reaction entropies ot a number of redox couples and the (coulombic work-
corrected) free energy ¢l reorganization AGex for the corresponding homo; cncous
. ] , . .13 -
outer-sphere self-exchange reactions in aqueous media. (In view of the closc
relationship between the ¢nerpgetics of homogeneous and electrochemical exchange
o 1,31,32 .. . . °
processes, a similar correlation is expected between ASrC and the stan-
dard electrochemical free encrgy of activation for the redox couples). These
correlations are of particular interest for couples where the contribution to
AGex from inner-shell reorganization (changes in metal-ligand bond dictances
and associated stereochemical differences between the oxidized and reduced
. . . ¥ . .
forms) is small or constant, since the changes in AGex will then be determined
only by the energy required to reorganize the surrounding solvent in order for

1 .
electron transfer to occur. It has been noted13 that the substantially

larger values (up to ca. 4 keal mol_l) of AGZ( resulting from the stepwise

3+/2+
3

progressive increases in AS;C (up to ca. 18 e.u.). Since the inner-shell con -

¥

¥
tributions to ACex are small for these systems,13 the increases in both AGex

replacement of ammine for bipyridine ligands in Ru(bpy) are paralleled by

and AS;C chiefly reflect the greater changes in solvent polarization in the
vicinity of the smaller ammine ligands which need to occur in order to induce
electron transfer. Such relationships should also provide a valuable means
of unraveling the dependence of AGZX for a given redox couple on the nature

e N o
of the solvent, particularly since the inner-shell contribution to xGex sihould

remain constant if the ligands remain unchanged. In view of the unexpectedly
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large increases in As;L tor the M(II1)/(11) polypyridine couples in chauging
from water tv nonaqueous media, it is of interest to ascertain if parallel
increases in AG;X for such low-spin polypyridine couples (and hence decreasc:
in the rate constant kex for homogeneous self-exchange) also occur. The
available data, although limited, do indeed bear out this expectation to some
extent. Thus the values of k for Fe(phen)3+/2+ and related couples appear
ex 3
to be typically 1-2 orders of magnitude smaller in acetonitrile than in watu_.'
These reactivity differences are not predicted by the conventional dielectric
continuum model of electron transfer. Thus inserting the relevant dielectric
constants into the usual expression for the outer-shell barrier to homogeneous
self—exchange3 (and assuming that the distance between the reacting centers
in the transition state is twice the reactant radius of 6.8 & 22) yicids the
prediction that kex should be very similar in water and acetonitrile (about
20% larger in the latter solvent). On the basis of the above interpretation
of the substantially (ca. 20 e.u.) larger values of AS?C for M(ITI)/(I1)
polypyridine couples in acetonitrile compared to aqueous media (Table I1),
it seems likely that the observed decreases 1in kex arise trom the greater
changes in short-range solvent polarization around the polypyridine complexes
that are apparently required in order to induce electron transfer in acetonitrile.
Such differences suggest that substantial short-range solvent influences
upon the magnitude of the outer-shell contribution to the reorganization
barrier to outer-sphere electron transfer may often be expected; measurements
of reaction entropies as a function of the solvent may well provide a valuable
independent probe for detecting such effects. This approach is utilized

for exploring the solvent dependence of the electrode kinetics of simple red.:

couples in a forthcoming article.
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Solvent

Water

Formamide
N-Methylformamide
Propvlene Carbonate
Acetonitrile
Dimethylsulfoxide
Dimethylformamide

Nitromethane

in Vooious Solvents.

Dwo )
rc

Born

Cr(bpy)

E

ﬂcm
f

-607
-627
-675
-648

-650

=690

-697

~600

Formal Puientials and Reaction Lntropies for M(IIT)/(TI) Polvpyridine and lerricinium/Ferrc - aedex ouples

2 2 +/ 2+ +

w+\N ﬂmAvvwvw+\m+ ooﬁvvwvw+\ + noﬁv:msvw /2 Fc /Fe
b a b a b a b c b

28° EFe 1s° EC 2s° EEC As® E 2s°

rc £ re f rc f rc f rc

4 718 2 =57 22 18 22 127 -5

14 g f ~-86 28 -35 28 281 0

1" f f -127 37.5 =72 34 397 4




Notes for Table I

aFormal potential for redox couple in solvent given in far left column, using 0.1
LiClO4 as supporting electrolyte; quoted in mV. versus Ef for ferricinium/ferroc«ne
couple in same electrolvte. Obtained using cyclic voltammetry (see text).

b . . . .
Reaction entropy of redox couple in listed solvent obtained from temperature Jependen
of E_. using nonisothermal cell arrangement (see text for details). Units are

f
cal. deg_l mol_l.

“Formal potential for ferricinium-ferrocene couple in 0.1M LiCl0,, mV. versus s.c.e.

4
immersed in same electrolyte unless otherwise noted.

/2+

couples (cal. deg_1 mol_l) calculated from the Buin

o
model for each solvent (eqn. 5) using the radius r = 6.8A22 and following literature

dReaction entropy for M(bpy):;+
sources for dielectric constants: formamide, DMF, NMF - S. J. Bass, W. I. Nathan,

R. M. Meighan, R. H. Cole, J. Phys. Chem., 68, 509(1964); DMSO, acetonitrile - G. J.
Janz, R. P. T. Tomkins, ''Nonaqueous Electrolyte Handbook', Vol. I, Academic Press,

N. Y., London, 1972; propylene carbonate - R. Payne, I. E. Theodorou, .J. "hys. Chem.,
76, 2892(1972); methanol - P. G. Sears, R. R. Holmes, L. R. Dawson, J. Electrochem.

Soc., 102, 145(1955); nitromethane - C. P. Smyth, W. S. Walls, J. Chem. Phvs., 3, 557(1935).

eUsing cell arrangement s.c.e. ‘0.1§>LiClOA(aq)llo.lﬂ_LiClOA(solvent)IPt, C, Hg.

f . . : O
Erratic Voltammetric behavior precluded measurement of :brc'

PElectrooxidation of background precluded determination of E

£

hHighly irreversible behavior (cathodic-anodic peak separation 7 (120mV.) precluded

determination of E

and As® .
rc

f




TABLE TI. ‘ree Energies (&), Fnthalpics (8, and Entrop. s (C) of tiunsfer of (L. ), (II) P 1 r. ked
vouples from Weter to Various Solvents, Calculated from Duta in Table 1 -ree Energies an” . taalpics
in kcal. ch1~“ Entropies in cal. &muw aoHlyv.

+ N.T Y, + *
onﬁcvsz / ﬂmAvn<vw+\N+ ooAvvwvw+\N+ ooﬁnrmnvw+\m+ Fc mwnmuc
e} -A (A
Solvent A B c A B C A B c A B C AEG L D g
. . (0.5) (0.6) (1.2)
Formamide -1.00 2.0 10 0.9 2.7 6 -0.3 2.0 6 1.5
N e . (1.6) (1.6) (2.1)
N-tlethylformamide ~0.4 4.1 15 -0.4 4.3 15.5 0.1 3.7 12 2.0
(1.0) (1.4) (0.8) (0.9)
Propylene Carbonate 1.0 5.9 23 -0.6 6.3 23 -1.2 6.0 24 -1.1 5.2 21 2.0
o (0.6) (1.1) (0.3) (0.8)
Acetonitrile ~2.9 4.6 25 -2.4 3.9 21 3.2 3.1 21 -2.7 3.3 20 3.5
. R (1.9) (2.8)
Dimethvlsulfoxide 0.6 0.3 25.5 2.5
) . (2.0) (2.4) (2.4)
bimethylformamide ) n" g5 30  -0.6 11.2 39.5 -0.6 7.0 26.5 3.0
. (-0.2) (-0.2) (-0.8) (-0.6)
Nitromethane -1.7 6.7 28 -1.7 10.3 40  -2.3 7.9 34  -2.1 8.5 35.5 1.5
W.
3
o . ’ - - PO S 4 —




Notes to Table 11

A = Free energy of transfer of redox couple A(AG‘;C)S-w (kcal. mol—]) from water to
. . Fe
nonaqueous solvent listed. Obtained from formal potentials Ef for each redo. . oupie

versus Fc+/Fc given in Table T using eqn.(4). Values in parentheses obtained b
S—w
Fc _
using estimates of A(Acic);cw given in far right-hand column (i.e. using TATB assuw)p-

. [8) . : . .
assuming that A(ACrc) = 0 (i.e. using ferrocene assumption); lower values | Cained

tion - see text).
B = Enthalpy of transfer of redox couple A(AH:C)S_W (kcal. mol-l) from water to
nonaqueous solvent listed. Obtained from corresponding free energies (TATB scale)
and entropies of transfer using A(aH® )s-w = A(AGO )Sww + TA(AS0 )57,

re re re
C = Entropy of transfer of redox couple /,\(AS(T)C)S"w (cal. dcg—1 mol_l) from water to
nonaqueous solvent listed. Obtained from differences between appropriate v-lu.. of
ASgC listed for each solvent in Table T.
*Estimates of free energyv of transfer for ferricinium~ferrocene couple (kcal. mol_l)
from water to nonaqueous solvent listed. Obtained from difference in apparent values
of transfer free energy ACi of Ag+ from water to nonaqueous solvents using ferroccne
and TATB assumptions. AG: data for most solvents taken from compilation in Table 12.VI
of reference 5; for nitromethane taken from R. Alexander, A. J. Parker, J. H. Sharp,
W. E. Waghorne, J. Am. Chem. Soc., 94, 1148(1972); value given for N-methvlfor: ui:n
is estimated. Most values of A(AGZC);;W quoted are probably accurate to within

ca. + 1 kcal. mol_l.




Notes to Figures

Fig. 1.
Plots of "\(AS‘;C)S”w for each polypyridine redox couple against the

: . N S=w .
corresponding Born estimates A(Ab;c)Born obtained from the values of

(a8° )

ro’ Born calculated for water and the appropriate nonaqueous solvent ua ing
C

eqn (6) (see text). Key tv this and subsequent figures --

+/2 +/2+ +/ 2+
Redox couples: @ Cr(bpy)i / +, [ ] l-‘e(bpy)g /2 . ACo(bpy)g / ,
3+/2+ . o .
vCo(phen)3 , O Ferricinium/ferrocene. Solvents: 1, formamide;

2, N-methylformamide; 3, propvlene carbonate; 4, dimethylsulfoxide;

5, dimethylformamide; 6, acetonitrile; 7, nitromethane.

Fig. 2
_ .. , o \S=W .
Plots of the variation in the reaction entropy A(ASrC) tor a given
polypyridine redox couple when changing from water to various nonaqueous

solvents against —a, where "a'" is a parameter related to the degree of

" of each solvent.14’26

. e S-W
"internal order Values of A(Asi ) taken from

¢
Table I1. The straight lines are drawn between adjacent points for a given
redox couple in the various solvents. Key to redox couples and solvents as

in notes to Fig. 1.

Fig, 3
Plots of A(ASEC)S‘-w for each polypyridine redox couple against the

. 27
"Donor Number" for the various nonaqueous solvents. Key to redox cou;l

and solvents as in notes to Fig. 1.
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