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The rate of isotopic exchange between Fe(CN)s!~ and Fe(CN)s*~ has been measured in aqueous solutions containing a
number of different electrolytes., The rate was found to be first order in the concentration of each reactant and to depend
markedly on the nature and concentration of the cations present. Very little dependence was found on the anion concen-
tration or on the ionic strength at constant cation concentration. The following values of the rate constant (M 1 sec™%)
at 0.1° and the activation energy (kcal/mole), respectively, were determined for alkaline solutions containing 0.01 3 of the
indicated cation: (CH;):N*, 1260 and 0.3; (CoHs)sN ¥, 250 and 0.6; (#-C;H7)u N7, 41 and 5.2; (n-CiH,), N+, 23 and 5.0;
(n-C;Hu )aNT, 16 and 7.8; (CyH)iAs™, 28 and 6.3; Co(CsH;)*, 1050 and —1.0; K+, 230 and 6.0. The large and specific
effects of different cations is attributed to the participation of cations in the reaction by reduction of the Coulombic repulsion
between the reactants in an activated complex. There is no evidence, however, that the cations participate in the actual
transfer of an electron. Extrapolation to zero cation concentration gave values of 6.0 /! sec™! and 9.1 keal/mole for the
rate constant at 0.1° and the activation energy, respectively, for very dilute solutions. From these values the free energy
and entropy of activation were calculated to be 15.6 kcal/mole and —24 cal deg~! mole~?, respectively. These values are

compared with values calculated from a model based on the Marcus theory of electron transfer.

Introduction

The kinetics of isotopic exchange between the hexa-
cyanoferrate(II) and -(I1I) ions is of considerable inter-
est because exchange must occur by electron transfer,
the complex ions being inert with respect to ligand ex-
change.? Franck—Condon restrictions on the rate of
electron transfer should be minimal since the ions have
similar structures;® on the other hand, Coulombic ef-
fects on the rate should be prominent because of the
large ionic charges. For these reasons, the experimental
results are of interest in themselves and also for com-
parison with theoretical models of electron-transfer
reactions,

The earliest investigations of the rate of isotopic
exchange between ferro- and ferricyanide ions indicated
that the rate was ‘“‘unmeasurably large”; we found,
however, that the rate though large was measurable 45
This article describes the results of our studies of the
kinetics of the isotopic exchange reaction in aqueous
solutions,

Most of the solutions studied were alkaline because
early in the investigation it was found that hydrogen
ion, even at small concentrations, catalyzes the ex-
change, and we were unable to keep the pH constant
near neutrality without the use of buffers. Buffers were
to be avoided because, as reported in this article, the

rate is markedly dependent on the nature and con-
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centration of the cations present, even those which are
normally considered kinetically inert such as potas-
sium ion and the tetraalkylammonium ions. Difficulty
was experienced with the presence in reaction solutions
of trace impurities which affected the exchange rate and
made reproducible results difficult to achieve. In order
to obtain reproducible results, small amounts of ethyl-
enediaminetetraacetic acid were added to many re-
action solutions; this addition resulted in slightly lower
rates.

While this article was being prepared for publication,
a study of the exchange reaction by a nuclear magnetic
resonance method was reported.®” The nmr experi-
ments were carried out at much higher electrolyte con-
centration than were the isotopic exchange experi-
ments, so direct comparison of the results is not pos-
sible; however, within large uncertainties of long ex-
trapolations the results appear to be consistent.

Experimental Section

Radioactivity.—The tracer used was either Fe% or Fe®®. For
radioactivity measurcments, samples containing TFe¥ were
mounted as zinc ferricyanide for counting, and the intensity of
the 5.9-kev X-rays emitted was measured with a side-window,
flow-type, proportional counter. The counter window was made
of Cellophane or Scotch Tape and was coated with a thin layer of
graphite (Aquadag) to make it conducting. The counter was
operated on a 909, argon-109;, methane gas mixture (P-10 gas).

For radioactivity measurements of Fe®?, solutions were placed
in test tubes, and the intensity of the y rays emitted was measured
with a well-type sodium jodide scintillation counter.

Relative specific activity values were caleulated by dividing
the measured counting rate for an aliquot of ferricyanide solution
by the absorbance at 4200 A determined for a 1-cm path length of
solution.

Tagged ferrocyanide ion was prepared from iron(III) chloride
containing Fe® or Fe®®. First the iron(III) chloride was puri-
fled by two extractions from 6-8 M HCI into isopropy! ether.
Theun iron(11I) hydroxide was precipitated from ammonia solu-

(6) A. Loewenstein, M. Shporer, and G, Navon, J. Am. Chem. Soc., 88,
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361 (1965).
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tion, and the precipitate was suspended in a concentrated potas-
sium cyanide solution. The suspension was heated in a steam
bath for approximately 1 hr until the solution was clear and
faintly yellow in color. Tagged potassium ferrocyanide was
precipitated by addition of ethanol and purified by recrystalliza-
tion from water—ethanol solution.

Tagged tetraphenylarsonium ferricyanide was prepared from
aqueous solutions of Fe*{CN)s*~. A solution was treated with a
solution of iodine in carbon tetrachloride, and Fe*(CN)?~ was
extracted into a chloroform solution of tetraphenylarsonium
chloride., The solution was washed twice with water, and then
diethyl ether was added to precipitate [(CoHj):As];Fe*(CNs.
The compound was purified by repeated precipitation from
chloroform and was then dissolved in water. The solution was
filtered through a Millipore-VC filter and was allowed to evaporate
to dryness in the air stream coming through the filter.

The radiochemical purity of each preparation of a tagged
compound was checked by isotopic exchange between Fe*-
(CN)*~and Fe(CN)s®~. After essentially complete exchange had
occurred the specific activities of the two reactants were com-
pared, or the specific activity of ferricyanide ion was compared
with the average specific activity determined after oxidation of
Fe(CNY%*~ to Fe(CN)s~. For all preparations the specific ac-
tivity values compared were the same within an experimental
uncertainty of a few per cent.

Reagents.—K;Fe(CN)s and K Fe(CN)e3H,O were analytical
grade reagents recrystallized twice from water. [(CegHs)s-
As];Fe(CN)s was prepared from Ki;Fe(CN)s and [(CsH;)iAs]Cl
by a procedure similar to the one described for the tagged com-
pound. K3Co(CN)s was prepared by the method of Bigelow?
and recrystallized four times from water. K Ru(CN)s was pur-
chased from the K and K Laboratory or was prepared by the
method of DeFord and Davidson.? The prepared material was
purified by recrystallization after treating a solution with iodine
in carbon tetrachloride to oxidize Fe(CN)s*~ impurity to Fe-
(CNJs®~, which does not crystallize with K,;Ru(CN)s3H,0.

Solutions of tetraalkylammonium hydroxides were prepared
by mixing solutions of the recrystallized bromide salts (East-
man Organic Chemicals) with excess silver oxide (Mallinckrodt
purified). After reaction was complete the basic solution was
filtered, passed slowly through a Dowex 1-X4 anion-exchange
column in the hydroxide form, and filtered through a Millipore-
VC filter.

Solutions of [(CeHs)As]OH were prepared by mixing solu-
tions of [(CeH;)As|Cl and KMnO, to precipitate [(CsHj;)As]-
MnO,, which was filtered, washed thoroughly with water, and
treated with 309, hydrogen peroxide. After removal of man-
ganese dioxide by centrifugation, the solution of [{C¢H;):As]OH
was passed through either a Millipore-VC filter or a column of
Amberlite IRA-400 (OH ™) resin.

A solution of [Co(C;H;):]OH was prepared from a benzene
solution of cobaltocene supplied by Araaphoe Chemicals, Inc.
The cobaltocene was oxidized by aqueous hydrogen peroxide, and
cobalticinium picrate was precipitated from the aqueous phase.
The method of Wilkinson! was used for purification and conver-
sion to the chloride. A solution of the [Co(CsH;):] Cl was treated
with silver oxide, and the resulting solution was passed through a
Dowex 1-X4 (OH™) anion-exchange column and then through a
Millipore-VC filter.

Solutions of potassium hydroxide were prepared in several
ways. In the early work, before ethylenediaminetetraacetic
acid was added to reaction solutions, Baker and Adamson
“‘Special Low Carbonate’’ potassium hydroxide was used. Later,
when ethylenediaminetetraacetic acid was added, no difference
was observed in exchange rates determined using solutions pre-
pared from Baker and Adamson ‘‘Reagent Special’’ potassium
hydroxide and filtered through Millipore-VC filters and those

(8) J. H. Bigelow, Inorg. Syn., 2, 225 (1948).

(9) D. D. DeFord and A. W. Davidson, J. Am. Chem. Soc., T8, 1469
(1951).

(10) G. Wilkinson, tbid., T4, 6148 (1952).
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prepared from potassium bromide and silver oxide by the pro-
cedure described for the tetraalkylammonium hydroxide solutions.

Tetraphenylarsonium chloride was obtained from a variety of
sources and was purified by recrystallization twice from sodium
chloride solution and twice from water. Ethylenediaminetetra-
acetic acid was obtained from Versenes Inc. Water was redis-
tilled from alkaline permanganate solution. All other reagents
were of analytical grade.

Reactant Solutions.—For the early exchange experiments in
potassium hydroxide solutions without added ethylenediamine-
tetraacetic acid, K;Fe*(CN)s and K;Fe(CN)s were dissolved in
appropriate solutions. For most other experiments, [(CeHs)s
As]3Fe(CN)s and [(CeH)As]3Fe*(CN)e were dissolved in sepa-
rate basic solutions containing EDTA¢~;11 Fe*(CN)s®~ was then
reduced by hydrogen at a platinum plate; and each solution was
diluted .to volume, filtered through Millipore-VC filters on stain-
less-steel funnels, and collected in quartz or polyethylene con-
tainers.

According to our interpretation of the data (see Discussion)
the small concentrations of (CeHs)As™ (usually 0.0006 M) intro-
duced with reactant ions had little effect on the rate, increasing
the rate constant by only ~1 M~! sec™! at 0.1°. We checked
this conclusion by removing (CesH;)As* from two sets of reactant
solutions by passing them through an Amberlite IR 120 cation-
exchange column in the hydrogen form and into basic solution,
0.01 M KOH or 0.003 M [(n-C,Hy):NJOH. The measured rates
agreed with those predicted.

Separation of Reactants.—The reactants were separated by
extracting Fe(CN)s*~ into a solution of tetraphenylarsonium
chloride in chloroform!? in the presence of Co(CN)~ and Ru-
(CNY4~, ions which minimized the ‘‘zero-time’’ exchange.5:1
In most experiments 8 ml of aqueous reaction solution was
mixed first with 2 ml of aqueous quench solution 6 X 10~% M in
K;Co(CN)sand 6 X 10~?* M in KRu(CN)¢ and then with 5 ml of
chloroform solution 0.1 M in [(CeH;)sAs]Cl. Mixing was con-
tinued for 5 sec, and then the phases were separated by centrifu-
gation for 30 sec. The Fe(CN)®~ was back extracted from the
chloroform solution into an aqueous 0.75 M KNOj solution for
specific-activity measurements. ‘‘Zero-time’’ exchange varied
somewhat with the composition of the reaction solution but was
reproducible for a given set of conditions.

Apparatus.—A diagram of the apparatus used for most experi-
ments is shown in Figure 1; 4 ml of one reactant solution was
placed in reservoir R-1 and 4 ml of the other was placed in reser-
voir R-2, 2 ml of aqueous quench solution was placed in vessel
Q-1, and 5 ml of chloroform solution was placed in vessel Q-2.
The reactant solutions were mixed by applying a pressure of 15 psi
of nitrogen through tube S-1 to force the solutions together in
stopcock M and through it into reaction vessel RV where the
stirrer was rotating at ~2000 rpm. The reaction was quenched
by applying the pressure of nitrogen through tube 8-2 forcing the
aqueous quench solution and then the chloroform solution into
the reaction mixture.

The application of pressure was controlled by solenoid valves.
The time of exchange was taken to be the time interval between
activation of the valves and was measured by an electric timer
with a precision of +0.01 sec. Any difference between this time
interval and the ‘‘true reaction time’’ was constant for a given
set of conditions so affected only the intercept, not the slope, of an
exchange curve.

The apparatus used in the early work differed from the one
described by keeping the reaction solution under pressure in a
reservoir hetween two stopcocks for the desired time interval
and then delivering the reaction solution into a centrifuge tube
containing the two-phase quenching mixture, which was being
stirred. This apparatus worked well for experiments in which

(11) The symbol EDTA*" is used for the ethylenediaminetetraacetate
ion.

(12) L. Eimer and R. W. Dodson, Brookhaven National Laboratory Re-
port No. BNL 93 (8-8), 1950, p 69 (unpublished).

(13) K. Wolfsberg, M.S. Thesis, Washington University, St. Louis, Mo.
(unpublished).
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Figurc 1.—Drawing of the apparatus used for measurement of
exchange rates. The operation of the apparatus is described in
the text.

reaction times were short; during long reaction times leaks some-
times occurred.

Interpretation of Data,—The fraction exchange was calculated
by dividing the Fe(CN)g~ specific activity by its value after a
long exchange time when isotopic equilibrium had been estab-
lished or by the average specific activity of the reaction mixture
determined after oxidation of Fe(CN)g*~. The precision of the
fraction-exchange determinations was estimated to be ~29%.

The half-time for exchange, f1/,, was taken from an exchange
curve, a semilogarithmic plot of 1 — fraction exchange vs. the
reaction time. A typical exchange curve is shown in Figure 2.
The rate of exchange was calculated from the half-time through
the familiar relationship!¢

[A][B]
([A] + [BDiv

in which [A] and [B] represent the concentrations of the re-
actants. When the rate follows the second-order law, rate =
kTA][B], as it does for the system being discussed (sce next sec-
tion)

(1)

rate =

1
([A] + (Bt

The uncertainty in measured values of & was estimated to be
59%,. The uncertainty in concentration values was ¢stimated to
be <1%,.

ko= 2)

Results

Rate Dependence on Reactant Concentrations.—
The results from experiments in which the concen-
trations of ferro- and ferricyanide ions were varied are
shown in Figure 3. 1In all experiments one of the re-
actant concentrations was kept nearly constant at
~1.0 X 10—* M. The lines, which represent the data
quite well, all have slopes of 1.00; thus the rate law

rate = k[Fe(CN)s* ] [Fe(CN)ed] (3)

in which the concentrations are in units of gram-for-
mula weights per liter, applies under a variety of condi-
tions, and we assume that it applies under all conditions
that we have studied. Of course the value of k depends
on particular conditions, as is illustrated in Figure 3,
and this effect is discussed in later sections.

(14) See, for example, O. E. Meyers and R. J. Prestwood, “Radioactivity
Appliéd to Chemistry,” A. C. Wahl and N, A. Bonner, Ed., John Wiley and
Sons, Inc., New York, N, Y., p 7.
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(CGH5)4AS+.
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Some comments concerning the data shown in Figure
3 are pertinent. Concerning curve B, when K,Ru(CN)s
and K;Co(CN)s were not added to keep the conditions
of the electrolyte medium approximately constant,
rate law (1) was not obeyed, the rate being larger than
predicted at the lower reactant concentrations. This
effect was probably caused by trace impurities, such as
Ca?*, which converted some fraction of the reactant
ions to more reactive species (e.g., ion pairs). At low
reactant concentrations this fraction would be larger
than at high concentrations if the impurity were
present in only trace amounts. Presumably, Ru(CN)gi~
and Co(CN)g*~ combined with the impurities to about
the same extents as did the Fe(CN)g*~ and Fe(CN)¢®—,
so that at constant Fe(CN)s*~ + Ru(CN)g*~ and Fe-
(CN)e*~ + Co(CN)e?~ concentrations the fractions of
reactant ions in their reactive forms were constants.
It will be shown later in support of this postulate that
Ca?* and Ba?t are effective catalysts even at very low
concentrations and that addition of EDTA*~ to a 0.01
M KOH reaction solution does decrease the rate of ex-
change.

Concerning curve D, the absence of EDTA*~ caused
the rate to be about 159, greater at all Fe(CN)g*~
concentrations and at the lower Fe(CN)¢*~ concentra-
tions; at the higher Fe(CN)g*~ concentrations the rate
approached those determined with EDTA?*- present.
The effect is consistent with the presence of a trace
impurity, such as Ca?*, which associates extensively
with Fe(CN)¢~, the associated species heing more
reactive than the free ion.

Concerning curve E, the point at the lowest Fe-
(CN)g*~ concentration lies above the line by a little
more than the estimated experimental error. The
value was reproduced in three experiments, and a
somewhat larger value was obtained in a fourth. The
cause of the discrepancy is not known. It may have
been caused by trace impurities; it did occur under con-
ditions for which the rate was small so that small effects
due to impurities would be most noticeable.

Rate Dependence on EDTA¢~—In our early work
with potassium hydroxide solutions, reproducible
kinetic data were obtained with a given set of reagents.
Later, with other reagents, lower and varying values for
the exchange rate were obtained. When EDTA*~ was
added still lower values were obtained and were re~
producible. As shown in Table I, the exchange rate
was not appreciably affected by wvariation of the
EDTA*~ concentration in the range (1-10) X 10—* M.
The EDTA*~ concentration employed for most reac-
tant solutions was 2.5 X 10— M.

The EDTA*~ anion forms very stable complexes
with polyvalent cations, such as Ca?* and Ba?*, which
are good catalysts. We believe the complex ions formed
are probably inactive since they are negatively charged.
The complexes formed between EDTA*~ and singly-
charged cations are much less stable, and at the con-
centrations employed only small fractions of the cations
would be complexed.

Rate Dependence on Electrolyte Concentration.—As

ELECTRON EXCHANGE BETWEEN HEXACYANOFERRATE(II) anp -(III) IoNs G675

TABLE [

DEPENDENCE OF THE RATE CoNSTANT %2 (M ~1sEC™!) ON THE
ELECTROLYTE AND ON THE CONCENTRATION OF EDTA4™
(0.1°,0.0100 M XOH, 1.0 X 10™¢ M Fe(CN),4~,

1.0 X 107* M Fe(CN)®~, 68 X 10~¢ M (CsH;)Ast)

[EDTA+"]
1 X 2.5 X 5 X 10 X
XOH oM 104 M 10—+M 10=¢M 1041 M
KOH 240-355 215 225 215 205
[(CeH5)1As]OH ~37 N 28 29
[Co(CsHs)] OH . e 1050 ..
[(CH;):N]OH e s 1250 1280
[(C2H,):N]OH o . 250 245
[(n—C3H7)4N] OH e e 41 e
[(#-CsHs )3y N]OH .. . 23 21
[(n'C5H11)4N] OH e e 15

is shown in Table I and in Figure 3 the rate of exchange
is very dependent on the nature of the electrolyte
present at a concentration of 0.0100 3/ in the reaction
solution. The dependence at other concentrations is
shown in Figure 4. The large effect of electrolyte on
exchange rate appears to be associated principally with
the nature and concentrations of the cations, not of the
anions, and not with the ionic strength, as is shown in
Table II.

The results of some experiments on the effect of
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Figure 4. —Exchange rate dependence on cation concentration.
The plot for the area in the lower left-hand corner is shown en-
larged in the upper right-hand corner. Conditions: 0.1°, 6 X
10—* M (CeHs)As™, 2.5 X 10~¢* M EDTA%*, 1.0 X 104 M
Fe(CN)st—, 1.0 X 10~* M Fe(CN)s~, OH™ is other anion.
0, (CH3)4N+; ‘, (C5H5)2C0+; A, (C2H5)4N+; D, K+; A, (ﬂ'
GHuN®T; @, (CiHe)As™; 8, (n-CiHo)siN*; O, (n-CsHu )Nt
The lines represent eq 11 with the values of the parameters listed
in Table V (entries 7-14).
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TABLE II

RATE DEPENDENCE ON ANION CONCENTRATION AND IONIC STRENGTH
(0.1°, 1.0 X 107* M Fe(CN)s*—, 1.0 X 107¢ M Fe(CN)¢*—, 2.6 + 10~* M EDTA*)

Cation Anions Tonic strength ky, M "1 sec™?
0.0100 M (n-CsHy )Nt e 0.0089 M OH~ 0.0130 17.7
0.0100 M (n-CsHu}yN* ¢ 0.0039 M OH~, 0.0025 M SO~ 0.0155 17.6
0.0100 M (n-CsHy)sNT = 0.0049 A OH=—, 0.0006 M PO, 0.0144 16.9
0.0011 M HPO42—
0.0200 M (CeHj)sAs™ 0.0183 M OH~™ 0.022 59
0.0200 M (CeHs)sAs™ 0.0083 M OH~, 0.0100 M Cl— 0.022 57
0.0200 M (CeHslAs™ 0.0083 M OH ™, 0.0020 A P;04°~ 0.042 50
0.0400 M (CeHs)As™ 0.0383 M OH~ 0.043 117
0.0400 M (CeHj)Ast 0.0083 M OH—, 0.0150 M SO42~ 0.058 114
0.0400 M (CeH;)sAs™ 0.0083 M OH-, 0.0060 M P;O4*~ 0.103 91
a6 X 104 M (C6H5)4A5+.

mixed electrolytes are shown in Table III. To a first
approximation the effects of electrolytes on the rate are
additive. However, there is some indication that the
presence of (C¢Hj;)sAst slightly enhances the catalytic
effect of (CHj)uN*, whereas the presence of (n-
CsHyy)aN T decreases it.

TasLE III
RATE DEPENDENCE ON CONCENTRATIONS
OoF MIXED ELECTROLYTES
(0.1°, 1.0 X 107¢ M Fe(CN)g*™, 1.0 X 107* M Fe(CN)g®™,
2.5 X 107¢* M EDTA*~, OH~ is the principal anion)

Rate constants, M ~! sec™!

kind® ksumb kexptl¢
0.0010 M (CHg)N+ 52 74 89
0.0100 M (CeH;)sAs™ 28
0.0020 M (CH;3) N+ 133 1552 160
0. 0100 M (C5H5)4A.S+ 28
0.0010 M (CHg)N* 52 61 59
0.0100 M (n—C5H11)4N+ 15
0.0015 M (CHg) N+ 90¢ 99 80
0.0100 M (n-CsHu)N* 15
0.0020 M (CHy)N* 133 1424 113
0.0100 M (n-CsHy )N+ 15 f
0.0010 M (CH,), N+ 52 } 68 68
00100 11f (ﬂ-C4H9)4N+ 22
0.0010 M (CH,) N+ 52 } 87 87
0.0100 M (n-CsHp) N+ 41
0.0100 M (CsHj)As* 28 } 36 36
00100 1M (n-C5H11)4N+ 15
0.0100 M (CsH;)As* 28 ) 34 26
0.0050 Af (n-CsHy )N+ 12 f

@ The value of the rate constant determined for the solution
of the individual cation plus 6 X 107¢ M of (CsH;)sAsT. P The
sum of the rate constants for solutions of individual cations minus
6 M~1 sec™, the extrapolated value at 6 X 1074 M (CeH;)sAs™
(see Figure 4). ¢ The experimental value for a solution con-
taining a mixture of the indicated cations plus 6 X 10-¢ M of
(Ce¢Hjy)sAst. @ Solution 0.0020 M in Br—. ¢ Interpolated value.

For the study of the effect of multicharged cations,
EDTA%~ cannot be used to suppress the effect of im-
purities because extensive reaction occurs between
EDTA*- and the cations. Therefore, in order to obtain
some knowledge of the effects of these cations, the
following experiments were performed. Stock solu-
tions of the reactants 0.0100 M in [(C¢Hs):As]OH were
prepared,’® and the exchange rates were determined

(15) The reactant solutions for these experiments were prepared by
passing solutions of KsFe(CN)s and KsFe*(CN) through Dowex-50 (H*)
resin columns into solutions of [(CsHs)sAs]OH.

with and without added CaCl,, BaCly, or KCl. The
differences in rates were attributed to the effects of the
added cation and are shown in Figure 5.

A pair of experiments on the effect of hydrogen ion
on the rate was performed as above except the reactant
solutions 0.0100 M in [(CeH;):As]OH were neutralized
either with boric acid to pH 8.8 or with acetic acid to
pH 4.9. The measured exchange rates were 3.6 X
1077 and 12.0 X 1077 3 ~!sec?, respectively, for 1.0 X
10—% M reactant concentrations, and the difference
was attributed to the effect of H+. Ethylenediamine-
tetraacetate ion was present, but being in acidic forms
probably had little effect on impurities. The rate con-
stant determined at pH 8.8 agrees with those deter-
mined at pH 12.0 in the absence of EDTA*~ (see Table
I).

Rate Dependence on Temperature.—The rate of
exchange in various electrolyte solutions was measured
as a function of temperature. The results for a number
of solutions are plotted in Figure 6. The lines represent
the equation

VE/ 1 1V!

b= o7 - )

in which R is the gas constant, £ is the rate constant

at the absolute temperature 7, and ko.; is the rate con-

stant at 0.1° (absolute temperature 7y, = 273.3°K).

The parameters k.1 and £ were adjusted by the method

of least squares® to give the best representation of the

data. The derived values of kg1 and E are listed in

Table IV; the uncertainties shown are the standard
deviations derived in the analysis.

(4)

Discussion

Electrolyte Effect.—The large and specific effects
of cations on the rate of electron exchange between
Fe(CN)¢*~ and Fe(CN)g*~ strongly suggests that cat-
ions participate in the reaction. The participation
may be through ion association with the reactants to
give species, such as ion pairs, which undergo electron
transfer more rapidly than do the unassociated reactant
ions. The greater reactivity of ion pairs, ete., could
be associated with the reduction by the cation(s) of

(16) The least-squares analysis was made with the computer program of
L. A. Busing and H. A. Levy, Oak Ridge National Laboratory Report No.
ORNL-TM-271, 1962 (unpublished). The program was modified for use
with an IBM-7072 computer by IR. A. Rouse and B. R. Erdal.
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Figure 5,—Change in rate with addition of cations. Indicated
uncertainties are calculated for 5%, uncertainties in each of the
two rates measured. Conditions: 0.1°, 0.0100 M (Ce¢H;)As™T,
1.0 X 1074 M Fe(CN)st™, 1.0 X 10™* M Fe(CN ).
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Figure 6.—Rate dependence on temperature. Conditions:
1.0 X 107* M Fe(CN)e*—, 1.0 X 10~* M Fe(CN)?®~,6 X 104 M
(CeHsuAs™, 2.5 X 10—t M EDTA*~, 0.010 M base. ¢, [(CH;4N}-
OH; e, [(GH;):Co]OH; O, KOH; 4, [(C:H;uN]JOH; A,
[(n-03H7)4N]OH; o, [(C5H5)4AS]OH; u, [(n-C4H9)4N]OH; O,
[(#-CsH11)sN]JOH. The lines represent eq 4 with the parameters
listed in Table IV.

the Coulombic repulsion between the highly charged
ferro- and ferricyanide ions in an activated complex.
The proposed mechanism is illustrated by the series of
reactions below. Rapid equilibria

M+ 4+ Fe(CN)gt~ == MFe(CN)s*~ K. (5)

M+ + Fe(CN)g*~ > MFe(CN)g*~ Ky (6)
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TABLE IV
RATE DEPENDENCE ON TEMPERATURE
(1.0 X 10~* M Fe(CN)et, 1.0 X 107¢ M Fe(CN)g ™,
2.5 X 107t M EDTA¢)

Temp ko1, E,

Solution range, °C M1 sec! kcal mole ™!
0.0100 M [(CH;)«N]OH® 0.1-20.8 1260 &= 20 0.3=0.2
0.0100 M [(C2H5)4sN]OH? 0.1-20.6 250 % 10 0.6 =0.3
0.0100 M [(n-CsH7)sN]JOH® 0.0-20.6 40.6 = 0.9 5.2x0.4
0.0100 M [(n-C4Ho)sN]JOH? —0.1-20.6 23.1£0.3 5.0x0.2
0.0103 M [(n-CsH11)4sN]OH® —0.1-20.7 15.6 = 0.4 7.8 0.5
0.0050 M [(n-CsHi1)aN]JOH? 0.1-20.7 11.94+0.4 7.0£0.4
0.0030 3 [(n-CsHy)«{N]OH®?® 0.1-20.7 9.9£0.3 7.6+£0.3
0.0010 M [(»-CsHu)«N]OH®* 0.1-20.7 7.9+0.3 8.5@0.5
0.0406 M [(CeHs):As]OH 0.1-30.8 111 £ 3 7.2+£0.3
0.0200 M [(CsH)4As]JOH _ 0.1-31.0  61.6=2.1 6.1=0.3
0.0103 M [(CsHs)sAs]OH!! % 0.1-31.1  28.2x0.3 6.3+0.2
0.0056 M [(CsHz)eAs]OH 0.1-30.8 18.6 = 1.5 5.5+ 0.7
0.0100 M [Co(CsHs):]JOH? 0.1-20.6 1050 & 60 —1.0+0.8
0.0100 M XOH* 0.1-20.8 226 4= 3 6.0x0.2
0.0105 A KOH?® 0.1-29.8 356 = 2 4.6x0.2

e Solution 6 X 10~¢ M in (C¢H;)Ast. ? The value of % at
0.1° was not measured; a value of 10.0 &= 0.5 M ! sec™! was
calculated from eq 11 and the parameters listed in Table V,
entry 7. ¢2.0 X 1074 M Fe(CN)*™, 2.0 X 10~* M Fe(CN)g#~,
EDTA*" not present,

Rate-determining steps

Fe(CN)g!~ + Fe(CN)g?~ L (7
MPFe(CN)s?~ + Fe(CN)gt™ L (8)
Fe(CN)s*~ + MFe(CN)az”ﬁ; €))

MFe(CN)e?~ + MFe(CN)g?~ s (10)

Additional paths involving M,Fe(CN)g?~ or M-.Fe-
(CN)s— and an unassociated reactant ion could be in-
volved and would be kinetically indistinguishable from
the path represented by eq 10; for simplicity, however,
we consider only this latter path.

There is considerable evidence for association of
cations with ferro- and ferricyanide ions. Larsen and
Wahl” showed by nuclear magnetic resonance measure-
ments that ferricyanide ion associates with tetra-
methyl-, -ethyl-, -z-propyl-, and -m-butylammonium
ions. If only ion-pair formation were assumed, values
of the equilibrium quotients Ky obtained were ~10 /!
for solutions 0.01 to 0.11 M in the ferricyanide salt at
25°.

Chlebek and Lister!® measured with a cation-sensitive
glass electrode the extent of association of potassium
ion with ferro- and ferricyanide ions. They found the
equilibrium quotients K, and Kp to be 31 M~ and 7
MY, respectively, at ionic strength 0.1 M and 24.65°;
values of 19 M ! and 5 M~ can be calculated for 0°
from their data. Extrapolation to infinite dilution gave
equilibrium-constant values of 170 and 25 at 24.65°:

Conductivity data and optical absorption measure-
ments can also be interpreted in terms of ion-pair for-
mation. The reported formation constants at 25° are
about 20 and 700, respectively, for potassium and cal-
cium or barium ion pairs with ferricyanide ion and
about 200 and 6000, respectively, for the same cations

(17) D. W. Larsen and A. C. Wahl, I'norg. Chem., 4, 1281 (1965).
(18) R. W. Chlebek and M. W. Lister, Can. J. Chem., 44, 437 (1966).
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TABLE V
CaTioN CATALVYSIS OF THE EXCHANGE REACTION PARAMETERS IN BEQUATION 11¢

k', M2 kY, M8

Radius, AP kx, M~ sec™! sec™! X 103 sec=! X 10-8 K, M- K’ M=
(n-CsHy JaN + 5.3 6.8+0.3 1.41+=0.10 0 32+4 0
(n-CsH uN T+ 4.9 5.8=0.4 2.20£0.20 0 25 £ 5 0
(n-CsHy sN T 5.3 7.0+£0.3 1.07+0.13 0 11+£7 220 £ 80
(n-CyH )N+ 4.9 6.1 0.4 1.8440.25 0 9+ 10 230 == 130
(n-CsHp uN T 5.3 7.0£0.2 1.20 %= 0.02 0 20 100
(n-CiHy) N+ 4.9 59=+0.3 2.114+0.05 0 20 100
(n-CsHuy uN T+ 5.3 6 1.28 = 0.04 0¢ 20 100
(n-CyH )N+ 4.9 6 2,10 = 0.04 0¢ 20 100
(CeHj)sAs™ ¢ 4.7 4.8 +0.3 2.06 £0.10 8.1+0.4 20 100
(n-CsH7)sN T 4.5 6 3.80 = 0.22 4.2+0.9 20 100
(CoHp)aN T 4.0 ¢] 15.8£0.7 128 = 8 20 100
Co(C;H;). 3.6 6 28 += 4 970 4= 70 20 : 100
(CH3) Nt 3.5 6 40 £ 4 1230 == 90 20 100
K+ 1.3 6 11.0x%1.1 143 £ 12 20 100
(CeH;)4As™ d 4.7 4.24+0.5 2.45 %= 0.08 0 0 0

@ Reaction solutions: 0.1°, 1.0 X 10~* M Fe(CN)s*™, 1.0 X 107* M Fe(CN)s*~, 2.5 X 1074 M EDTAY, 6 X 107* M (CsHslAs™,

1 X 1073to 5 X 1073 M in designated cation.
were determined by least-squares analysis of the data.

Values of kinetic parameters without errors were held constant while values with errors
b Radii were estimated by Robinson and Stokes’ method [R. A. Robinson and

R. H. Stokes, ‘‘Electrolytic Solutions,” Academic Press Inc., New York, N. Y., 1955, pp 119, 120} from the molar volumes of compounds
of similar structure, e.g., of Fe(C;H;), for the Co(CsH;)s™ radius, except the radius given for K* is its crystal radius [¢bid., p 450].

¢ When £’ was allowed to vary, the values were negative or were within the standard error of zero.

4 A value of £ = 6.0 £ 0.3 M1

sec™! was assumed for 6 X 107¢ M (CeH;)sAs T solutions in the least-squares analysis.

paired with ferrocyanide ion.'* The theory of Fuoss®
predicts constants of about 50 and 20 at 25° for the
association of monovalent cations with ferro- and
ferricyanide ions, respectively, when the distance of
closest approach is 8 A, a reasonable distance for the
reactant ions (radii = 4.4 A)?! and most of the cations
investigated (see Table V).

None of the values for the association constants or
quotients applies to the conditions of the isotopic-
exchange experiments, and the corrections that would
be required to make them applicable are uncertain and
could be large. Therefore, we adopt a semiempirical
approach in interpreting the effect of electrolytes on ex-
change rate.?2—2

Olson and Simonson® proposed that the variation of
the rate constant %2 with electrolyte concentration could
be represented by an equation of the form
_ kx4 B M £ #7[M]

T KM + K7[M]?

k (11)

in which [M] is the formal concentration of the cation,
and kx, &', k', K’, and K'' are adjustable parameters.
Equation 11 has the form to represent the reaction

(19) L. G. Sillén and A. E. Martell, “Stability Constants of Metal Com-
plex Tons,” The Chemical Society, London, 1864, pp 101-103.

(20) R. M., Fuoss, J. Am. Chem. Soc., 80, 5059 (1958).

(21) E.R. Nightingale, Jr., J. Phys. Chem., 68, 1381 (1959).

(22) We have also investigated the Bronsted—Bjerrum interpretation.?s
Ion-pair formation constants were estimated from Bjerrum’s theory,? ac-
tivity coefficients were estimated from an extended form of the Debye—Hiickel
limiting laws, and rate constants weve evaluated by adjusting values to give
reasonable representations of the data., This treatment, presented at the
142nd National Meeting of the American Chemical Society, Atlantic City,
N. J., Sept 1962, is more complex than the one presented in the text and
is no more informative about the reaction mechanism. In addition it pre-
dicts an increase in rate with increasing ionic strength, a correlation that is
not observed (see Table II),

(23) See, for example, S. W. Benson, ‘““The Foundations of Chemical
Kinetics,” McGraw-Hill Book Co., Inc., New York, N. Y., 1960, p 525.

(24) N. Bjerrum, Kgl. Danske Vedenskab. Selskab, T, No. 9 (1926); H. S.
Harned and B. B. Owen, “The Physical Chemistry of Electrolytic Solu-
tions,” Reinhold Publishing Corp., New York, N. Y., 1958, p 70.

(25) A. R. Olson and T. R. Simonson, J, Chem. Phys., 1T, 1167 (1949).

paths that have been discussed, if the assumptions are
made that a negligible fraction of a cation is associated
with anions and that equilibrium quotients and rate
constants do not vary with electrolyte concentration in
the range investigated. For these assumptions and for a
single cation, as existed in the tetraphenylarsonium
hydroxide solutions, the relationship between the con-
stants in eq 11 and those for reactions described in eq
5-10 is

Bx = R (12)

k' = kuKa + kK (13)
B = kK.Ky (14)
K' = Ki + K (15)
K" = K,K, (16)

For solutions containing two cations (M and M’)
one of which (M’) is present at low concentrations and
thus associates to a negligible extent with the reactants,
the situation for many reaction solutions in which
(CeHs)sAs™ was present at 6 X 107* M, eq 11 still
applies, but
(17

Other terms involving functions of [M']? and [M']:
[M] are assumed to be unimportant because of the small
value of [M’] and because removal of the small amounts
of (C¢Hs)sAst from several solutions affected the rate
very little.

The kinetic data are not sullicient to evaluate all
five parameters in eq 11, so the following procedure was
adopted to obtain a good representation of the data
with reasonable values of parameters.

(1) The constant kx was taken to be the same at a
given temperature for all reaction solutions, except for
solutions containing tetraphenylarsonium ion as the
only cation, and was evaluated from kinetic data for
tetra-n-pentyl- and tetra-z-butylammonium hydroxide

Bx = B+ k' [M]
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solutions by a least-squares procedure.’® Values of
k. and k' were calculated for various values of the other
parameters, and as shown by the first six entries in
Table V the value of &k« is not very dependent on the
values of the other parameters used. A valueof kx =
6 M~ sec™! was chosen for subsequent calculations.

(2) The data were about equally well represented
by eq 11 with values of K’ and K’/ of 30 M ~tand 0 M2,
respectively, or with values of 20 M —! and 100 M2
respectively, and other combinations undoubtedly
could have been found.?® However, in view of the
relationships expressed in eq 15 and 16, the latter com-
bination was chosen because the values are of a reason-
able magnitude (e.g.,if K, = 14 M~tand Ky, = 7 M,
K' =K.+ K, =21 Mtand K" = K.Ky, = 98 M ~2).

The values of the parameters listed in Table V repre-
sent the data well, as shown by the lines in Figure 4,
and thus are useful for interpolation and extrapola-
tion of data. Also, the values may have some physical
significance as discussed in the following paragraphs.

It is interesting that the values of 2’ and %’/ vary in-
versely with the size of the cation, except for K+, as is
shown in Table V. Since activity coefficient correc-
tions should be of a similar magnitude for the various
systems and since there is no evidence for appreciable
change in Ky in the tetraalkylammonium ion series?
and, therefore, presumably not in K, either,? most of
the change in 2’ and &’/ must be due to changes in rate
constants (kia, k1, and k; in eq 18 and 14). The infer-
ence that the smaller the cation the more effective it is
as a catalyst is a reasonable one, since the small cations
would be most effective in reducing the Coulombic re-
pulsion between the reactants. The deviation of the
effect of K+ from the general trend may be due to
involvement of the hydrated ion rather than the un-
hydrated ion, although the estimate? of 3.3 A for the
hydrated radius is not quite large enough to account
for the effect of K+ on the basis of size alone.

Very rough estimates of the rate constants ki, and
k; can be made by assuming ki, = ki, and dividing &’
by 20 M~ and by dividing £’/ by 100 M % The esti-
mated values of %, increase from ~60 to ~2000 M—!
sec™!, and the values of %, increase from ~0 to ~10°
M —2 sec! with decreasing cation size. The large range
of &, values may indicate that an activated complex can
contain more than one cation in effective positions only
if the cations are relatively small.

For reaction solutions containing H+, Ca?t, or Ba?*
values of ki, can be estimated to be ~1000 M ! sec™?
if it is assumed that the path described in eq 8 accounts
for the catalytic effects of H+ at low concentration and
that analogous paths account for the effects of Ca?t
and Ba?*. The values of the association quotients
used are 7 X 10% M ! for HFe(CN)¢3— (the measured
value at ionic strength 0.01%) and 1.3 X 10% M~! for
BaFe(CN)¢2~ and CaFe(CN)s2~ (the measured value
for BaFe(CN)s?~ at ionic strengths (0.1-1.5) X

(26) The data for (CsHs)sAs™ solutions were also well represented by
setting both K’ and K’/ equal to zero (see last entry in Table V),
(27) J. Jordan and G. J. Ewing, Inorg. Chem., 1, 587 (1962),
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102 %), It appears, therefore, that the effectiveness
of HT, Ca?*, and Ba®* as catalysts is due to the large
constants for association of these ions with Fe(CN)g*~
and not to unusual reactivity of the ion pairs with Fe-
(CN)e*~.

The nmr investigation by Shporer, Ron, Loewenstein,
and Navon’ of the exchange reaction at high concen-
trations of K,Fe(CN)s and K3Fe(CN)s (1.4-2.8 M K+)
gave rate constants in the range (7-16) X 10% M1
sec™! at 32°. Calculations with eq 4 and 11 and the
parameters for K+ in Tables IV and V give estimated
values of % in the range (4-11) X 10* M~ sec™! for the
above conditions. The agreement is probably for-
tuitous because in extrapolating over two orders of
magnitude of concentration, changes in activity-coef-
ficient corrections and possibly also in reaction paths
are to be expected. The calculations do indicate, how-
ever, that a large fraction of each reactant is paired
with K+ and that the path represented by eq 10 is the
only one of importance at the high K+ concentrations.
Under these conditions eq 11 reduces to & = k,, indicat-
ing that the nmr determined rate constants may be a
measure of k.. The value of k&, for K+ at low con-
centration and 0.1° estimated from the radiochemical
data is ~1.4 X 10* M~! sec™!; this value may be
compared with the value of 3.5 X 10* /! sec™! from
the nmr measurements at ~1.75 M K+ and corrected to
0.1°.

The activation energy for exchange of 4.2 kcal/mole
determined by the nmr method for high K+ concentra-
tions is fairly close to the values determined for 0.01
M K+ solutions, 6.0 kcal/mole (in the presence of
EDTA*") and 4.6 kcal/mole (in the absence of
EDTA*"). However, for 0.01 M K7 solutions, ex-
change occurs about equally through paths represented
by eq 8 or 9 and 10, according to the proposed model,
so the activation energies from the two methods are
probably not for the same processes.

1t is interesting that at high (~1 2/) concentration
of H+ and Ca?*, the exchange rate constants from the
nmr measurements’ at 32° are <4000 and <6700 A1
sec™!, respectively. It thus appears that the catalytic
effects of these ions level off or decrease at high con-
centrations, a deduction which suggests that the rate
constants for paths involving several cations are not
especially large (much smaller than those involving
(CHy)4N T, for example).

We looked for such leveling effects at 0.05, 0.10, and
0.35 M [(CH,).N]JOH, but found complete exchange in
reaction times of 1.5 sec. Since extensive exchange could
have occurred during the separation, no limit could be
set on the rate constant.

There is no evidence that the cations participate in
the actual transfer of an electron. The catalytic ef-
fects of both (CeH;)s:Ast and Co(CsHs),t are appro-
priate for their sizes, although both ions have some
aromatic character and might be thought to provide an
easier path for electron transfer than would the tetra-
alkylammonium ions. It should be noted, however,

(28) S. R, Cohen and R. A, Plane, J. Phys. Chem., 61, 1096 (1957).
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that all cations investigated are very difficult to re-
duce and so present a high barrier to electron transfer,
possibly so high that the path involving a bridged
activated complex in which the electron passes through
the cation may not compete effectively with other paths
involving activated complexes in which a cation is off
center and electron transfer from Fe(CN)g*~ to Fe-
(CN)s*~ occurs either directly or through some solvent.
With reference to Table II, the small decrease in %
observed when hydroxide ion is replaced by polyvalent
anions can be explained by ion pairing. The observed
rate constants are appropriate for the lowered cation
concentrations that would result from pairing of each
phosphate or tripolyphosphate ion with one cation.
With reference to Table III, the effect of mixtures of
electrolytes on the exchange rate can also be under-
stood qualitatively in terms of the model that has been
proposed. For the solutions studied, only small frac-
tions of the reactant ions are tied up as ion pairs so,
if a second cation is added, its catalytic effect will be
nearly independent of the concentration of the first
cation, and, to a first approximation, the rate of ex-
change in the mixed electrolyte solution will be the sum
of the rates for reaction solutions containing the in-
dividual cations. To a second approximation, how-
ever, reactants tied up with a poor catalyst (e.g.,
(n-CsHyy)«NT) are not available to combine with a
good catalyst (e.g., (CH) NT), and the rate will be
somewhat less than the sum. The slightly larger rate
of exchange in (C¢Hj)iAst—(CH,): N+ mixtures than
predicted by the sum rule could be due in part to very
little association of (CeHj;)sAs™ with the reactants—
note that the kinetic data for [(C¢H;):As]OH solutions
can be represented by a linear function (last entry in
Table V)—and/or in part to electron transfer between
one reactant paired with (Cs¢H;)sAs* and the other
with (CH;)uN*. Also, the small deviations from the
sum rule could be caused by changes in rate constants
and equilibrium quotients with changes in the elec-
trolytic medium. Perhaps more significant than the
small deviations from the sum rule is the fact that it
applies even approximately, an indication that there is
little change with changing media of the various ac-
tivity-coefficient corrections for equilibrium and rate
constants or that the net effect of such changes is small.
Rate at Zero Cation Concentration.—The rate con-
stant &% for exchange in the absence of electrolytes at
several temperatures was estimated by extrapolating
data for reaction mixtures eontaining (1-Cs;Hn)sN* and
(CeHs)4As™ to zero cation concentration. Equation 11
was used with K’ = 20 and £/ = 100.2? The data for
0.001-0.01 M (n-CsHy)4NT solutions at 0.1, 10.8, and
20.7° were extrapolated to [(#n-C;Huy)dN*] = 0 M,
[(CeH3)4AsT] = 6 X 10—* M, and the values of Ay
obtained were used with %2 values for more concen-
trated (CsH;)As™ solutions to extrapolate to [(CeHs)s-

(29) Linear extrapolation (eq 11 with 4/, K/, and K’’ = 0) was also
employed and gave results very similar to those described in the text.
Extrapolation using the Bronsted—Bjerrum equation?? gave somewhat lower
values of %9, but the activat on energy calculated was essentially the same
as the values obtained by the other extrapolation methods,
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As*t] = 0 M. Figure 7 illustrates the procedure. The
values of 2 at 0.1, 10.8, and 20.7° for 0.0056, 0.0103,
0.0200, and 0.0406 M (CgH;)sAs™ solutions were cal-
culated using eq 4 and the parameters in Table IV,

L 1 i

| | |
0 0.01 002 003
Total cation concentration, M

!
004

Figure 7.—Extrapolation to zero cation concentration. Condi-
tions: 1 X 10=% M Fe(CN)st—, 1 X 10~ M Fe(CN)s~, 2.6 X
10~* M EDTA*". @, [(#-C;Hu)N]OH solutions, 6 X 10~ M
(CeHs)iAs™; O, 6 X 10™* M (CeHsuAs™ (value of k extrapolated
from data for [(#-C;H;3)JN]OH solutions); O, [(CeHj)sAs]OH
solutions, Lines represent eq 11 with KX’ = 20 M, K’' = 100
M=% and for the broken lines &'’ = 0 A2 sec™1; other param-
eters were adjusted by the method of least squares.

The values of £° derived were 5.9, 11.3, and 19.2 i/ !
sec™! at 0.1, 10.8, and 20.7°, respectively. The tem-
perature dependence of the £° values is represented by
eq 4 with values of by = 6.0 M~1sec™!and E = 9.1
kcal/mole determined by the method of least squares.!
From these values the Arrhenius constant 4 may be
calculated to be 1.1 X 108 M~ sec—1, and the thermo-
dynamic quantities associated with the absolute rate
theory® may be calculated to be AST = —24 cal/deg
mole and AGT = 15.6 kcal/mole. Although the values
are derived from extrapolated %° values, they are prob-
ably reasonably good since the #° values are not very
dependent on the function used for extrapolation® and
because the values are similar to those for the most
dilute solution investigated, 0.001 M [(n-CsHy).N JOH,
for which catalytic effects are minimal.

It would be interesting to compare the experimental
AG ¥ and AS¥ values with experimental values for other
similar reactions and with values predicted from theory.
Unfortunately, only a few similar reactions have been
investigated,3:®? and none has been investigated under
conditions that allow extrapolation to zero electrolyte
concentration.

(30) S. Glasstone, K. J. Laidler, and H, Eyring, “The Theory of Rate
Processes,” McGraw-Hill Book Co., Inc.,, New York, N. VY., 1941, pp 195,
199,

{31) N. Sutin, Aun. Rev. Nucl. Sci., 12, 285 (1962).

(32) J. Halpern, Quart., Rev. (London) 16, 207 (1961).
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A great deal of work has been done on the theory of
electron-transfer reactions, much of it by Marcus,33~3%
who has also written a review of the subject.¥” In the
Marcus formulation

k = xpZ exp(—AG*/RT) (18)

The symbol « represents the transmission coefficient,
which is usually assumed to be ~1 i.e., unit probability
of electron transfer when other conditions are proper,
an adiabatic reaction; p represents the square root of
the ratio of the mean square deviation in reaction dis-
tance to the mean square deviation in perpendicular
distance above the reaction hypersurface and is usually
assumed to be ~1;% Z is the bimolecular collision
number; and for exchange reactions AG* is the sum
of a work term, w, giving the energy required to bring
the reactants together, and a reorganization term, A/4,
giving the energy required to adjust the coordination
spheres of the reactants to equivalent energies before
electron transfer, as required by the Franck—Condon
principle. AG* is related to AGT by the equation

AG* = AG¥ 4 RT In (Zh/kT) + RT ln (xp)  (19)

k and k being the Planck and Boltzmann constants.

For evaluation of w and A a model must be assumed.
The only model for which detailed calculations have
been made involves spherical reactants in a continuous
and unsaturated dielectric medium.3%3* For these condi-
tions AG* is equal to the sum of the free energies of
activation due to Coulombic repulsion (¢) and reorgani-
zation of the outer (0) and inner (i) coordination
spheres; thus AG¥ may be calculated from

AGF = AGTF + AG.F + AGF — RTlnkp — RT lu (hZ/kT)
(20)

=57+ 52+ 0+ 0+ 1.7 = 12.6 kecal/mole

The values of the terms were calculated from expres-
sions given in the literature®' —% on the assumptions that
the reactants touch in an activated complex (8.8 A be-
tween center), that 2p = 1, and that AG;¥ = 0. Simi-
larly

ASF = ASTF 4+ AS,F + AST + Rluko +
Rln (hZ/kT) — R/2 (21)
= 2644+ 06 +0+0—57 —10 = —32.5 cal/deg
mole

The difference of 3.0 kcal/mole between the experi-
mental and theoretical values of AGT corresponds to a
factor of ~10? in k. There are a number of possible
reasons for the discrepancy, including the approximate
nature of the model itself. The reactants, though
spherically symmetrical, are not spheres, and from an
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(36) R. A. Marcus, J. Chem. Phys., 48, 679 (1965).

(37) R. A, Marcus, Anun. Rev. Phys. Chem., 16, 1155 (1964).
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examination of molecular models there appears to be
space for water molecules between the cyanide ligands.
In addition, the approximation of a continuous and
unsaturated dielectric medium must break down near
the reactant ions. Marcus has pointed out that di-
electric saturation to some degree may exist near the
highly charged reactant ions; this effect would increase
AG.™, because the effective dielectric constant is lower
than the bulk value, and would make AS,™ less nega-
tive because the solvent medium is less reorientable. 32
In addition, a dielectric image contribution to AG,* of
~89%, would further increase AGT by ~0.5 kecal/
mole. %3 These changes are in the direction to
reduce the discrepancy between theory and experi-
ment.

Marcus has also pointed out that electron transfer
may occur at various distances when w is high and A/4 is
low and that p could exceed unity then,® thus making
AST less negative and decreasing AGT. Again, if the
reaction distance were 9.8 A, rather than 8.8 A, AGF
would be further decreased by 1.3 kcal/mole and AS™
wotild be further increased by 3.1 cal/deg mole.*® These
changes would increase the discrepancy for AGT and
would decrease it for AS™.

If the Fe~C bond distances in the reactants are as-
sumed to differ by 0.05 A, and if force constants for the
bonds in both reactants are taken to be 2 X 105 dynes/
cm,® AGF would be ~1.0 kecal/mole, and AS;* would
be ~0. This change would reduce the discrepancy for
AG™.

If x were 10~2, AG¥ would be increased by 2.7 kcal/
mole and AS* would be decreased by 9.2 cal/deg mole,
This change would bring the theoretical and experi-
mental AG™ values into agreement but would double
the AS* discrepancy.

The above discussion shows that there is considerable
latitude for modifying the model within the basic theo-
retical framework® and indicates that both theoretical
and experimental studies of dielectric saturation would
be worthwhile undertakings. The experimental studies
could be of other electron-transfer reactions between
large ions with low charges, systems for which dielec-
tric saturation would be minimal. The reactions should,
of course, be studied in dilute solutions where reaction
paths involving ion pairs are unimportant,
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