Volume 9

Number 6

June 1970

Inorganic Chemistry

© Copyright 1970 by the American Chemical Socsety

Medium Effects on the Exchange of

CONTRIBUTION FROM THE DEPARTMENT OF CHEMISTRY,
UNIVERSITY OF COLORADO, BOULDER, CoLorRaDO 80302

Chlorochromium(III) Ion and Chromium(I) Ion’

By RONALD V. JAMES ano EDWARD L. KING

Recewed October 7, 1969

The exchange of chromium-51 between chromium(II) ion and chlorochromium(I1I)ion has been studied as a function of tem-
perature in aqueous 5 M perchlotic acid and in 0.010-0.20 M perchloric acid solutions in water-dioxane (mole fraction of

dioxane (Z) = 0,0.048, 0.12, and 0.23).

In the solvents with Z = 0.12 and 0.23, pathways involving perchlorate ion play an

important tole in the exchange reaction. Activation parameters (for electrolyte-free solution) are AH ¥ = 6.2 keal mol~'and
ASF = —37calmol-tdeg~tat Z = 0,and AH¥ = 7.9kcal mol~*and 45F = —33 cal mol~ deg~! at Z = 0.048.

The exchange of chromium between chlorochromium-
(I1I) ion and chromium(II) ion in solution occurs by an
inner-sphere mechanism, a chloride ion bridged transi-
tion state being demanded by the absence of mnet
aquation of chlorochromium(III) ion during ex-
change.2® The net activation process for exchange is

(H:0):CrCl12+ + Cr(OH,)g2 ™ =

{(HgO);,CrClCr(OH,)a“*} * + Hzo
with a second-order rate coefficient related to the
half-time for exchange by*

0.69%«
([Cr2+] + [CrClty,

kB o=

in which g« is the activity of the water. Since this
transition state is well-defined, the reaction is an ideal
one for study of medium effects. The present paper
deals with studies of the dependence of the rate of
exchange upon ionic strength (range I = 0.001-0.2
M) in solvents with Z = 0, 0.048, 0.12, and 0.23,
where Z is the mole fraction of dioxane with only the
solvent components taken into account. The tempera-
ture was varied at most of the concentration con-
ditions, providing activation parameters for this
reaction, which previously had been studied®?® only
at 0°. In addition the reaction was studied in 5 M
perchloric acid over the temperature range —15 to
—37° to provide activation parameters for the reaction
in this medium.

(1) (a) Based in part on the M.S. thesis (1967) and Ph.D. thesis (1969)
of R. V. J. (b) Supported in part under Contract AT(11-1)-1286 between
the United States Atomic Energy Commission and the University of Colo-
m%;; H, Taube and E. L. King, J. Am. Chem. Soc., 76, 4053 (1954).

(3) D.L.Balland E. L. King, ibid., 80, 1091 (1958).

(4) A. A, Frost and R. G. Pearson, ‘Kinetics and Mechanism,” John
Wiley and Sons, Inc., New Vork, N. V., 1961, pp 192-193.

Experimental Procedures

Reagents.—Water was doubly distilled, having been passed
through a Barnstead deionizing column between distillations.
The second distillation was from an all-Pyrex still. Dioxane
(Reagent grade, Matheson Coleman and Bell) was purified by
distillation at atmospheric pressure from lithium aluminum
hydride.? Perchloric acid solutions containing chlorochtomium-
(III) ion as the only chromium(III) species were prepared by an
ion-exchange separation of the species present in an acidic solu-
tion in which #rans-dichlorochromium(III) ion had aquated in-
completely.® Chromium(II) perchlorate solutions in dilute
perchloric acid were prepared by dissolving high-purity chromium
metal (99.9999, pure; obtained from the United Mineral and
Chemical Corp.) in 0.5 M perchloric acid.” Chromium-51 was
obtained in the form of chromium(III) in 0.5 M hydrochloric
acid. This was allowed to exchange with chromium(II),® which
in turn was allowed to exchange with chlorochromium(III), which
then was purified by ion exchange. Lanthanum(III) perchlorate
was prepared from the oxide and perchloric acid; the salt was
recrystallized from 0.1 M perchloric acid. Dowex 50W-X8
resin was used in all column separatibns of species.

Equipment.—Spectrophotometric measurements were made
using a Cary Model 15 spectrophotometer. Constant-tempera-~
ture baths were employed which regulated temperatures to
+0.02° above 0° and to #0.2° below 0°. Determination of
radioactivity was performed using a Packard Tri-Carb liquid-
scintillation spectrometer.

Analyses.—Analysis for chromium was made by conversion
to chromate ion with alkaline hydrogen peroxide; chromate ion
then was determined spectrophotometrically.? Dioxane (at Z <
0.23) does not interfere with this analysis. Chromium(II)at low
concentrations was analyzed by its reaction with chromium(VI)
in acidic solution (1 M perchloric acid); the chromium(VI) con-
sumed was determined from the decrease in light absorption at
348 nm. Activity due to chromium-51 was determined using
liquid-scintillation techniques. The spectrometer was adjusted

(5) R.L. Augustine and J. A. Caputo, Org. Syn., 45, 80 (1985).

(6) H.S. Gates and E. L. King, J. Am. Chem. Soc., 80, 5011 (1958).
(7) J. P.Fackler, Jr., and D. G. Holah, Inorg. Chem., 4, 954 (1965).

{8} A.Andersonand N. A, Boaner, J. Am. Chem. Soc., 76, 3826 (1954).
(9) G.W. Haupt, J. Res. Natl. Bur. Std., 48, 414 (1952).
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to bracket the 0.323-MeV radiation of this nuclide. A solubilizer
(Bio-Solve, obtained from Beckiman Instruments) was used to
make the aqueous solutions studied soluble in the toluene-rich
scintillation liquid.

The Binding of Dioxane to Chromium(IIl).--To check on the
possible binding of dioxane to chromium(I1l), a perchloric acid
(0.1 M) solution of cliromium(11l) perchlorate with a (.23 mole
fraction of dioxane was heated for 3 days at 60°. Ion-exchange
procedures at 0° similar to those employed in other studies® were
used to separate free solvent from chromium(III). Analysis of
eluted chromium(I1I) showed no bound dioxane (ioles of bound
dioxane/mol of chromium(IIl) <0.05). It is possible that a
dioxane—chromium(III) species formed in the mixed solvent,
with complete aquation of this species occurring during the
rinsing procedure. It has been demonstrated, however, that the
other metal ions do not coordinate appreciably to dioxane in
water—-dioxane mixtures.!!

Exchange Reaction Studies.—The exchange reaction was
studied in a manner similar to that employed previously.??
The concentrations of chromium(II) ion and chilorochromium(IIT)
ion were varied in therange 2 X 1074to0 1.2 X 107 M. During
the course of a run, four to six portions of reaction mixture were
blown from the reaction vessel by nitrogen pressure into a
quenching solution in which chromium(II) was oxidized (usually
with hydrogen peroxide but iron(III) was used in some experi-
ments). The chlorochromium(IIl) ion of charge 2- in the
quenched solution was separated from other chromium species
(all of charge >3+4) by column ion-exchange procedures. The
specific activity of the separated chlorochromium(III) ion was
then determined. An infinity-time (>10¢1/,) sample was taken;
its specific activity was compared with that expected on the
basis of the stoichiometric composition of the solution. In
obtaining #i/, from the data, the integrated rate equation —In
1 — f) = kt([CrC12*] + [Cr?*])/aw — In (1 — fo) was used in
which the extent of exchange at zero time was allowed to be an
adjustable parameter; that is, the plot of log (1 — f) vs. time
(where f is the fraction of exchange) was not forced through the
origin. From the slope of these plots the second-order rate
coefficient for exchange was calculated; since a water molecule is
split out from aquochromium(Il) ion in forming the activated
complex, an inverse dependence of the rate upon the activity of
water is incorporated into the rate law. In the solvent com-
position range studied, deviations from Raoult’s law are slight,?
and replacing aw with (1 — Z) does not introduce an appreciable
error. The factor ¢, was not introduced into the rate law for
exchange in 5 M perchloric acid. The activity of water in the
solution at temperatures below 0° is not known, and more im-
portant, the inner-sphere coordination of chromium(Il) by per-
chlorate ion!? introduces uncertainty.

Since chromium(II) catalyzes the aquation of halochromium-
(IIT) ions at low acidity,!? it was necessary to demonstrate that
this side reaction did not interfere in the present studies. In both
water and a solvent with Z = 0.23 at perchloric acid concentra-
tions small (6 X 10~* A/) compared to those employed in the
exchange studies, the rate of the chromium(II)-catalyzed aqua-
tion was shown to be negligible. It was shown in the earlier
study?® in aqueous solution that variation in the concentration of
hydrogen ion (0.054-0.97 M at I = 1.0 M) does not influence
appreciably the rate of exchange.

Results?®

Since this exchange reaction involves positively
charged reactant ions and transition state, it is

(10) J.C. Jayneand E. L. King, J. Am. Chem. Soc., 86, 3089 (1064).

(11) G. Atkinson and C. J. Hallada, tbid., 84, 721 (1962); A. Fratiello
and D. C. Douglass, J. Chem, Phys., 89, 2017 (1963).

(12) J. R. Goatesand R. J. Sullivan, J. Phys. Chem., 62, 188 (195R).

(13) J. A. Jackson, J. F. Lemons, and H. Taube, J. Chewm. Phys., 38, 836
(1963).

(14) D. E. Pennington and A. Haim, J. Am. Chem. Soc., 88, 3450 (1966);
Inorg. Chem., 6, 2138 (1967); A. Adin and A. G. Sykes, J. Chemn. Soc., 4,
1518 (1966); A. Adin, J, Doyle, and A. G. Sykes, ibid., 4, 1504 (1967).

Inorganic Chemistry

appropriate to check effects upon the rate due to
varying the concentration of perchlorate ion. For
this purpose, experiments were done at 20° in solvent
mixtures with constant ionic strength. The ad-
justment of perchlorate ion concentration at constant
ionic strength was accomnplished by use of lanthanum-
(I11) perchlorate. In calculation of the ionic strength,
it is assumed tacitly that the principal electrolytes
present (perchloric acid and lanthanum perchlorate)
are completely dissociated. In solutions with Z =
(.048 (e 63.6 at 20°),' there is no appreciable depen-
dence of & upon the concentration of perchlorate ion at
the highest ionic strength studied (I = 0.10 /). At
0.097 M ClOy—, & = 5.0 £ 0.3 M~! sec™!, and at
0.049 M CIOy—, k = 4.6 = 0.4 M~"'sec™!. In solutions
with Z = 0.12 (e 46.0 at 20°),' there is no appreciable
dependence of 2 upon the concentration of perchlorate
at ionic strength 0.049 M: k£ = 1.6 &= 0.2 ¥~ sec™!
at 0.049 M ClOy~ and £ = 1.7 £ 0.1 M~! sec™! at
0.027 M ClO,—; at ionic strength 0.10 A in this medium
(Z = 0.12), however, there is a dependence of £ upon
the concentration of perchlorate ion: %2 = 3.1 =+ (.1
M~1sec?at 0.097 M ClOs~ and & = 2.3 £ 0.3 M !
sec™! at 0.064 M ClO,~. At Z = (.23 (e 28.5 at
20°),% the value of & depends upon the concentration
of perchlorate at each ionic strength at which this
variable was studied. At = 0.10 M, £ = 1.8 £+ (.1
M~tsecTtat 0.10 M ClO,~ and £ = 0.83 + 0.02 M~!
sec™tat 0.051 M ClO4~. At/ = 0.051 M, k= 1.14 =
0.07 M~ sec™! at 0.051 M ClOs~ and & = 0.66 =+
0.001 A~! sec™! at 0.028 34 ClO,~. The reported
uncertainty is average deviation from the mean.

These observations indicate that an activated com-
plex involving perchlorate ion is important in the
solvents of low polarity. In the solvent with Z =
0.23, the second-order rate constant is directly propor-
tional to the stoichiometric concentration of perchlorate
ion indicating that an activated complex containing no
perchlorate ion 1is relatively unimportant in this
solvent at formal ionic strengths >0.05 M. It would
be appropriate, therefore, to express the rate in this
solvent in terms of a third-order rate law

R = £'[CeCI2F][Cr2~][ClO;]aw ™t

with values of the third-order rate coefficient being for
20°: T = 010 M, &' = 17 M~2sec~'; I = 0.051 M,
k' =23 M~?sec™ !

Variation of the concentration of perchlorate ion at
constant ionic strength was not attempted at lower
ionic strength in this solvent because of the resulting
lowered concentration of acid. Experiments at 0.010 M
perchloric acid gave a second-order rate coefficient,
E = 06 = 02 M~?! sec”!, which becomes a third-
order rate coefficient, £’ = 60 =+ 20 M2 sec™!, if the
second-order rate coefficient is divided by the con-

(15) Detailed tables of data are available as Document No. NAPS-00865
from ASIS National Auxiliary Publications Service, ¢/o CCM Information
Corp., 909 3rd Ave,, New York, N. Y. 10022, Priceis §1.00 for microfiche
or $3.00 for photocopies. Advance pavment is required, Make checks or
money orders payable to: ASIS-NAPS.

(16) F. E. Critchfield, J. A. Gibson, Jr., and J. L. Hall, J. Am. Chem.
Soc., T8, 1961 (1858).
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ExcuaNGE oF CrCl2+ anp Cr2+ 1303

TABLE I
ACTIVATION PARAMETERS FOR THE EXCHANGE OF CHLOROCHROMIUM(III) Ion anD CrroMmruM(II) Ion

Solvent Z ‘Temp studied, °C I range, M AH*, kcal mol -t AS*, cal mol ™! deg L B, M- k(0°),° M1 sec™!
0.048¢ 10 to 30 0.01-0.10 7.87 &= 0.6 —33.0 & 2¢ —4.2030,2¢ 0.18¢4

O 0 to 35 0.01-0.20 6.19+ 0.3 —37.2x1 —1.88+0.1 0.504

0 7 to 35 0.20 7.99 0.7 —27T.1 %2 2.8

0t —37to —15 5 8.2 ~21 45

« Data over a range of temperature and ionic strength correlated with the equation log & = log (¢T/k) + ASF/2.3R — AHT/23RT

+ 84/T/(1 + /1) + BL
log (kT/h) + AS¥/23R — AHF/2.3RT.
M~ sec™t.3
a least-squares treatiment of the data.

centration of perchlorate ion. It seems likely that the
pathway involving perchlorate ion may contribute
appreciably at this lowest ionic strength studied.

The data for the solutions with Z = 0.12 and [ =
0.10 M suggest that activated complexes with zero and
with one perchlorate ion are important. At Z = 0.12
and [ = 0.05 M, at Z = 0.048 and I = 0.10 M, and,
presumably, at lower concentrations of electrolyte,
only the activated complex with zero perchlorate ions
is important.

The data for each of the two solvents of highest
polarity (Z = 0 and 0.048) were correlated with the
three-parameter equation

og b = 1 @_Zj_i_AS* AH* 84~/1
08 R = 0BT T 98R T 23RT 14+ /I

The adjustable parameters AH™ and AS™ describe the
temperature dependence of the rate at zero ionic
strength in the solvent considered. These quantities
may also be used in discussions of the temperature
dependence at other ionic strengths since the precision
of the data does not warrant calculation of additional
parameters at each ionic strength. Values of AH™,
AST, and B (assumed to be independent of temperature),
determined by the method of least squares, are sum-
marized in Table I. The average difference between
the experimentally observed values of 2 and values
calculated using this three-parameter equation is
11.69% for the 59 experiments at Z = 0 (I = 0.010-
0.20 M and 273.2-308.2°) and 10.1%, for the 29 ex-
periments at Z = 0.048 (I = 0.010-0.10 M and 283.2—
303.2°). These differences are only slightly larger
than the average difference between experimentally
observed values in duplicate runs and the average of
the values obtained in such runs (9.49;). The data
obtained in 5 M perchloric acid at temperatures below
0° (~15.7 to —37.1°) were treated independently to
obtain values of AH¥ and AS™, also given in Table I.
The average difference between the value of %2 cal-
culated using these values of AH™ and AS¥ and the
observed values (19 values) is 10.69%.

+ + BI

Discussion

If the threefold change in %2 at 0° and zero ionic
strength in going from water (¢ ~88) to a water—
dioxane solvent with Z = 0.048 (¢ ~69)7 is inter-

(17) H. S. Harned and B. B. Owen, ‘“The Physical Chemistry of Elec-

trolytic Solutions,” 3rd ed, Reinhold Publishing Corp., New York, N. Y.,
1058, p 713.

b Data over a range of temperature at a particular ionic strength correlated with the equation log 2 =
¢ For ionic strength 1 M at 0° values of & reported previously are 83 M ! sec™! 2 and 9.1
4 This is the calculated value of & at zero ionic strength.

¢ Reported uncertainties are standard deviations obtained from

preted in terms of the simple double-sphere activated
complex theory,® one obtains 7 £ 2 A as the radius of
the activated complex.!® This value is comparable to
values calculated for other simple reactions; e.g., a
radius of 5.6 A is obtained from the dependence upon
dielectric constant of the rate of the bromoacetate—
thiosulfate reaction.’® Recently it has been suggested
that such correlations with dielectric constant are
inappropriate; rather it is proposed that correlation of
the medium dependence of an ionic equilibrium in
water—dioxane mixtures (or other mixtures containing
water and a poorly solvating component) with the
molar concentration of water yields the number of
water molecules involved in the equilibrium.? Ap-
plying this view to the present system gives 20 + 6
as the number of water molecules involved as reactant
in the net activation process if the correlation involves
the activity of water; if the molarity of water is used,
the number of water molecules involved becomes 5 =
2. It would be expected that formation of an activated
complex of charge 4+ from two ions of charge 2+
would result in preferential outer-sphere solvation
of the activated complex by the more polar solvent
componenit. Whether there is real physical meaning
in either the derived radius of the activated complex
(~7 A) or the number of extra water molecules sol-
vating the activated complex (~20 or ~5, depending
on the basis of the correlation), obtained in quantitative
application of the two theories, is open to question.
(It must be admitted that a more reasonable value for
the number of water molecules involved is obtained!in
the correlation involving the molarity of water.?!)

The effect of electrolyte concentration upon the
rate at 0° is enormous, 1 M lithium perchlorate raising

(18) S. Glasstone, K. J. Laidler, and H. Eyring, ““The Theory of Rate
Processes,” McGraw-Hill Book Co,, Inc.,, New York, N. Y., 1941, pp 424—
432,

(19) The uncertainty stated corresponds to variation of the ratio of the
rate constants from 2.3 to 4.

(20) W. L. Marshall and A. 8. Quist, Proc. Natl. Acad. Sci. U. S., B8,
901 (1967); A.S. Quist and W. L. Marshall, J. Phys. Chem., T2, 1536 (1968);
W. L. Marshall, ibid., T4, 346 (1970).

(21) Marshall and Quist?0 correlated the dissociation equilibrium con-
stants for sodium chloride in water-dioxane solvents (Z = 0.096-0.445) ob-
tained from the conductance study by R. W. Kunze and R. M. Fuoss, J.
Phys. Chem., 8T, 911 (1963), with the molarity of water, which changes by a
factor of ~2.3 in this range of solvent composition. The activity of water
varies, however, by only a factor of ~1.14 (based on data of ref 12). Cor-
relation of the dissociation constant with the activity of water is not so clean
as the correlation involving the molarity; the points in a plot of log K vs.
log aw do not all fall on a straight line. Inaddition, the slope of the strajght-
line portion (the four solvents with lowest water content) corresponds to
~54 water molecules participating as reactant in the dissociation reaction;

the slope corresponds to 6.4 water molecules participating in the equilibrium
if the correlation is log X vs. log C.
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the rate by a factor of ~18 and 5 M perchloric acid
raising the rate by a factor of ~90.

With the activation parameters evaluated for the
reaction of chromium(II) ion with chlorochromium (IIT)
ion, one can make a direct comparison of these quan-
tities with those evaluated for the reaction of mer-
cury(II) ion with chlorochromium(III) ion. Espenson
and Birk?? evaluated AHT and AS™ for the latter
reaction to be 18 kcal mol~! and —5 cal mol—! deg~},
respectively, for solutions with ionic strength 1.0 M.
Although the difference in ionic strength makes the
comparison somewhat uncertain, the rather dramatic
differences are not obscured by this uncertainty. The
activation energy is much greater for the mercury(II)
reaction, but the entropy of activation is much less
negative. There is evidence that the reaction of

(22) J. H. Espenson and J. P. Birk, Inorg. Chem., 4, 527 (1865).
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mercury(II) with chlorochromium(III) ion produces
pentaaquochromium(III) ion as an intermediate;??
it seems that a reaction producing this unstable inter-
mediate would have a high activation energy. In
each of the reactions, however, the aquometal ion of
charge 24 (mercury(II) and chromium(II)) must
lose a water molecule before forming the activated
complex, so the differences of the values of AH™ also
reflect differences in the enthalpy of formation of these
species from the stable aquometal ions. Corresponding
differences between the activation parameters for
formation of the two analogous activation complexes
{(HsN);CoBrHg**} * and {(H;N);CoBrCré+} * have
been discussed by Ogard and Taube?® and by Taube.?
(23) S.P. Ferraris and E. L. King, J. Am. Chem. Soc., 92, 1215 (1970).

(24) A. E. Ogard and H. Taube, ibid., 80, 1084 (1958).
(25) H. Tauhe, Advan. I norg. Chem. Radiochem., 1, 28 (1959).
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Comparisons! of the rate of reduction by chromous
p y

The reactions of chromous ion with fumaratopentaaquochromium(III), ¢is-fumaratoaquotetraamminecobalt(III), and cis-
fumaratoaquobis(ethylenediamine)cobalt(I1I) have been studied. For the last complex the rate law has the form
—d[Cr2*]/dt = (k—w'[H¥] 71 4 ko + ku’'[H *])[Cr2+][Oxid], while for the first two complexes, the -y’ and k. terms suffice to
express the variation of rate with [H*] in the range 0.1-1.0 A{. The values of k, at 25° for the three complexes, respectively,
are ~3, 61, and 9.1 M ! sec™!. The relative insensitivity of rate to change in identity of the oxidizing agent is taken as
indicating a stepwise mechanism for electron transfer. It is inferred that the activated complex corresponding to the k—y’
term is doubly bridged with OH ™~ and the adjacent carboxyl of the fumarate serving as bridging groups. The role of the
proton in the ku’ term is interpreted as that of stabilizing the radical intermediate derived from the fumarate. This inter-
pretation does not make obvious, however, why the ky' term appears for one cobalt complex but not the oth=r.

ligand is symmetrical. The ligand deserves attention

ion of isonicotinamidepentaamminecobalt(III) and iso-
nicotinamidepentaaquochromium(III) have suggested
that in these systems the electron transfers by a radical
ion or stepwise mechanism. It seemed to us worth-
while to extend the comparison to other ligands fea-
turing conjugated bond systems. We selected fuma-
rate ion because considerable work has already been
devoted to it with pentaamminecobalt(III) as the
acceptor center?~® and because basic issues having
to do not only with the mechanism of electron transfer
but also with the configuration of the activated com-
plex remain unresolved. Whereas with isonicotinamide
as ligand, the latter issue can be settled by determining
the identity of the immediate products of the reaction,
with fumarate this direct method fails because the

{1) F. Nordmeyer and H. Taube, J. Am. Chem. Soc., 90, 1162 (1968).,

(2) H. Taube, ibid., 77, 4481 (1955).

(3) R.T.M. Fraser, D. K. Sebera, and H. Taube, bid., 81, 2006 (1859).

(4) D. K. Sebera and H. Taube, 1b:d., 83, 1785 (1961).
(58) J. K. Hurst and H. Taube, ¢bid., 90, 1178 (1988).

also because the rate of reduction of acid fumarato-
pentaamminecobalt(I1I) by chromous ion shows a term
first order in [H+*] and the role of the proton in the acti-
vated complex is not understood. In making com-
parisons between acceptor centers we have not limited
ourselves to studies with pentaaquochromium(IIT) but
have extended the investigation to aguotetraammine-
cobalt(I1I) and aquobis(ethylenediamine)cobalt(III).

Experimental Section

Materials.—Stock lithium perchlorate solutions were prepared
from two sources, commercial lithium perchlorate obtained from
G. F. Smith Co. and that obtained by adding small portions of
Baker Analyzed reagent grade lithium carbonate to 6 F per-
chloric acid solutions. The product obtained from both sources
was recrystallized twice from aqueous solution before final dilu-
tion. An oxidizing component is often present in perchlorate
solutions, but the conservation of chromous ion in the exchange
experiments shows that this complication was not a factor in the
present work.

Chromium(III) perchlorate was prepared by dissolving Mal-



