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The stoichiometry and kinetics of reduction of cis-Co(INH3)23*aq species by iodide, hydroquinone, tris(o-phenanthroline)iron(II),
vanadium(II), iron(II), and chromium(II) have been investigated in acidic, 2 M perchlorate media (HCIO4, NaClO4).
The stoichiometries were measured by standard techniques and the kinetics were measured by conventional and stopped-flow
spectrophotometry over a range of concentrations and temperatures. The rate law for the reactions with Cr2+aq and Fe2taq
is given by —d[Col!ll]/d¢ = d[product]/dr = (4 + B/[H*])[Co!!i][reductant] whereas the rate law for the other reductants
is given by —(1/S)d[Colll] /dt = d[product]/dt = A[Colll]{reductant], where S is the appropriate stoichiometric factor.
The values of A4 for the reactions with Iaq, H2Q, FeZ+4q, Fe(o-phen)32*ag, V2+aq, and Cr2+,q are 0.38, 0.028, 11.0, 2.42,
3350, and 151 M-! s~ respectively, at 25 °C. For reduction by Cr2*aq and Fe2+,q, the values of B are 497 and 1.99 s-1,
respectively, at 25°. Comparison of the kinetic data with those for reduction of analogous cobalt(III) systems suggests
that the reactions of Co(NH3)23%aq and Co(NH3)20H?2*aq with I~aq, VZ%aq, Fe(o-phen)32+aq, and H2Q are outer sphere,
while that of Co(NH3)20H2*,q with Cr2+,q may be limited by substitution at the chromium(II) center. A value of §°
2 0.91 V for the standard potential of the Co(NH3)23+aq/Co(INH3)22%aq couple is consistent with the experimental data.

Introduction

Recent studies of the reduction of Co(NH3)20H2+,q by
Br- ! and H202aq2 have revealed the existence of a base-
catalyzed substitution-controlled mechanism like that found
for the corresponding reactions of CoOHZ*aq,34 although great
differences exist in the substitutional labilities of these two
cobalt(III) species. An examination of the available data for
reduction of CoOH2+aq by a wide variety of reducing agents
(including those of this study) has suggested that reactions
of this complex may be grouped on the basis of their rate
constants and activation parameters:4 thus, substitution-
controlled reduction reactions of CoOH2+aq consistently exhibit
higher observed enthalpies and entropies of activation, AH*obsd,
and AS*obsd, respectively, than do outer-sphere reactions
involving the same reactant charge product. In addition, the
dependence of the observed free energy of activation, AG¥obsd,
on the overall free energy change, AGo, for the outer-sphere
reactions of Co3*aq and CoOH2+,q deviates markedly from
theoretical predictions and this has prompted speculation
concerning the mechanistic involvement of a high-spin co-
balt(III) species.4

The existence of substitution-controlled mechanisms for
reduction of CoOH2*aq and Co(NH3)20H2+aq suggests that
similar, but energetically different, reactivity barriers exist in
the series Co(NH3)x(H20)6-r3*+aq as n increases from 0 to 6.
With a view toward understanding the thermodynamic and
kinetic factors which determine the reactivity of these centers,
we have investigated the stoichiometry and kinetics of some
of the faster reactions of cis-diammineaquocobalt(III). In this
paper we report on the reduction of cis-diammineaquo-
cobalt(ITI) by iodide, hydroquinone, iron(Il), tris(o-
phenanthroline)iron(IT), vanadium(IT) and chromium(II) at
ionic strength 2.0 M (HClO4, NaClO4). The reactions have
been studied over a range of temperatures so that the respective
activation parameters may be compared with those for the

corresponding reactions of aquocobalt(IIT) complexes.

Experimental Section

Materials. The water used throughout this work was doubly distilled
from an all-glass apparatus and deoxygenated before use with a stream
of purified nitrogen. Sodium perchlorate stock solutions were prepared
by neutralization of perchloric acid with sodium carbonate and
contained no detectable chloride ion impurities. The preparation and
purification of anhydrous cis-diammineaquocobalt(IIT) perchlorate
have been described previously.! All air-sensitive chemicals were
prepared and stored under a purified nitrogen atmosphere. Stock
solutions of iron(II) perchlorate in perchloric acid were prepared by
reaction of iron(II) sulfate with the stoichiometric amount of barium
perchlorate. The iron(III) content of these solutions was reduced to
less than 0.5% by reduction at a platinum electrode for ca. 3 h.
Solutions of vanadyl perchlorate in perchloric acid were prepared by
addition of a slight excess of barium perchlorate to vanadyl sulfate
(Ventron Corp.). Chromium(I1I) perchlorate solutions in perchloric
acid were made from the solid hexahydrate (G. F. Smith Chemical
Co.). Vanadium(II) and chromium(II) solutions were prepared from
stock VO2*4q and Crlllg solutions by reduction with freshly prepared
zinc amalgam. Hydroquinone (Will Corp.) was recrystallized from
absolute methanol and then sublimed. Fresh solutions were prepared
daily in 0.001 M HClO4 and stored in darkened containers. Stock
solutions of sodium iodide were also protected from light and were
used within a few days of preparation. Tris(o-phenanthroline)iron(II)
sulfate solutions were made by dilution of a stock 0.025 M solution
(G. F. Smith Chemical Co.). The complex [Co(NH3)sCl]Cl2 was
prepared and purified according to a literature method.5 Zinc
perchlorate solutions were made by dissolving purified zinc metal in
perchloric acid. All other chemicals used were of reagent grade.

Analytical Procedures. cis-Diammineaquocobalt(III) (hereafter
referred to as cobalt(II1)) and cobalt(II) concentrations were de-
termined spectrophotometrically (es37 48 M~! cm~! ! and es09 4.84
M-1 ¢m-1, 6 respectively). The concentration of cobalt(II) was also
checked by adding an aliquot to an excess of standardized iron(II)
solution and determining the excess iron(I1) by titration with standard
chromium(VI) using barium diphenylaminesulfonate as indicator.
Concentrations of iron(IIl) were measured spectrophotometrically



Ammineaquocobalt(IIT) Chemistry

(e260 2880 M-1 ¢cm-! 7), . Solutions of sodium perchlorate were
standardized gravimetrically after evaporation under vacuum at 105
°C for 12 h. The concentrations of vanadium in various oxidation
states were determined spectrophotometrically® (e400 0.9 and esso 3.22
M-! ¢cm-~! for vanadium(II), es00 8.3 and esso 0.0 M-! cm-! for
vanadium(III), and e760 17.2 M~! cm! for vanadium(IV)). Con-
centrations of vanadium(II) were also checked by addition of an aliquot
to an excess of Co(NH3)sCl2+aq and determining the excess cobalt(IIT)
spectrophotometrically at the isosbestic point of the chloro and aquo
complexes (es06 45.0 M~! cm~1);8 a spectrophotometric correction for
the cobalt(IT) product (esos 4.8 M~! cm~!) was made assuming unit
stoichiometry (see Results).

The acid concentrations of oxovanadium(IV) perchlorate solutions
were determined as follows. An aliquot was charged onto a
cation-exchange column in the lithium form and the H¥ ions were
eluted using 0.5 M LiClO4. The acid concentration was determined
by titration of the eluent with standardized sodium hydroxide. The
acid concentration of vanadium(II) solutions was then calculated from
the acid concentration of the vanadium(IV) solution by assuming that
2 mol of H*/mol of VIV is consumed in the reduction. The con-
centration of zinc perchlorate in the stock solution was calculated from
the amount of zinc dissolved in the acid and the acid concentration
was calculated from the initial amount of acid added, allowing for
consumption of 2 mol of H*/mol of Zn in the reduction reaction.
Iodide was determined gravimetrically as silver iodide. Tris(o-
phenanthroline)iron(II) was determined spectrophotometrically (esio
11100 M-t cm™).% Concentrations of chromium(II) were determined
by addition of an aliquot to an excess of iron(III) and determining
the amount of iron(II) produced by titration (see above). The total
chromium concentration of solutions was measured by oxidation with
alkaline hydrogen peroxide followed by spectrophotometric deter-
mination of the chromium(VI) produced (€372 4820 M-! cm™1).10
Hydroquinone was determined by titration with standard cerium(IV)
(ferroin indicator).

Stoichiometric Measurments. Most of the stoichiometry mea-
surements were made by adding a knowr amount of reductant to a
measured excess of the cobalt(III) complex. The remaining complex
was then estimated spectrophotometrically with a correction for the
absorbance of the products. In other cases the product of the reaction
was estimated either by titration or from spectrophotometric mea-
surements. Each reaction stoichiometry is the average of four in-
dependent measurements made under constant reaction condltlons
at ionic strength 2 M and 25 °C.

The stoichiometries of the reactions with iron(II), vanadium(II),
and hydroquinone were measured by spectrophotometric determination
of excess cobalt(IIT) at 537 nm. A correction for the cobalt(II) product
(es537 2.7 M-t cm1) was applied in each case. The following respective
concentrations were employed: {Co!ll]lo = 1.0 X 10-3 M, [Fell]o =
3.54 X 104 M, [H*] = 1.0 M; [Colll]o = 1.4]1 X 10-3 M, {V(ID)]o
=75 X104 M, [H*] = 1.0 M; [Colll]o = 1.52 X 1073 M, [HzQ]o

= 338 X 104 M, [H+] = 0.2 M.

The stoichiometry of the reaction with chromium(II) was measured
under the following conditions: [Colll]g = 1.35 X 10-4 M, [Cr!l]o
=0.83 X 104 M, at [H*] = 0.20 M. A spectrophotometric correction
was applied to account for the chromium(III) product (es37 10.4 M-!
cm!). Todine produced in the reaction of Co(NH3)23*,q with iodide
was titrated with standard thiosulfate under N2 (starch indicator).
The reaction conditions were [Colll]g = 4.2 X 10-3 M, [I-]o = 8.2
X 102 M, and [H*] = 0.45 M. The instability toward aquation and
reduction by water of the iron(III) product from the reaction of
Co(NH3)23*aq with (o-phen)3Fe2+sq precluded accurate stoichiometric
measurements in this system. The identity of the iron(III) product
was, however, established by the appearance of a spectral maximum
at 590 nm whose intensity decreased with time as expected for
(0-phen)3Fed+,q. 1!

Kinetic Measurements. Most of the kinetic measurements were
monitored spectrophotometrically in the stopped-flow apparatus
previously described.!2 The slower rates were measured in a Beckman
DK-1A spectrophotometer equipped with a thermostated cell housing
which maintained temperature constant to within £0.2 °C, The
uncertainty in a given experimental temperature for the stopped-flow
studies was less than £0.1 °C. In all cases one of the reactants was
present in at least 10-fold excess so that first-order conditions existed
throughout the reaction. The reactant in excess was the reductant
except in the reaction with tris(o-phenanthroline)iron(II). All of the
faster reactions (¢i/2 < 1 min) are averages of at least five independent
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measurements: duplicate measurements usually agreed to within less
than £8%. Most of the measurements were made by following the
disappearance of the cobalt(III) complex in the wavelength range
350600 nm except in the reactions with iodide, where the appearance
of the triodide ion was followed at 290~420 nm, and with (o-phen)3Fell,
whiere the disappearance of the iron(II) complex was monitored at
510 nm. The reactions were studied under the following reaction
conditions: [Collljo ='(0.42-4.0) X 10-3 M, [H*] = 0.1-1.99 M,
[Fe(ID)]o = (0.53-7. 84) X.10-2 M, [Coll]o = (0.94-9.4) X 1073 M,
at 25.0-45.0 °C; [Colll]o = (4.6-10.6) X 10~4 M, [H*] = 0.1-1.96
M, [VIT]o = (2.0-30) X 10-3 M, [Coll]o = 8.3 X 10-3 M, [Zn!!]o =
10-2 M, [Vlil]g = 5.7 X 10-3 M, at 3.2-25.0 °C; [Colll]o = (2.5-5.1)
X 104 M, [H*] = 0.2-2.0 M, [Cril]p = (2.3-23) X 10-3 M, [Zn(ID)]o
=50 X 10-3 M, at 3.2-25.0 °C; {Coll!]o = (0.18-4.1) X 104 M,
[H*] = 0.05-1.0 M, [I"]o = (2-30) X 10-3 M, at 10.1-30.4 °C;
[Colll]g = (8-11.2) X 104 M, [H*] = 0.08-2.0 M, [H2Q] = (5.8-57)
X 103 M, [Colljo = 7.6 X 10-3 M, at 25.3-45.3 °C; [Colll]o = (2-20)
X 104 M, [H*] = 0.05-1.0 M, [Fe(o-phen)32+jo = 105 M, at
15.3-35.3 °C, o :

In all cases the ionic strength of the reaction media was maintained
at 2.0 M by addition of sodium perchlorate. Reactant solutions were
thermostated at the desired temperature and in the case of the slower
reactions were mixed and transferred to the thermostated cell within
60 s of mixing.  Absorbance changes were followed for at least 5
half-lives and final absorbances were obtained for each run.

Results

Stoichiometric Measurements. The stoichiometric mea-
surements confirmed that reactions 1-6 occurred under the
ColI(NH,), aq + Fellgq + 2H* » Collpq + Felllyg + 2NH,” (1)
CoMI(NH,),aq + Crllaq + 2H' = Collyq + Crill,q + 2NH, (D)
2Co!M(NH,),aq + p-CsH4(OH), + 2H* - 2Collq +

p-C,H, O, + 4NH;* 3)
Colll(NH,),aq + Vaq + 2H* » Collyq + VIl o + 2NH; ()
CoMl(NH,),5q + Fel'(o-phen), + 2H* Co“,,q +

Felll(o-phen), + 2NH,* (5)
2CoMI(NH,),5q + 21 + 4H* - 2CoM,q + 1, + 4NH, ()
conditions used.- The maximum experimental uncertainty is
8% of the reported stoichiometry.

Kinetics. The kinetic data for the reactions are collected
in Table I.13. ‘All of the reaction rates were observed to be
first-order in each reactant. The rate law for each reaction
is thus eq 7 where Red is the reductant and S is the appropriate
_<_1_\d[CoI“(NH3)2] _d[product] _

s/ dr | dr ~

K obsa [CO™(NH3),][Red] (7

stoichiometric factor (S = 2 for reactions 3 and 6 and 1 for

~ the other reactions). The observed second-order rate constants

kobsd were found to be independent of the initial cobalt(III)
concentration and the monitoring wavelength except in reaction
5, where only one monitoring wavelength (510 nm) was used
and the cobalt(III) complex was present in excess. ‘In this case
the observed second-order rate constant is the sum of the rate
constant for oxidation and aquation of Fe(phen)3?*aq. Thus,
a plot of kobsd vs. [Coll'Jo was linear with an intercept at
[Collt]o = 0. The value of the mtercept observed at the three
experimerital temperatures was in very good agreement with
independent measurements of the aquation rate of Fe(o-
phen)32+aq under the same reaction conditions and with data
reported in the literature.!4 The value of kobsd was found to
be slightly dependerit on the acid concentration (kobsd = 2.36,
2.54,2.42,and 2.72 M-! 57! at acid concentrations of 1.0, 0.5,
0.1, and 0.05 M, respectively at 25.0 °C). Sirice the rate of
aquation of Fe(phen)32+aq is acid independent in the range
0.005-0.5 M H2S04,!4 these variations may be due to changes
in the electrode potential of the Fe(o-phen)32+iq—Fe(o-
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Table II. Kinetic Data for Some Oxidation Reactions of Co(NH,;), 54 Species in Aqueous Perchlorate Media at Ionic Strength 2.0 M

Reductant k8 k Kpb AH*,C AS* @ AHF S ast de Ref
Br- (6.0 £ 0.2) x 10-5F (1.7 £0.2) x 107¢f 8:3 —46+10 29:1 214 1
H,0, (0.7 £0.1) x 107*¢ 28+ 1 16£2 2
I 0.38 + 0.01 2361 0.8 22+3 h
H,0 ) 0.0285 + 0.0005 19.1£0.3 441 h
Fe(o-phen),*,qf 2421 0.04 14.5+ 0.3 —61+1 h
Fe*',q 11.0£ 0.2 1.99 £ 0.06 65:04 —30%1 16.3+0.5 0£2 &
Vo, 3350 + 60 5102 -23:1 h
Cr*aq 1513 497+ 5 44:12 -31:4 13.8+0.6 2:2 &

@ Units are M™* 57, at 25.0 °C (errors quoted are one standard deviation). ® Units are 57!, at 25.0 °C. ¢ Units are keal mol™". ¢ Units are
cal deg™! mol~'. € Values are for the product &, Ky,.  Data refers to 28.0 °C. # Data at 28.5 °C. P This work. ! Data have been corrected

for aquation and refer to 0.1 M acid (see text).
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Figure 1. Examples of plots of Kgpgq vs. 1/[H*] at 25.0 °C and
ionijc strength 2.0 M. The reductants are as follows: o, Fe""a,_-l
(C=107");0,Cr**q (C=107);0,134 (C=120);8,H,Q (C=
10%).

phen)33+aq couple with varying acidity!S and also to the
presence of protonated forms of Fe(o-phen)32taql6 at high
acidity; they are almost certainly not due to an acid dependence
for the redox reaction of interest. However, we have chosen
to report values of kobsd and its activation parameters only at
[H*] = 0.1 M and ionic strength 2 M. The rates of reactions
1-4 were unaffected by addition of cobalt(II) and for reactions
2 and 4 (where zinc(II) ions are present in reactant solutions)
further addition of zinc(II) had no measurable kinetic effect.
Addition of vanadium(III) in reaction 4 also had no effect on
the observed rate constant under fixed experimental conditions.

The second-order rate constants kobsd¢ were found to be acid
concentration independent under the stated conditions except
in the reactions with iron(II) and chromium(II), where

Kovsa =A + B/[H'] 8)

and 4 and B are empirical parameters with units of M-! s-!
and s-1, respectively. Examples of plots of kobsd vs. 1 /[H¥]
at 25.0 °C are given in Figure 1 for reactions with iron(II),
chromium(II), hydroquinone, and iodide.

The mechanism shown by eq 9-11 is consistent with the

34+ fast 2+ +
Co’*aq == CoOH"" g + H* Ky )]
k
Co®*,q + Red = Co**,q + Ox (10)
k
CoOH,q + Red = Co** + Ox (11)

observed rate law for the one-electron reactions 1, 2, 4, and
5. Steps 10 and 11 are rate determining and Red and Ox are
the initial and final forms of the reductants, respectively. The
observed rate law (eq 8) is predicted by this mechanism if
Kn/[H*] << 1, where Khn is the acid dissociation constant
of Co(NH3)23+ (abbreviated as Co®* for clarity in eq 9-11).

Table III. Activation Parameters for Reactions of
Aquocobalt(IIl) Species in Acidic Perchlorate Media

AH7 8 aS*Db
Reductant Co*aq Co(NH,),*5q Co®,aq Co(NH,),*aq Ref
Fe**aq 9.1 6.5 -21 ~30 ¢
Cr**q 9.5 4.4 -8 -31 d
Iaq 19.4 23.6 25 22 c
H,Quq  18.2 19.1 18 4 c
Viteg 5.1 -23 c

@ Units are kcal mol™!. ? Units are cal deg™’ mol™', at 25.0 °C.
¢ Data from this work (ionic strength 2 M) and ref 3 (ionic
strength 3 M). 2 Data from this work and ref 17 (ionic strength
3 M).

Under these conditions 4 = ko and B = k1Khn for reactions
1 and 2 and B/[H*] = k1Kn/[H*] << ko for reactions 4 and
5.

The radical mechanism shown by eq 1214 is consistent with

ko ..
Co*yq + A—Co%pq + A (12)
. fast
Co®*,q + A — products 13)
fast
2A-— A, (14)

the stoichiometric and kinetic data for reactions 3 and 6. Step
12 is rate determining and A- is a radical species. This
mechanism predicts the identical rate law as the mechanism
of eq 9-11 under the same conditions if B/[H¥] << A4 = ko.
The values obtained for ko,k1Kh, and corresponding activation
parameters! are collected in Table II.

Discussion

A comparison of the rate constants and activation pa-
rameters for reduction of Co(NH3)23taq and Co-
(NH3)20H?2+4q species by the six reducing agents of this study
with those for substitution-controlled reduction by Br- and
H2021.2 (Table II) indicates that substitution into the co-
ordination spheres of the cobalt(IIl) oxidants is not rate
limiting in any of these reactions. The oxidation of
substitution-inert!4 tris(o-phenanthroline)iron(II) must
therefore be outer sphere. Redox reactions which are limited
by substitution at V2+ proceed with second-order rate constants
in the range 1-90 M~! s~! and activation enthalpies of 1113
kecal mol-1.!7 The corresponding values for the Co-
(NH3)23+aq—V2%4q reaction are well outside these ranges and
clearly indicate the operation of an outer-sphere mechanism
in this case also. In addition, the ratio koce+/kov+ is 0.045
with Co(INH3)23t4q as oxidant, and a value as high as 0.044
has been observed for definite outer-sphere reactions.!8 This
suggests that the Co(NH3)23+aq—Cr2+4q reaction also occurs
via an outer-sphere mechanism, although this conclusion is
made somewhat uncertain by the high substitutional lability
of Cr2+aq.19

The reactions of fac-Co(NH3)33+aq & with I~ and Fe2t,q are
much slower than are those of Co(NH3)23+.4 reported here
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Figure 2. Plot of AG¥*ypeq vs. AGe for reductions of
Co(NH,),**,q at 25 °C. See text for assumptions leading to
values of AGg). The reductants are indicated as follows: 1, 175q;
2, H,Q; 3, Fe(o-phen),**; 4, Fe**,q; 5, V3*aq; 6, Cr¥*5q.

and the lack of redox data for the higher ammines indicates
that Co(NH3)23+4q is a moderately strong oxidant. However,
a wide range of data is available for aquocobalt(IIT) reactions’
and encourages comparison between these two systems.

The activation parameters for some reduction reactions of
Co(NH3)23+aq and Co3+aq are shown in Table III. It appears
that, for both oxidants, AH*5 values for the reactions with I-
and H2Q are much larger than are those for reactions with
Fe?+aq and Cr2+aq. The values of AS*; increase as the charge
product of the reactant pairs becomes more negative; however,
AS*; values for Co(NH3)23t.q reactions are consistently more
negative than those for Co3*aq reactions and are closer to those
observed for outer-sphere reactions between inert species.20
It is also notable that the enthalpies of activation for reduction
of Co(NH3)23%aq by Cr2taq and Fe2*aq are significantly
smaller than are those for reduction of Co3*aq. Although
outer-sphere mechanisms are suggested by the data for all
these systems (see below) and Co3*aq is undoubtedly the
stronger oxidant, the origin of these differences is still un-
certain. The “limiting” behavior suggested for Co3+aq
reactions* does not appear to be appropriate here, since a plot
of AH*, vs. AHip, where AHip is the enthalpy of ion associ-
ation,* does not correlate the data for these Co(NH3)23%aq
reactions.

Figure 2 shows a plot of the observed free energy of ac-
tivation, AG*obsd, for reactions of Co(NH3)23+aq vs. the overall
free energy change, AGel,2! for process 15, where Red and Ox

Co(NH,),%q + Red = Co(NH,),*yq + Ox 4Gy (15)

are the initial and one-electron oxidized forms of the reductant,
respectively. No account has been made for the differences
in the free energy of precursor formation.26 The electrode
potential, 8°, for the Co(NH3)23+aq~Co(NH3)22%aq couple
has been assumed to be 1.2 V in order to give AGe! < 0, but
this choice is completely arbitrary and the use of any other
value would not affect the shape or slope of the line (see
below).

Figure 2 illustrates that a line of slope ca. 0.14 can be drawn
through most of the data for reduction by 2+ ions. This
correlation suggests that all of these reactions occur by a
similar mechanism and that reduction by Fe2+aq is outer-
sphere, although the substitutional lability!® of Fe2taq makes
this conclusion somewhat uncertain.

There is one basic problem associated with attempts to
estimate 8° from data for reduction of amminecobalt(III)
centers. This difficulty arises from the fact that these reactions
are virtually irreversible because of the thermodynamically
favorable, rapid dissociation of the primary product Co-
(NH3)n2+aq to CoZ+ag and NHa™ in acid solution. For ex-
ample, the calculated free energy change for process 16 is
~18.1 kcal mol-! at 25 °C.27 In general, this represents a
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Table IV. Derived Ratios of Second-Order Rate Constants for
Reduction of Hydroxo- and Aquocobalt(Ill) Species in
Perchlorate Media at 25 °C

- KCo(NH,),0H* 3/ KcooHaq/

Reductant Co(NH,), 0% kc°3+aq
“aq <24 180
H,0 <44 290
V¥aq <40
Cri*aq 1.3 x 10* 260
Fe*aq 720 560
Co*aq 160

@ This work, at ionic strength 2 M. K}, is assumed to be 2.5 X
10"* M. P Data are from ref 3 and 17 at ionic strength 3.0 M,
assuming K, =2 X 107 M.

Co(NH,),*"aq + 2H* = Co®*,q + 2NH,* (16)

major contribution to the overall free energy change, AGo, for
transformation of reactants to final products and in some redox
systems may provide the only driving force for electron
transfer. A case in point is the measurable rate constant for
reduction of Co(NH3)s3+aq by Ru(NH3)62+aq, for which AGel
is greater than zero.2® Thus, it is conceivable that AG®el >
0 for the reactions of Co(NH3)23%aq with I-, H2Q, Fe(o-
phen)32+, and Fe2taq.

In addition, no kinetic data are available for electron ex-
change in the Co(NH3)23+2q~Co(NH3)22+,q system and the
standard electrode potential, £°, for this couple is unknown.
However, reduction of Co(NH3)23%aq will only be thermo-
dynamically favorable if AGel < 18.1 kcal mol-1. This requires
that 8° be greater than 0.35 V based on the data for the
weakest reductant in this series (I—I2—, § = 1.13 V).23 Since
reduction reactions of Co(NHz)23+aq are generally much faster
than those of Co(NH3)sH203%4q,30 which has an estimated
oxidation potential of 0.33 V 3! it is plausible that 8° > 0.35
V for the Co(NH3)23+aq—Co(NH3)22+4q couple.

A more reasonable estimate of the minimum &° for the
diammine system can be obtained as follows. The free energy
for electron exchange, AG*11, in the aquocobalt(III) system
is 16,6 kcal mol-!.3 Since AG*i1 increases in the Co-
(NH3)a(H20)6-n3*2q series as n increases from 0 to 6,32 it is
likely that AG*11 for the Co(NH3)23+aq—Co(NH3)22%aq system
is at least as large as that for the Coaq3*~Co2+aq couple. The
intercept at AG®c1 = 0 for a plot such as that shown in Figure
2 should, by definition, be equal to AG*11. In order for AG*11
to be >16.6 kcal mol-! in the diammine system, §°, must be
at least 0.91 V, which is intermediate between those for the
n = 5 and n = 0 couples3!:33 (see above).

We now turn to a consideration of the effect of inner-sphere
hydroxide on the reactivity of the Co(NH3)3+aq species. If
the values of Kn for Co3%aq, Co(NH3)23*aq, and Co-
(NH3)50H23+,q are taken to be 2 X 10-3,3 2.5 X 10-4,8 and
2.5 X 10-7 M,34 respectively at 25 °C, then one can obtain
values of k1 from the experimentally determined k1Kh products
in each system.

The calculated ratios of ki/ko for Co(NH3)20H2+aq—
Co(NH3)23*aq and CoOH2+,q—Co3+aq oxidant pairs are shown
in Table IV. In the case of the acid-independent diammine
reactions, the ratios are upper limits obtained from the as-
sumption that k1Kn < 0.1ko[H*] at the lowest respective
experimental acidities. The ratios of k1/ko for reactions of
aquocobalt(III) species are all similar, whereas a marked
differentiation is evident in the ratios for the aquodi-
amminecobalt(III) species. Since OH- has little effect on the
rates of reactions of Co(NH3)23+aq with I-, H2Q, and V2+q,
a general outer-sphere mechanism is indicated for reaction of
the hydroxo form. Of the remaining two cases, the reduction
of Co(NH3)23+aq by Cr2+ is the more subject to base catalysis,
which points- to an inner-sphere mechanism for the Co-
(NH3)20H2+3q—Cr2+,q reaction. The values of 10-6k: for
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reduction of CoOH2*aq, Co(NH3)20H2taq, and Co-
(NH3)sOH2t,q by Cr2+aq are 3.3,10 3.0, and 1.5 M1 7135
respectively at 25 °C, suggesting a common rate-determining
step, presumably substitution at Cr2+aq, for these systems. It
is worth noting that oxygen atom exchange has been observed
in other Cr2+,q reductions of cobalt ammines.36
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Rate constants over the temperature range 50-80 °C have been obtained for the title reaction at 7 = 2.00 M, with [H*]
varied between 0.50 and 2.00 M and [Br-] varied between 0.10 and 1.00 M. The data have been interpreted in a manner
analogous to that employed for previous studies of aquorhodium(III) complex ions and show that the rate-limiting process
for bromide anation is identical within experimental error with that for the corresponding chloride reaction and very close
to the water-exchange rate of the parent complex ion. These findings, reinforced by some observations on the kinetic trans-effect
phenomenon for anation of complexes of the form Rh(H20)sX2* (X~ = OH-, CI-, or Br-), support the simple dissociative
(D) mechanism concept for reactions of this type. Comparisons are also made with rate constant and trans-effect data
for various reactions of the species Rh(en)2X(H20)3+ (X = H20, OH-, Cl-, or Br-) and Rh(NH3)sH203* and discussed

in terms of possible mechanisms.

Introduction

Previous studies originating in this laboratory have dealt
with the chloride anation kinetics of the complete family of
chloroaquorhodium(III) complex ions, including the hexa-
aquo,2 chloropentaaquo,3 trans- and cis-dichlorotetraaquo,?
mer- and fac-trichlorotriaquo,* trans-tetrachlorodiaquo,*
cis-tetrachlorodiaquo, and the pentachloroaquo species.6 An
argument based on the acid dependence of the anation kinetics
of the monochloro congener3 provides effective evidence that
a five-coordinate intermediate or dissociative (D)7 mechanism

is to be preferred for at least two members of the series. This
type of kinetic analysis has also supported the D-mechanism
concept. for chloride anation of the related species trans-di-
aquobis{ethylenediamine)rhodium(III) complex.? Further-
more, the recently reported study4 of the dichloro, trichloro,
and tetrachloro species offers additional kinetic evidence for
the D mechanism and also for a fixed square-pyramidal
geometry of the assumed five-coordinate intermediate.

If, in truth, anation of the hexaaquorhodium(IIl) ion is
purely dissociative, use of some other similar anion in place



