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derived from these measurements are  compiled in Table VII. 
I t  turned out, however, that thermostating of the commercial 
device is very ~ n s a t i s f y i n g ~ ~  and that a precise control of the 
temperature a t  the syringes and a t  the cuvette is not possible. 
As described in the Experimental Section, a modified ther- 
mostating device was built, and special efforts were made to 
provide it with good temperature control. The reinvestigation 
of the temperature dependence (25-50 "C) led to distinctly 
greater activation energies (as it can be seen from Table VII) 
whereas the rate  constants a t  25 OC were identical. Hence, 
a t  higher temperatures there is a temperature gradient in the 
system which leads to activation energies that are  25-30?? too 

low. By comparing k'(Tab1e I1 and 111) and W (Table VII), 
one can see that the decrease in ra te  constants for the solvent 
path is paralleled by a n  increase in activation enthalpy. The 
plot of AZP vs. TAS* is reasonably linear with a slope of 0.8; 
Le., both enthalpy and entropy changes are equally responsible 
for the variation in rate. 
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The influence of acidity and temperature on the kinetics of the oxidation of tris(glyoxa1 bis(methylimine))iron(II), Fe(GMI)?+, 
by cerium(1V) was studied in the temperature range 10-30 "C and acidity 4-7 M H2S04. The stoichiometry of the reaction 
is Fe(GMI)32t + Ce(IV) = Ce(II1) + Fe(GMI)33t - 0.24Fe(GMI)2(GA)3t + 0.12Fe(GMI)2(GH)2C + 0.64Fe(GMI)32f; 
GMI = H3CN=CHCH=NCH3, GA = H,CN=CHC(OH)=NCH, and GH = H3CN=CHCH=NCH20H. The primary 
step is the oxidation of Fe(GMI)32t by Ce(IV) to the corresponding iron(II1) complex. The thermodynamic parameters 
for this reaction are AH = -(2.1 f 0.6) kcal/mol and AS = 5 f 2 eu, in 4.0 M H2S04. The equilibrium constant for 
this reaction increases by a factor of approximately 2 in going from 4.0 to 6.0 iM H2SO4. The iron(II1) complex undergoes 
ligand oxidation, yielding the products above, in a reaction which is second order with respect to the iron(II1) complex. 
The plot of log kobsd - Ho vs. log aHIO is linear within the experimental error, where Ho is the Hammett acidity function, 
essentially equal to the activity of acid in the medium. The slope is 1.9 f 0.4. Therefore, the observed rate constant can 
be expressed as koM = k[H20]2/[H,0+]. The mechanism proposed to explain this dependence involves the iron(II1) complex 
Fe(GMI)33t, which undergoes an intramolecular reduction with concomitant ligand oxidation. This reaction is assisted 
by a reversible nucleophilic attack by solvent water. The products of this reaction are an iron(II1)-ligand radical (on the 
methine or methyl carbons) complex and H30t .  The iron(II1)-ligand radical complex undergoes oxidation by another 
molecule of iron(I1I) complex. This step is also assisted by solvent water. The rate law derived with this scheme reproduces 
the experimental rate law. The disproportionation of Fe(GMI)," was also studied as a function of temperature, holding 
log ([H20l2/[H3Ot]) constant within 2.5%. Within the experimental error, plots of log kobsd vs. T' are linear with an 
activation enthalpy of 10.5 f 1 kcal/mol. The activation entropy is -(8 f 2) eu. 

Introduction 
In parts l 2  and 23 of this series, the stoichiometry, reaction 

products, and kinetics of the oxidation of tris(glyoxa1 bis- 
(methylimine))iron( 11), Fe( GMI)32+, G M I  = H3CN=CH- 
CH=NCH3,  by cerium(1V) were studied a t  25 OC in 4.0 M 
H2S04. This reaction provides an  example of a well-studied 
process in which ligand oxidation proceeds with the interme- 
diate formation of the iron(II1) complex, which then undergoes 
a n  intramolecular reduction to the iron(I1) state, with con- 
comitant oxidation of the organic ligands, yielding stable 
ligand-oxidized complexes. Several other examples of ligand 
oxidation proceeding via intermediate formation of the complex 
in a higher oxidation state prior to ligand oxidation a re  
k n o ~ n . ~ ~ ~  More recently, ruthenium(I1) derivatives6 of 
ethylenediamine were shown to be oxidized to the corre- 

'To whom correspondence should be addressed at  the Solar Energy Re- 
search Institute, Chemical and Biological Conversion Branch, Golden, CO 
8040 1. 

sponding ruthenium(I1) diimine complex and then further 
oxidized a t  the ligands, via Ru(II1) complexes. No detailed 
kinetic studies were described. The kinetics of the autoxidation 
of the iron diimine complex derived from biacetyl was studied 
in detaiL7 I t  has been suggested that the reaction proceeds 
via the iron(II1) complex.' In part 23 of this series it was shown 
that the rate  of ligand oxidation of Fe(GMI)32+ by Ce(IV), 

( I )  (a) Abstracted in part from the MSc. thesis of M.E.M.H., University 
of Sao Paulo, 1978. (b) Presented in part in Proc. Int .  Conf. Coord. 
Chem., 1&h, 201 (1977). 

(2) H. L. Chum and P. Krumholz, Inorg. Chem., 13, 514 (1974). 
(3) H. L. Chum and P. Krumholz, Inorg. Chem., 13, 519 (1974). 
(4) N. F. Curtis and D. F. Cook, Chem. Commun., 962 (1967). 
( 5 )  V .  L. Goedken, J .  Chem. Soc., Chem. Commun., 207 (1972); V. L. 

Goedken and D. H. Busch, J .  Am.  Chem. SOC., 94, 7355  (1972); G. C. 
Christoph and V .  L .  Goedken, ibid., 95, 3869 (1973). 

(6) 0. M. Brown, T. R. Weaver, F. R. Keene, and T. J .  Meyer, Inorg. 
Chem., 15, 190 (1976), and references therein. 

( 7 )  H. L .  Chum, A. M. G. da Costa, and P. Krumholz, J .  Chem. SOC., 
Chem. Commun., 772 (1972); H. L. Chum and A. M. G. da Costa, 
Proc. In?. Conf. Coord. Chem., 15th, 406 (1973); A. M .  G. da Costa, 
C. Ferreira, P. Krumholz, and J. M. Riveros, J .  Chem. Soc., Dalton 
Trans., 896 (1977). 
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essentially, a second-order process in Fe(GMI)33+, was strongly 
dependent upon the acid concentration. In fact, if the acid 
concentration is > 10 M H2S04, the simple stoichiometric 
oxidation to Fe(GMI)33+ is observed, with no observable ligand 
oxidation for a period of about an hour. As the acid con- 
centration is lowered, ligand oxidation takes place more rap- 
idly, and its rate is inversely proportional to the acid con- 
centration. This paper quantifies the rate of dependence of 
this reaction as a function of acid concentration and tem- 
perature, thus completing the detailed kinetic and mechanistic 
study of the oxidation of Fe(GMI)32+ by Ce(1V). 
Experimental Section 

Materials. The chemicals used in this study are described in part 
1.2 

Stoichiometry Measurements. The stoichiometry of the oxidation 
of Fe(GMQj2+ by 1 equiv of Ce(IV) (initial stage of the reaction) 
was determined by spectrophotometry and by chemical analyses as 
a function of temperature and acidity, as described in part 1 .2 In the 
studied temperature range (10-30 "C) and acid concentration (4.0-7.0 
M H2SO4) one can write for the stoichiometry of this reaction eq 1 
where GMI = H3CN=CHCH=NCH3, GA = H3CN=CHC(O- 
H)=NCH3, and G H  = H3CN=CHCH=NCH20H. 

Fe(GMI)32+ + Ce(IV) ~t Ce(II1) + Fe(GMI)33+ - 
(0.24 i 0.03)Fe(GMI)2(GA)3+ + 

(0.12 f 0.02)Fe(GMI)2(GH)2+ + (0.64 1 0.06)Fe(GMI)32+ (1) 

Rate Measurements. In the present work, the disproportionation 
of Fe(GMI)33+ as a function of acid concentration and temperature 
was followed potentiometrically, by using a platinum indicator electrode 
vs. SCE. The experimental setup is described in part 2,' as is the 
chemical pretreatment of the indicator electrode. Liquid junction 
potentials were estimated as 2 mV for acid concentrations smaller 
than 5 M H2S04 and as 5 mV for 6 M H2S04.8 To confirm data 
at 6 M H2SO4 and obtain new data a t  7 M HzSO4, we also carried 
out spectrophotometric determinations described in part 2.' 

The rate of the disproportionation of Fe(GMI)33+ measured po- 
tentiometrically was determined as follows. A solution of the iron(II1) 
complex was prepared in 10 M H2S04, by oxidation of the iron(I1) 
complex with the stoichiometric amount of Ce(IV) (also in 10 M 
H2S04), at 5 OC, under nitrogen. With a glass syringe refrigerated 
at 5 "C, 0.12 mL of this iron(II1) complex solution was injected into 
a deoxygenated solution of the iron(I1) complex, at a certain tem- 
perature (10-30 "C, known within 10.1 "C), containing H2SO4, so 
that the final acid concentration would be 4, 4.5, 5, or 6 M. With 
this small volume of 10 M H2SO4 (at 5 "C) and vigorous stirring of 
the final solution, the temperature of the latter did not rise more than 
0.05 OC, less than the experimental error in the temperature. A 
constant temperature circulator equipped with a compressor, Lauda 
Brinkmann K2/R, was employed. The real acid concentration and 
volume of acid and complex added at 5 "C were determined by titration 
of the same volume of acid with NaOH. The final sulfuric acid 
concentration was also determined by titration. Knowing the exact 
amount of acid added, the final molarity of the solution, and the density 
of sulfuric acid  solution^,^ one can calculate the final volume of the 
solution and, therefore, concentrations of iron(II1) and iron(I1) 
complexes within 10.5%. 

The measurements of potential (within 0.1 mV) were made with 
the Corning digital pH meter 112. The reproducibility of duplicate 
or triplicate measurements was 1 mV for experiments in the 4-5 M 
H2SO4 range and 2 mV at 6 M H2S04. Time zero (f0.02 min) 
corresponded to the injection of the iron(1II) complex solution into 
the iron(I1) complex solution. Potential measurements started at 
0.40-0.50 rnin and were made in intervals of 0.10 rnin (4-5 M H2S04 
over a period of 5 min) and 0.50 min (6 M H2S04 over a period of 
20 min). 

As previously de~cribed,~ minor variations of the response of the 
platinum indicator electrode as well as of the liquid junction potential 
were corrected by the measurement of a solution containing fixed 
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Table 1. Potentiometric and Photometric Rate Constants k,and kb for the Disproportionation of Fe(GMI),3', Equilibrium Constants K,,, for 
the Cerium(1V) Oxidation of Fe(GMI)32+ to Fe(GMI)33+, and Formal Electrode Potentials E"' of the Fe(GMI),3C/Fe(GMI)32+ Couple as a 
Function of Acid Concentration and Temperature 

expt temp, "C [H,SO,], M [Fe(GMI)33'lt,o, [Fe(GMI),zt]t=o, 10 - 3 1 ~ ,  , 103kb, E" ' ,  V 
no. (20.1 "C) (t0.02 M) M M M-1 s-l S- l  10-'Keq vs. SCE __ 
1 9.9 4.01 7.5 x 10-6 1.39 x 10-4 
2 
3 
4 
5 
6 
7 
8 
9 

10 
1 l a  
1 2a 

15.0 4.00 
15.0 4.00 
20.0 3.99 
20.0 3.99 
25.0 3.98 
25.0 3.98 
25.0 4.41 
25.0 4.96 
25.0 5.92 
25.0 5.94 
25.0 6.81 

9.9 x 10.6 
9.9 x 10.6 
4.75 x 10-5 
1.01 x 10-5 
9.8 X 
9.8 X 
9.4 x 10'6 
9.3 x 10- 
9.4 x 10-6 
1.96 x 10-5 
5.5  x 10-5 

1.01 x 10- 
1.01 x 10-4 
3.42 x 10-4 
1.01 x 10-4 
1.03 x 10-4 
9.9 x 10-5 
1.01 x 10-4 
1.01 x 10-4 
1.02 x 10-4 

a Photometric determinations in the presence of atmospheric oxygen. 

ployed a different potentiometric technique, described in the 
Experimental Section, and the photometric technique. Plots 
of the potential of the platinum indicator electrode vs. time 
as a function of acid concentration and temperature a re  il- 
lustrated in Figure la ,b ,  respectively. Extrapolation of the 
potential to zero time yields the formal electrode potential of 
the complex couple (see Experimental Section). The analysis 
of the  E vs. time curve, described in the treatment of data ,  
yields the rate constants k ,  and kb. Since the formal electrode 
potential of the couple Ce(IV)/Ce(III)  has been determined 
under the same experimental conditions (within f 0 . 2  mV), 
one can calculate the equilibrium constant for the primary 
reaction step of the overall reaction which produces ligand- 
oxidized complexes represented by eq 1, which is the formation 
of the iron(II1) complex3 (eq 6)  as a function of acid con- 

Fe(GMI)32+ + Ce(IV) ~ r ?  Fe(GMI),3+ + Ce(II1) (6) 
centration and temperature. Table I assembles rate constants 
k ,  and kb, equilibrium constant Kq, and the formal electrode 
potential of the Fe(GMI)33C/Fe(GMI)32+ couple as a function 
of acid concentration and temperature. 
Discussion 

(a) Equilibrium Constants for the Formation of Fe(GMI)33+ 
(Eq 6) .  Inspection of Table I shows that Kq decreases slightly 
with increased temperature in 4.0 M H2S04. The  errors in 
the equilibrium constants a re  large due to the 2 mV uncer- 
tainty of the extrapolation procedure of the E"' for the complex 
couple. Estimate of Kq a t  30.0 "C gave 370 f 50. With these 
data  one can calculate for the reaction represented by eq 6 
AH = -(2.1 f 0.6) kcal/mol and AS = 5 f 2 eu. These values 
indicate that  the formation of Fe(GMI)33+ is favored en- 
thalpically and entropically. Due to the similarity between 
Fe(GMI)32+ and the analogous tris( 1,lO-phenanthro1ine)- 
iron(I1) complex," it is very likely that this reaction proceeds 
via a n  outer-sphere mechanism. l 2  Cerium(1V) oxidation of 
substituted iron phenanthroline complexes was shown to 
proceed via a n  outer-sphere mechanism by Dulz and Sutin,13 
obeying the Marcus equation:I4 = 0.5AGlll + 0.5AC'22 
+ 0.5AGol2 (for symbols see ref 14). The  rate constant (4  
X lo3 M-' s- '  ) a nd equilibrium constant (-400) values for 
Fe(GMI)32+ fit well the correlation presented by Dulz and 
Sutin.I3 The dependence of the equilibrium constants on the 
acid concentration is also shown in Table I. Kq increases by 
a factor of approximately 2 in going from 4.0 to 6.0 M H2S04 
a t  25.0 "C. This increase is due to an increased thermody- 

0.82 + 0.05 
1.25 f 0.07 
1.16 + 0.07 
1.69 i 0.05 
1.66 * 0.05 
2.3 f 0.2 
2.2 + 0.2 
1.19 f 0.06 
0.62 + 0.04 
0.16 + 0.03 

1.9 t 0.2 48 + 4  
2.1 + 0.2 43 + 4  
2.8 t 0.3 43 1-4 
5.2 i 0.4 41 i 3 
4.1 i 0.4 41 2 3 
5.1 + 0.5 39 f 3 
4.7 f 0.5 39 f 3 
3.0 t 0.3 40 i 4 
3.4 + 0.3 51 f 5  
0.30 2 0.03 83 i 6 

0.14 f 0.02 
0.021 + 0.003 

0.58 + 0.05 
0.45 * 0.05 

1.008 
1.012 
1.012 
1.015 
1.015 
1.017 
1.017 
1.011 
1.001 
0.986 

I 

0.20 0.40 
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Figure 2. Plot of log k,  - Ho (Hammett acidity function) vs. -log 
as20 for the disproportionation reaction of Fe(GMI)33+ at  25 "C. 

namic stability of the iron(II1) form with increased acidity, 
as  shown by the pronounced decrease of the formal electrode 
potentials of the complex couple. This decrease is 3 times 
larger than that observed for the Ce(IV)/Ce(III) couple under 
the same experimental conditions. Within the experimental 
errors, the formal electrode potential decreases linearly with 
the Hammett  acidity (H0)15 in the 4.0-6.0 M H2S04 range. 
Such type of correlation had been also observed for the 
1,lO-phenanthroline and 2,2'-bipyridine complexes of iron16 
and for the aliphatic diimine complex tris(biacety1 bis(me- 
thy l imine) ) i r~n . '~  Acidity exerts a controlling influence on 
the relationship between the electron affinity of the metal ion 
and that of the ligand." As the acid concentration is lowered, 
the formal electrode potential of the Fe(GMI)33+/Fe(GMI)c+ 
couple increases, as well as the rate of intramolecular oxidation 
of the ligand by the metal ion. 

(b) Rate and Mechanism of the Disproportionation Reaction 
as a Function of Hammett Acidity and Water Activity. The  
rate of the disproportionation reaction, k,  (eq 4), is inversely 
proportional to the acid concentration (see Table I). In going 
from 4 to 7 M H2S04,  k ,  decreases by a factor of 100. Figure 
2 shows a plot of log k ,  - Ho vs. log aHzo,I9 where Ho is the 

(11) P. Krumholz, Srruct. Bonding (Berlin), 9, 139 (1971). 
(12) H. Taube, "Electron Transfer Reactions of Complex Ions in Solution", 

Academic Press, New York, 1970. 
(13) C. Dulz and N. Sutin, Inorg. Chem., 2, 917 (1963). 
(14) R. A. Marcus, Annu. Reo. Phys. Chem., 15, 155 (1964). 

(15) M. A. Paul and P. A. Long, Chem. Recj., 57, 1 (1957). 
(16) W. W .  Brandt, F. P. Dwyer, and E. C.  Gyarfas, Chem. Rev., 54, 959 

(1959); A. A. Sch'ilt, Anal. Chem., 35 ,  1599 (1963). 
(17) H. L. C h u m  and T. Rabockai, Inorg. Chinz. Acta, 19, 145 (1976). 
(18) M. Anbar, Ado. Chem. Ser., No. 49, 126-52 (1965). 
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Hammet t  acidity f ~ n c t i o n ' ~  (-Ho is essentially equal to log 
aH30+). This plot is linear within the experimental error and 
the slope is 1.9 f 0.4, indicating that  

k,  = ~ ~ H ~ o ~ / ~ H ~ o +  (7) 

This experimental rate law clearly indicates that the reaction 
is retarded with increased acid activity and decreased water 
activity. 

The  detailed mechanism3 proposed for this reaction, which 
accounts for the dominant second-order dependence of the rate 
as  a function of the concentration of Fe(GMI)33+, is shown 
in eq 8-10. 

c J 

Fe(GMI),(GA)2t (9) 

k ,  
Fe(GMI)2(GA)2+ + Fe(GMI)33+ - 

Fe(GM1)2(GA)3+ + Fe(GMI)32+ (10) 

S tep  8 represents the intramolecular reduction of the iron- 
(111) complex assisted by solvent water, yielding an  iron- 
(11)-ligand radical complex and H30+ reversibly. This com- 
plex radical undergoes oxidation by another molecule of the 
iron(II1) complex (step 9) in a reaction which is also assisted 
by nucleophilic attack of solvent water. Solvation studies of 
this complex and several other complexes of iron with aliphatic, 
mixed (aliphatic-aromatic), and aromatic diimine ligands in 
sulfuric acid solutions from 4 to 10 M and in water reveal that 
these complexes are  tightly solvated and the solvent molecules 
( H 2 0  and/or H 3 0 + )  fill up the pockets between the ligands*O 
and suggest that reversible reactions involving the participation 
of H 2 0  and H30+ (step 8) can occur. 

A sequence of reactions analogous to (8) and (9) can be 
written for the formation of Fe(GMI)2(GH)2+, the corre- 
sponding constants being K** and k4. Since the couple Fe- 
(GMI)2(GH)3'/Fe(GMI)2(GH)2+ has identica121 formal 
electrode potential to that of the couple Fe(GMI)33+/Fe- 
(GMI)32+, a reaction analogous to (IO),  in which the difference 
in electrode potentials of the complex couples is 0.3 V, is not 
important a t  the initial stages of the reaction. From this 

(19) S. Shankman and A. R. Gordon, J .  Am. Chem. Soc., 61,2370 (1939). 
(20) P. Krumholz, H. L. Chum, M. A. De Paoli, and T. Rabockai, J .  

Electroanal. Chem. Interfacial Electrochem., 51, 465 (1974); H. L. 
Chum, M. Rock, and T. Rabockai, submitted for publication. 

(21) H. L. Chum, T. Rabockai, J. Phillips, and R. A. Osteryoung, Inorg. 
Chem., 16, 812 (1977). 
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sequence of reactions one obtains the rate  law 

- - d [ Fe( G M I )  33+] 
dt  

- 

(3k2K* + 2k4K**)- [H2012 [Fe(GMI),3+]2 (1 1)  
[H30+1 

which reproduces the dominant term of the observed experi- 
mental law (eq 7)  with respect to the water and acid activity 
dependence. 

(c) Activation Parameters of the Disproportionation Reaction 
and the Mechanism of the Reaction. A plot of log k, from the 
data in Table I (plus the rough datum a t  30.0 O C ,  log k ,  = 
3.5 f 0.15) vs. 1/T is linear within the experimental error. 
One should point out that in this range of temperature, there 
a re  variations in Ho and in log aHrO. Considering the errors 
in HoZz and log aH20,22 the term 2 log aHzo + Ho has an intrinsic 
error of 2%. In the studied temperature range the term 2 log 
aHZ0 + Ho remains constant within 2.5%. Therefore, the rate 
dependence of temperature does not appear to be masked by 
variations of acid and water activity. The activation param- 
eters obtained for this reaction are  AZ? = 10.5 f 1 kcal/mol 
and AS* = -(8 f 2) eu, a t  4.0 M H2S04. 

In 1961, B ~ n n e t t ~ ~  reviewed ca. 30 organic reactions cata- 
lyzed by acid and found that linear plots of log k + Ho vs. log 
aH20 are  obtained. The  slope of this plot, w, was found ex- 
perimentally to correlate with the entropy of activation of the 
reactions. The slope, w, corresponds to the differences between 
the average degree of hydration of the transition state and that 
of the substrate and incorporates differences in the average 
degree of hydration of the protonated and nonprotonated forms 
of the indicator used to determine Ho. According to B ~ n n e t t , ~ ~  
all water molecules attached to the substrate or  to the tran- 
sition state with enough energy to affect the reaction rate are  
considered hydration molecules. BunnettZ3 has shown that for 
a participation of water such that  w = 1, which corresponds 
to the incorporation of a water molecule into the transition 
state, the reaction exhibits AS' = -(4.1 f 0.7) eu. 

In the mechanism of disproportionation of Fe(GMI)33+ (see 
eq 8-10), where the assistance of two water molecules is 
postulated, one obtains a slope of the plot log kobd - Ho (this 
reaction is retarded by acid) vs. log aHI0, which can be asso- 
ciated with the slope w of Bunnett's correlation, equal to 2 and 
AS* = -(8 f 2) eu. Thus, with the assumption of Bunnett's 
correlation, the activation entropy and the "w" = 2 presently 
obtained corroborate the proposed reaction mechanism. 
Conclusion 

The cerium(1V) oxidation of the aliphatic diimine complex 
tris(glyoxa1 bis(methylimine))iron(II), which produces stable 
ligand-oxidized products, has a remarkable ra te  dependence 
on acid concentration, investigated in this work. The first step 
of this complex reaction is the formation of the iron(II1) 
complex, in an  equilibrium reaction, which is also strongly 
dependent on the acid concentration of the medium. The  
higher the acid concentration, the larger the equilibrium 
constant and the slower the overall ra te  of oxidation. This 
trend corresponds to that  of increased thermodynamic and 
kinetic stability of the iron(II1) form with increased acid 
concentration and exemplifies well the role of acid concen- 
tration in determining the relative electron affinity of the 
central metal ion and that of the ligand. The proposed reaction 
mechanism3 involves the reduction of the iron( 111) complex 
by the coordinated ligand, in an equilibrium reaction which 
is assisted by a nucleophilic attack of water and is retarded 
by acid, followed by the oxidation of the ligand-oxidized 

(22) Cf. ref 15 and 19 and C. J. O'Connor, J .  Chem. Educ., 46,686 (1969). 
(23) J. F. Bunnett, J .  Am.  Chem. Soc., 83, 4956, 4968, 4973, 4978 (1961). 
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iron(I1) complex radical by another iron(II1) ion molecule in 
a step assisted by a nucleophilic attack by water. The  rate 
law proposed by this mechanism generates an  acid and water 
activity dependence of the form aH2O2/aH,O+ which was ex- 
perimentally confirmed. 

The  temperature dependence of the reaction rate gives the 
parameters h€P = 10.5 f 1 kcal/mol and AS* = -(8 f 2) 
eu obtained by maintaining aH2O2/aH@+ essentially constant. 
The  participation of two water molecules and an  activation 
entropy of -8 eu are  found in several acid-catalyzed organic 
reactions reviewed by B ~ n n e t t . * ~  The kinetic data presented 
in this paper corroborate the mechanism3 proposed for this 
complex reaction and point to an  interesting correlation be- 

tween water participation and entropy of activation common 
to acid-catalyzed organic reactions, which can be explored 
further. 
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Dissolved sulfur dioxide reacts almost instantaneously with aqueous Co(NH3)50H2+ ion to form the oxygen-bonded sulfito 
complex ion Co(NH,),OSO,+. This unstable product rapidly loses SO2 when acidified, restoring the aquopentaamrnine 
species. However, at higher pH values, a relatively slow intramolecular redox decomposition can be observed, which produces 
Co(aq)2+ and S042- in a 2.1 ratio. This is a stepwise process, probably involving the SO3- radical ion. The kinetics of 
the very rapid SO,-uptake reaction was studied within the ranges 3.7 < pH < 7.7, 10 "C < t < 34 "C, and 0.01 M < 
[total sulfite] < 0.06 M. The formation of the complex ion C O ( N H ~ ) ~ O S O ~ +  is a second-order process for which k = (2.6 
f 0.6) X lo8 M-l s-' a t 10 OC, A@ = 9.8 f 0.3 kcal mol-', and AS* = 14.0 f 0.4 cal de& mol-'. The rather slow redox 
reaction was studied over the ranges 3.4 < pH < 6.7, 15 "C < t < 35 "C, and 0.02 M < [total sulfite] < 0.10 M. The 
rate-determining step appears to be an inner-sphere one-electron transfer between the Co(II1) center and the ligand sulfite, 
with a rate constant (extrapolated to 10 "C) of k = (1.3 f 0.3) X SKI, A@ = 26.9 f 1.2 kcal mol-', and AS' = 23.1 
& 4.2 cal deg-l mol-'. The rate of the moderately rapid S02-elimination process, studied in absence of excess sulfite, is 
directly proportional to [H'] within the range 3.3 < pH < 4.6 and has a rate constant at 10 "C of (2.2 f 0.4) X lo6 M-' 
s-1. 

Introduction 
Significant contributions have been made in recent years 

toward the understanding of the formation reactions and re- 
activity properties of S-bonded sulfito complex ions. Salts of 
Co(NH3),S03+ can only be prepared and purified in solutions 
containing free a m m ~ n i a , ~  since this complex reacts with water 
(especially in acidic medium) to form trans-Co(NH3)?- 
(OH2)(S03)+. The latter reaction has led to impurities in 
earlier reported preparations of the (su1fito)pentaammine- 
cobalt(II1) c ~ m p l e x . ~ - ~  The extraordinarily strong trans-la- 
bilizing influence of the S-bonded sulfito ligand in octahedral 
Co(II1) species has been studied in several laboratories. The 
studies have included complexes containing 

A preliminary report of this work was presented at the American 
Chemical Society/Chemical Society of Japan Chemical Congress, 
Honolulu, Hawaii, April 1979. See Abstract No. INOR 383. 
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ethylenediamine,12-16 cy ani de,"^'* and d i rne thylg lyo~imate~~-~~ 
as the N-bonded ligands. It has also been reporteds%' that the 
tetraammine(sulfito)cobalt(III) complexes undergo redox 
decomposition to Co2+ and the free radical HS03 in acidic 
medium, a t  rates of approximately SKI a t  25 O C .  More 
recently the preparation of some S-bonded sulfur dioxide 
complexes has been described.**J3 

On the contrary, very little has been reported on the for- 
mation and reactivity of 0-bonded sulfito complexes. Stranks 
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