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a t 0° and ionic strength 0.084 F. The data of Wagner 
and Preiss22 lead to the result k26/kn = 0.19 a t 0° 
and ionic strength ~ 1 . 1 F (chloride medium). Since 
these four parameters were not measured under the 
same conditions, the calculation indicated in eq. 24 
can be only approximate. The value calculated is 1.4 
X 10"6 M-, compared with the experimental 15 X 10~6 

The silver (I) -catalyzed oxidations of various sub­
strates by peroxodisulfate are believed to be initiated 
by a reaction of silver(I) with peroxodisulfate ion.3 4 

The exact nature of this reaction is not clear although 
a one-electron oxidation 

Ag- + S2O8"
2 — > Ag+2 + SO4" + SO4"

2 (1) 

is in accord with the experimental evidence.8,4 

Reaction 1 appears to be rate-determining in the 
silver(I)-catalyzed oxidations of most substra tes . 3 4 

In this respect, the oxidation of oxalate ion is excep­
tional. King6 found tha t , in partially deaerated solu­
tions, this reaction was about 4000 times as fast as the 
oxidations of other substrates under similar conditions. 
The erratic nature of his results precluded a quanti­
tative kinetic investigation. 

Later it was shown that , in solutions of very low 
copper concentration but not deaerated, the silver(I)-
catalyzed oxidation of oxalate is only slightly faster 
than the oxidations of other substrates.6 

The catalytic properties of copper and the inhibitory 
nature of oxygen in the oxidation of oxalate ion have 
been confirmed in a recent study.7 For the copper-
(Il)-catalyzed reaction the experimental rate law 

- d [ S s 0 8 - s ] / d < = k [S2O8-2] [Cu11CCsO4)S-']7, 

is consistent with a chain mechanism involving the 
radical ions CO 2 " and SO4- and oxidation of copper to 

(1) Abstracted in part from the Ph.D. Dissertation of A. Joseph KaIb, 
University of California, Davis, Calif., 1963. presented in part at the 144th 
National Meeting of the American Chemical Society, Los Angeles, Calif., 
March 31-April 5, 1963. 

(2) Public Health Service Predoctoral Fellow, 1962-1963. 
(3) W. K. Wilmarth and A. Haim in "Peroxide Reaction Mechanisms, 

Conference. Providence, Rhode Island, 1960," J. O. Edwards, Ed., Inter-
science Publishers, New York, N. Y., 1962, p. 175. 

(4) D. A. House, Chem. Rev., 62, 185 (1962). 
(5) C. V. King, J. Am. Chem. Soc, 50, 2089 (1928). 
(6) T. L. Allen, ibid., 73, 3589 (1951). 
(7) E. Ben-Zvi and T. L. Allen, ibid., 83, 4352 (1961). 

M2. Considering the variation in temperature and 
medium, these results appear not inconsistent. Espe­
cially gratifying is the observation tha t the concentra­
tion dependences of these four measured parameters 
are in not only apparent internal agreement, but 
t ha t they combine to the correct form for the equi­
librium quotient of reaction 23. 

the tervalent state. Inhibition by oxygen occurs 
through reaction with C O 2

- radicals followed by chain 
termination. 

As silver(I) is susceptible to one-electron oxidation 
to the unstable silver(II), it can play a role similar to 
tha t of copper(II) in catalyzing propagation. I t can 
also initiate chains by reaction 1. Therefore, silver (I) 
should be at least as effective a catalyst as copper(II) . 

The present kinetic investigation was undertaken to 
uncover the mechanism of the silver(I)-catalyzed 
oxidation of oxalate ion by peroxodisulfate. 

Experimental 
Materials.—Water was purified by distillation through a 36-

in. Vigreux column equipped with an electric heating tape at 
the takeoff to prevent diffusion of impurities into the distillate.8 

The distillate was collected and stored in polyethylene bottles. 
National Bureau of Standards standard sodium oxalate (batch 

No. 4Og), Mallinckrodt analytical reagent grade potassium per­
oxodisulfate, silver nitrate, and cupric sulfate, and Baker and 
Adamson reagent grade anhydrous sodium sulfate were used 
without further purification. Gases used were Matheson 
helium and Liquid Carbonic Industrial oxygen. 

Baker and Adamson reagent grade concentrated sulfuric acid 
was redistilled in an all-Pyrex apparatus and stored in a ground-
glass-stoppered Pyrex flask. Eastman Kodak (White Label) 
allyl acetate was fractionally distilled through a 15-cm. column 
packed with glass helices shortly before use. A fraction boiling 
at 103° was used. 

Reaction mixtures were made from standard stock solutions in 
most of the experiments. These were prepared with redistilled 
water and stored in polyethylene bottles. All pipets and other 
glassware were Pyrex glass and were thoroughly washed with 
redistilled hydrochloric acid and redistilled water as a precau­
tion against metal contamination. 

Apparatus.—Since oxygen is a powerful inhibitor of the sil-
ver(I)-catalyzed reaction, the reaction vessel was a Pyrex gas-
washing bottle with a fritted disk (flask I) to facilitate deaeration 
of reaction mixtures by flushing with helium. A 21.0-ml. pipet, 
equipped with a ground-glass joint fitting snugly into the cover 
of the reaction vessel, was used for sampling. Aliquots could 

(8) R. Ballentine, Anal. Chem., 26, 549 (1954). 
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The silver(I)-catalyzed oxidation of oxalate ion by peroxodisulfate has been studied. The rate law for this 
reaction in deaerated solution, at concentrations of peroxodisulfate greater than about 0.004 M, is — d[S208~2] / 
At = £i[S208~2] Vi[AgNO3] Vs, with an activation energy of 16.4 kcal./mole. At peroxodisulfate concentra­
tions of 0.004 M or less, the rate law is — d[S208"~2]/d< = &nlS20s~2]2. In this concentration region a black 
precipitate forms during the reaction. It was identified by its X-ray diffraction pattern as metallic silver with 
traces of silver oxalate. A chain mechanism in which radical-ion chain carriers participate in one-electron-
transfer reactions accounts for both rate laws (reactions 1-6). If the catalyst is present as the complex ion 
AgC2O,!-, rate laws of the same form are obtained. The effect of pH indicates that Ag + catalyzes the reaction 
at low pH, AgC2O,!- at high pH. Oxygen inhibits the reaction. At partial pressures of oxygen between 2.9 X 
10"3 and 1.31 X 10"3 atm., the rate law is - d [S 2 0 8 " 2 ] / d i = /WS2O8-2IVHAgNO3]VyPVs, with an activa­
tion energy of 22.4 kcal./mole. Inclusion of the additional reactions 19 and 20 in the mechanism leads 
to the observed rate law. The dissociation energy of O2CO2

- is estimated to be approximately 8.2 kcal./mole. 
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Fig. 1.—Dependence of the three-halves-order rate constant on 
the square root of silver nitrate concentration. 

be forced into the pipet, without seriously slowing the flow of 
helium, by partly closing the gas outlet of the flask. Except 
during sampling, when it was open to the atmosphere, the 
pipet was flushed with helium. A second gas-washing bottle 
(flask I I) , with a hole for removal of aliquots, was used for 
thermal equilibration and deaeration of a reactant before mixing. 

Tygon tubing was used for all connections. The flasks were 
maintained at constant temperature (±0 .02° ) in a water thermo­
stat (except where otherwise stated the temperature was 25.0°). 
Measurements of pH were made with a Beckman Model G pH 
meter. Optical density was measured with a Beckman Model 
DU spectrophotometer. 

The apparatus was modified slightly to enable quantitative 
determination of the inhibitory effect of oxygen. A glass T-
joint, equipped with a calibrated capillary inlet for oxygen, 
was included in the helium line, and a flowmeter (Greiner Model 
G9144B) was used to measure the helium flow rate. Thus a 
reaction mixture could be flushed with mixtures of helium and 
oxygen of known composition. 

Procedures.—Appropriate volumes of stock solutions and 
redistilled water were pipetted into the flasks. Flask I was 
usually charged with sodium oxalate and flask II with potassium 
peroxodisulfate. Silver nitrate was sometimes included in 
flask I, sometimes in flask I I . When silver nitrate was added 
to sodium oxalate, care was taken to avoid local precipitation of 
silver oxalate. Turbid solutions were discarded. In some 
experiments, sulfuric acid was added to lower the pH. 

The flasks were placed in the thermostat and their contents 
were flushed with helium (or a mixture of helium and oxygen) 
for 30 min. A reaction was started by transferring a 25-ml. 
aliquot from flask II to flask I. The sampling pipet, flushed 
with the gas, was introduced and aliquot samples were with­
drawn at appropriate times. A ground-glass stopper was used 
to close the sampling port whenever the pipet was removed. 

For experiments with ally! acetate, ordinary glass-stoppered 
erlenmeyer flasks were used. Reaction mixtures were not 
deaerated and samples were withdrawn with a 25-ml. pipet. 

Analyses.—Samples were analyzed for peroxodisulfate by an 
iodometric titration.7 The reaction was quenched by exposure 
to air and by precipitation of the catalyst as silver iodide. Five 
samples were usually taken during an experiment and the reac­
tions were followed to at least 65% completion. 

Changes in silver(I) concentration were followed in some ex­
periments by the Fischer dithizone monocolor method.9 Samples 
were passed through a sintered glass filter, acidified with nitric 
acid, heated for 1 hr. in a boiling water bath to destroy peroxo­
disulfate (which interferes with the analysis), cooled, and 
diluted to constant volume with redistilled water. Concentra­
tion of silver was evaluated by reference to a standard curve. 

A black powder, which appears at low peroxodisulfate con­
centration, was collected by centrifugation, washed, dried, and 
identified by its X-ray diffraction pattern. The sample, mounted 
on a glass filament, was exposed in an X-ray powder camera to 
Xi-filtered Cu Ka radiation (X = 1.54 A.). Exposure time was 
.5 hr. in one experiment and 10 hr. in another. Interplanar 

(9) F, J. Welcher, "Organic Analytical Reagents," Vol. I l l , D. Van Nos-
trand Co11 Inc., New York, N. Y., 1947, p. S17. 

spacings were calculated by the Bragg equation from the meas­
ured diameters of the diffraction circles and co npared with 
spacings listed in the ASTM file of X-ray powder patterns.10 

Results 
Stoichiometry.—The stoichiometry of the reaction 

was verified by allowing a solution containing 0.0540 

M Na2C2O4, 0.0450 M K2S2O8, and 1.8 X 10"5 TIf 

AgNO3 to react for 4.5 hr., at which time virtually all 

of the peroxodisulfate had been consumed. The de­

crease in peroxodisulfate concentration was found to 

be equal to tha t in oxalate concentration, within 0 .3%, 

in accordance with the equation 

C2O4-2 + S2O8-2 — > - 2CO2 + 2SO4"2 

The Reaction at High Peroxodisulfate Concentration. 
Peroxodisulfate Dependence.—At peroxodisulfate con­

centrations greater than approximately 0.004 AI, the 

rate is proportional to [S2O8
- 2]3 ! as shown by the lin­

earity, up to a t least 70% reaction, of plots of [S2-

O 8 - 2 ] - ' ' ' 2 vs. time. Accordingly, - d [ S 2 0 8 - 2 ] / d < = 

W [S2O8-
2J1^. 

Silver Nitrate Dependence.—As shown in Fig. 1, 

ki' is proportional to the square root of the silver 

ni trate concentration.11 Accordingly 

- d [ S 2 0 8 - 2 ] / d < = ki [S2O8-2]'' '2 [AgNO3 ] ' / ! (A) 

where kx = &i'/[AgNO3]"2 . Analysis of reaction 

mixtures in the high range of peroxodisulfate concentra­

tion showed no change in catalyst concentration during 

a t least 7 5 % of the reaction. 

The dependence on silver ni trate concentration a t 

low pH is discussed below in the section on pH de­

pendence. 

Oxalate Dependence.—The data in Table I show 

tha t kj is practically constant over a 50-fold range of 

TABLE I 

SECOND-ORDER RATE CONSTANTS 

[SIO8-2IO, M 

0.0080 
0.0160 
0.0160° 
0.0560 
0.0160 
0.0160» 
0,0200» 
0.0160 
0.0960 
0.0960 
0.0160 
0.0200 

« 0.016 M 

[CJO. "Mi, M 

0.080 
0.080 
0.080 
0.080 
0.200 
0.020 
0.004 
0.080 
0.120 
0.200 
0,080 
0.004 

Na2SO4 also 

10MAgNO3], 

7.5 
7 .5 
7.5 
7.5 
7.5 
7.5 
1.1 
1.1 
1.1 
1.1 

15.5 
1.1 

present. 

M M, M 

0,26 
0.29 
0.34 
0.41 
0.65 
0.35 
0.31 
0.29 
0.65 
0.89 
0.29 
0.07 

b 0.080 M 

ki, 
M ~~l sec. _ 1 

0,628 
0.664 
0.650 
0.724 
0.650 
0.638 
0.682 
0.658 
0,596 
0,622 
0,690 
0,840 

Na2SO4 also 

initial oxalate concentrations, and therefore, the rate 
law is zero order in oxalate concentration in this range. 
The constancy of k\ over a 12-fold range of initial per­
oxodisulfate concentrations and a 14-fold range of 
catalyst concentrations confirms the correctness of the 
rate law. Excluding the last experiment (in which 
the ionic strength was much lower than in the others), 
the average rate constant is 0.655 ± 0.026 M~l sec . - 1 . 

(10) "X-Ray Powder Data File, Sets 1-5 (Revised)," J. V. Smith, Ed., 
American Society for Testing Materials, Philadelphia, Pa., 1960. 

(11) In these solutions the catalyst is probably present as Ag", AgC20.~, 
and Ag'2 , a point which will be considered in more detail in the Discussion. 
To avoid ambiguity, experimental results are expressed in terms of the con­
centration of silver nitrate used to prepare the solutions. 
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Fig. 2.— Dependence of the three-halves-order rate constant 
on pH at 0.016 M S-.Or2, 8.0 X 10~5 M AgNO3, and 0.080 M 
total oxalate concentration ([C2O4-2] + [HC2O4-] + [H2C2O4]); 
the curve was calculated by means of eq. 18. 

Ionic Strength Dependence.—Except at the lowest 
salt concentration (p. = 0.07), the rate is insensitive 
to changes in ionic strength (Table I) . No quanti­
tat ive evaluation was made of the negative salt effect 
at low ionic strength. 

Sulfate Dependence.—As sulfate ion is a reaction 
product, its concentration increases during an experi­
ment. However, the second and third experiments 
listed in Table I show tha t the addition of sodium sul­
fate had no effect on the rate. 

Surface Effect.—The reaction is not markedly sensi­
tive to changes in surface area. Addition of 1 g. of 
diatomaceous earth (Celite analytical filter aid) de­
pressed the rate by 2 5 % . This may have been caused 
by traces of some inhibitor. Furthermore, it is not 
necessary to condition the walls of the reaction vessels 
in order to obtain reproducible results. (In the copper-
(Il)-catalyzed reaction, the reaction vessel must be 
conditioned and a special washing technique is needed 
to obtain reproducibility.7) 

pH Dependence.—The rate is somewhat depressed 
by increasing hydrogen ion concentration (Fig. 2). 
The reaction is three-halves order in peroxodisulfate 
concentration a t every pH studied. 

Table II presents the results of a series of experi­
ments at low pH, where oxalic acid is the principal 
oxalate species. Although the rate is independent of 

TABLE II 

OXIDATION OF OXALIC ACID BY PEROXODISULFATE" 

[ S I O 8 - 2 J O , 

0.0166 

0.016 
0.040 
0.020 
0.020 
0.020 
0.020 

1 pH adj 

VI [Xa2C5O4]C, 

0.004 
0.080 
0.080 
0.080 
0.020 
0.080 
0.080 

jsted to 0.49 by 

M 10 [AgXOj] , M 

1,6 
8,0 
8.0 

24.0 
24.0 
40.0 
80.0 

Addition of H2SO4. 

M 

pH 

10>*i', 

-1A sec.-1 

0.38 
1.88 
1.40 
4.64 
4.98 
7.10 

10.72 

1.10, 0.08 
-1/ Xa2SO4. 

the concentration of reducing agent and three-halves 
order in peroxodisulfate concentration as a t higher 
pH, the order with respect to silver ni trate concentra-

100 150 200 

P - I ' I , atm. _ l / ! . 

Fig. 3.—Dependence of the apparent second-order rate constant 
on the reciprocal of the square root of oxygen pressure. 

tion changes from first order at low catalyst concen­
tration to half order at higher concentration. 

Copper Sulfate Dependence.—In these oxygen-free 
solutions, the rate was unaffected by the presence of 
CuSO4 a t concentrations of 8.0 X K)"6 and 64.0 X 
10~5 M. These results contrast sharply with the 
extreme sensitivity of the rate to traces of copper sul­
fate when oxygen is not excluded.6 

AUyI Acetate Inhibition.—Ally! acetate, an effective 
captoi of sulfate radical ions,12 inhibits the reaction. 
However, the very slow silver-catalyzed decomposition 
of peroxodisulfate in the presence of allyl acetate is 
about two and one-half times faster when oxalate is 
also present than when it is absent. The rate of the 
inhibited reaction depends only slightly on oxalate 
concentration from 0.004 to 0.080 M (Table I I I ) . 

TABLE II I 

ALLYL ACETATE INHIBITION" 

[CiO4-S]0 , M ti/2, hr. 

0.080 90 
0.0106 102 
0.0046 106 

. . . b 248 
0 .080° 0 ,5 

« 0.01 M K2S2O8, 8 X 10- s M AgNO,, and 0.02 M allyl acetate. 
4 Ionic strength adjusted to that of the first experiment by addi­
tion of Na2SO4. c No allyl acetate, oxygen-free solution. 

Oxygen Dependence.—The fact tha t oxygen is a 
powerful inhibitor of the reaction was demonstrated 
by conducting an experiment without flushing with 
helium. Although the temperature was 39.7°, it 
took 90 hr. for half of the peroxodisulfate to react. 
In oxygen-free solutions, the half-life for a compa­
rable reaction mixture is about 1 hr. at 25.0°. 

At low oxygen pressures, the rate is inversely pro­
portional to the square root of the partial pressure of 
oxygen (Fig. 3). Dependence on peroxodisulfate, 
oxalate, and silver nitrate concentrations is the same 
as in the absence of oxygen (Table IV). The rate does 
not increase without limit as oxygen pressure decreases. 
Thus, a suitable rate law is 

- d [S2O8-2 }/dt = &i[S 20 8- 2] ' / ![AgN03] , A /{ l + 

Pih/ko.yl'A (B) 
(12) I. M. Kolthoff, E. J. Meehan, and E. M. Carr, J. Am. Chem. Soc, 

75 , 1439 (19S3). 
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[CO.- ' ] ! , M 

0.10 
0.10 
0.10 
0.10 
0.10 
0.156 

0.25 
0.10 

TABLE IV 

OXYGEN 

104P, atm 

13.1 
4 .5 
2.4 
0.67 
0.60 
0.60 
0.29 
0.29 

D E P E 

k, 

NDENCE' 

(apparei 
M - 1 sec. 

0.051 
0.097 
0.187 
0.268 
0.303 
0.288 
0.451 
0.464 

10'Aoj. 
M~l a t m . 1A sec, ~l 

1.85 
2.05 
2.90 
2.19 
2.35 
2.23 
2.43 
2.50 

° 0.02 M K2S2O8 and 7.5 X IO"5 M AgXO3. <• 15.5 X 10~6 M 
AgNO3. 

w h e r e P is t h e p a r t i a l p r e s s u r e of oxygen . A s P a p ­
p r o a c h e s zero , B r e d u c e s t o A, t h e r a t e l aw in o x y g e n -
free so lu t i ons . A t v a l u e s of P g r e a t e r t h a n a b o u t 
3 X 10~ 5 a t m . , B b e c o m e s 

- d [ S 2 0 8
- 2 ] / d « = fco2[S208-

8]v,[AgN08]
I'yP,/" (C) 

S ince n o e x p e r i m e n t s w e r e c o n d u c t e d a t p a r t i a l p res ­
su re s of o x y g e n b e t w e e n zero a n d 3 X 1 0 - 5 a t m . , o n l y 
t h e e x t r e m e cases r e p r e s e n t e d b y A a n d C were o b ­
se rved . 

Temperature D e p e n d e n c e . — T h e effect of t e m p e r a ­
t u r e on ki o v e r a r a n g e of 25° a n d ko2 ove r a r a n g e of 
20° is g iven in T a b l e V. A r r h e n i u s p lo t s of t h e s e 

TABLE V 

TEMPERATURE DEPENDENCE" 

T e m p . , 0 K 

283.4 
288.3 
288,6 
293.3 
298.2 
303.0 
308,2 

ki, M ~l sec. _ 1 

0.148 

0.296 
0.384 
0.655 ± 0.026' 
1.04 
1.61" 

10 ' * 0 > , 
M - 1 a tm.Va sec. 

0.68" 

2.31 ± 0.23^ 

.566 

* 0.020 M K2S2O8, 0.080 M Na2C2O4, and 7.5 X 1O-5 M AgNO3. 
4 6.0 X 10 - 5 atm. oxygen pressure. c Average of eleven experi­
ments with various initial concentrations. d Average of eight 
experiments with various initial concentrations, and oxygen 
pressures from 2.9 X 10-5 to 131 X 10 - s atm. « 3.5 X 1O-5 M 
AgNO3. 

d a t a a r e l inear a n d g ive 

h = 5.90 X 10 1 1 e x p ( - 1 6 , 4 0 0 / i ? r ) M - 1 s e c . " 1 

k02 = 5 .05 X 101 3 e x p ( - 2 2 , 4 0 0 / i ? r ) M - 1 a t m . 1 / ! 

s e c . - 1 

T h e R e a c t i o n at Low Peroxodisu l fa te Concentra­
t i o n s . — A t p e r o x o d i s u l f a t e c o n c e n t r a t i o n s of a b o u t 
0.004 M or less, t h e r e is c o n s i d e r a b l e d e v i a t i o n f rom 
l i nea r i t y in p lo t s of [ S 2 O 8

- 2 ] - V * vs. t i m e . U n d e r 
t h e s e c o n d i t i o n s , i t is t h e r ec ip roca l of pe roxod i su l f a t e 
c o n c e n t r a t i o n w h i c h is l inear w i t h t i m e s h o w i n g second-
o rde r d e p e n d e n c e of t h e r a t e on pe roxod i su l f a t e con­
c e n t r a t i o n . 

I n th i s r a n g e , t h e r a t e is i n d e p e n d e n t of oxa l a t e , 
su l fa te , a n d s i lver n i t r a t e c o n c e n t r a t i o n s . E x c e p t 
a t t h e lowes t sa l t c o n c e n t r a t i o n (fx = (U)Hi), i t is in­
sens i t ive t o c h a n g e s in ionic s t r e n g t h ( T a b l e V I ) . 

Acco rd ing ly , t h e r a t e law a t pe roxod i su l f a t e con­
c e n t r a t i o n s of 0.004 M or less is 

TABLE VI 

EXPERIMENTS AT LOW PEROXODISULFATE CONCENTRATION 

10» X 105 x 
[SsO8-S]O, [C2O.-!Jo, [AgNOs] , lOAn, 

M M M n, U J l f - i s e c . - 1 

4.0 0.080 8.0 0.25 1.15 
2 .4 0.080 8.0 0.25 1.18 
2.4 0.080 16.0 0.25 0.92 
2 .4 0.080 1.6 0.25 0.97 
2.4 0.003 8.0 0.50" 1.19 
2.4 0.003 8.0 0.016 3.40 

» 0.16 M Na2SO4 also present. 

D u r i n g t h e s e e x p e r i m e n t s a s l igh t b l a c k p r e c i p i t a t e 
a p p e a r e d , wh ich w a s ident i f ied b y i t s X - r a y di f f ract ion 
p a t t e r n as m e t a l l i c s i lver w i t h t r a c e s of s i lver o x a l a t e 
( T a b l e V I I ) . C o n c u r r e n t l y , t h e c a t a l y s t c o n c e n t r a -

TABLE VII 

INTERPLANAR SPACINGS (d, A.) FROM X - R A Y DIFFRACTION 

PATTERNS 

Black pp t . Black pp t . 
washed wi th HjO" washed wi th H 2 SO 1 Ag6 

2.98 c 

2.75c 

2.34 2.34 2.359 
2.04 2.04 2.044 
1.44 1.44 1.445 
1.23 1.23 1.231 
1.16 1.16 1.1796 
1.02 1.02 1.0215 
0.93 0.93 0.9375 
0.91 0.91 0.9137 
0.83 0.83 0.8341 
0.79" 79* 

-d [S 2 O 8 - 2 }/dt = M S 2 O 8 - ( D ) 

a Very faint lines corresponding to spacings of 1.91, 1.76, 1.70, 
1.54, and 0.86 A. were also present. Their source was not deter­
mined. b Reference 10. " The most intense reflections for 
Ag2C2O4 are at 2.97 and 2.74 A. (ref. 10). d This spacing corre­
sponds closely to a third-order overtone of the 2.359-A. spacing. 

t ion dec rea sed . W i t h t h e s a m e in i t i a l c o n c e n t r a t i o n s 
as t h e first e x p e r i m e n t l i s ted in T a b l e VI , t h e s i lver 
c o n c e n t r a t i o n d r o p p e d t o 9 0 % of i t s i n i t i a l v a l u e 
af ter 30 m i n . S u b s e q u e n t v a l u e s were 8 3 % a t 70 
m i n . , 7 5 % a t 100 min . , 7 3 % a t 120 m i n . , a n d 6 5 % 
a t 160 m i n . 

D i s c u s s i o n 

T h e s i l v e r ( I ) - c a t a l y z e d o x i d a t i o n of o x a l a t e b y per­
oxod i su l fa t e is be l i eved to b e a f ree- radica l c h a i n re­
a c t i o n for t h e fol lowing r e a s o n s : 

1. T h e r e a c t i o n is s t r o n g l y i n h i b i t e d b y al lyl ace­
t a t e , an efficient c a p t o r of S 0 4 ~ . 1 2 F u r t h e r , t h e in­
h i b i t e d r eac t i on p r o c e e d s a t a b o u t t h e s a m e r a t e as t h e 
s i l v e r ( I ) - c a t a l y z e d o x i d a t i o n of w a t e r b y pe roxod i ­
su l fa te u n d e r s imi la r c o n d i t i o n s . 

2. T h e m a r k e d i nh ib i t i on b y o x y g e n i m p l i c a t e s 
C O 2 ^ (or C 2 O 4

- ) as a r e a c t i v e i n t e r m e d i a t e , ( E v i d e n c e 
for t h e ex i s t ence of C O 2

- in 7 - i r r a d i a t e d c r y s t a l s of 
s o d i u m f o r m a t e h a s been r e p o r t e d recen t ly . 1 3 ) Oxy­
gen is k n o w n to inh ib i t c e r t a i n cha in r e a c t i o n s in­
v o l v i n g C O 2 " , such as t h e ox ida t ion of o x a l a t e b y per­
m a n g a n a t e , 1 4 - 1 6 b y m e r c u r i c c h l o r i d e , 1 7 - 1 9 a n d b y per-

(13) I). W. Ovenall and D. H, Whiffen. MoI. Phys., i, 135 (1961). 
(14) H. K. Launer , J. Am. Chem. Soc, 54, 2597 (1932) ; 65, 865 (1933). 
(15) H. F . Laune r and I). M. Yost , ibid., 56, 2571 (1934). 
(16) S. J. Adler and R. M. Noyes , ibid., 77, 2036 (1955). 
(17) VV. E. k o s e v e a r e and A. R. Olson, ibid., 5 1 , 1716 (1929). 
(18) W. K. Koseveare , ibid., 62, 2612 (1930). 
(19) E . A. H a u s m a n and T. W. Davis , ibid., 76, 5341 (1954). 
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oxodisulfate in the presence of copper(II).7 The lack 
of reproducibility in a previous study of this reaction 
was probably caused, to a great extent, by the presence 
of varying and uncontrolled amounts of oxygen.5 

3. Fractional orders in silver (I), peroxodisulfate, 
and oxygen support the hypothesis tha t this is a chain 
reaction. 

4. This reaction is faster, by several orders of mag­
nitude, than most other silver-catalyzed reactions of 
peroxodisulfate.3> 4 

A reasonable mechanism of this sort is 

h 
Initiation: Ag+ + S2O5~

2 > Ag-2 + SO1- + SO1"
2 (1) 

h 
Propagation: SO," + Ag- *- SO4-

2 + Ag+2 (2) 
k, 

Ag+2 + C2O4-
2 > Ag+ + CO2 + CO2" (3) 

* 4 

CO2- + S2O8"
2 — > CO2 + SO," + SO4-

2 (4) 
k, 

Termination: 2CO2- >• C2O4-
2 (5) 

CO2- + Ag- - V CO2 + Ag» (6) 

Using the usual steady-state approximation and as­
suming M A g + ][S2O8-2] < < k4[CO2-][S2O8-

2] (as re­
quired for long chains), one may show tha t 

- d [ S 2 0 8 " 2 ] / d / = W 6 [Ag + ][S2O8-2H(I + X)l/l -

1 }/2h (7) 

where X = 8W 5 [S 2O 8 - 2 ] ^e2[Ag + ]. I i the concentra­
tion of peroxodisulfate is such tha t X > > 1, eq. 7 
becomes 

- d [ S 2 0 8 - 2 ] / d ; = ( 2 W 4 2 / W [ S 2 0 8 - 2 ] i / ! [ A g + ] , / !(8) 

This equation has the same form as the experimental 
rate law A for peroxodisulfate concentrations greater 
than about 0.004 M, provided tha t practically all of the 
catalyst is present as Ag1". If the peroxodisulfate 
concentration is so low tha t X « 1, eq. 7 may be ap­
proximated by means of the relationship (1 + X)1''2 = 
1 + 1ZiX, yielding 

- d [S 2 O 8 - 2 IM = 2/W[S2O8-2]2 /&6 (9) 

which has the same form as the experimental rate law 
D for peroxodisulfate concentrations of 0.004 M or 
less. 

The relative importance of termination reactions 
5 and 6 may be expressed as a function of peroxodisul­
fate concentration 

, M C 0 2 - ] 2 / M C 0 2 - ] [ A g - ] = (1 + X)l/i - 1 (10) 

Thus, under conditions which favor rate law 8, reaction 
5 predominates. When rate law 9 is observed, re­
action 6 predominates. (Tsao and Wilmarth2 0 have 
used a similar argument in explaining the concentra­
tion dependence of the rate law in the reaction of 
peroxodisulfate with hydrogen peroxide.) Production 
of metallic silver at low but not high peroxodisulfate 
concentrations supports the proposed mechanism. 

According to recent evidence on the formation of a 
monooxalato complex of silver(I),21 AgC 2 04 - is the 

(20) M.-S. Tsao and W. K. Wilmarth, Discussions Faraday Sac., 29, 137 
(1960). 

(21) S. H. Cohen, R. T. Iwamoto, and J. Kleinberg, J1 Am. Chem. Soc, 
82, 1844 (1960). 
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dominant species of silver (I) in the reaction mixtures 
a t higher pH. The mechanism may be modified ac­
cordingly, without altering the form of the predicted 
rate law. The modified mechanism includes reactions 
4, 5, and 

AgC2O4- + S2Os-
2 — > Ag11C2O4 + SO4- + SO4"

2 (11) 

SO4- + AgC2O4- -X SO4-
2 + Ag"C204 (12) 

Ag11C2O4 — > Ag- + CO2 + CO2- (13) 

X11 

AgC2O4- ^ Ag" + C2O4"
2 (14) 

AgC2O4- + CO2- -X- Ag» + CO2 + C2O4-
2 (15) 

I t leads to the rate law, for high peroxodisulfate con­
centrations 

- d [S 20 8 - 2 ] /d/ = 

(2^ 1 ^4 2 / ^ ) 1 A [S 2 0 8 - 2 ] V ! [AgC 2 0 4 - ] 1 A (16) 

which is a satisfactory representation of experimental 
rate law A provided virtually all silver(I) is complexed, 
and the concentration of silver (I I) is negligible. Cal­
culations based on the dissociation constant of AgC 2 O 4

-

determined by Cohen, Iwamoto, and Kleinberg21 

(neglecting deviations of the activity coefficients from 
unity) show tha t this is true in most of the experiments 
listed in Table I. The ratio of [AgC2O4-] to [Ag + ] 
varies from 50:1 to 1:1. The high solubility of silver 
nitrate in these solutions (at least 50 times as great as 
one would predict from the solubility product of Ag2-
C2O4

22) is further evidence for the formation of a 
complex ion. 

At low pH practically all of the oxalate is in the 
form of H2C2O4 and HC 2O 4 - , and very little of the 
silver(I) is complexed. At intermediate pH, the con­
centrations of Ag + and AgC2O4- are comparable, and 
therefore one must consider both the A g + mechanism 
and the AgC2O4- mechanism. On applying the 
steady-state t reatment to a mechanism consisting of 
reactions 1-5 and 11-14 inclusive (reactions 6 and 15 
are not included here as only the region of high per­
oxodisulfate concentration is being considered), and 
again assuming long chains, the resulting rate law is 

Z^F3 - f-v-W] + 
2fcn£4

2 ) 'A 

- j - [AgC2O4-] j [S2O8-2] '7 ' (17) 

Therefore the three-halves-order rate constant should 
be of the form 

V = Ua2EAg + ] + V[AgC2O4-] Y" (18) 

At low pH, this reduces to k:' = &a[AgN03]1 / !; at 
high pH it becomes ki' = &b[AgN03] ' / ! . The experi­
mental data at low and high pH shown in Fig. 2 were 
used to determine k& and kb, which were found to be 
0.200 and 0.659 Af-1 sec."1, respectively. 

Values of k\ in the intermediate pH region were 
calculated from eq. 18, these values of k& and kb, the 
dissociation constant of AgC2O4

- , and the dissocia­
tion constants of oxalic acid.22 The results are shown 

(22) D. T. Ferrell, Jr., I. Blackburn, and W. C. Vosburgh, ibid.. 70, 3812 
(1948). 
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as the curve in Fig. 2, which provides an adequate 
representation of the experimental data. However, 
the proposed mechanism does not account for the first-
order dependence on catalyst concentration observed 
a t low pH and low catalyst concentration. No 
mechanism has been found which leads to the ex­
perimental rate law for this region. 

Allyl acetate suppresses the chain reactions, and the 
rate in the presence of allyl acetate should be 
— d [ S 2 O 8 - 2 ] / ^ = k\[Ag + ][S208-2] where oxalate is ab­
sent, and - d [ S 2 0 8 - 2 ] / d < = ^11[AgC2O4-][S2O8-2] where 
the silver(I) is in the form of the oxalate complex. 
From the first and fourth experiments in Table I I I , ku 
is 96 M~x h r . - 1 and h is 35 M~l hi.-1 (both values a t an 
ionic strength of 0.27). These results lead to &b/&a = 
(&n/&i)'''! = 1-66, whereas the data on pH dependence 
considered above give k^/ka. = 3.30. 

Another point which is difficult to understand is 
tha t at the lowest oxalate concentration (0.004 M), 
where only half of the silver (I) is complexed, the rate 
should be significantly lower than at higher oxalate 
concentrations. The data in Tables I and I I I show 
tha t this effect is not observed. A smaller value for the 
dissociation constant of AgC2O4- would account for 
this behavior, bu t it would also shift the curve of Fig. 
2 toward lower pH. 

The observation tha t the silver(I)-catalyzed re­
action is independent of copper sulfate concentration 
is in accord with the proposed mechanism. Even 
if copper(II) , as dioxalatocuprate(II) , catalyzes the 
oxidation of oxalate in reactions analogous to (12-14), 
the rate should be independent of copper sulfate con­
centration, since kn, ku, and Ku do not appear in the 
predicted rate law. However, in the absence of silver -
(I)7 or in the presence of oxygen6 (which strongly 
inhibits the silver-catalyzed chain mechanism), copper-
(II) catalyzes the reaction via the mechanism proposed 
earlier. 

Inhibition by oxygen is believed to occur through 
reaction with C O 2 - to form a molecular complex or 
peroxide 

O2 + CO2- ^ Z t O2CO2- (19) 
kw 

followed by chain termination 

O2CO2- + CO2" - % - O2 + C2O4-
2 (20) 

By including these reactions together with reactions 
1-6, assuming fe19'[O2CO2"] > > M O 2 C O 2 - ] [ C O 2 " ] , 
X » 1, long chains, and the steady state, one may 
show tha t 

- d [ S 2 Q 8 - 2 ] = / 2 W [ S 2 O 8 - 2 P [ A g + ] ) ' " 

dt \ h + kuktoP/knkW ) 

where £H is the Henry 's law constant for oxygen. 

Equation 21 has the same form as experimental rate 
law B. 

The Arrhenius activation energy for the reaction at 
high peroxodisulfate concentrations in oxygen-free 
solutions, E1, is found here to be 16.4 kcal./mole. This 
is approximately half the activation energy of the 
copper (Il)-catalyzed reaction.7 From the relation 
between the experimental ra te constant, ki, and the 
individual rate constants which appear in rate law 8, 
it follows that E1 = E4 + 1Z2(E1 - E6). If E5, the 
activation energy for combination of two free radicals, 
is estimated to be very small, then since E 1 is 17.9 
kcal./mole,2 3 it follows tha t E4 is about 7.4 kcal./mole. 
(The same result is obtained from the alternative 
mechanism involving AgC 2O 4

- , if it is assumed tha t E 1 

and E11 are approximately equal.) This value, com­
bined with the mechanism and activation energy for 
the copper(II)-catalyzed oxidation of oxalate by peroxo­
disulfate,7 leads to an activation energy of 28.6 kcal . / 
mole for the reaction 

km 
SO," + Cun( C204)2-

2 —>- SO4"
2 + Cum(C204)2- (22) 

Accordingly, reaction 22 is probably fairly slow. This 
would lead to a relatively higher steady-state con­
centration of S O 4

- during the copper(II)-catalyzed 
reaction, which accounts for termination reaction 

SO4- + CO2- — > SO4-
2 + CO2 (2,3) 

being favored over reaction 5. Conversely it may be 
argued that , in the silver(I)-catalyzed reaction, step 
2 (or 12) is fairly rapid since reaction 5 is preferred to 
(23). 

Comparison of the mechanisms and activation 
energies of the silver(I)-catalyzed reaction in the 
presence and absence of oxygen leads to the expression 

E 0 , - E i = 1Zi(E1,' - E19 - E20 + E 5 - E s) (24) 

where £ s is the heat of solution of oxygen, —3.8 kcal . / 
mole.24 The experimental value of Eo2 is 22.4 kcal . / 
mole. Both E20 and E 5 are probably very small, 
and they tend to cancel one another. Therefore E1 9 ' — 
E19, the dissociation energy of the molecular complex 
O2CO2" in aqueous solution, is estimated to be ap­
proximately 8.2 kcal./mole. 
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