
KINETICS AND MECHANISM OF OXIDATIONS BY PEROXYDISULFATE 

D. A. HOUSE 

Victoria University of Wellington, Wellington, New Zealand 

Received August 8, 1961 

CONTENTS 

I. Introduction 185 
II. The Silver Ion Catalyzed Reactions 186 

III. The First Order Uncatalyzed Peroxydisulfate Oxidations 187 
IV. Aqueous Decomposition of Peroxydisulfate 189 
V. Specific Oxidations 191 

A. Thiosulfate Ion 191 
B. Oxalate Ion 191 
C. Formate Ion 192 
D. Cerium(III) Ion 193 
E. Manganese(II) Ion 193 
F. Ammonia and Ammonium Ion 194 
G. Arsenious Acid 194 
H. Hydrogen Peroxide 194 
I. Alcohols 195 
J. Organic Sulfur Compounds 196 

VI. Second Order Oxidations 197 
A. Iodide Ion 197 
B. Divalent Iron Group Ions 199 

VII. Miscellaneous 199 
VIII. Appendix 200 

IX. References 200 

I. INTRODUCTION 

The peroxydisulfate ion is one of the strongest oxidiz­
ing agents known in aqueous solution. The standard 
oxidation-reduction potential for the reaction 

2S04
2-(aq) - • S208

2-(aq) + 2e~ 

is estimated to be —2.01 volts (109). Reactions involving 
this ion, however, generally are slow at ordinary tem­
peratures (118) and many peroxydisulfate oxidations 
have been studied kinetically. 

The aim of this review is to summarize the results 
of these studies and to present the mechanisms ad­
vanced to account for the kinetic data. The material 
covered will include data published prior to 1961 but 
the review of the peroxydisulfate-iodide ion reaction is 
limited to selected articles. 

The emphasis will be on kinetic studies, and prepara­
tive work involving peroxydisulfate as an oxidizing 
agent will not be mentioned except to supply credence 
to a kinetic pathway. Induced polymerizations using 
the peroxydisulfate ion will only be mentioned if they 
involve some aspect of general peroxydisulfate oxida­
tion mechanisms. 

Kinetic data, where not calculated in the original 
papers, are obtained from the Arrhenius equation 

k = A exp (-E/RT) 

where k is the rate constant, A the frequency factor, E 

the energy of activation, and T the absolute tempera­
ture. The entropy of activation (AS) for the bimolecu-
lar reactions is calculated from the expression 

A = (k'T/h) exp (AS/R) 

where k' is the Boltzmann constant, h the Planck 
constant, and R the universal gas constant (46). The 
symbol ^ will be used for the molar ionic strength. 

The term "peroxydisulfate" is used by Chemical 
Abstracts although the International Union of Pure and 
Applied Chemistry (74) recently has recommended the 
name "peroxodisulfate." The trivial name "persul-
fate" is also in common use. 

For many reducing agents, oxidation by peroxydisul­
fate does not proceed at a convenient rate at 25°, 
unless a catalyst is present, despite the fact that the 
standard free energy change is very favorable. The most 
thoroughly investigated catalyst is the silver (I) ion 
although reactions involving the copper (II) ion also 
have been studied. The rates of reactions catalyzed by 
these ions are, without exception, independent of the 
reductant concentration but depend on the first power 
of the peroxydisulfate and catalyst concentrations. 
Thus kinetic studies can be conveniently divided into 
two classes: (a) those involving the silver ion as a 
catalyst, (b) uncatalyzed investigations, although for 
some cases both types have been investigated. 

The uncatalyzed oxidations can be further sub-
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TABLE 1 

Silver Ion Catalyzed Oxidations 

No. 

1 
2 
3 
4 
S 

6 
7 
8 
9 

10 
11 
12 
13 

Reductant 

Ammonium ion 
Cerous ion 
Chromic ion 
Hydrazinium ion 
Manganous ion 
(a) to MnO«' -
(b) to Mn» + 

(o) to MnOs 
Vanadyl ion 
Acetone 
Water 
Formate ion 
Ammonia 
Hydrogen peroxide 
Arsenious acid 
Oxalate ion 

H, M 

0.5 
1.52 
0.485 
0.58 
6.76 

(2.24 M HjSO*) 
11.0 

(3.6 M HsSO.) 
1.0 
0.587 
0.225 
0.015 
0.561 
0.297 
0.097 
0.04 
0.45 

kt (25°), 
1. mole - 1 min . - 1 

0.267 
0.292 
0.319 
0.326 
0.19 

17.0(22") 

0.209 
0.334 
0.55 
1.29 
3.7 
8.89 

10.3(13") 
23.9(24°) 
26.4 

A, 
1. mole"1 

Bee." 1 

2.08 X 10» 
9.27 
8.42 

8.38 

3.74 

3.63 
6.2 
1.28 

1.55 
1.3 

X 
X 

X 

X 

X 
X 
X 

X 
X 

10« 
10» 

10» 

10» 

10» 
10» 
10» 

10» 
10» 

E, 
kcal. 

mole ~l 

15.9 
12.5 
15.1 

11.7 

15.0 

15.8 
17.9 
20.9 

8.9 
12.9 

AS, 
E.U. 

- 1 5 . 8 
- 2 2 . 1 
- 1 8 . 8 

- 3 1 . 4 

- 2 0 . 2 

- 1 4 . 8 
- 4 . 4 5 
- 8 . 1 7 

- 3 1 . 1 
- 1 7 . 7 

References 

84,119 
34 
165 
36 
13 

55 

57 
168 
14 
11 
61 
82 
116 
60 
59 

divided into: (i) reactions whose rates depend on the 
first power of the peroxydisulfate concentration and 
are independent of the reducing agent concentration, 
(ii) reactions whose rates depend on the first power of 
both the reductant and oxidant concentrations, 
(iii) reactions of an intermediate nature, involving 
fractional powers of the reactants, changes of order, or 
auto-catalytic characteristics. 

II . T H E SILVER ION CATALYZED REACTIONS 

The observed rate law for the silver ion catalyzed 
oxidations of the reducing agents listed in Table 1 is 

- d [S2O8
2 ~}/dt = fc2[Ss(V-][Ag+] 

The velocity at any instant is proportional to the peroxy­
disulfate concentration and to the (constant) silver 
ion concentration. Thus the reactions are essentially 
bimolecular, although the data for any given concen­
tration of catalyst conform to a unimolecular law. 
The value of the second order rate constant is thus 
independent of the silver ion concentration. 

Because of the lack of dependence of the rate law on 
the reductant concentration, it has been suggested 
(36, 82, 165) that these reactions have a common rate-
determining step 

Ag+ + S2O,*- - Ag'+ + 2SO4
8" (1) 

For reducing agents which are positive ions, the 
second order rate constants have values of the same 
magnitude and Fig. 1 shows a plot of log fc2 at 25° 
against the square root of the ionic strength for reduc-
tants 1 to 6 in Table 1. The data can be expressed in the 
linear form 

log h = -0.193 - 0.38 ^* 

but there is a wide scattering of experimental points, 
indicating that the above rate-determining step may be 
oversimplified (130). 

An examination of Table 1 shows that values of the 

l o g i o k 2 = - 0 . 1 9 5 - 0 . 3 S U * 

0.2 0.4 0.6 0.8 1.0 1.2 !.4 

FIG. 1.—Log fc2 against the square root of the ionic strength, 
fo in 1. mole-1 min. -1 and y. in mole I.-1. Numbers refer to the 
reactants in Table 1. 

rate constants for uncharged molecules and negatively 
charged ions are much larger than, but by no means as 
constant as, those for positively charged ions. The 
entropies of activation can also be divided into two 
groups, one with values of the order of —20 E.U., and 
the other ranging from —4 to —8 E.U. (H2O and 
HCOOH). 

The entropy of activation (A/S) of a bimolecular re­
action is related to the frequency factor (A) by the 
equation (46) 

A = k'T/h exp (AS/R) (2) 

and if the radius of the activated complex in the 
transition state is taken to be 2A. in water, then it can 
be shown that (47) 

A-S = -10ZAzBE.U. (3) 

where ZA and ZB are the charges on the reacting 
species. 
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If equation (1) were to be the rate-determining step, 
the entropy of activation should be approximately 
+ 2 0 E.U. from equation (3). This value is not observed 
and to avoid the discrepancy a mechanism has been 
postulated involving an equilibrium which is followed 
by a termolecular rate-determining step (57, 59, 60) 

S2O8'- fc> 2SO4- rapid (4a) 

2SO4- + Ag+ -> 2SO4
2- + Ag3+ slow (4b) 

The rate of reaction will be given by 

-d[S2Oa
2-]M = AUb[SO4-̂ P[Ag+] (4c) 

and from the equilibrium (4a) 
K = [SO4-JV[S2O8=-] (4d) 

where K is the equilibrium constant. Substitution of 
(4d) in (4c) gives 

-d[S20,s-]/d* = ^bK[S2O8S-HAg+] 
= U . [S2O8

2-] [Ag+] 

where k0^B = k^K; hence kih = kobs/K. 
Using an assumed value of K = 1O-8 and an experi­

mental value of fcoba = 0.452 1. mole - 1 min. - 1 (57), the 
frequency factor becomes 3.73 X 1016 1. mole - 1 sec. - 1 

and the entropy of activation +16.3 E.U., in agreement 
with equation (3). 

An alternative initial step to explain the catalytic 
effect is (14, 30) 

Ag+ + S2O8
2- -> AgS2O8

1" (slow) (5) 

followed by either 

AgS2O8
1" -H. Ag3+ + 2SO4

2- (fast) 

or 

AgS2O8
1" -> Ag2+ + SO4

2- + SO4- (fast) 

and the rapid oxidizing steps 

Ag3+ + M+ -> M2+ + Ag2 + 
Ag2+ + M2+ -• M3+ + Ag+ 

The formation of silver(II) compounds under condi­
tions favorable for their stabilization (125) would be 
possible by the reaction 

Ag3+ + Ag+ -> 2Ag2+ (6) 

analogous to the equilibrium 

Ag(III) + Ag(I) *± 2Ag(II) (7) 

postulated for the silver(I)-silver(II) exchange re­
action (51). This mechanism does not explain the 
discrepancy between the observed and calculated 
values of the entropy of activation, but it does avoid 
the postulation of a termolecular rate determining 
step. 

So far no mechanism has been proposed that can 
explain the constancy of the values for the second 
order rate constant, when positively charged reductants 
are used, and account for the increase and variation on 
changing to negatively charged ions or neutral mole­
cules. 

The nature of the silver intermediate in these oxida­
tions is not yet established. Much of the evidence 
points to a trivalent silver species (29, 35, 57, 166) 
although a one electron change in the oxidation state of 
the silver ion catalyst has been suggested (5, 11, 16, 
43, 45, 116) 

Ag+ + S2O8
2- - Ag2+ + SO4

2" + SO4-*- (8) 

This is in accordance with the observations of Higgin-
son and Marshall (63) that one electron transfer is 
more likely in oxidation-reduction systems between 
a transition element ion and an ion derived from a non-
transition element. Experimental evidence to support 
this hypothesis has been produced by a study of the 
reaction between peroxydisulfate and hydrogen per­
oxide catalyzed by both silver (I) ion and bis-dipyridyl 
silver(I) ion (116). The rate of reaction was found to 
be the same using both silver species and, since the 
latter is rapidly oxidized to bis-dipyridyl silver (II) ion 
by peroxydisulfate (125), a divalent rather than a 
trivalent intermediate was favored. However, these 
data could be interpreted to favor a trivalent silver 
species if the complex silver (II) ion, first formed, was 
further oxidized to an unstable silver (III) inter­
mediate which was the active oxidizing species. Sim­
ilarly, the fact that both cupric (2, 7, 17, 139) and 
cuprous (32) ions catalyze peroxydisulfate oxidations 
suggests that a copper(III) species is the reactive sub­
stance. The oxidation of the oxalatopentammine cobalt-
(III) ion by various oxidizing agents has been studied 
by Taube (160) and two products have been obtained, 
depending on the reagent used. With oxidants involving 
a one electron transfer the cobalt (III) is reduced to 
cobalt (II) but with two electron change oxidizing 
agents the pentammineaquocobalt(III) ion is the prod­
uct. The peroxydisulfate — silver ion system brings 
about the reduction of the cobalt(III) complex, but, 
while this suggests that reaction (9) is operative, one 
electron oxidation via the equilibrium (7) is also 
possible. 

III . THE FIRST ORDER UNCATALYZED PEROXYDISULFATE 

OXIDATIONS 

A major problem arising from the first order uncata­
lyzed oxidations is to account for the increased rate of 
peroxydisulfate decomposition on addition of a reducing 
agent, when the rate law is independent of the concen­
tration of this substance. 

If the primary step is the decomposition of peroxy­
disulfate into sulfate free radicals 

S2O8
2- —» 2SO4- rate determining 

followed by a rapid attack of these on the reducing 
agent, then the rate of oxidation should be the same for 
all reducing agents in this class. This is not observed as 
shown in Table 2. 
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TABLE 2 

Kinetic Data for the Uncatalyzed First Order Peroxydisulfate Oxidations 

No. 

1 

Substrate 

Water 

Hydrogen peroxide 
Arsenious acid 

Sodium thiosulfate 

Potassium formate 

Formic acid 

2-Propanol 

Rate constant 
X 10<min.-i 

0.33 
1.60 
0.175 
5.08 

16.48 
5.5 

14.6 
37.0 

123.0 
52.7 
81.3 
38.4 

137 

T, 0 C. 

40 
50 
30 
30 
40 
30 
40 
30 
40 
30 
40 
50 
60 

Energy of 
activation, 
kcal. mole - 1 

28.39 

20.78 

17.9 

21.93 

8.19 

26.0 

Peroxydiaulfate 
concentration, 

M 

0.0005 

0.01 
0.08 

0.0125 

0.0133 

0.01 

Reference 

11 

162 
58 

66 

154 

157 

113 

That sulfate free radicals are produced in the de­
composition of peroxydisulfate is evident from the 
fact that in polymerization studies using peroxydisulfate 
labeled with sulfur-35 as an initiator, polymer frag­
ments containing radioactive sulfate groups have been 
isolated (15, 104, 124, 147, 148). 

The breakdown into free radicals probably is ir­
reversible, as it seems likely that sulfate free radicals 
would exchange electrons with sulfate ions at a rate 
comparable with their recombination to peroxydisulfate. 
However, no exchange of sulfur-35 between sulfate and 
peroxydisulfate has been observed (38, 40, 112, 136, 
161) under the conditions of the kinetic experiments, 
and consequently any proposed mechanism of de­
composition involving an equilibrium between peroxy­
disulfate and sulfate or sulfate-ion radicals probably is 
incorrect. For example 

S 2 O 8
2 - <=± SO, + S O 4

2 - (111 , 112) 

and 

Si1O8
2- + OH' HSO,1" + SO4- + 1AO2 fast, but 

governed by (2) (3) 

S2O8
1 «=* 2SO4 •<• (57, 59, 60, 61) 

Bartlett and Cotman (8) have suggested that radi­
cals produced in the peroxydisulfate ion decomposition 
in aqueous solution cannot induce the peroxydisulfate 
decomposition. These authors base their statement on 
the fact that autocatalysis is not observed in the thermal 
decomposition and the reaction is first order in peroxy­
disulfate concentration. However, to explain the in­
creased rate on addition of an oxidizable substrate, it is 
necessary to postulate that radicals produced from the 
reducing agent can induce peroxydisulfate decomposi­
tion, and this suggests that a similar radical mechanism 
operates in the absence of the reducing agent. 

The first order dependence can be explained by a 
chain decomposition mechanism (8), analogous to that 
suggested for the uncatalyzed reaction between peroxy­
disulfate and oxalate (143). 

fa 
S8O,2" - • 2SO4- initial step (1) 

ki 
SO4 - + H 8 O - » H S O 4

1 " + O H • slow, b u t fas ter t h a n (1) (2) 

S O 4 - + O H - -> H S O 4
1 - + 1 AO 2 chain t e rmina t ion (4) 

The primary step (1) is characteristic of all peroxy­
disulfate oxidations and may be initiated by impurities 
in the solution, dust, or light, as the aqueous decompo­
sition of peroxydisulfate is known to be photosensitive 
(19, 115). In step (2) the sulfate free radicals react with 
water to produce hydroxyl free radicals. These in turn 
rapidly decompose the oxidizing ions present by steps 
(3) and (4). 

Application of the steady state hypothesis to the 
radicals in the above scheme (see Appendix) leads to the 
rate law 

-d[S208
2-]/di = (M2VW1^[S2O8

2-] 

This mechanism scheme is readily extended to in­
clude cases when an oxidizable substance is added in a 
finite concentration and the observed rate law is 

-d[S208
2-]/d* = -d[X>-]/di = ^0[S2O8

2-] 

where [X2 -] is the concentration of the ion added, and 
fc0 is the observed velocity constant. 

In such cases the rate constant is greater than that 
observed in the aqueous decomposition (Table 2) and 
the proposed mechanism is (143, 144, 150) 

A1 

S2O8
2- - • 2SO4- initial step 

SO4- + H2O -> HSO4
1" + OH-

OH- + X 2 " -» OH1" + X -

- + S2O8
2- — SO4

2- + SO4- + X 

X * + SO4- -> SO4
2- + X 

(1) 

(2a) 

(2b) 

(3) 

(4) 

Here the peroxydisulfate is decomposed by steps 
(1) and (3) leading to the rate expression (see Appen­
dix) 

- d [ X 2 - ] / d « - /fci[S208
2-] + /fcs[X-] [S 2O 8 ' - ] 

= (fci + fa[X-I)[S2O8
2"] 

where [XT] is the concentration of the free radical 
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produced from the reducing agent. By the steady state 
hypothesis the concentration of free radicals is con­
stant. Thus fco = ^i + fcs[X~], although the value of 
the constant free radical concentration may vary from 
reductant to reductant giving rise to the variation in 
rate constant in the different systems. 

IV. AQUEOUS DECOMPOSITION OF PEROXYDISULFATE 

The hydrolysis of the peroxydisulfate ion in neutral 
or alkaline solution is represented by the equation 

S2O8
2- + H2O -» 2HSO,1- + 1AO2 

in dilute acid by 

S2O8
2- + 2H2O -> 2HSO4

1- + H2O2 

and in concentrated acid by (49, 129, 131, 145) 

S2O8
2- + H2O -» H2SO6 + SO4

2-

The rate of decomposition at any pH is adequately 
expressed by the first order rate law (77, 78) 

-d[S208
2-]/d* = ^0[S2O8

2-] 

Table 3 lists the values published or calculated for 
Jc0. For any temperature the observed rate constant in­
creases with decreasing peroxydisulfate concentration 
and with decreasing pH. 

More detailed investigations have found that in 
alkaline solution the rate is independent of the ionic 
strength, but in acid solution there is a negative salt 
effect (44, 103, 170). From this evidence the observed 
rate constant can be split into two parts, one acid 
catalyzed. Thus 

fa = fci + ^2[H
 + ] (see Table 4) 

Published values for the energy of activation are 
listed in Table 5. The values for ^1 and fo refer to the 
rate constants in Table 4. From the value of 28.39 
kcal. mole - 1 for the energy of activation associated 
with fc0, Bawn and Magerison (11) calculate the fre­
quency factor to be 7.4 X 1013 sec. -1. 

Kolthoff and Miller (103) studied the kinetics of the 
decomposition in water enriched with oxygen-18 at 
varying pH, and found that in acid solution (0.5 M 
HClO4), all the oxygen produced came from the peroxy­
disulfate, but in alkaline solution (0.1 M NaOH), the 
oxygen came from the water. This observation led them 
to postulate different mechanisms for the hydrogen ion 
catalyzed and uncatalyzed decompositions. 

Mechanism of the Hydrogen Ion Independent Reaction 
(8, 103, 141).— 

S2O8
2" -> 2SO4- (1) 

SO4- + H2O -» HSO4
1- + OH- (2) 

2OH- - • H2O + 1AO2 (3) 

Equations (1), (2), and (3) represent the simplest 
unimolecular decomposition of the peroxydisulfate ion 
in aqueous solution and are consistent with the kinetic 

TABLE 3 

Rate Constants for the Thermal Decomposition of Peroxydisulfate 

[SJOS"- ] , Initial Jb0 , Refer-
T, 0 C. Af conditions (min."') enoe 

TABLE 4 

Rate Constants for the Hydrogen Ion Catalyzed Thermal 
Decomposition of Peroxydisulfate 

ki (min. -1) 

6.0 X 10-s 
3.0 X 10"» 
3.5 X 1 0 - ' 
1.4 X 10-« 
5.5 X 10-" 
2.1 X 10 - ' 

(1. mole - 1 min. _I) 

5.1 X 10-« 
1.6 X 10"! 
1.0 X 10 - ' 
5.0 X 10 - ' 
1.8 X 10-i 
4.7 X 10-1 

T, °C. 

50 
60 
61 
70 
80 
90 

H M 

0.04 
0.04 
1.2 
0.04 
0.04 
0.04 

Reference 

103 
103 
44 

103 
103 
103 

data. Bartlett and Cotman (8) have pointed out, 
however, that a chain mechanism also can give rise to 
the observed kinetics 

25 
25 
40 
45 
50 
50 
50 
30 
50 
50 
50 
50 
50 
50 
50 
55 
56 
60 
60 
60 
60 
60 
60 
60 
60 
61 
70 
70 
70 
70 
70 
70 
70 
70 
70 
70 
70 
70 
70 
80 
80 
80 
80 
80 
80 
80 
80 
80 
80 
80 
80 
90 
90 
90 

0.05 
0.048 
0.0005 
0.0005 
0.01 
0.0005 
0.10 
0.01 
0.10 
0.10 
0.10 
0.10 
0.10 
0.10 
0.10 
0.0005 

0.01 
0.02 
0.07 
0.0655 
0.0282 
0.02 
0.02 
0.01 
0.048 

0.01 

0.126 
0.0552 
0.0214 

0.02 
0.0141 
0.01 
0.00629 

0.01 
0.01 

0.092 
0.02 

0.126 
0.0455 
0.0188 
0.00414 

0.01 
0.01 
0.130 
0.01 

0.05 M H + 

0.5 M H + 

1:1 etbanol/water 
1:1 ethanol/water 
0.1 M O H -
1:1 ethanol/water 
0.1 M H + 

0.1 AfH + 

0.2 M H + 

0.3 Af H + 

0.4 M H + 

0.5 AfH + 

1 . 0 M H + 

1 . 5 M H + 

2 . 0 M H + 

1:1 ethanol/water 

0.01 M O H -
p H 8 
Neutral 
Neutral 
Neutral 
Neutral 
0.04 M H + 

0.1 M H + 

0.5 M H + 

0.1 M O H -
0.01 M O H -
p H 9 . 8 
Neutral 
Neutral 
Neutral 
Neutral 
Neutral 
Neutral 
Neutral 
Neutral 
0.05 Af H + 

0.1 M H + 

0.1 M O H -
pH 9.5 
p H 8 
pH 8 
pH 8 
Neutral 
Neutral 
Neutral 
Neutral 
Neutral 
pH 1.7 
0.1 M H + 

0.1 M O H -
Neutral 
0.1 M H + 

6.12 X 
5 X 
3.3 X 
6.9 X 
6.0 X 
1.6 X 
4.0 X 
5.7 X 
6.7 X 
9.1 X 
1.06 X 
1.5 X 
2.8 X 
4.5 X 
6.9 X 
3.0 X 
2.73 X 
3.0 X 
2.93 X 
4.13 X 
4.25 X 
4.82 X 
5.2 X 
1.09 X 
1.9 X 
3.8 X 
1.4 X 
1.4 X 
1.5 X 
1.6 X 
1.61 X 
1.80 X 
1.80 X 
1.85 X 
1.92 X 
1.45 X 
2.01 X 
3.4 X 
6.4 X 
5.5 X 
5.2 X 
4.14 X 
4.56 X 
5.76 X 
5.4 X 
5.5 X 
5.14 X 
5.87 X 
6.58 X 
1.03 X 
2.10 X 
2.1 X 
1.61 X 
6.8 X 

io-« 
io-« 
io-« 
io-« 
10- ' 
io-
10- ' 
10-< 
io-< 
10 -< 
10- ' 
10- ' 
io-« 
io -
10- ' 
io -
io-
io-< 
io -
io-< 
10- ' 
10- ' 
io -
io-
io-« 
10- ' 
io-
io-« 
10- ' 
io -
io-
io-
10- ' 
i o -
io-
io-
io-
io -
io-
io-
io -
io -
io-
io -
io-
io-
io-
io-
io-
io-
io-
io-
io -
io-

48 
45 
11 
11 

103 
11 

103 
103 
103 
103 
103 
103 
103 
103 
103 

11 
110 
103 
67 

146 
146 
146 
141 
141 
103 
44 

169 
103 
169 
53 

146 
146 
169 
141 
146 
102 
146 
169 
103 
103 
169 

9 
67 
8 

169 
53 

146 
146 

' 146 
' 169 
« 103 
' 103 
» 53 
« 103 
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S2O8
2" 

SO4- + H2O 

OH- + S8O,2- -» 

SO4,. + OH-

- 2SO4- (1) 

— HSO4
1- + OH- (2) 

HSO4 '- + SO4- + 1AO2 (4) 

- SO4
2- + V2O2 (5) 

Thus equations (1), (2), (4), and (5) lead to first order 
kinetics (see Appendix) as step (5) accounts for the 
chain termination, rather than step (3). 

TABLE 5 

Energy of Activation (kcal. mole'1) for the Thermal Decomposition 
of Peroxydisulfale 

Alkaline 
solution 

(Ai) 

Neutral 
solution 

(Ao) 

Acid solution 
(ti) Reference 

33.3 (pH 13) 
32.1 (pH8) 

32.5 (pH 9.5) 

29.1 
28.39 
28.37 

30.8 

26.0 (pH 1) 

24 ± 2 (pH0.3) 
27.7 (pH 1.7) 

140 
11 

141 
103 
67 
45 
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Bartlett and Cotman (8) rejected the chain decompo­
sition, though they considered it in some detail, on the 
grounds that the non-chain process was the simpler, 
but from consideration of more recent evidence (see 
p. 188) the reviewer believes that a chain mechanism is 
better suited to explain the results of peroxydisulfate 
oxidations generally. 

An alternative mechanism for the hydrogen ion 
independent decomposition has been suggested by 
Fronaeus and Ostman (44) in which only one sulfate 
free radical is formed in the initial step 

S2O8
2- + H2O -> HSO4

1" + SO4- + OH-

SO4- + H2O — HSO4
1" + OH-

2OH- — H2O + V2O2 

Mechanism of the Acid Catalyzed Reaction (11, 103, 

170).— 

S2O8
2- + H + - HS2O8

1-

HS2O8
1- -> SO4 + HSO4

1-

SO4 — SO3 + V2O2 

SO3 + H2O — H2SO4 

In strong acid 

SO4 + H2O H2SO6 

Rather fewer da ta have been published on this 
aspect of the decomposition and the evidence for the 
sulfur tetroxide molecule as an intermediate rests on 
the detailed s tudy made b y Kolthoff and Miller (103). 
Its formation explains the observation that the oxygen 
produced in the acid solution comes from the peroxy­
disulfate, but Bawn and Margerison (11) found that if 
SO4 was present in the pH range 3-7, it did not show 
active radical characteristics, in that it did not attack 
the free radical capture agent, diphenyl picryl hydrazyl. 

Saxena and Singhal (141) suggest the acid catalysis 
is caused by the reactions 

SO4+ + H + - HSO4-
HSO4- + H2O — HSO4

1" + OH- + H + 

and although they may take place, the oxygen produc­
tion from the peroxydisulfate is not explained. 

Measurements have been made to determine the 
amounts of peroxymonosulfuric acid and hydrogen 
peroxide produced when more concentrated (greater 
than 2 M) acid solutions are used (48, 103). These indi­
cate that the peroxydisulfate first decomposes to give 
peroxymonosulfuric acid which hydrolyzes further to 
hydrogen peroxide. 

The above results may be explained by the reactions 

S2O8
2-+ H+-HS2O8

1" (l) 
HS2O8

1" + H2O — H2SO6 + HSO4
1" (2) 

H2SO6 + H2O — H2O2 + H2SO4 (3) 

H2O2 — H2O + V2O2 (4) 

Step (1) is rate determining, producing the HSjO8
1-

ion which, because of the influence of the hydrogen ion, 
decomposes unsymmetrically by reaction with water, 
and involves the breaking of an 0-S bond. In step (1) 
the reaction between two oppositely charged ions 
accounts for the negative salt effect. The peroxymono­
sulfuric acid formed by step (2) is further hydrolyzed to 
give hydrogen peroxide, which is thermally decomposed, 
producing oxygen originally from the peroxydisulfate. 
The difference in energy of activation from the cata­
lyzed and uncatalyzed decompositions (see Table 3) 
may be due, in part, to the difference in the energy of 
the 0 - 0 and S-O bonds. 

Investigations on the silver ion catalyzed decomposi­
tion of peroxydisulfate (11, 45, 48, 64) show that the 
rate can be expressed in the form 

-d[S208
2-]/d* = WS2O8

2-] 

where 

fco = h + Zc2[Ag+] 

and fci and fc2 are rate constants for the non-silver ion 
catalyzed and silver ion catalyzed decompositions, 
respectively. 

Values for kz are shown in Table 6 and the energy of 
activation is found to be 17.9 kcal. mole -1, with a fre­
quency factor of 6.2 X 10 u 1. mole - 1 min. - 1 (11). 

TABLE 6 

Rate Constants for the Silver Ion Catalyzed Thermal Decomposition 
of Peroxydisulfate 

Jbt 
T, *C. 

18 
25 
25 
25 

(1. mole - 1 min. -1) 

0.20 
1.29 
0.210 
0.225 

n, M 

0.15 
0.015 
0.30 
1.288 

Reference 

64 
11 
48 
45 
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V. S P E C I F I C OXIDATIONS 

A. THIOSULFATE ION 

Kinetic studies (66, 91, 123, 150) of the reaction 
represented by the equation 

S2O8
8" + 2S2O,2- -> S4O6

2- + 2SO4*-

have shown that the rate is first order in peroxydisulfate 
concentration and zero order in thiosulfate concentra­
tion over a wide range of reactant concentrations (71). 
This reaction also has been studied in conjunction with 
the polymerization of substituted vinyl compounds 
(22, 127) and the rate of reduction of the monomer 
concentration is independent of the thiosulfate concen­
tration. 

The reaction is extremely sensitive to traces of impuri­
ties in the water (91, 123) and the rate constant is 
markedly increased by catalytic amounts of cupric ions. 
Over a fifty-fold range in added cupric ions the re­
action is first order in copper concentration and first 
order in peroxydisulfate concentration. Strangely 
enough the silver ion proves ineffective as a catalyst 
(91). The reaction is also accelerated by ferrous ion, 
iodide ion, hydrogen ion, and cane sugar (91) and by 
uranyl ion (71). Specific salts also have a pronounced 
effect (150), and the order of increase in the rate 
constant is K + > NH 4

+ > N a + > Li + for univalent 
cations (150). 

A feature of this oxidation-reduction reaction that is 
unexpected from the stoichiometric equation is that 
the pH changes considerably during its course, demon­
strating the presence of a side reaction. However, the 
nature of this side reaction has not been elucidated 
(150). 

The energy of activation for the uncatalyzed re­
action has been given as 15.5 kcal. mole - 1 (128) and 
17.9 kcal. mole-1 (66). 

Because of the independence of the rate on the thio­
sulfate concentration it seems probable that the un­
catalyzed reaction proceeds through a free radical 
chain mechanism. This is also in agreement with the 
observed pH changes and initiation of vinyl polymeriza­
tion by this reaction. The most complete mechanism 
proposed (150) is 

S2Os2" -» 2SO 4 - Ic1 

S O 4 - + H2O -> HSO 4
1 - + OH- fc2 

OH- + S2O3
2- -> O H 1 " + S 2 O 3 - fast 

S 2 O 3 - + S2O8
2- -*• SO4-S2O3

2- + S O 4 - k, 

S 2 O 8 - + S O 4 - — SO4-S2O8
2- h 

S2O3
2" + SO4-S2O8

2- - • S 1 O 6
2 - + S O 4

2 - fast 

Making the usual steady state assumptions that the 
rate of change of the free radical concentration is 
zero, and that hi is slow, the rate law becomes (see 
Appendix) 

-d[S,0,»-]/dt = ( faWWISsO, ' - ] 

which agrees with the experimentally obtained law. 
Other mechanisms that have been proposed (22, 123) 
either do not explain the observed pH changes or involve 
the thiosulfate concentration in the rate determining 
step. 

B. OXALATE ION 

The stoichiometric equation for the oxidation of 
oxalate ion by peroxydisulfate ion has the simple form 

S2O3
2- + C2O4

2 ' 2SO4
2- + 2CO2 

but the kinetics show all the characteristics of a complex 
chain reaction. Thus, Allen (2) found that the reaction 
has an induction period followed by auto-catalysis 
and then auto-inhibition and this was confirmed by 
later studies (140, 142, 143, 144,153, 154). 

All workers agree that the rate of oxidation is inde­
pendent of the oxalate ion concentration and Saxena 
and Singhal (143) have shown that the rate is first 
order with respect to the peroxydisulfate ion concentra­
tion. Sodium oxalate (2), potassium oxalate (143, 155), 
and oxalic acid (140, 142, 143, 153, 155) have been used 
as a source of oxalate ion. Saxena and Singhal (143) 
found that the reaction was much faster using potas­
sium oxalate instead of oxalic acid as the reducing 
agent, but the opposite effect was noted by Srivastava 
and Ghosh (155). 

At ordinary temperatures and in the absence of 
metal ion catalysts the reaction has been found to be 
very slow (80) and the rate of oxidation has been 
measured at temperatures of 45° (140, 153, 155), 50° 
(32), 60° (140, 142, 143), and 69.7° (2), but, owing to 
the complex nature of the reaction, first order rate 
constants have not been calculated in many cases. 
Saxena and Singhal (140) have estimated the activation 
energy to be between 13.3 and 14.1 kcal. mole - 1 but 
this is rather less than the approximate value of 22 
kcal. mole - 1 indicated by Srivastava and Ghosh (153). 

The effect of oxygen on the rate has been measured 
(2, 32, 143) and, as expected for a free radical reaction 
involving reducing species, oxygen inhibition is exhib­
ited. Passage of nitrogen or carbon dioxide through the 
reaction mixture causes a rate increase presumably due 
to the removal of dissolved oxygen (143). 

Neutral salts have a retarding influence (140, 153, 
155) but specific effects are greater than a negative 
salt effect caused by an increase in ionic strength. 
Hydrogen ions exert an accelerating influence (142). 

The oxidation is extremely sensitive to traces of metal 
ions, especially cupric (2, 17) and argentous (16, 56, 
59, 80, 83, 85). King (83, 85) found that values of the 
second order rate constants for the silver ion catalysis 
were about 4000 times greater than the values for the 
then known silver ion catalyzed peroxydisulfate 
oxidations, but he could not obtain reproducible re­
sults by following the rate of carbon dioxide evolution. 
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Allen (2) followed the reaction by measuring the peroxy-
disulfate ion concentration and obtained reproducible 
results and eliminated the induction period and auto-
catalytic nature observed by other investigators (16, 
85, 153). A similar study has been made by Gupta 
and Ghosh (56, 59), their over-all results agreeing 
with those of Allen (2) in that the rate of peroxydisul-
fate ion decomposition can be expressed as 

-d[S2(V-]/d< = fe[S208
2-][Ag+] 

but there is less agreement in the values of the rate 
constant. The kinetic constants for the silver ion cata­
lyzed oxidation are shown in Table 1. The effect of 
inert salts on the silver ion catalysis is similar to the 
non-catalyzed oxidation in that a general negative salt 
effect operates (16, 59) but there is a marked specific 
influence exerted by the various anions and cations. 

Investigations on the catalytic effect of both cuprous 
(32) and cupric (2, 17, 153) copper give a rate law simi­
lar to the silver ion catalysis and a negative salt effect 
is observed when potassium sulfate is the added 
electrolyte (17). As with the uncatalyzed oxidation, 
the metal ion catalyzed reactions are accelerated by 
hydrogen ions (59). 

The reduction of mercuric chloride to mercurous 
chloride using the peroxydisulfate-oxalate system as an 
inductor has also been studied kinetically (144). Prelimi­
nary investigations (143) showed that addition of 
mercuric chloride to the peroxydisulfate-oxalate re­
action markedly increased the speed of oxalate oxida­
tion. Measurements to determine the exponents in the 
rate law 

d[Hg2Cl2]/df = /C[HgCl2HC2(V-MS2CV-]' 

show (144) that x = 0.5-1.0, y = 0, z = 1. Induced 
reductions of this nature in oxalate systems have been 
cited as evidence for oxalate free radicals in the reactant 
solution (105). 

The auto-catalytic nature of the uncatalyzed re­
action probably is a result of a chain reaction (2) 
and this idea is supported by the kinetics of the in­
duced mercuric chloride reduction (144). The most 
attractive mechanism that accounts for these features 
and does not conflict with other evidence from peroxy-
disulfate oxidations is (2, 143, 144) 

S2O8
2- -> 2SO4- slow (1) 

SO4- + C2O4
2" -> SO4

2" + CO2- + CO2 fast (2) 

CO2- + S2O8
2" — S04

J- + SO4* + CO2 fast (3) 

CO2- +SO 4 - -• SO4
2" + CO2) chain (4) 

CO2- + OH' -> CO2 + OH'- /termination (5) 

The inhibition caused by oxygen and halide ions (153, 
155) can be attributed to the reactions 

CO2- + O2 — CO2 + O2
1- (6) 

SO4- + Cl>- -» SO4
2- + Cl. (7) 

In the reaction scheme the intermediate oxalate ion 
radical could be either CO2 ̂  or C2O4"

1", both of which 
have been proposed as "active oxalate" (105). 

The mechanism for the silver ion catalyzed reaction 
is much more speculative but, as the value of the rate 
constant is much higher (59, 83, 85) than that of other 
silver ion catalyzed oxidations involving positively 
charged reductants, it is assumed that other active 
species, apart from higher-valent silver compounds, are 
present. Bhakuni and Srivastava (16) suggest OH + 

and C2O4
-1" radicals as reactive intermediates but the 

reviewer prefers silver oxalate complexes as the reaction 
loses its chain decomposition characteristics in the 
presence of silver ions (59). 

C. FORMATE ION 

The peroxydisulfate-formate reaction has been 
studied by Indian chemists who have investigated both 
the silver catalyzed (61) and uncatalyzed (79, 154, 
156, 157, 158) oxidations. 

In the uncatalyzed reaction the stoichiometric equa­
tion is (79, 154) 

S2O8
2" + HCOO1" -» HSO4

1" + SO4
2" + CO2 

but, using identical methods of following the reaction, 
viz., titration of suitable quantities of the reaction 
mixture with standard alkali, Kappanna (79) obtained 
markedly different results from those of an earlier 
study by Srivastava and Ghosh (154). The latter found 
that the rate of reaction was independent of the formate 
ion concentration but Kappanna concluded that the 
reaction was second order. The only difference in re­
agents and experimental conditions was that Srivastava 
and Ghosh used potassium formate solution at a tem­
perature of 35°, whereas Kappanna used slightly dif­
fering concentrations of the sodium salt at 25°. How­
ever, these minor changes should not alter the order of 
the reaction. Kappanna gives no explanation for the dif­
fering molecularities and Srivastava and Ghosh do not 
mention his results in their later studies (156, 157, 158). 
In the absence of any further evidence, no conclusion 
can be reached about the order of this reaction, as the 
factors determining whether uncatalyzed peroxydisul-
fate oxidations will be first or second order are un­
known. However, a first order reaction seems more 
likely by analogy with the similar peroxydisulfate-
oxalate reaction. 

Both authors studied the effect of inert salts on this 
reaction and are in agreement that the velocity de­
creases as the ionic strength increases. This would seem 
to invalidate the initial step as proposed by Kappanna 

S2O8
2- + HCOO1- -» X3~ 

in which a positive salt effect would be expected. How­
ever, there are also large specific salt effects (156) and 
the application of the kinetic salt theory to elucidate 
the rate determining step may not be justifiable. 
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Both workers have made kinetic studies at different 
temperatures and the energy of activation can be cal­
culated to be 21.93 (154) or 24.9 (79) kcal. mole"1. 

The mechanism for the reaction given by Srivastava 
and Ghosh (154) is 

S2O8
2- + H2O - • SO4

2- + HSO4 '- + OH+ slow 

OH+ + HCOO'- -» H2O + CO2 fast 

Srivastava and Ghosh have made a further study of 
the oxidation using formic acid instead of potassium 
formate (156, 157) and following with extent of the 
reaction by measuring the electrical conductivity at 
different time intervals. The over-all molecular equa­
tion is 

K2S2O8 + HCOOH -» K2SO4 + H2SO4 + CO2 

but the rate was found to be independent of the formic 
acid concentration and the velocity of the reaction 
could be expressed as 

-d[S20,2-]/d< = MS2O8
2-] 

where k is the unimolecular rate constant. Values for 
the rate constants are given in Table 7 for both formic 
acid and potassium formate as reducing agents, and 
also the values at varying temperatures. 

TABLE 7 

Kinetic Data for the Peroxydisulfate-Formate Oxidation 

HCOOH (157, 158); E = 8.19 kcal. mole- ' 

0.06 
0.00739 

30 
O.00527 

0.09 
0.00515 

35 
0.00748 

I; E = 21.93 kcal. mole"' 

0.54 
0.00645 

35 
0.00709 

0.69 
0.00615 

40 
0.01234 

0.12 
0.00475 

40 
0.00814 

0.84 
0.00586 

45 
0.02132 

The oxidation of both formic acid and potassium 
formate is catalyzed by cupric and argentous ions and 
measurements made bySrivastava andGhosh (157) show 
that the effect of the silver ion is the greatest. Gupta 
and Nigam (61), using formic acid, showed that the 
rate is proportional to the silver and peroxydisulfate 
ion concentrations and independent of the reductant 
concentration. Kinetic data are shown in Table 1. 

It seems difficult to explain the large difference in the 
energy of activation for the uncatalyzed oxidation of 
formic acid when the values for the uncatalyzed oxida­
tion of potassium formate and the silver ion catalyzed 
oxidation of formic acid are so similar and the experi­
mental method may be at fault. 

D. CERIUM ( i l l ) ION 

The oxidation of cerous to eerie ion by peroxydisul­
fate has been investigated by Fronaeus and Ostman 
(44) who found that the rate of formation of eerie ion 

was dependent on the first power of the peroxydisulfate 
concentration but was of no simple order with respect 
to the cerous ion, as the dependence on the cerous ion 
concentration decreased with increasing cerous ion. 

The rate law obtained was given in the form 

d[Ce4+] = Jc[CeS+][S2O8*-] 
dt 1 + a [Ce3+I 

and evidence is put forward that suggests cerous 
sulfate complexes take part in the rate determining 
step. The proposed mechanism is 

S2O8
2" + H2O -> HSO4'- + SO4-*- + OH-
SO4- + H2O -+ HSO4

1" + OH-
Ce(SO4);

8-2''+ SO4- -» Ce(SO4),-
4-2''+ SO4

2" 

; = 0, l, . . . 
2OH- -» H2O + 1AO2 

The silver ion catalyzed reaction also has been 
studied (34, 45) and the reaction rate expressed by the 
equation 

d[Cei+]/dt = hi [Ag+J[S2O8
2"] 

However, the values of the rate constant k* differ by a 
factor of two in the two investigations. Cone (34) used 
1 M sulfuric acid to prevent cerous ion hydrolysis, 
while Fronaeus and Ostman (45) used 0.5 M perchloric 
acid and the different acid concentrations may cause 
the difference in the rate constant. 

E . MANGANESE ( l l ) ION 

In the presence of silver ion the oxidation of man-
ganous ion takes place at a measurable rate at 25° 
according to the equation (10, 36, 57) 

Ag + 

S2O8
2" + Mn2+ + 2H2O —> 2SO4

2" + MnO2 + 4H+ (1) 

At higher temperatures and in strong acid, the oxida­
tion can proceed to the permanganate stage (13, 159) 

Ag + 

5S2O8
2" + 2Mn2+ + 8H2O —»• 2MnO4

1" + 10SO4
J- + 16H + 

(2) 

At intermediate acid concentrations manganese(III) is 
formed (55) 

S2O8
2- + 2Mn2+ '-U 2Mn3+ + 2SO4

2" (3) 

The optimum acid concentration for the formation of 
manganese (III) is 3.6 M H2SO4 (55) but under these 
conditions the oxidation is complicated by the forma­
tion of hydrogen peroxide from the acid catalyzed de­
composition of peroxydisulfate (103). 

Kinetic studies have been made on reactions (1), 
(2), and (3) and in all cases the rate of oxidation is 
independent of the manganous ion concentration and 
first order with respect to peroxydisulfate and silver 
ion concentration (13, 36, 55, 57). Kinetic constants 
for the reactions are listed in Table 1. 

The following mechanism has been proposed (57) 
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S2O8
2" <=> 2SO 4 -

2 S O , - + A g + -> Ag 8 + + 2SO 4 ' " 

Ag8 + + 2Mn 2 + ~* A g + + 2Mn 8 + 

2Mn 8 + -> M n 4 + + Mn1+ 

F . AMMONIA AND AMMONIUM ION 

The thermal decomposition of ammonium peroxy­
disulfate in acid solution (44) is similar to that of 
potassium peroxydisulfate and no oxidation of the 
ammonium ion is observed, but in the presence of 
silver ions the ammonium ion is oxidized to nitrogenous 
substances, the nature and amount depending on the 
pH. In alkaline solutions nitrogen gas is formed and in 
acid solutions the nitrate ion (86). Stoichiometric 
equations are 

2NH, + 3S2O8
2" A N2 + 6SO1

2- + 6H+ 

NH4
+ + 4S2O8

2- + 3H2O - 4 NO,'- + 8 S o 4 s - + 1OH + 

In these silver ion catalyzed oxidations the rate was 
found to be independent of the ammonia or ammonium 
ion concentration and first order in silver and peroxy­
disulfate ion concentration. 

Early investigations (29, 82, 84, 119, 167) were based 
on the assumption that only one of the nitrogen species 
was produced in the reaction and it is not surprising 
that there is little agreement between workers as to the 
value of the rate constant for the oxidation. Fronaeus 
(43) has made a careful study of the reaction under a 
variety of conditions by measuring the e.m.f. of the 
system with a platinum electrode. Using a divalent 
silver ion as an intermediate (see p. 187) Fronaeus 
postulates the reactions 

Ag(I) + S2O8
2- -* Ag(II) + SO4- + SO4

2" (1) 

Ag(I) + SO1- ±+ Ag(II) + SO4
2" (2) 

8Ag(II) + NH4
+ + 3H2O -» 8Ag(I) + 1OH+ + NO3'- (3) 

and in low ammonium ion concentrations 

SO4- + H2O -> HSO4
1- + OH- (4) 

Ag(II) + H2O -> Ag(I) + H+ + OH- (5) 
2OH- -» H2O + 1AO2 (6) 

where equations (3), (5), and (6) are not simple steps. 
Electromotive force measurements give the sum of 

the rate steps (3), (4), and (5) as 

Rate = Constant[Ag(II)][NH4
 + ]»-V[Ag(I)]»-8[H + ]1-1 

which agrees with an expression derived from the con­
centrations used and the proposed reaction steps. 

Chaltykyan and Beilerian (30) have found that 
peroxydisulfate does not oxidize ammonia in the pres­
ence of cuprous ion; instead the cuprous ion is imme­
diately oxidized to cupric ion. 

G. ARSENIOUS ACID 

Both the silver ion catalyzed (60) and uncatalyzed 

(54, 58) oxidations of arsenious acid have been investi­
gated and the equation proposed for the reaction is 

S2O8
2- + H2O + H3AsO, -• H3AsO4 + 2H+ + 2SO4

2" 

In the absence of silver ions the rate is given by the 
expression 

-d[SiO,'-]/dt = Ai[S2O8
2-] 

and in the presence of silver ions by the expression 

-d[S20,2-]/d* = fe[S20,2-][Ag+] 

In both cases values for the rate constants were 
markedly different using different samples of arsenious 
acid and consistent results could only be obtained when 
using a particular sample. This was attributed to im­
purities in the solutions and to the different arsenious 
ions that could be present. 

Values for the rate constants are given in Table 8 
and the other kinetic constants are listed in Tables 1 
and 2. 

TABLE 8 

Kinetic Data for the Peroxydisulfate-Arsenious Acid Oxidation 

h (min._1) i i 
T, 0 C. X 10« (1. mole - 1 min."') Reference 

24 23.96 60 
29 30.54 60 
30 5.08 58 
35 8.80 58 
39 50.00 60 
40 16.48 58 
45 25.48 58 
45 19.89 54 

Both reactions are inhibited by alkali metal and 
halide ions and in the silver catalyzed oxidation in­
creasing hydrogen ion concentration causes the value 
of the second order rate constant to rise to a maximum 
at 0.05 M sulfuric acid and then fall again (60). 

H. HYDROGEN PEROXIDE 

Hydrogen peroxide and peroxydisulfate react to­
gether to form oxygen according to the equation 
(42, 162) 

S2O8
2" + H2O2 -+ O2 + 2HSO4

1" 

The kinetics were first studied by Friend (42), who 
found the rate to be independent of the hydrogen 
peroxide concentration and first order with respect to 
peroxydisulfate concentration. A study over a wider 
range of reactant concentrations has been made by 
Tsao and Wilmarth (162), who give the empirical rate 
law for the reaction at 30° as 

- d [ S 2 0 „ 2 - ] tan,_, <9.5 X IQ8 , 7.6 X 10'[S2O8
2-] , 

S : [8i0t ] ) [H2O2] + [H2O2T
 + 

) -1 /1 
2.9 X 10"[S2O8

2-] + 7.9 X 108^ 

With varying hydrogen peroxide and peroxydisulfate 
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ion concentrations this rate expression approaches the 
limiting forms 

(i) 0.001-0.005 M H2O2 and 0.001-0.025 M K2S2O, 

-d[S20, !-]/d« = fc(i)[S2Os2-][H2Oa]»2 

(ii) 0.025 M H2O2 and 0.002-0.01 M K2S2O8 

-d[S2Os
2-]/d/ = fc(ii)[S208

2-] 

(iii) 1.0 M H2O2 and 0.1-0.25 Af K2S2O8 

-d[S208
2-]/d< = ^iH)[S2O8

2-]1'2 

The over-all mechanism ascribed to the reaction is 
(162) 

S2O8
2" -• 2SO4-

SO4- + H2O -» H+ + SO4
2- + OH-

OH- + H2O2 -• H2O + HO2 

HO2 + S2O8
2- -> O2 + HSO4

1- + SO4-
HO2 + H2O2 -* O 2 + H 2 O + OH-

but the step 

SO4- + H1O2 -> HO2 + HSO4'-

which is assumed to operate in similar peroxydisulfate 
oxidations (p. 192) is omitted (52) for kinetic reasons 
(162). 

The catalytic effects of silver(I) ion (116, 151, 152), 
silver (II) ion (116), and copper (II) ion (139) have been 
investigated. The silver(II) ion has similar catalytic 
properties to that of the silver (I) ion (116). 

i. ALCOHOLS 

The knowledge of steps in the mechanism for the 
oxidation of organic compounds by peroxydisulfate 
has been advanced considerably by the study of the 
peroxydisulfate-alcohol reaction (6, 7, 8, 102, 113, 114, 
117, 122, 164). 

I t has been found that addition of alcohols (methanol, 
ethanol, and 2-propanol) to peroxydisulfate in water 
increases its rate of decomposition but that the addi­
tion of allyl acetate has little effect. Addition of allyl 
acetate to the alcohol-peroxydisulfate reaction, how­
ever, eliminates the acceleration due to the alcohol and 
the rate of decomposition of peroxydisulfate is almost 
the same as that in the presence of allyl acetate alone 
(102, 164). 

An extensive study of the peroxydisulfate oxidation of 
2-propanol (7, 113, 117, 122, 164) shows the rate of 
decomposition of peroxydisulfate to be related to the 
initial peroxydisulfate concentration by the equation 

-d[S2Os
2-]/d< = fc[S20,2-] 

[S2O8
2-]0 - MS2O8

2"] 
o + [S2O8

2-]0 

therefore 

K — fCp 
[S2O,2-], 

(1) 

(2) 

(3) 

ttp o + [S2O,»-]0 

when the alcohol concentration is kept constant, and 

to the initial alcohol concentration by the equation 

[ROH]0 

b + [ROH]0 
(4) 

when the peroxydisulfate concentration is constant. 
The subscript zero refers to initial concentrations and 
a and b are empirical constants. 

Equation (2) means that any single kinetic experi­
ment obeys an integrated first-order law, which shows 
that the rate of disappearance of peroxydisulfate is 
first order with respect to time. With respect to concen­
tration (106), however, the reaction is second order at 
low values of peroxydisulfate and first order at high 
values, and somewhere between these two extremes 
for intermediate peroxydisulfate concentrations. In 
a similar fashion, equation (4) implies the rate is first 
order with respect to alcohol concentration at low 
alcohol concentrations and independent of the alcohol 
concentration at high values. 

Equations (2) and (4) can be combined to give 

[ROH]0[S2O8
2-], 

' ( 6 + [ROH]0)(O+ [S2O3
2-]0) 

The values of fcmax, b, and a are 1.18, 0.0070, and 0.0015, 
respectively (117). 

These results were further developed in a compre­
hensive study of the oxidation by Ball, Crutchfield, 
and Edwards (7). 

The reaction is extremely sensitive to traces of dis­
solved oxygen and dissolved copper impurities. In 
the presence of oxygen two different paths operate, 
one involving oxygen inhibition. When all the oxygen is 
removed the second path operates. The energy of acti­
vation for the oxygen inhibited path is between 25 and 
27 kcal. mole - 1 and the rate is independent of the oxy­
gen and alcohol concentration. This is the part of the 
oxidation studied by Levitt and Malinowski (113), 
who found an energy of activation of 26 kcal. mole -1 . 
In the absence of oxygen the decomposition is first 
order in peroxydisulfate and one-half order in 2-propanol 
(7) with an activation energy of 21 kcal. mole -1 . 

No completely satisfactory mechanism has been 
proposed to explain all of the above results, but from 
the results of the allyl acetate experiments (102) these 
steps are most likely (8, 164) 

SO4-

S2O8'-

+ R2CHOH 

2SO4-

R2COH + HSO4
1" 

or 

and 

SO4- + H 2 O -> OH- + HSO4
1" 

(D 
(la) 

(lb) 

then 

OH- + R2CHOH -» R8COH + H2O (Ic) 

R2COH + S2O,2" -> R2C=O + HSO4 ' - + SO4- (2) 

R2COH + SO4- -* R2C=O + HSO4
1" (3a) 
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Equations (1) and (lb) are those involved in the 
thermal decomposition in aqueous solution (see pp. 
189, 190). The increased rate of decomposition caused 
by the addition of alcohol must be due to either equa­
tion (2) where the peroxydisulfate is attacked by a 
free radical not present in the water decomposition, 
or by the reaction 

R2CHOH + S2(V- -+ R2COH + HSO4I- + SO4- (4) 

That the peroxydisulfate does not directly attack the 
alcohol, as in equation (4), is inferred from the addi­
tion of allyl acetate to the peroxydisulfate-alcohol 
reaction. If direct attack took place the rate of the 
peroxydisulfate decomposition would still be in­
creased even in the presence of the free radical capture 
agent (allyl acetate); however, this is contrary to experi­
mental results (102). 

Equation (3a) is a chain termination step and there 
are others that could also be involved, e.g. 

2R2COH -> R2CHOH + R2C=O (3b) 

Analysis of the kinetic scheme of equations 1—lb— 
lc-2-3a leads to the rate law (164) 

Velocity = (2MIbVW2IS2O8 '-] 

This scheme also accounts for the decrease in the rate 
constant at low peroxydisulfate or alcohol concentra­
tions (113, 117) as the chain terminating steps then 
become important. 

An alternative mechanism involving an equilibrium 
between peroxydisulfate and 2-propanol (117) 

R2CHOH + S2O8
2- *=± R2CHOOHSO8- + SO4

2-

has been shown to be incorrect (164) for when the 
reaction is performed in the presence of sulfate labeled 
with sulfur-35 there is no loss of specific activity in the 
sulfate. Also a direct reaction between peroxydisulfate 
and alcohol has been ruled out previously by the allyl 
acetate experiments. 

Sequence l- la-2-3a predicts the rate law (7) 

Velocity = (Mi.A;2A3a)I/2[S208
2-][R2CHOH]"2 

which agrees with the observed rate law in the absence 
of oxygen. The oxygen inhibition is attributed to the 
removal of the reducing radical R2COH by the dis­
solved gas. 

The oxidation of methanol by peroxydisulfate (8, 
102) does not conform to the previous rate law, the 
expression being 

- d [S2O8
2-]/* = /([S.A'-J^tCHaOH]1'2 

Equations 4-la-2-3b in that sequence (where R = H) 
have been suggested as the mechanism for the decom­
position (8) and the rate of disappearance from this 
should be (8, 102) 

-d[Sj08»-]/d< = fc4[S208»-][CH,OH] + 
fe(ft4/W

2[S208
2-]"2[CH8OH]"J 

Neglecting the first term provides a rate equation that 
agrees with experiment but the validity of this step 
cannot be fully justified and it has been shown that the 
reaction in equation (4) does not take place (102). 

The sequence of equations l - la-2-3b leading to the 
rate law 

-dtSjO,2-]/* = ^[S2O8
2-] + WfeAsbFHSA2-]*" 

also has been proposed (8, 102) for the methanol 
oxidation. In this, the first term is negligible compared 
to the second when the methanol concentration is large, 
but the sequence does not account for the dependence 
on the square root of the methanol concentration. 

A possible explanation for these results is that the 
products of the reaction (formaldehyde and formate 
ion) may be affecting the kinetics, as both these 
compounds will react with peroxydisulfate (81, 102, 
154). Experimentally it is found that as the methanol 
concentration decreases, the amount of formaldehyde 
formed, based on peroxydisulfate decomposed, also 
decreases (8). If the peroxydisulfate were also reacting 
with the products, it could account for the high power 
of the peroxydisulfate concentration involved in the 
rate law. 

The rate of oxidation was increased markedly 
by the addition of cupric ions but reached a maximum 
value as the cupric ion concentration was increased 
(7). This phenomenon also was observed in the metal 
ion catalysis of the peroxydisulfate-iodide reaction 
and it is suggested (49) that the role of the cupric 
ion is to assist the electron transfer to the reducing 
agent. The direct oxidation 

S2O8
2" + Cu2+ -> SO4- + SO4

2" + Cu3+ 

is excluded on kinetic grounds as the sulfate free radi­
cals can only be produced from steps (1) and (2), 
(7). 

J. OEGANIC SULFUR COMPOUNDS 

Kinetic studies on the oxidation of thioacids (62, 
107, 108), sulfoxides (39, 67), mercaptans (39, 111, 
112), and thiophenes (37) in neutral or alkaline solution 
show that a limiting rate is attained above a certain 
concentration of sulfur compound but the reaction is 
always first order in peroxydisulfate. 

An empirical rate law 

- d [S2O8
2 ~]/dt = k [S2O8

2-] 

where k = a[S]/(6 + [S]), has been suggested (111), 
where [S] is the concentration of organic sulfur com­
pound and a and b are empirical constants. 

The energy of activation of the rate determining 
step for most of the above compounds lies between 24 
and 26 kcal. mole-1 (39, 67). 

The effect of varying the structure of the compound 
oxidized has received considerable attention (39, 
67, 107, 108) and it appears that an electron with-
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drawing group adjacent to the sulfur atom decreases 
the rate of oxidation. Levitt (111, 112) has suggested a 
mechanism for the oxidation of mercaptans, thought to 
be operative in all organic peroxydisulfate oxidations, 
which is based on the reversible decomposition of the 
peroxydisulfate ion into sulfur tetroxide and a sulfate 
ion 

S2O8
2- s=s SO4 + SO4

2-

However, this step is now considered unlikely (7, 38), 
as no exchange of sulfur-35 between peroxydisulfate 
and sulfate ions has been observed (38). 

VI. SECOND ORDER OXIDATIONS 

A. IODIDE ION 

The reaction between peroxydisulfate and iodide ion 
has been reviewed briefly by Morgan (126) and some of 
the work prior to 1953 summarized. A more detailed 
account of the work prior to 1954 is given by Meretoja 
(120). This reaction also has been studied to a much 
greater extent than other peroxydisulfate oxidations 
and not all aspects will be covered here. The following 
section will deal with the work prior to 1961 with some 
mention of early publications to make a consistent 
account. Emphasis will be on the mechanism and meth­
ods for determining the rate rather than on the theories 
that this reaction often is used to illustrate. 

The stoichiometric equation for the reaction is 

S2O8
2- + 2 P - - • I8 + 2SO4

2" (1) 

but the oxidation usually has been considered to be 
bimolecular (120) as the velocity constants as calcu­
lated from the experimental results (88, 100, 120, 134, 
149) by means of the equation 

-d[S208
2-]/d« = fc2[S208

2-][F-] (2) 

or one of its integrated forms (120), show less variation 
than if equations for unimolecular or termolecular re­
actions are used. 

The slow oxidation of iodide ion by peroxydisulfate 
was first observed by Marshall (118) and the first 
kinetic study was by Price (134), who followed the 
extent of the reaction by taking samples at known time 
intervals and determining the amount of iodine pro­
duced by titration with thiosulfate. The values of the 
rate constant so obtained decreased as the reaction 
proceeded, the decrease being attributed to the forma­
tion of the tri-iodide ion according to equation (3). 

I i - + I2 <=* I , ' " (3) 

The effect of this equilibrium on the reaction has been 
studied (88, 89, 95, 98) and it was found that the tri-
iodide ion reacts with the peroxydisulfate but at about 
half the rate of the iodide ion (88). By saturating the 
reactant solutions with iodine, King and Jette (88) 
were able to simplify the theoretical treatment for the 
system, as under these conditions the ratio of iodide to 

tri-iodide ion remains constant. With iodine saturated 
solutions the rate constants were some 25% less, and 
using the known value for the equilibrium constant in 
equation (3), values of k2 and W in the rate expression 

-d[S208
2-]/d< = fe[S208

2-][I'-] + fe'IS^-HIa1-] (4) 

were found to be 0.126 and 0.0642 1. mole-1 min.-1, 
respectively, using 0.01 N reagents at 25°. In many 
studies of this reaction the detailed effect of the tri-
iodide ion on the rate has been ignored and values of 
the rate constant in equation (2) obtained by plotting 
the observed values against time and extrapolating to 
zero time (3, 88, 90, 120). 

Using the latter method the rate constant can be 
expressed in the form (120) A2 = 1.34 X 10s exp 
(-12,700/.BT) 1. mole"1 sec.-1 in the 20-40° tempera­
ture range. 

Other methods of following the production of iodine 
have been used in order to avoid the tri-iodide forma­
tion. King and Jette (89) added an immiscible inert 
organic solvent to the reaction mixture to remove the 
iodine produced in the aqueous layer. The values of 
&2 obtained were generally more constant than when 
the iodine was allowed to accumulate but the average 
value varied with the solvent added. The reaction also 
has been performed in the presence of hydroxyl ion (89) 
which removes the iodine according to the equations 

S2O8
2- + 2F- -> I2 + 2SO4

2 ~ 
3I2 + 60IF- -+ 5F- + 1O8'- + 3H2O 

and over-all 

3S2O8
2" + I1" + 60IF- -» 6SO4

2-+1O3
1" + 3H2O 

This method gave constant values of the rate constant 
and they were in agreement with those obtained when 
no hydroxyl ions were present. An accurate method has 
been developed involving the successive addition of 
small quantities of sodium thiosulfate solution to the 
reaction mixture (66, 71, 72, 87). The thiosulfate reacts 
very rapidly with the iodine liberated (4) from the 
peroxydisulfate oxidation and the solution remains free 
from iodine until all the thiosulfate has been used up. 
The time of reappearance of iodine has been determined 
by means of a photo-cell (87) or by using a polarized 
electrode (71). Equations representing the reactions 
in the solution are 

S2O8
2- + 2I>- -> I2 + SO4

2- slow 

2S2O3
2" + I 2 - * 2 1 ' - + S4O6

2- fast 

Thus the iodide ion concentration remains constant and 
the kinetics become pseudo-first order according to the 
equations 

-d[S208
2-]/d< = ^[S2O8

2-] 

where 

h = fe[F-] 

However, this method suffers from the disadvantage 



198 D. A. HOUSE 

that unless only the initial rate of the reaction is fol­
lowed, the ionic strength of the solution increases with 
addition of thiosulfate. Also the possibility of oxidation 
of thiosulfate by peroxydisulfate cannot be excluded. 
Despite these objections this method gives very accu­
rate rate constants (73), especially in dilute solution. 
The method has been adapted to more concentrated 
solutions by mixing solutions of peroxydisulfate, iodide, 
and thiosulfate and titrating the undecomposed thio­
sulfate with standard iodine (66, 91). The simultaneous 
reactions involved in this system are 

S2O8
8- + 21'- -> I2 + 2SO4

2-
2S2O,2" + I. -> 2Ii- + s4o62-

2S2O3
2" + S2O8

2- -> S4O6
2" + 2SO4

2-

In this case no tri-iodide is formed, the ionic strength 
remains constant, and the fact that the peroxydisulfate 
oxidizes the thiosulfate is an essential part of the kinetic 
analysis. The rate equation for the peroxydisulfate-
iodide reaction is 

-d[S208
2-]/d* = A2[S2O8

2-] [I'-] 

and for the peroxydisulfate-thiosulfate reaction 

-d[S208
2-]/d* = Zc[S2O8

2-] (seep. 190) 

Thus, if the two methods of peroxydisulfate decompo­
sition are additive, the rate equation for the mixed 
reaction is 

-d[S208
2-]/di = fc[S208

2i + Jt2[S2O8
2"] [V-] 

but, owing to the rapid nature of the thiosulfate-iodine 
reaction to produce iodide ions, the iodide ion concen­
tration remains constant and the rate equation be­
comes 

-d[S2Os
2-]/d< = (Jc + Zc1)[S2O8

2"] 
= Zc0[S2O8

2-] 

where /c0 is observed rate constant, and Zc1 = fc2[I
1-]. 

Hence k» — (fc0 — fc)/[I1-]. Thus the calculation of the 
bimolecular peroxydisulfate-iodide rate constant in­
volves a knowledge of the first order peroxydisulfate-
thiosulfate rate constant at the ionic strength in ques­
tion, and assumes that the latter is the same in the 
presence of iodide ions, this latter assumption being 
rather doubtful in view of the large specific effect of 
ions on the peroxydisulfate-thiosulfate reaction (91). 

To account for the observed kinetics, it has been 
suggested that the reaction takes place in two steps 
(21, 100) 

S2O8
2- + !1" — IS2O8

8" slow (1) 
ISsO,'- + I1" -> I2 + 2SO4

2" fast (2) 

An alternative decomposition of the activated complex 
ISaOi*- has been proposed by Soper and Williams 
(149) 

IS2O8'- -» I- + S,0,»- (2a) 
S2O8'" + I1" -• 2SO4

2" + I' fast (2b) 

I- + I- -» I2 fast (3) 

However, it is possible to account for the observed 
kinetics by a third mechanism (49) based directly on the 
Eyring theory of absolute reaction rates (50). 

S2O8
2- + !1" <* IS208*-| rate (la) 

IS2O8
3- -> I+ + 2SO4

2-/ determining (lb) 

I+ + I 1 - -» I2 fast (3a) 

That monopositive iodine will be formed is not unlikely 
as peroxydisulfate can slowly oxidize a solution of 
potassium iodide in concentrated hydrochloric acid to 
iodine monochloride. Also, in the presence of potassium 
iodide and pyridine, peroxydisulfate will form orange 
crystals of bis-(pyridyl)-iodine(I) peroxydisulfate. Hig-
ginson and Marshall's generalization (63) that oxida­
tion-reduction reactions between ions derived from ions 
from two non-transition elements, whether metallic or 
non-metallic, usually occur in two electron steps, also 
favors equations l a - lb as the primary reactions. 

In his original study of the peroxydisulfate reaction, 
Price (134) found that the rate was increased by traces 
of cupric and ferrous ions. Since that time this catalytic 
effect has been investigated extensively (1, 18, 49). It 
has been suggested that to accelerate the oxidation the 
catalyst must be capable of reversible oxidation-reduc­
tion (1), the catalytic system with the greatest negative 
oxidation-reduction potential generally giving the 
greatest acceleration (49). The action of metal ion and 
aromatic molecule catalysts is to facilitate the electron 
transfer to the iodide ion, the proposed mechanism 
being (49) 

S2O8
2" + M"+ -> S208M» - 2 (1) 

S2O8M" -2 + 1" -> I + + 2SO4
2" + M"+ (2) 

I+ + I " -> I2 (3) 

This mechanism is in accordance with the magnetic 
data obtained from the ferrous-iodide-peroxydisulfate 
ion system (18), where a relatively stable diamagnetic 
intermediate was detected, thus indicating that the 
previous view (100) that the reaction proceeds through 
the formation of ferric ion is incorrect. 

The oxidation of iodide by peroxydisulfate is a re­
action between ions of like charge type and many in­
vestigators (87, 92, 93, 94, 96, 97, 149) have used it to 
test the predictions of the Br0nsted theory of kinetic salt 
effects (21) and the Debye-Hiickel limiting law. The 
results of these experiments have been summarized, 
and the data extended by Meretoja (120). Later work, 
however, indicates that the salt effect depends more on 
the concentration and nature of the cation than on the 
ionic strength, as the rate increases differently using 
different salts (23, 24, 25, 26, 68, 69, 70, 71, 72, 73, 137). 

Theories on reaction rates in iso-dielectric and iso-
composition systems also have been tested using the 
peroxydisulfate-iodide reaction (3, 27, 28, 99, 120, 121), 
the dielectric constant of the system being varied by 
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TABLE 9 

Kinetic Data for the Oxidation of the Divalent Iron Group Ions by Peroxydisulfate 

Values of fe are at zero ionic strength at 25° with units of 1. mole-1 min. -1; E" is the standard electrode potential in volts; dipy is for 
a, a'-dipyridyl; 4,4'-Me2dipy is for 4,4'-dimethyldipyridyl; o-phen is for orthophenanthroline; 5Me-phen is for 

5-methylphenanthroline 

No. Ion * j (1. mole - 1 sec. 1J 
E 

(kcal. mole. -1) E\ volts Reference 

1 
2 
3 
4 
5 
6 
7 

Fe'* 
Os(dipy)|2 + 

Fe(4,4'-Mejdipy)i' + 

Fe(dipy)|! + 

Fe(o-phen)>s + 

Fe(5Me-phen).> + 

Ru(dipy)i* + 

(129, 70) 
49.0 
6.68 
0.55 
0.30 
0.11 
0.009 

1.0 X 10» 
2.8 X 10« 
3.2 X 10» 
5.7 X 10» 
1.5 X 10» 
1.6 X 10« 
5.0 X 10» 

12.1 
9 . 4 

10.6 
12.4 
13.3 
12.6 
14.6 

- 0 . 7 7 1 
- 0 . 8 7 
- 0 . 9 4 
- 1 . 1 2 
- 1 . 1 4 
- 1 . 1 5 co. 
- 1 . 3 7 

41,135 
75 
76 
76 
76 
76 
76 

addition of ethanol (3), methanol (120,121) or dioxane, 
(27, 28). 

B . DIVALENT IRON GROUP IONS 

Kinetics of the oxidations of ferrous ion (41, 101, 
138), ferrous dipyridyl (41, 76) and phenanthroline 
complex ions (76), ferrocyanideion (65), tris-(dipyridyl) -
osmium(II) ion (75,76), andtris-(dipyridyl)-ruthenium-
(II) ion (76) have been studied and the results for the 
dipositive ions are summarized in Table 9. The rates of 
the reaction follow second order kinetics, but for three 
of the ferrous complexes, the oxidations were followed 
under conditions where pseudo first order kinetics 
applied (76). 

For the dipositive ions the stoichiometric equation is 

2M1+ + S2(V- 2M3+ + 2S(V- (D 
where M 2 + and M 8 + represent the divalent ion and its 
oxidation product. The rate determining step is as­
sumed to be (41, 75, 101) 

M2+ + S2(V- -* M3+ + S(V" + SO4- slow (2) 

followed by (41, 101) 

M2+ + SO4- M3+ + SO4
2" fast (3) 

The standard free energy change corresponding to 
equation (1) is given by 

AG = -2F[Eo(SiOi'-) - .E0CM2+)] 

where .E0 (S2O8
2-) is the standard oxidation-reduction 

potential for the SO4
2--S2O8

2- couple and #°(M2+) 
that of the M 2 + - M 3 + couple. 

Figure 2 shows a plot of log fc2 against E0 (M2+) and 
the straight line obtained can be expressed by the rela­
tion log h = 6.94#°(M2+) + 7.46. 

Thus the rates can be related directly to the standard 
free energy change + (76). 

The ferrocyanide oxidation (65) cannot be included 
with the above, as the negative charge on the ion 
induces different coulombic interactions. In neutral 
solutions the second order constants are not constant 
with change in time or initial concentration of the re-
actants. However, in 0.5 M potassium sulfate solu­
tions these irregularities disappear and the variations 

°9)o k2- '-04E" + 7 '4 6 

. l o 9 io ! 

FIG. 2.—Log fc2 against 2?°(M2+) for the divalent iron group, 
ki in 1. mole-1 sec.-1 and E" in volts. Numbers refer to the ions 
in Table 9. 

in neutral solution are attributed to the presence of the 
strong electrostatic field. From mean values in neutral 
solution the bimolecular rate constant for the reaction 

2Fe(CN)6*- + S2O8
2" -> 2Fe(CN)8

3" + 2SO4
2-

can be represented by the equation 

k2 = 3.2 X 109 exp (-11,900/Br) 1. mole"* sec.-1 

VII. MISCELLANEOUS 

Organic Nitrogen Compounds.—Only a few kinetic 
investigations have been made in this field. The re­
action with amines (12, 31, 33) is dependent on pH, 
being much faster in alkaline media. 

With hydrazobenzene (163) the rate determining 
step is first order in both reactants but the value for the 
rate constant depends on the initial reactant concen­
tration. The over-all reaction has an energy of activa­
tion of 16 kcal. mole-1 (163). 

Aldehydes and Ketones.—In the silver ion catalyzed 
oxidation of acetone with peroxydisulfate (14) the 
kinetics obey the usual law for this type (see Table 1) 
and it has been shown that acetic acid and carbon 
dioxide are the reaction products, according to the 
equation 
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CH3COCH, + 4K2S2O8 + 3H2O - 4 
CH8COOH + CO2 + 8KHSO4 

The salt effect on this reaction is negative. The un-
catalyzed oxidation of formaldehyde and acetaldehyde 
also has been studied (81). 

Copper Compounds.—The oxidation of cuprous chlo­
ride to the cupric state according to the over-all equa­
tion 

2CuCl + K2S2O8 — K2SO4 + CuSO4 + CuCl2 

has been studied (30) and an ion-radical mechanism 
proposed with the main reactions being 

Cu+ + S2O8
2" -» CuS2O8

1-
CuS2O8

1" -* Cu2+ + SO4
2" + SO4-

SO4- + Cu+ -+ Cu2+ + SO4
2-

as second order kinetics are observed. Addition of 
chloride ions decreases the rate but addition of ammonia 
gives a much faster reaction (30). 

The rate of the dissolution of metallic copper in 
aqueous peroxydisulfate solutions has been found to 
be dependent on the first power of the peroxydisulfate 
concentration at concentrations less than 0.5 M, with a 
tendency to zero order at higher concentrations (20). 
At peroxydisulfate ion concentrations greater than 0.25 
M1 the activation energy is constant at 10.3 kcal. 
mole -1. 

Americium(III) Ion.—The oxidation of americium-
(III) to americium(VI) may be accomplished with 
peroxydisulfate (132) but it is essential that the acid 
concentration be kept low. The rate of reaction is given 
by the expression (133). 

- d [S2O8
2 ~}/dt = 4[S2O8

2-] + A'[S20,2-][H+] 

but if acidities higher than 0.5 M are used, the amount of 
americium(VI) decreases as the hydrogen peroxide 
formed from the acid-catalyzed thermal decomposition 
of peroxydisulfate (p. 190) acts as a reducing agent for 
americium(VI). 

The author is extremely grateful to Dr. B. D. Eng­
land for the advice and criticism he has given during the 
preparation of this review and to Miss R. Watts for the 
preparation and checking of the manuscript. 

VIII. APPENDIX 

Steady State Analysis of the Mechanism for the First 
Order Uncatalyzed Peroxydisvlfate Oxidations 

Let R be a radical and P the product from an oxi-
dizable substrate, S. The proposed steps for the general 
case are 

S2O8
2- 4 2SO4- (1) 

SO4- + H2O -^ OH- + SO4
1" (2) 

OH' + S -A OH1" + R (3) 

R + S2O8
2" - ^ P + SO4

2" + SO4- (4) 

R + SO4- - J P + SO4
2- (5) 

Several differential equations can be set up from this 
scheme 

-d[S208
2-]/di = A1[SJO,2-] + A4[R][S2Os2-] (6) 

-d[S]/d* = A3[OH-] [S] (7) 
d[S04-]/d« = 2A1[S2O8

2"] - A2[SO4-] + 
A4[R][S2O,2-] -A5[R][SO4-] (8) 

d [R] Zd/ = A3[OH-][S] - A4[R][S2O8
2-] - A6[R][SO4-] (9) 

d[OH']/di = A2[SO4-] - A8[OH-][S] (10) 
By the steady state hypothesis, [SO^], [R], and 

[OH' ] are constant, therefore 

d[S04-^]/d« = d[R]/d* = d[OH-]/d« = O (11) 

Thus, from (10) and (11) 

A2[SO4-] = A3[OH-J[S] (12) 

Substitution of (12) in (7) gives 

-d[S]/d< = A2[SO4-] (13) 

and substitution of (12) in (9) gives 

d[R]/d« = A2[SO4-] - A4[R][S2O8
2"] - A6[R][SO4-] = O (14) 

Adding equations (8) and (14) 

Ai[S2O8
2"] = A6[R][SO4-] (15) 

and subtracting equations (8) and (14) 

A2[SO4-] = A1[S2O,2-] + A4[R] [S2O,2"] (16) 

Thus, from equations (6), (13), and (16) 

-d[S20,2"]/d< = -d[S]/di 

Now, from equation (15) 

[SO4+] = A1[S1O1I-IZAt[R] (17) 

and substitution of (17) in (16) gives 

A1 + A4[R] = A1A2ZA6[R] (18) 

Therefore 

A4[R]2 + A1[R] - AiA2ZA6 = O (19) 

Solving this quadratic gives 

[R] = [-A1 ± (A1
2 + 4A1A2A4ZA6)

1'2]Z2A4 (20) 

and substitution for [R] in (6) gives 

Rate = 1Z2[A1 ± (A,2 + 4AiA2A4ZA6)
1'2] [S2O8

2"] (21) 

which simplifies to 
Rate = (A1A2A4ZA6V

2IS2O,2-] (22) 

if fci is small. 

IX. REFERENCES 

(1) Afanas'ev, P. V., / . Phys. Chem. U.S.S.R., 9, 568 (1937). 
(2) Allen, T. L., / . Am. Chem. Soc, 73, 3589 (1951). 
(3) Amis, E. S., and Potts, J. E., J. Am. Chem. Soc, 63, 2883 

(1941). 
(4) Awtrey, A. D., and Cornick, R. E., / . Am. Chem. Soc., 73, 

1341 (1951). 



KINETICS AND MECHANISM OF PEROXYDISULFATE OXIDATIONS 201 

Bacon, R. G., Grime, R., and Munro, D. J., / . Chem. Soc, 
2275 (1954). 

Ball, D. L., Dissertation Abstracts, 16, 2300 (1956); Chem. 
Abstracts, 51,9272(1957). 

Ball, D. L., Crutchfield, M. M., and Edwards, J. 0., / . Org. 
Chem., 25, 1599(1960). 

Bartlett, P. D., and Cotman, J. D., J. Am. Chem. Soc, 71, 
1419(1949). 

Bartlett, P. D., and Nozaki, K., / . Polymer Sci., 3, 216 
(1948). 

Baubigny, H., Compt. rend., 136, 1662 (1903). 
Bawn, C. E., and Margerison, D., Trans. Faraday Soc, 51, 

925 (1955). 
Beilerian, N. M., Nauch. Trudy Erevan. Gosudarst. Univ., 

Ser. KHm. Nauk, 60, 143 (1957); Chem. Abstracts, 53, 
11081 (1959). 

Bekier, E., and Kijowski, W., Roczniki Chem., 14, 1004 
(1934); Chem. Abstracts, 29, 6129 (1934). 

Bekier, E., and Kijowski, W., Roczniki Chem., 15, 136 
(1935); Chem. Abstracts, 30, 3306 (1936). 

Berry, K. L., and Peterson, J. H., J. Am. Chem. Soc, 73, 
5195 (1951). 

Bhakuni, R. S., and Srivastava, S. P., Z. physik. Chem., 210, 
246(1959). 

Bhakuni, R. S., and Srivastava, S. P., Z. physik. Chem., 
213, 129(1960). 

Bhatnagar, S. S., Prakash, B., and Singh, J., J. Indian 
Chem. Soc, 17, 133 (1940). 

Bhattacharya, A. K., and Dhar, N. R., Z. anorg. allgem. 
Chem., 175,357(1928). 

Bond, G. C., Hill, B. M., and Tennison, R., / . Chem. Soc, 
33(1959). 

Br0nsted, J. N., Z. physik. Chem., 102, 191 (1922). 
Bunn, D., Trans. Faraday Soc, 42, 190 (1946). 
Carassiti, V., and Dejak, C , Attiaccad. nazl. Lincei, Rend., 

Classe sci. fis., mat. e nat., [8] 3, 445 (1947); Atti accad. 
sci. ist. Bologna, Classe sci. fis. Rend, Ser., 11, 2, 16 pp. 
(1955); Soc. ital. prog. sci. Atti 45. Riunione, Naples, 
18 pp. (1955); Chem. Abstracts, 50, 10495 (1956). 

Carassiti, V., and Dejak, C , Boll. sci. fac chim. ind. 
Bologna, 15, 63 (1957); Chem. Abstracts, 52, 6904 (1958). 

Carassiti, V., and Dejak, C , Ann. chim. (Rome), 49, 233 
(1959); Chem. Abstracts, 53, 15719 (1959). 

Carassiti, V., and Dejak, C , Ann. chim. (Rome), 49, 1718 
(1959); Chem. Abstracts, 54, 16140 (1960). 

Carassiti, V., Dejak, C , and Mazzei, I., Ann. chim. 
(Rome), 50, 979 (1960); Chem. Abstracts, 55, 3162 
(1961). 

Carassiti, V., Dejak, C , and Mazzei, I., Ann. chim. 
(Rome), 50, 988 (1960); Chem. Abstracts, 55,3162 (1961). 

Carman, P. C , Trans. Faraday Soc, 30, 566 (1934). 
Chaltykyan, O. A., and Beilerian, N. M., Izvest. Akad. 

Nauk Armian. S.S.R., khim. Nauk, 11, 13 (1958); 
Chem. Abstracts, 52, 18054 (1958). 

Chaltykyan, O. A., and Beilerian, N. M., Izvest. Akad. 
Nauk Armian. S.S.R., khim. Nauk, 11, 153 (1958); 
Chem. Abstracts, 53, 1902 (1959). 

Chaltykyan, O. A., Mamyan, A. N., and Movsesyan, R. 
V., Nauch. Trudy Erevan. Gosudarst. Univ., Ser. Khim. 
Nauk, 60, No. 4, 135 (1957); Chem. Abstracts, 53, 10925 
(1959). 

Chaltykyan, O. A., and Beilerian, N. M., Doklady Akad-
Nauk Arm. S.S.R., 30, 225 (1960). 

Cone, W. H., / . Am. Chem. Soc, 67, 78 (1945). 
Csayni, L. J., and Solymosi, F., Acta Univ. Szegediensis, 

Acta Phys. et Chem., 5, 34 (1959); Chem. Abstracts, 54, 
13924(1960). 

(36) Decker, A. 0., Levy, H. A., and Yost, D. M., J. Am. Chem. 
Soc, 59,2129(1937). 

(37) Douglas, T. B., / . Phys. Chem., 35, 3280 (1931). 
(38) Eagar, R. L., and MacCallum, K. J., Canadian J. Chem., 

32, 692(1954). 
(39) Eagar, R. L., and Winkler, C. A., Canadian J. Research, 

26B, 527 (1948). 
(40) Elkeles, H., and Brosset, C , Svensk Kem. Tidskr., 65, 26 

(1953); Chem. Abstracts, 47, 6298 (1953). 
(41) Fordham, J. W., and Williams, H. L., / . Am. Chem. Soc, 

73, 4855 (1951). 
(42) Friend, J. A. N., / . Chem. Soc, 89, 1092 (1906). 
(43) Fronaeus, S., Acta Chem. Scand., 10, 1606 (1956). 
(44) Fronaeus, S., and Ostman, C. 0., Acta Chem. Scand., 9, 

902(1955). 
(45) Fronaeus, S., and Ostman, C. 0., Acta Chem. Scand., 10, 

320(1956). 
(46) Frost, A. A., and Pearson, R. G., "Kinetics and Mecha­

nism," 1st ed. J. Wiley and Sons, New York, N.Y., 
1953, p. 98. 

(47) Frost, A. A., and Pearson, R. G., "Kinetics and Mecha­
nism," 1st ed. J. Wiley and Sons, New York, N.Y., 1953, 
p. 133. 

(48) Galiba, H., Csanyi, L. J., and Szabo, Z. G., Z. anorg. 
allgem. Chem., 287, 152 (1956). 

(49) Galiba, H., Csanyi, L. J., and Szabo, Z. G., Z. anorg. all­
gem. Chem., 287, 169 (1956). 

(50) Glasstone, S., Laidler, K. J., and Eyring, H., "The Theory 
of Rate Processes," McGraw Hill Book Co., New York, 
N.Y., 1941, pp. 192, 401. 

(51) Gordon, B. M., and Wahl, A. C , / . Am. Chem. Soc, 80, 
273 (1958). 

(52) Gray, P., and Symons, M. C. R., Discussions Faraday Soc, 
29, 169 (1960). 

(53) Green, L., and Masson, D. O., J. Chem. Soc, 97, 2083 
(1910). 

(54) Gupta, Y. K., J. Indian Chem. Soc, 36, 643 (1959). 
(55) Gupta, Y. K., and Ghosh, S., / . Indian Chem. Soc, 35, 

483 (1958). 
(56) Gupta, Y. K., and Ghosh, S., Proc Nat. Acad. Sci. (Allaha­

bad) India, 27A, 258 (1958). 
(57) Gupta, Y. K., and Ghosh, S., / . Inorg. and Nuclear Chem., 

9, 178 (1959). 
(58) Gupta, Y. K., and Ghosh, S., J. Inorg. and Nuclear Chem., 

11,62(1959). 
(59) Gupta, Y. K., and Ghosh, S., / . Inorg. and Nuclear Chem., 

11,320(1959). 
(60) Gupta, Y. K., and Misra, D. D., Bull. Chem. Soc. Japan, 

32, 1306(1959). 
(61) Gupta, Y. K., and Nigam, R. K., J. Indian Chem. Soc, 37, 

125 (1960). 
(62) Henderson, J. F., and Winkler, C. A., Canadian J. Chan., 

37, 1082 (1959). 
(63) Higginson, W. C, and Marshall, J. W., / . Chem. Soc, 

447(1957). 
(64) Higson, G. I., J. Chem. Soc, 119, 2048 (1921). 
(65) Holluta, J. and Herrmann, W., Z. physik. Chem., 166A, 

453 (1933). 
(66) House, D. A., Thesis, Victoria University of Wellington, 

New Zealand (1959). 
(67) Howard, E., and Levitt, L. S., / . Am. Chem. Soc, 75, 6171 

(1953). 
(68) Howells, W. J., J. Chem. Soc, 463 (1939). 
(69) Howells, W. J., J. Chem. Soc, 641 (1941). 
(70) Howells, W. J., J. Chem. Soc, 203 (1946). 
(71) Indelli, A., and Amis, E. S., J. Am. Chem. Soc, 82, 333 

(1960). 



202 D. A. HOUSE 

(72) Indelli, A., and Prue, J. E., J. Chem. Soc, 107 (1959). 
(73) Indelli, A., and Prue, J. E., Atti accad. sci. Ferrara, 35, 

143 (1957); Chem. Abstracts, 55, 1156 (1961). 
(74) International Union of Pure and Applied Chemistry, "Re­

ports on Symbolism and Nomenclature," J. Am. Chem. 
Soc, 82, 5535 (1960). 

(75) Irvine, D. H., J. Chem. Soc, 2166 (1958). 
(76) Irvine, D. H., J. Chem. Soc, 2977 (1959). 
(77) Kailan, A., and Leisek, E., Monatsh., 50, 403 (1928); 

Chem. Abstracts, 23, 2636 (1929). 
(78) Kailan, A., and Olbrich, L., Monatsh., 47, 449 (1927); 

Chem. Abstracts, 23, 3148 (1929). 
(79) Kappanna, A. N., Z. physik. Chem., 205, 47 (1956). 
(80) Kempf, R., Ber., 38, 3965 (1905). 
(81) Khulbe, K. C , and Srivastava, S. P., Agra Univ. J. Res. 

(sci.), 9, 177 (1960). 
(82) King, C. V., J. Am. Chem. Soc, 49, 2689 (1927). 
(83) King, C. V., J. Am. Chem. Soc, 49, 2697 (1927). 
(84) King, C. V., J. Am. Chem. Soc, 50, 2080 (1928). 
(85) King, C. V., J. Am. Chem. Soc, 50, 2089 (1928). 
(86) King, C. V., and Griswold, F. L., J. Am. Chem. Soc, 52, 

1493 (1930). 
(87) King, C. V., and Jacobs, M. B., J. Am. Chem. Soc, 53, 

1704(1931). 
(88) King, C. V., and Jette, E., J. Am. Chem. Soc, 51, 1034 

(1929). 
(89) King, C. V., and Jette, E., J. Am. Chem. Soc, 51, 1048 

(1929). 
(90) King, C. V., and Knudson, O. M., J. Am. Chem. Soc, 60, 

687 (1938). 
(91) King, C. V., and Steinbach, O. F., / . Am. Chem. Soc, 52, 

4779(1930). 
(92) Kiss, A., Rec. trav. chim., 48, 509 (1929). 
(93) Kiss, A., and Bossanyi, I., Z. physik. Chem., 134, 26 (1928). 
(94) Kiss, A., and Bossanyi, L, Rec. trav. chim., 47, 619 (1928). 
(95) Kiss, A., and Bossanyi, I., Rec. trav. chim., 51, 434 (1932). 
(96) Kiss, A., and Bossanyi, I., Acta Sci. Univ. Francisco-

Josephinae, Acta Chem., Mineral, Physica, 1, 59 (1929); 
Chem. Abstracts, 25, 2903 (1931). 

(97) Kiss, A., Bossanyi, L, and Urmanczy, A., Acta Lit. Sci. 
Univ. Hung. Francisco-Josephinae, Sect. Chem. Mineral. 
Phys., 2, 210 (1932); Chem. Abstracts, 27, 1810 (1933). 

(98) Kiss, A., and Bruckner, V., Z. physik. Chem., 128, 71 (1927). 
(99) Kiss, A., and Hatz, L., Rec trav. chim., 48, 7 (1929). 

(100) Kiss, A., and Zombory, L., Rec. trav. chim., 46, 225 (1927). 
(101) Kolthoff, I. M., Medalia, A. I., and Raaen, H. P., / . Am. 

Chem. Soc, 73, 1733 (1951). 
(102) Kolthoff, I. M., Meehan, E. J., and Carr, E. M., / . Am. 

Chem. Soc, 75,1439(1953). 
(103) Kolthoff, I. M., and Miller, I. K., J. Am. Chem. Soc, 73, 

3055 (1951). 
(104) Kolthoff, I. M., O'Connor, P. R., and Hansen, J. L., J. 

Polymer Sci., 15, 459 (1955). 
(105) Ladbury, J. W., and Cullis, C. F., Chem. Revs., 58, 421 

(1958). 
(106) Laidler, K. A., "Chemical Kinetics," McGraw-Hill Book 

Co., New York, N.Y., 1950, p. 17. 
(107) Larsson, E., Trans. Chalmers Univ. Technol., Gothenburg, 

87, 23 (1949); Chem. Abstracts, 43, 8815 (1949). 
(108) Larsson, E., Trans. Chalmers Univ. Technol., Gothenburg, 

121, 9 (1951); Chem. Abstracts, 46, 9956 (1952). 
(109) Latimer, W. M., "The Oxidation States of the Elements 

and their Potentials in Aqueous Solution," Prentice 
Hall, New York, N.Y., 1952, p. 78. 

(110) Levi, M. G., and Migliorini, E., Gazz. chim. ital., 36B, 599 
(1906). 

(111) Levitt, L. S., Canadian J. Chem., 31, 915 (1953). 

(112) Levitt, L. S., / . Org. Chem., 20, 1297 (1955). 
(113) Levitt, L. S., and Malinowski, E. R., J. Am. Chem. Soc, 

77,4517(1955). 
(114) Levitt, L. S., and Malinowski, E. R., J. Am. Chem. Soc, 

78,2018(1956). 
(115) Livingstone, J., Morgan, R., and Crist, R. H., J. Am. Chem. 

Soc, 49, 16, 338, 960 (1927). 
(116) Malaguti, A., Ann. Chim. (Rome), 42, 138 (1952); Chem. 

Abstracts, 46, 8485(1952). 
(117) Malinowski, E. R., and Levitt, L. S., J. Am. Chem. Soc, 

80,5334(1958). 
(118) Marshall, H., J. Chem. Soc, 59, 771 (1891). 
(119) Marshall, H., and Inglis, J. K. H., Proc Roy. Soc Edin­

burgh, 24, 88 (1902). 
(120) Meretoja, A., Ann. Acad. Sci. Fennicae, Ser. A, II. Chem. 

No. U, 59 pp. (1947); Chem. Abstracts, 42, 2163 (1948). 
(121) Meretoja, A., Acta Chem. Scand., 2, 532 (1948). 
(122) Mertz, J. H., and Walters, W. A., Trans. Faraday Soc. 

Discussions, 2, 179 (1947). 
(123) Miura, M., Miyata, T., Otani, S., Yokohata, A., and 

Ogawa, T., J. Sci. Hiroshima Univ., 19A, 507 (1956); 
Chem. Abstracts, 51, 2367 (1957). 

(124) Mochel, W. E., and Peterson, J. H., J. Am. Chem. Soc, 71, 
1426(1949). 

(125) Morgan, G. T,, and Burstall, F. H., / . Chem. Soc, 2594 
(1930). 

(126) Morgan, K. J., Quart. Rev., 8, 129 (1954). 
(127) Morgan, L. B., Trans. Faraday Soc, 42, 169 (1946). 
(128) Morgan, L. B., Trans. Faraday Soc, 42, 195 (1946). 
(129) Mugdan, M., Zeit. Elektrochem. angew. physik. Chem., 9, 

719(1903). 
(130) National Bureau of Standards, "Tables of Chemical 

Kinetics," No. 732.160, p. 677 (1950). 
(131) Palme, H., Z. anorg. allgem. Chemie, 112, 97 (1920). 
(132) Penneman, R. A., and Asprey, L. B., "Proceedings of the 

International Conference on the Peaceful Uses of Atomic 
Energy," 7, 359 (1955), United Nations, New York, 
N.Y., 1956. 

(133) Penneman, R. A., and Asprey, L. B., "Proceedings of the 
International Conference on the Peaceful Uses of 
Atomic Energy," 7, 417 (1955), United Nations, New 
York, N.Y., 1956. 

(134) Price, T. S., Z. physik. Chem., 27, 474 (1898). 
(135) Reynolds, W. L., and Lumry, R., / . Chem. Phys., 23, 2460 

(1955). 
(136) Riesebos, F. C , and Aten, A. W. H., / . Am. Chem. Soc, 

74, 2440(1952). 
(137) Rolla, M., and Carassiti, V., Boll, sci.fac chim ind. Univ. 

Bologna, 7, 37 (1949); Chem. Abstracts, 43, 8817 (1949). 
(138) Saal, R. N., Rec. trav. chim., 47, 385 (1928). 
(139) Samant, H. S., and Srivastava, S. P., Proc. Nat. Acad. Sci. 

(Allahabad) India, 27A, 282 (1958). 
(140) Saxena, L. K., and Singhal, C. P., Agra Univ. J. Res. 

(Sci.), 6, 43 (1957); Chem. Abstracts, 53, 21078 (1959). 
(141) Saxena, L. K., and Singhal, C. P., Z. physik. Chem., 211, 

161 (1959). 
(142) Saxena, L. K., and Singhal, C. P., Z. physik. Chem., 211, 

168 (1959). 
(143) Saxena, L. K., and Singhal, C. P., Z. physik. Chem., 214, 

179 (1960). 
(144) Saxena, L. K., and Singhal, C. P., J. Indian Chem. Soc, 

37, 405 (1960). 
(145) Schulek, E., Pungor, E., and Trompler, J., Acta Chim. 

Acad. Sci. Hung., 4, 429 (1954); Chem. Abstracts, 49, 
2945 (1955). 

(146) Schumb, W. C, and Rittner, E. S., J. Am. Chem. Soc, 62, 
3416 (1940). 



KINETICS AND MECHANISM OF PEBOXYDISULFATE OXIDATIONS 203 

(147) Smith, W. V., J. Am. Chem. Soc, 71, 4077 (1949). 
(148) Smith, W. V., and Campbell, H. N., / . Chem. Phys., 15, 

338 (1947). 
(149) Soper, F. G., and Williams, E., Proc. Roy. Soc. (London), 

140A, 59 (1933). 
(150) Sorum, C. H., and Edwards, J. 0., J. Am. Chem. Soc, 74, 

1204(1952). 
(151) Srivastava, S. P., and Ghosh, S., Proc. Nat. Acad. Sci. 

(Allahabad) India, 22A, 91 (1953). 
(152) Srivastava, S. P., and Ghosh, S., Proc. Nat. Acad. Sci. 

(Allahabad) India, 23A, 44 (1954). 
(153) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 202, 191 

(1953). 
(154) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 202,198 

(1953). 
(155) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 20S, 332 

(1956). 
(156) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 207, 161 

(1957). 
(157) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 211, 148 

(1959). 
(158) Srivastava, S. P., and Ghosh, S., Z. physik. Chem., 211, 156 

(1959). 

(159) Stehman, J. V. R., / . Am. Chem. Soc, 24, 1204 
(1902). 

(160) Taube, H., "International Conference on Co-ordination 
Chemistry," Chemical Society Special Publication No. 
13, p. 69 (1959). 

(161) Tsao, M. S., and Wilmarth, W. K., J. Phys. Chem., 63, 
346 (1959). 

(162) Tsao, M. S., and Wilmarth, W. K., Discussions Faraday 
Soc, 29, 137(1960). 

(163) Whalley, J. P., Evans, H. G. V., and Winkler, C. A., 
Canadian J. Chem., 34, 1154 (1956). 

(164) Wiberg, K. B., J. Am. Chem. Soc, 81, 252 (1959). 
(165) Yost, D. M., J. Am. Chem. Soc, 48, 152 (1926). 
(166) Yost, D. M., J. Am. Chem. Soc, 48, 160 (1926). 
(167) Yost, D. M., / . Am. Chem. Soc, 48, 374 (1926). 
(168) Yost, D. M., and Clausen, W. H., / . Am. Chem. Soc, 53, 

3349 (1931). 
(169) Yurzhenko, A. I., and Brazhnikova, O. P., Zhur. Obshchei 

Khim., 26, 1311 (1956); J. Gen. Chem. U.S.S.R., 26, 
1481 (1956); Chem. Abstracts, 51, 3255 (1957). 

(170) Yurzhenko, A. I., Brazhnikova, O. P., and Likholet, N. 
M., Ukrain. Khim. Zhur., 21, 586 (1955); Chem. Ab­
stracts, 50, 9182 (1956). 


