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Kinetics of the autoxidation of sulfur(IV)
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A radical chain reaction interprets the simultaneous
catalytic effect of silver(I) and peroxodisulfate ions on the
aqueous autoxidation of sulfur(IV).
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Kinetics of the autoxidation of sulfur(IV)
co-catalyzed by peroxodisulfate and silver(I) ionsQ1 †

Éva Dóka, Gábor Lente* and István FábiánQ2

The kinetics and mechanism of the reaction between dissolved oxygen and sulfur(IV) was studied in

aqueous acidic medium using co-catalysts peroxodisulfate and silver(I) ions. The presence of both cata-

lysts was required to observe measurable rates in the studied process. The reaction rate was determined

through following the UV-absorption of hydrated sulfur dioxide, and the trends were determined as a

function of pH, reactant and catalyst concentrations. Individual kinetic curves under conditions where dis-

solved oxygen was the limiting reagent were close to zeroth-order. A chain mechanism with four chain

carriers, sulfite, sulfate, peroxomonosulfate ion radical and silver(II) ion, is proposed to interpret all the

kinetic and stoichiometric findings, and an explicit formula was obtained for the rate law. The role of the

co-catalysts is to produce chain carriers, whereas silver(I) and silver(II) ions also participate in chain propa-

gation steps. Further supporting evidence for the proposed mechanism was gained in laser flash photo-

lysis studies, which showed that sulfate ion radical reacts quite rapidly with silver(I) ion.

Introduction

The redox reaction between aqueous sulfur(IV) and dissolved
oxygen, which is extremely slow in the absence of catalysts, is
still the single most important source of acid rain formation in
the atmosphere.1–5 The role of sulfur(IV) autoxidation in the
hydroxylation, epoxidation and oxidative cleavage of DNA,6–10

in certain metallurgical11,12 and food technologies,13–16 and
microbiological processes17 generates additional motivation to
study its mechanistic details. It is now understood that the
process does not proceed in the absence of a catalyst in acidic
medium.

Since Backstrom’s first studies in the early part of the pre-
vious century,18 a large number of investigations have aimed
to study the kinetics of various catalytic reaction systems invol-
ving sulfur(IV) autoxidation.19–43 It is now widely accepted that
the most efficient mechanisms involve radical chain mecha-
nisms, in which the primary role of the catalyst is to initiate
the chains, with some additional significance in chain propa-
gation steps. The chain initiation can both be chemical21,35

and photolytic,38,40 the most important aspect is that it should
involve a one-electron oxidation of sulfur(IV) to sulfite ion
radical. The products formed in the decomposition of a metal
(such as iron) sulfito complex or highly reactive species gener-

ated as a result of exposure to light can provide such a
pathway.

In our previous studies, it was shown that light absorbed by
sulfur(IV) also catalyzes the direct autoxidation, albeit a non-
chain mechanism is operative in this case.36,39 In addition,
several autoxidation processes with chain mechanisms have
been studied including the catalytic effect of iron(III),21,35 and
photocatalysis in the presence of cerium(III)38 and iodide40

ions. The chain carriers common to the different systems were
sulfite ion radical (SO3

−•), sulfate ion radical (SO4
−•), and per-

oxomonosulfate ion radical (SO5
−•). Sulfate ion radical seemed

to be a central species for catalysis as it reacts with the cata-
lysts in a chain propagation step, and its second-order recom-
bination usually provides the only significant route of chain
termination. These chain reactions are highly efficient with
the average chain length exceeding 1000.38,40

A full understanding of the autoxidation mechanisms
necessitates independent studies on all subsystems that might
be operative. One such subsystem of the reaction between
sulfur(IV) and oxygen could be the redox reaction between
sulfur(IV) and peroxodisulfate ion (S2O8

2−), whose stoichio-
metry is expected to produce sulfate ion only (synproportiona-
tion). Kinetic studies, however, showed that this process is
undetectably slow in acidic medium in the absence of cata-
lysts. Silver(I) ion is understood to be a very general redox cata-
lyst in all reactions of S2O8

2−.44 Therefore, we tried to catalyze
the synproportionation in this way. Experiments revealed that
the autoxidation of sulfur(IV) is initiated, and dissolved oxygen
is consumed quite rapidly in this system. Thus, we realized
that a non-photochemically initiated chain mechanism can be
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studied in this case, which would add valuable new infor-
mation to the previous studies. This paper presents the
detailed results on this catalytic system and the mechanistic
conclusions based on them.

Experimental section
Materials

All chemicals used in this study were of analytical reagent
grade and were purchased from commercial sources. Sulfur(IV)
stock solutions were prepared freshly from solid Na2S2O5

(Reanal) every day. Wherever necessary, pirosulfite solutions
were de-aerated by bubbling Ar (purity >99.95%) for at least
15 min in order to increase the reproducibility of measure-
ments under unaerobic conditions.

Potassium peroxodisulfate stock solutions were prepared
from K2S2O8 (Reanal), their concentrations were standardized
iodometrically. These solutions were oxygenated during the
O2-dependent experiments by bubbling pure oxygen gas into it
for 10–20 min. Silver(I) catalyst solutions were prepared by dis-
solving a weighed amount of AgNO3 (Reanal) to a known final
volume. Doubly deionized and ultrafiltered water from a
Millipore Q system was used in the entire work. Most of the
experiments were carried out at high and constant acid con-
centration (0.10 or 0.33 M sulfuric acid), therefore additional
salt was not used to adjust the ionic strength.

Instrumentation

UV-vis spectra were recorded on a Perkin Elmer Lambda 2S or
a Perkin Elmer Lambda 25 scanning spectrophotometer.
Diode array spectrophotometers were not used to avoid
known problems of photoinitiation by the analyzing light
beam.38–40,45–48 Kinetic experiments were carried out in stan-
dard quartz cuvettes (optical path length = 1.000 cm). Constant
temperature (25.0 ± 0.1 °C) was maintained with an external
thermostat and circulating thermal bath.

Samples were prepared by the following method: required
aliquots of pirosulfite, peroxodisulfate and sulfuric acid
solutions were mixed with water and thermostated for
3–4 minutes. The process was started by adding silver(I) solu-
tion immediately prior to commencing the detection in the
spectrophotometer.

Nanosecond flash photolysis measurements were carried
out in an LKS.60 nanosecond transient absorption spectro-
meter manufactured by Applied Photophysics Ltd. The instru-
ment is equipped with a Quantel Brilliant Nd:YAG laser
(repetition frequency 10 Hz). The fourth harmonic generator
operating at 266 nm and Q-switching were used in the present
study (nominal energy: 40 mJ per pulse, pulse length: 6 ns,
beam diameter: 6 mm). The analyzing light source was a 150 W
ozone free xenon arc lamp (OSRAM 150 W/CR OFR) and its
light beam entered a 1 × 1 cm fluorescence quartz cuvette with
cross-beam excitation. The analyzing light beam was posi-
tioned close to the front face of the cuvette, to maximize the
detected concentration of transient species. A programmable

f/3.4 grating monochromator with a symmetrical Czerny–
Turner optical configuration was combined with a R928 photo-
multiplier for the transient signal detection at different wave-
lengths. Data points were collected by an Agilent Infiniium
digital storage oscilloscope (model number DSO8064A) with a
maximum sampling speed of 4 GSa s−1 (0.25 ns between data
points), bandwidth of 600 MHz, output impedance of 50 Ω.
Transient absorption kinetic curves were registered with the
control software of the LFP instrument, Pro-Data LKS (version
number 1.1.0.5) and visualized by Pro-Data Viewer (version
number 4.2.5). Pro-Data Viewer has a built-in curve fitting
application that was used in first order fitting. Other fitting
procedures were carried out by the software Scientist
(Micromath).49

Results and discussion
Preliminary observations

Sulfite ion and oxygen do not react in the absence of catalysts
in acidic aqueous solutions, even at elevated temperatures.36

Hydrated sulfur dioxide, H2O·SO2, is the most important form
of sulfur(IV) in most of the pH range of the present study.
It should be noted that no evidence of the existence of a mole-
cule corresponding to the commonly used formula of sulfur-
ous acid (H2SO3) has been obtained yet.50,51 Hydrated sulfur
dioxide is in equilibrium with hydrogensulfite ion with a pKa =
1.74 at 25.0 °C:35

Ka ¼ ½Hþ�½HSO�
3 �

½H2O�SO2� ð1Þ

H2O·SO2 has a UV absorption band centered around
276 nm49 (see UV-vis spectrum in Fig. S1 in ESI†).

Preliminary experiments also showed that the reaction of
sulfur(IV) and peroxodisulfate ion does not occur in the
absence of a catalyst. In the presence of silver(I), the shape of
recorded kinetic traces became quite unusual, a curve close to
a straight line with a sharp break point was experimentally
detected (Fig. 1). It is known from previous studies that the
appearance of the break point most likely refers to the total
depletion of dissolved oxygen from the system.21,38,40 This was
demonstrated in this work by showing that dissolved oxygen is
the limiting reagent in the first phase under the conditions
used in this study (Fig. S2 in ESI†). Therefore, the autoxidation
process takes places before the break point.

2H2O�SO2 þ O2 ! 2HSO4
� þ 2Hþ ð2Þ

During the subsequent period of the process, peroxodisul-
fate ion plays the role of the stoichiometric oxidizing agent
according to the following equation:

H2O�SO2 þ S2O8
2� þH2O ! 3HSO4

� þHþ ð3Þ
The slope of the kinetic traces in this part is more than two

orders of magnitude smaller than in the first phase. The differ-
ence between the initial absorbances of curves and a and b in
Fig. 1 is related to the higher acidity at curve a, which leads to
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higher concentration of the major absorbing species H2O·SO2.
In addition, the absorption of nitrate ion, which was the coun-
terion used with the silver(I) catalysts, is significant at this
wavelength, so higher absorbance readings are expected in its
presence.

Detailed kinetic studies

Comprehensive kinetic studies were performed in order to
find out how the reactant and catalyst concentrations and pH
affect the reaction rate, which was calculated as the initial rate
of sulfur(IV) loss from the initial rate of absorbance change
measured at 275 nm using the molar absorption coefficient of
H2O·SO2 and allowing for the effect of pH:

v0 ¼ dA275 nm

dt
ðt ¼ 0Þ ½H

þ� þ Ka

ε‘½Hþ� ð4Þ

The value of ε (364 M−1 cm−1) and Ka (0.0181 M) were
known from previous studies,35 the path length of the cell
used was 1.000 cm. The initial rate of absorbance change was
easily determined by linear fitting of a suitable initial portion
as the curves were close to zeroth order.

Peroxodisulfate ion was usually present in excess over
sulfur(IV), and silver(I) was added in catalytic amounts. First,
the effect of dissolved oxygen is presented in Fig. 2. The
amount of dissolved oxygen was varied by the length of the
oxygenation of the K2S2O8 stock solution. The actual kinetic
traces are shown in Fig. S2 in the ESI.† As already mentioned,
these curves clearly prove that dissolved oxygen is the limiting
regent in the process. The exact initial oxygen concentrations
could not be measured, as using an oxygen selective electrode
before the measurement necessarily left some dead time
between the end of this measurement and the start of the
kinetic experiment, in which the dissolved oxygen concen-
tration could change significantly. Instead, exact initial O2 con-
centrations were determined from the overall absorbance
change in the first part of the kinetic traces preceding the
break point. Data in Fig. 2 show that the reaction is zeroth

order with respect to dissolved oxygen, which is in very good
agreement with the zeroth order (close to linear) shapes of the
kinetic traces (Fig. 2) within experimental error. This may
seem a rather interesting observation in an autoxidation
process, where oxygen acts as a reactant, but it is common in
similar systems.38,40 The entire process is not zeroth-order,
though, primarily because sulfur(IV) could not be used in high
enough excess to be considered constant during a single
kinetic run.

The rate of reaction (2) as a function of sulfur(IV) concen-
tration is plotted in Fig. 3. A minor increase in the rate is
observed as the concentration increases. Unfortunately, the
concentration range for sulfur(IV) in this case was limited by
two factors. First, sulfur(IV) had to be used in excess over
oxygen. Second, sulfur(IV) was the monitored absorbing
species, therefore the use of high concentrations would have
resulted in immeasurably large absorbance values and mean-
ingless absorbance changes. Fig. 3 in fact covers the entire
range in which reasonably accurate experiments could be

Fig. 2 Reaction rates as a function of the dissolved oxygen concen-
tration in the autoxidation of sulfur(IV). The solid line represents the best
fit to the proposed mechanism shown in Scheme 1. [S(IV)] = 3.0 mM;
[S2O8

2−] = 3.00 × 10−2 M; [H2SO4] = 0.103 M; [Ag+] = 0.260 mM; path
length 1.000 cm; T = 25.0 °C.

Fig. 3 Reaction rates as a function of the sulfur(IV) concentration in the
autoxidation of sulfur(IV). The solid line represents the best fit to the pro-
posed mechanism shown in Scheme 1. [S2O8

2−] = 0.0301 M; [H2SO4] =
0.103 M; [Ag+] = 0.167 mM; path length 1.000 cm; T = 25.0 °C.

Fig. 1 Typical kinetic traces measured during the autoxidation of sulfite
ion in the absence and presence of catalyst. Optical path length =
1.000 cm; T = 25.0 °C; (a) [S(IV)] = 2.76 mM; [S2O8

2−] = 33.3 mM; [H2SO4]
= 0.33 M; [Ag+] = 0.167 mM; (b) [S(IV)] = 3.0 mM; [S2O8

2−] = 37.0 mM;
[H2SO4] = 0.103 M; [Ag+] = 0.
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made. At first sight, the points in Fig. 3 might be seen as a
straight line with a huge intercept. However, it must not be for-
gotten that a reactant cannot be consumed when it is absent,
so the reaction rate is 0 by default if the concentration of
sulfur(IV) is 0, and consequently, the origin is a certain point
in any kinetic model used for fitting. The curve drawn in Fig. 3
represents the best of the proposed mechanism and will be
discussed later.

Fig. 4 displays the dependence of the reaction rate on the
concentration of silver(I) ion.

The experimental points reflect a complex dependence on
concentration, which will be interpreted by the model and dis-
cussed later.

The initial concentration of peroxodisulfate ion concen-
tration also influenced the reaction rate in a complicated
manner. Fig. 5 shows the data together with the best fit from
the proposed mechanism. At this point, it should be noted
that the concentration range of the studies for peroxodisulfate
ion was less limited than for sulfur(IV).

Finally the effect of pH was also studied, and results are
shown in Fig. 6. The main limiting factor in the pH range was
that the spectrophotometrically followed signal was provided
by H2O·SO2, so studies could not be extended into the range
above its pKa (1.74). At this point, it should be mentioned that
sulfuric acid was used to set the acidity. The pH was always cal-
culated from the composition of the solution considering that
sulfuric acid is not a strong acid in its second deprotonation
step (pKa2 = 1.06 at 25 °C).52 Fig. 6 shows that the rate of reac-
tion increases by increasing the pH. This is different from
what was observed in the case of cerium(III) initiated photo-
catalysis, where the reaction rate was independent of the pH.38

There are more similarities with the case of iodide ion
initiated photocatalysis, where decreasing acidity accelerated
the reaction.40 The findings displayed in Fig. 2–6 will be inter-
preted by postulating a mechanism in the next sections.

Direct study of the sulfate ion radical with silver(I)

One of the key steps of the mechanisms proposed to interpret
the previously described experimental findings is a reaction
between the sulfate ion radical (SO4

−•) and aqueous silver(I).
Actually, the value for the rate constant was not needed directly
in the model calculations, but we felt it necessary to confirm
the fact that this reaction occurs as rapidly as expected. There-
fore, laser flash photolysis was used to study the kinetics of
this process.

Sulfate ion radicals were generated through the photolysis
of peroxodisulfate ions initiated by a laser pulse at
266 nm:53–57

S2O8
2� �!hν 2SO4

•� ð5Þ
The absorbance of the sulfate ion radicals was followed

directly at 450 nm. In the absence of any silver(I), the relatively
slow (0.5 ms), second-order recombination of sulfate ion was
detected as expected. When, silver(I) was added, however, the
time scale of the kinetic traces was much shorter (0.1 μs,
Fig. S3 in ESI†). These traces could be fitted very well to
pseudo-first order curves, the pseudo-first order rate constants

Fig. 4 Reaction rates as a function of the silver(I) ion concentration in
the autoxidation of sulfur(IV). The solid line represents the best fit to the
proposed mechanism shown in Scheme 1. [S(IV)] = 3.0 mM; [S2O8

2−] =
30.0 mM; [H2SO4] = 0.103 M; path length 1.000 cm; T = 25.0 °C.

Fig. 5 Reaction rates as a function of the peroxodisulfate ion concen-
tration in the autoxidation of sulfur(IV). The solid line represents the best
fit to the proposed mechanism shown in Scheme 1. [S(IV)] = 3.0 mM;
[H2SO4] = 0.103 M; [Ag+] = 0.167 mM; path length 1.000 cm; T =
25.0 °C.

Fig. 6 Reaction rates as a function of the pH in the autoxidation of
sulfur(IV). The solid line represents the best fit to the proposed mechan-
ism shown in Scheme 1. [S(IV)] = 3.0 mM; [S2O8

2−] = 28.4 mM; [Ag+] =
0.167 mM; path length 1.000 cm; T = 25.0 °C.
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of which were directly proportional to the silver(I) concen-
tration (Fig. 7). This proves that the reaction of silver(I) with
sulfate ion radical is first order with respect to both of the
reagents. The second-order rate constant was calculated form
the slope of the straight line in Fig. 7: (7.1 ± 1.4) × 109 M−1 s−1

at pH 1.4 set by sulfuric acid. The second order rate constant
was also determined in an unbuffered solution at about pH 7
by measuring the silver(I)-dependence of the pseudo-first order
rate constant. The value obtained was (6.9 ± 0.4) × 109 M−1 s−1,
which is not significantly different form the value measured in
acidic medium and also within the range of values obtained
with earlier pulse radiolysis experiments.58,59 Based on these
facts, the reaction itself seems to be a single elementary step.

Proposed mechanism

Scheme 1 presents the kinetic scheme we propose to interpret
experimental observation. The scheme comprises nine steps
altogether, which may seem too many at first sight. However,
each of these steps has significance in this model and inde-
pendent evidence for their existence in earlier experimental
studies.

The high rate of autoxidation and the zeroth order depen-
dence on the oxygen concentration make it clear that a radical
chain mechanism similar to the cases of photocatalysis by
cerium(III)38 and iodide ion40 must be operative in this system.
Reaction step (R1) is the well-known reaction of silver(I) ion
with peroxodisulfate ion, which is understood to be respon-
sible for the catalytic effect of silver(I) in almost all redox reac-
tions of the otherwise rather inert S2O8

2−.44 The products
of this reaction are Ag2+ and SO4

−•. Sulfate ion radical is a
known chain carrier in other autoxidation systems of
sulfur(IV)21,35,38,40 Step (R2) is assumed to occur during the
direct reaction between Ag+ + S2O8

2−,44 but was also confirmed
independently in this work by laser flash photolysis and
earlier by pulse radiolysis studies.58,59 Step (R3) is a logical one
to assume and also necessary to complete the cycling of
radicals in this systems, it is the one-electron oxidation of
sulfur(IV) by strong oxidant silver(II). Steps (R2) and (R3) took

part as propagation reactions in the proposed chain mechan-
ism. Steps (R4) and (R5) are further chain propagating steps
that are well known form the literature of sulfur(IV) autoxida-
tion1 and also from pulse radiolysis studies.60–63 Step (R6), the
recombination of sulfate ion radical is again well established
experimentally,64,65 and is the typical chain termination step
in the radical chain mechanism resulting in the autoxidation
of sulfur(IV).38,40 Considering only steps (R1)–(R6) already gives
a viable possible mechanism for the silver(I) and peroxodisul-
fate ion catalyzed autoxidation of sulfur(IV). This mechanism
was tested carefully. Unfortunately, it clearly failed to interpret
the experimental data as it predicted very different curves for
the sulfur(IV), silver(I), peroxodisulfate and pH dependences
shown in the graphs. However, these steps must surely have
some role in the overall process as their existence is known
from sources independent of this work.44,58–65 Therefore,
further steps had to be considered in order to interpret the
experimental observation. Steps (R7) and (R8) together
represent the reversible disproportionation of silver(II) into
silver(I) and silver(III). This process was assumed to play a role
in an earlier system.44,66 Finally, (R9) is a plausible step in
which strong oxidant silver(III) oxidizes sulfur(IV) in a non-
radical, two electron reaction.

An equation has been derived (see detailed derivation in
ESI†) based on this scheme to describe the dependence of the
reaction rate on the reactant concentrations. The derivation
used steady-state approach for chain carriers and the assump-
tion called the long chain approximation in chain mechan-
ism,67 which was clearly valid as the rate of consumption of
sulfur(IV) was much faster than the independently known rate

Scheme 1

Fig. 7 Pseudo-first order rate constants as a function of silver(I) con-
centration measured in the flash photolysis study of the reaction
between the sulfite ion radical and silver(I) ion. [K2S2O8] = 0.100 M;
[H2SO4] = 0.0270 M; T = 25 °C.
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of the initiating step of reaction (R1). The final formula shows
reasonable complexity, but it is still an explicit equation:

v ¼ ½SðivÞ�

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
k1
k7

k32½Agþ�½S2O8
2��

1þ k6
k7

k3
k2

� �2½SðivÞ�2
½Agþ�2 � ½Agþ�

ðk9=k8Þ SðivÞ½ � þ ½Agþ�

vuuuuut ð6Þ

This formula gave an excellent interpretation of individual
concentration dependencies measured. The best fits are always
displayed in the individual graphs showing data at constant
pH (Fig. 2–5). The zeroth order nature of the predicted rate
with respect to oxygen is easily seen from eqn (6).

A fit to eqn (6) was also carried out in which all data
measured at in 0.103 M H2SO4 had been used simultaneously.
However, a statistical analysis of the parameter values showed
that the third term in the denominator under the square root
was insignificant in comparison with the other two under all
conditions. This fact, considering the concentration ranges of
sulfur(IV) and silver(I) in the kinetic experiments, implies k9/k8
> 1. Therefore, the entire data set could be fitted with the fol-
lowing two-parameter formula:

v ¼ ½SðivÞ�

ffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffiffi
k1
k7

k32½Agþ�½S2O8
2��

1þ k6
k7

k3
k2

� �2½SðivÞ�2
½Agþ�2

vuuuuut ð7Þ

Fig. 8 visualizes the goodness of the best fit using eqn (7)
by plotting predicted initial rates as a function of measured
reaction rates. The reasonably good straight line seen in Fig. 8
shows that the proposed scheme accounts for all measured
data within the experimental error limits. It is seen that
despite the large number of reactions, eqn (7) actually only has
two adjustable parameters, both of which are composite (pro-
ducts or ratios of rate constants). The values for these combi-
nations were obtained as k1k3

2/k7 = 0.078 ± 0.007 M−2 s−2,
k6k3

2/(k7k2
2) = (8.1 ± 1.3) × 10−3 in 0.103 M H2SO4, which corre-

sponds to [H+] = 0.141 M and pH = 0.85.

For the interpretation of the pH-dependence, it was
assumed that the reactivities of the doubly protonated
H2O·SO2 and singly protonated HSO3

− forms are different in
reactions (R3), (R5) and (R9). Fully analogous assumptions suc-
cessfully interpreted the pH-dependence of iodide ion cata-
lyzed and photoinitiated autoxidation of sulfur(IV). Instead of
k3, k5 and k9, the following pH-dependent combinations were
used:

k3 ¼ ðk3B½Hþ� þ k3AKaÞ
½Hþ� þ Ka

ð8Þ

k5 ¼ ðk5B½Hþ� þ k5AKaÞ
½Hþ� þ Ka

ð9Þ

k9 ¼ ðk9B½Hþ� þ k9AKaÞ
½Hþ� þ Ka

ð10Þ

The subscript B refers to the reaction with H2O·SO2,
whereas the subscript A means the reaction with HSO3

− in eqn
(8)–(10). As k5 and k9 do not appear in eqn (7), a formula that
was already suitable to interpret all reaction rates at constant
pH, it was concluded that only (R3) could be the source of the
observed pH-dependence. Therefore, the pH-dependence given
in eqn (8) was substituted into eqn (7). This gave a new
formula which accounted for the changes of reaction rate in
response to changes in the acidity of the solution. The para-
meters already determined at pH = 0.85 were fixed in the
ensuing calculations, which left only a single parameter to be
fitted, which is k3A/k3B, the reactivity silver(II) toward HSO3

−

relative to H2O·SO2. The results gave k3A/k3B = 42 ± 12, which is
in agreement with the very general trend that less protonated
species are oxidized easier than their more protonated
counterparts.

Conclusion

It was shown that silver(I) and peroxodisulfate ions act as co-
catalysts in the autoxidation of sulfur(IV) in acidic solutions.
The kinetics is described by a somewhat complicated rate
equation. The reaction rates could be interpreted well with a
radical chain reaction, in which the chain carriers are silver(II)
ion, sulfite, sulfate and peroxomonosulfate radical ions. A
comparison with previous mechanistic proposals reveals that
sulfate ion radical plays the most versatile role in various cata-
lytic sulfur(IV) autoxidation systems. Further studies on these
species could provide into the mechanisms of such reactions.
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