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The kinetics and mechanism of the reaction between iron() and sulfur() was studied at high iron() excess at
10.0 and 25.0 �C in 1.0 M NaClO4 by the stopped-flow method. The number of absorbing species in this system was
determined by matrix rank analysis of time-resolved spectra. The reaction exhibits composite kinetic features which
could be explained by considering the reactions of Fe(H2O)6

3�, Fe(H2O)5OH2�, Fe2(OH)2(H2O)8
4� and two sulfito

complexes, FeSO3(H2O)5
� and Fe2(µ-SO3)(µ-OH)(H2O)8

3�. In contrast to previous observations at sulfur() excess,
it was found that the kinetic traces are not influenced by the presence or absence of molecular oxygen. A detailed,
ten-step kinetic model was proposed for the interpretation of the experimental observations at 340 and 430 nm.
The model was validated by simultaneously fitting kinetic traces recorded at various initial concentrations to the
corresponding differential equation system. It was confirmed that the dinuclear sulfito complex is not involved
directly in the redox process, and the rate-determining step of the overall redox reaction is the decomposition of the
mono complex in an intramolecular electron transfer step, FeSO3(H2O)5

� (�H2O)  Fe(H2O)6
2� � SO3

��. The first-
order rate constant for the decomposition was determined at 10.0 and 25.0 �C to be 0.052 ± 0.012 and 0.19 ± 0.03 s�1,
respectively. The results imply that the sulfite ion radical is quickly oxidised to sulfate ion by iron() in a subsequent
reaction step.

Introduction
Catalytic autoxidation of sulfur() oxides has attracted con-
siderable attention because of its dominant role in acid rain
formation and industrial importance in desulfurisation of
plume gases.1–5 Recently, this reaction was also used success-
fully for hydroxilation, epoxidation and oxidative cleavage of
DNA.6–8 Transition metal ions are known to be very active
catalysts of this oxidation process, and the stoichiometry,
kinetics and mechanism of the corresponding reactions have
been studied intensively since the 1930s.1–5,9 Bäckström postu-
lated that the formation of transition metal sulfito complexes
and their decomposition are mainly responsible for the catalytic
effect.9 Since then, it has been shown that the sulfito complexes
may either trigger a radical-type chain reaction by generating
the SO3

�� radical or be part of a direct oxidation of sulfur() to
sulfur().1 While the general features of these systems are
reasonably well described and understood, important aspects
are yet to be explored. Thus, the stoichiometries of the
complexes formed and their exact kinetic role, as well as
the pH-dependences of the individual reaction steps, need to
be clarified and detailed models developed for quantitative
interpretation of the kinetic phenomena.

Iron is the most abundant transition element and ferric ion-
catalysed autoxidation of sulfur() is the major source of acid
rain formation.1 The iron()–sulfur() reaction holds some
importance in metallurgical technologies and food chemistry as
well.10–12 Therefore, the mechanism of the catalytic reactions
with various forms of iron() is probably one of the most
extensively studied area of aqueous sulfur() chemistry.9–35 It is

† Based on the presentation given at Dalton Discussion No. 4, 10–13th
January 2002, Kloster Banz, Germany.

Electronic supplementary information (ESI) available: flow scheme
of stopped-flow instrument, diffusion tests, measured and fitted curves
in the iron()–sulfite reaction and derivation of eqn. 3. See http://
www.rsc.org/suppdata/dt/b1/b107263c/

understood that the catalytic effect of ferric ions mostly arises
from the fact that sulfur() is rapidly oxidized by iron() and
this reaction produces reactive intermediates which act as chain
carriers in the autoxidation process.30 The oxidation of iron()
to iron() by molecular oxygen, which is also fast in the pres-
ence of sulfur(), completes the catalytic cycle efficiently.10,28–29

In spite of the vast amount of literature data on this reaction,
the conclusions reported by different authors are somewhat
controversial.

In a recent study, a detailed mechanism was proposed for the
iron()–sulfur() redox reaction and the iron()-catalysed
autoxidation of sulfur().30 The core of the reaction was
identified as the fast formation and subsequent redox decom-
position of sulfito complex(es). This mechanism gave a coher-
ent interpretation of the reaction both in the presence and
absence of added oxygen and was able to reproduce the specific
shape of the kinetic traces, which exhibited a distinct break
point when the total amount of oxygen was consumed. How-
ever, the validity of that model is limited in many ways. It does
not account for the pH-dependence of the individual steps and
is only applicable at pH 2.5 and large sulfur() excess. The
mechanism postulates the formation of a ‘generalized’ sulfito
complex of iron() for which the exact composition could not
be defined. The most important redox step in the overall
process is the decomposition of this complex to iron() and
sulfite ion radical (SO3

��), but only a rough estimate could be
given for its rate constant. It was concluded that the results
could serve as a basis for further model development, provided
that the number and exact composition of the sulfito complexes
and the pH-dependences of the individual reaction steps are
clarified.

In earlier and recent works, van Eldik and co-workers
reported a series of Fe(SO3)n

3 � 2n and cis-Fe(SO3)OH
complexes.24–27,31–33,36 In contrast, Betterton interpreted his
data assuming the formation and linkage isomerisation of
Fe(SO3)

�.34 Conklin and Hoffmann reached basically the same
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conclusion on the basis of experiments carried out in a formate
buffer, but did not consider the formation of formato com-
plexes at all.35 All of these studies used sulfur() in excess over
iron(). In general, these conditions are potentially favourable
for the co-existence of mono-, bis- or tris-sulfito complexes and
the reactions of these species may simultaneously contribute to
the experimentally observed kinetic phenomena. To avoid these
complications, we designed a systematic study at high iron()
excess which was expected to provide direct information on the
formation and redox reactions of the mono-sulfito complex.
However, the reaction also showed composite kinetic features
under such conditions, and we confirmed the formation of
two transient sulfito complexes, FeSO3

� and Fe2(OH)SO3
3�.37

These results are fully supported by our related studies, which
provided further evidence for the formation of a series of
analogous di- and tetranuclear iron() complexes with simple
inorganic ligands such as hypophosphite, phosphite, phosphate,
arsenate and selenite ions.38–41

The main objective of the present work was to explore the
role of these two sulfito complexes in the oxidation of sulfur()
by iron() and to develop a detailed mechanism for the inter-
pretation of experimental observations at metal ion excess.
According to our preliminary results, the complexity of this
reaction prevents the use of simple data treatment methods and
the experimental kinetic traces are fitted directly to a differen-
tial equation system which represents the kinetic model. Thus,
the present study also provides an example of how comprehen-
sive computation techniques can be used to evaluate composite
reactive systems.

Experimental

Materials

Reagent grade Na2SO3 (Merck) and low chloride iron() per-
chlorate (Aldrich) were used without further purification. The
iron() and free acid concentrations of the stock solutions were
determined as described earlier.42–43 Experiments were carried
out at 10.0 ± 0.1 �C and 25.0 ± 0.1 �C. High purity NaClO4 was
purchased from Fluka or prepared from HClO4 (Carlo Erba)
and Na2CO3 (Reanal, Hungary) as described earlier.44 Solu-
tions were purged with argon to remove the dissolved oxygen,
and the remaining oxygen content was determined using a YSI
Model 5100 dissolved oxygen meter. It was found that the oxy-
gen concentration of water could be routinely decreased below
0.10 mg l�1 from the air-equilibrated value of about 8 mg l�1.
Deionised and ultrafiltered water from a Millipore Q system
was used for the preparation of stock solutions and samples.
Sulfite ion samples were freshly prepared before use with
deoxygenated water.

Instrumentation

UV-VIS spectra were recorded on an HP-8543 diode array and
a UNICAM Helios-α scanning spectrophotometer. Kinetic
measurements were performed with an Applied Photophysics
DX-18 MV sequential stopped-flow instrument at 2 and 10 mm
optical pathlengths. A standard calibration procedure gave 0.89
± 0.04 ms for the dead time of the instrument.45 In some cases,
the kinetic traces were followed for a relatively long time in
stopped-flow experiments. In these experiments, linear diffusion
between the reagent or stop syringes and the optical cell could
corrupt the measurements. A method to test this effect was
developed and it was shown that stopped-flow curves can be
used reliably up to 200 s with this instrument under the condi-
tions applied (see ESI for details). Each kinetic curve used in the
model calculations was obtained as the average of at least 5
independent runs, which were reproducible within 5%. The pH
was always calculated from the composition of the samples in
the kinetic runs using the appropriate equilibrium constants

for the hydrolytic and protolytic reactions of iron() and
sulfur(), respectively.

Computation

Non-linear least squares fitting procedures were carried out
with the software package SCIENTIST.46 Direct fitting of
absorbance traces to a kinetic model was used similarly to
earlier cases.38,47–50 The kinetic model was represented by
simultaneous ordinary differential equations, which were
integrated using methods suitable for handling stiff systems
with the differential equation solvers of the software packages
SCIENTIST 46 and ZiTa.51 Estimated parameters were allowed
to float and the difference between the calculated and measured
absorbance–time traces was minimized using non-linear least
squares fitting algorithms. Parameters known independently
were fixed throughout the minimizing procedure. Matrix rank
analysis (MRA) 52 was carried out by calculating singular values
with the software package MatLab.53

Results and discussion

Preliminary considerations

Typical kinetic traces recorded in the iron()–sulfur() system
indicate complex kinetic patterns at metal ion excess (Fig. 1). In

our earlier study, we confirmed that the initial absorbance jump
and the absorbance change in the first 200 ms correspond to the
formation of FeSO3

� and Fe2(OH)SO3
3�, respectively.37 A suf-

ficient interpretation could be given for the kinetic traces up to
200 ms (phase I) by considering the formation of these com-
plexes only, and it was concluded that appreciable redox reac-
tion does not occur in the early phase of the overall process.
It was also shown that the relatively slow and pH-dependent
equilibrium step between FeOH2� and its dimer is kinetically
coupled to the iron()–sulfur() reaction.

Fig. 1 Typical kinetic traces in the early phase of the iron()–
sulfur() reaction. pH = 1.40, [Fe()] = 25.0 mM, [S()] = 0.50 mM
(a); pH = 1.40, [Fe()] = 25.0 mM, [S()] = 1.50 mM (b); pH = 1.70
[Fe()] = 7.5 mM, [S()] = 0.50 mM (c); T  = 10.0 �C; µ = 1.0 M
(NaClO4); optical pathlength 1 cm.

Fe2(OH)2
4�  2FeOH2� (1)
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Due to the high molar absorbance of the hydroxo dimer,
the formation or consumption of this species have significant
contributions to the kinetic traces even though it is always
present at relatively low concentration levels. As a con-
sequence of the slow monomer–dimer hydrolytic equilibrium,
the absorbance–time profiles were markedly different depend-
ing on whether a pH-jump did or did not occur upon mixing
the reactants.37 Some of the complications could be avoided
in the absence of a pH-jump, and kinetic measurements at
10.0 �C were triggered by mixing reagents of equal pH
throughout this study.

Detailed kinetic analysis in this work was first carried out at
10.0 �C (λ = 340 and 430 nm). As demonstrated in Fig. 1, the
system reaches a quasi-equilibrium within about 200 ms, and
the corresponding reaction steps can be treated as fast pre-
equilibria compared to slow hydrolytic and redox steps. On
longer time scales, two not particularly well-separated phases
(phase II and III) can be identified on the kinetic traces. In
phase II (usually 1–10 s), the absorbance could either increase
or decrease at both selected wavelengths depending on the
initial concentrations. In phase III (usually >10 s) an absorb-
ance decrease was observed at both wavelengths under all con-
ditions. The overall reaction was not complete within 15 min at
10.0 �C. As was noted in the Experimental, stopped-flow curves
cannot be evaluated reliably on such long time scales, and only
the first portions of these curves were used in the calculations.

In order to verify the results obtained on the basis of the
incomplete kinetic curves at 10.0 �C, the measurements were
repeated at 25.0 �C. At this temperature, phase I was always
complete within 50 ms and the final absorbance was reached
in about 200 s. Otherwise, the kinetic curves showed the same
general features at both temperatures.

Effect of oxygen

Most of the measurements at 10.0 �C were performed with
oxygen-free solutions. However, in a few kinetic runs, oxygen-
saturated iron() solutions were mixed with deoxygenated
sodium sulfite ion solutions. A pair of such traces, measured at
25.0 �C, is displayed in Fig. 2 as an example. As shown, the

oxygen-free and oxygen-saturated curves are identical within
experimental error. This observation indicates that oxygen
may be involved in the overall reaction only after the rate-
determining step under our conditions, if it is involved at all. As
the presence of oxygen does not alter the kinetic traces, only the
sulfite ion solutions were prepared with oxygen-free water in the
experiments at 25.0 �C, in order to prevent the loss of sulfur()
before the kinetic runs.

At this point, it should be emphasized that oxygen is involved
in a complex redox process when sulfur() is used in excess and
has profound effects on the kinetics of the iron()–sulfur()

Fig. 2 Kinetic curves obtained with deoxygenated (�) and oxygen-
saturated (�) iron() solutions. [Fe()]0 = 50.0 mM; [S()]0 = 1.00
mM; pH = 1.67; T  = 25.0 �C and µ = 1.0 M (NaClO4); optical
pathlength 1 cm.

reaction.30 Thus, insufficient control over the dissolved oxygen
concentration in earlier studies could be a source of uncertainty
and may also be one of the reasons for the discrepancies in the
literature. Our observations confirm that the artefacts due to
side reactions with dissolved oxygen are completely eliminated
at iron() excess. Accordingly, detailed studies under such con-
ditions may provide more reliable kinetic information for the
overall reaction than the experiments carried out at sulfur()
excess.

Spectral analysis

Single-wavelength kinetic runs are consistent with the form-
ation of several coloured species in this system (Fig. 1).
However, because of the complexity of the reaction, the identi-
fication of these species and the assignment of the spectral
effects are not trivial tasks. First, in order to determine the
number of dominant absorbing species, the time-resolved
spectra were evaluated by MRA in the 310–450 nm spectral
region.52 In this procedure, all measured spectra are transormed
into a matrix format, the singular values of this matrix are
calculated and arranged in descending order. In an ideal system
the number of absorbing species is given by the number of non-
zero singular values. In reality, the singular values initially
decrease sharply and then the differences become relatively
small between the subsequent values. The slightly different
small singular values are attributed to experimental error, and
the number of absorbing species is given by the number of
singular values in the sharply decreasing region. The singular
values calculated from experimental spectra recorded at 25.0 �C
are given in Table 1.

According to the MRA, there are 3 coloured species in aque-
ous iron() solutions and 5 in phase I of the iron()–sulfur()
reaction. In agreement with our earlier results, these coloured
species are identified as Fe3�, FeOH2�, Fe2(OH)2

4�, FeSO3
� and

Fe2(OH)SO3
3�. The analysis of the experimental data was

repeated several times by including additional spectra recorded
at gradually increasing reaction times. This procedure con-
firmed that the number of absorbing species remains the same
during the whole reaction. Consequently, no evidence was
found for the formation of new coloured species at longer reac-
tion times, and it is reasonable to assume that any spectral
change observed in the reaction is due to the transformation of
the complexes formed in phase I. It follows that the absorbance
increase noted in phase II is due to the accumulation of at
least one of the absorbing complexes identified. The same
conclusions were also valid at 10.0 �C.

Kinetics of phase II

Single wavelength kinetic traces could be fitted to double
exponential functions from the end of phase I (∼250 ms) up to
20–30 s at 10.0 �C. The corresponding pseudo first-order rate
constants, kII and kIII, were in agreement within the experi-
mental error at 340 and 430 nm. At longer reaction times, the
experimental kinetic traces showed significant deviations from
the double exponential behaviour. It follows that only kII

could be assigned to a specific reaction step and used to obtain
meaningful kinetic information for the overall process.

The values of kII were found to be practically independent of
the concentration of iron(); however, they showed a linear
dependence on the concentration of sulfur(). Some of the
results at two different pH values are shown in Fig. 3. A com-
parison shows that the intercepts of the straight lines in Fig. 3
agree with the characteristic pseudo first-order rate constants
for iron() monomer–dimer equilibration (khdr).

38,54 The
corresponding values are: intercept = 0.138 ± 0.005 s�1, khdr =
0.126 s�1 (pH = 1.40); intercept = 0.106 ± 0.011 s�1, khdr = 0.109
s�1 (pH = 1.70). This observation suggests that phase II
corresponds to the sulfite-catalysed buildup or decomposi-
tion of the dinuclear Fe2(OH)(SO3)

3� complex. On the basis of
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Table 1 Matrix rank analysis of spectral data in the iron()–sulfite ion system. 310–440 nm; 14 wavelengths; T  = 25.0 �C; µ = 1.0 M (NaClO4)

System Iron() a S() b S()

Number of spectra 2400 3192 3992
Singular values in descending order (underlined singular
values represent absorbing species).

84.4145 80.8527 110.0179

9.5254 10.8020 11.5029
0.6156 1.3786 1.5135
0.0978 0.8178 1.0558
0.0720 0.1550 0.1828
0.0484 0.0614 0.0832
0.0446 0.0441 0.0611
0.0229 0.0303 0.0415
0.0222 0.0230 0.0365
0.0165 0.0223 0.0273
0.0146 0.0162 0.0220
0.0141 0.0146 0.0182
0.0130 0.0139 0.0179
0.0121 0.0129 0.0166

Predicted number of absorbing species 3 5 5
a Without sulfur(). b Only spectra recorded in the initial 50 ms were used. 

analogous observations in the iron()–sulfate ion and selenite
ion systems,40,41 the formation or decomposition of Fe2(OH)-
SO3

3� could be responsible for the observed effect.

This reaction is kinetically coupled to the dimerisation step
between the monomeric and dimeric hydroxo species (eqn. 1)
and the concentrations of Fe2(OH)(SO3)

3� and Fe2(OH)2
4�, and

consequently the measured absorbance, may either increase or
decrease depending on the initial concentrations and pH. Pro-
vided that the protolytic equlibria of the ligand and the form-
ation of Fe2(OH)(SO3)

3� from Fe2(OH)2
4� and HSO3

� are fast
pre-equilibria and the dinuclear complex is present in much
smaller concentration than Fe2(OH)2

4� and HSO3
�, standard

derivation yields the following expression for kII:
40,41

(The rate and equilibrium constants in this formula are
denoted as in Scheme 1.) This simplified formula does not con-
tain the rate constant of the reverse step of eqn. 2, as its contri-
bution to the pseudo first-order rate constant was found to be
marginal (see ESI for details). All conditions, particularly a
sufficiently low concentration of Fe2(OH)(SO3)

3�, could not
always be maintained in the experiments and eqn. 3 was used
only to illustrate the dominant kinetic feature of phase II
and to obtain a first estimate for k8. Because of the limitations

Fig. 3 kII as a function of the concentration of S(). T  = 10.0 �C; µ =
1.0 M (NaClO4). Several different iron() concentrations were used in
the range [Fe()] = 5.0–35.0 mM; the rate constants were found to be
independent of [Fe()].

Fe2(OH)SO3
3�  FeOH2� � FeSO3

� (2)

(3)
discussed above, any attempt to give a similar interpretation for
kIII was unsuccessful.

Kinetic model for the overall reaction

As discussed in our earlier study 37 and in the previous sections
in detail, a very reasonable interpretation can be given for
phases I and II by considering only hydrolytic, ligand substi-
tution and mononuclear–dinuclear interconversion steps. This
implies that any possible redox reaction between the reactants is
slow and it may noticeably affect the kinetic patterns only at

Scheme 1 Kinetic model for the iron()–sulfur() reaction at iron()
excess.
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longer reaction times. The complexity and relatively high rate
of the reaction prevented us from using any detection methods
other than spectrophotometry and appropriate techniques are
not, as yet, available for selective and quantitative monitoring
of the consumption of sulfur() and the formation of ferrous
and sulfate ions, which are the main products. Nevertheless, our
ongoing studies using the quenched stopped-flow technique
provided some evidence that the rate of accumulation of
iron() is on the same time scale as phase III.55 Therefore, we
assign the last part of the reaction to the redox process between
iron() and sulfur() and assume that the concentrations of
the reactive species in this phase are controlled by the reactions
which have already been identified, most of which are in fast
pre-equilibria.

A vital question is how the electron transfer actually takes
place between the reactants. Earlier it was assumed that it is an
inner sphere redox reaction and the sulfito complex most likely
undergoes a rate-determining decomposition into Fe2� and
SO3

��.30 The sulfite ion radical is a reactive intermediate which
is transferred into the final products in subsequent fast reaction
steps.

In accordance with the above considerations, we postulate
the model shown in Scheme 1 for the overall reaction. This
scheme has some distinct features when compared to other
models postulated on the basis of kinetic data at low iron()
concentration and high sulfur() excess. Most importantly, we
ignore the reactions of the product Fe() and assume that step
R10 is the only sink of the SO3

�� radical. This implies that side
reactions are not competitive with the reactions of iron()
when the metal ion is used in large excess. The insensitivity
of the kinetic profiles to the presence of oxygen lends strong
support to this assumption. It was confirmed earlier that the
reaction of the SO3

�� radical with molecular oxygen opens a
very efficient catalytic pathway for the oxidation of sulfur() at
low iron() concentration via the formation of the reactive
SO5

�� radical.30 Such a kinetic effect is absent when iron() is
present at large concentration levels, indicating that SO3

��

is predominantly oxidised by iron() in step R10.
A further difference compared to previous models is that

Scheme 1 postulates only elementary steps with well-established
species. The only exception is reaction R7, which was shown to
proceed via three competing pathways, and the following
pH-dependent expression was confirmed for k7:

54

The relevant rate laws were explored, and the kinetic
and equilibrium constants were also determined for reactions
R1–R8 in independent studies.37,38,54,56–58 Therefore, Scheme 1 is
expected to be suitable for quantitative evaluation of the overall
reaction and to provide satisfactory interpretation of the
kinetic features.

Due to strong kinetic coupling between the individual
reaction steps, more specifically between R7, R8 and R9, our
attempts to derive an explicit kinetic expression for phase III
were unsuccessful. Thus, the validity of the model was tested by
fitting kinetic traces recorded under different experimental
conditions directly to a differential equation system which repre-
sents the kinetic model. The data set at 10.0 �C included 22
kinetic runs at pH = 1.40, 17 kinetic runs at pH = 1.70, and 9
kinetic runs from the pH-range 1.10–1.90. In each run, dupli-
cate kinetic traces were measured at two different wavelengths
(340 and 430 nm), and each kinetic trace contained 1000 data
points, 500 in the first 200 ms and 500 more from 0.2 s to 50 s.
Thus, we simultaneously fitted about 10 5 time-dependent
absorbance values in the final evaluation. Rate and equilibrium
constants, as well as molar absorbances known from independ-
ent studies were included with fixed values in these calculations
and only rate constants k8 and k9 were allowed to float. The
value of k�8 was forced to comply with k�8 = k8K5KH/K7 on the

k7 = k7a � k7b[H�] � k7c/[H
�] (4)

basis of microscopic reversibility. It is assumed that R9 and
R10 are irreversible, though earlier the former step was postu-
lated as reversible. The simplification can be justified by con-
sidering that [Fe()] � [Fe()] holds for all kinetic runs, there-
fore the backward step of R9 is negligible compared to R10.
The parameters estimated on the basis of this model are given
in Table 2 and the quality of the fitting is illustrated in Fig. 4.

In principle, the dinuclear Fe2(OH)SO3
3� complex may also

undergo direct redox decomposition. This possibility was tested
by including the following net reaction in the model, assuming
that it is initiated by a rate-determining intramolecular electron
transfer from sulfur() to iron():

However, the shape of the kinetic traces could not be repro-
duced when this reaction was used instead of R9, and the
goodness of fit did not improve significantly when both redox
steps were considered. Consequently, the rate constant of reac-
tion 5 could not be determined with any acceptable precision
and it was concluded that the contribution of this step to the
overall reaction is negligible, if it occurs at all.

At 25.0 �C, the first phase of the kinetic traces was fitted as
detailed in our earlier report and the whole experimental traces
were evaluated using the same data treatment as at 10.0 �C. In
this case, the kinetic traces contained fewer points, but the reac-
tion was always followed until completion. The relative kinetic
weights of the individual reaction steps changed somewhat with
increasing temperature and, as a consequence, the reliability of
certain parameters is not the same at the two temperatures. For
example, only the KFε product could be estimated for the
FeSO3

� complex at 10.0 �C, while the equilibrium constant and
the molar absorptivity could be separated at 25.0 �C. At the
latter temperature, reaction R5 becomes dominant over R6 in

Fig. 4 Measured (marked points) and fitted (solid lines) curves in the
iron()–sulfite ion reaction. pH = 1.40, [Fe()] = 20.0 mM, [S()] =
0.50 mM (a); pH = 1.40, [Fe()] = 25.0 mM, [S()] = 1.00 mM (b); pH =
1.70, [Fe()] = 10.0 mM, [S()] = 1.50 mM (c); pH = 1.40, [Fe()] =
35.0 mM, [S()] = 0.50 mM (d); pH = 1.40, [Fe()] = 20.0 mM, [S()] =
0.50 mM (e); pH = 1.70, [Fe()] = 10.0 M, [S()] = 1.00 mM (f);
T  = 10.0 �C; µ = 1.0 M (NaClO4); optical pathlength 1 cm. Only about
7% of the measured points are shown for clarity.

Fe2(OH)SO3
3� � H�  2Fe2� � SO4

2� (5)
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Table 2 Parameters estimated in the iron()–sulfur() reaction. µ = 1.0 M (NaClO4)

Parameter 10.0 �C 25.0 �C

log KH �3.03 a �2.72 b

log KF — c 0.13 ± 0.05
ε{FeSO3

�}; 430 nm — c 492 ± 34 M�1 cm�1

log Ka1 �1.49 a �1.74 ± 0.01
log Ka2 �6.44 a �6.34 d

log K5 3.37 a 3.73 ± 0.11
k5 4.5 × 104 M�1 s�1 a (3.9 ± 0.3) × 105 M�1 s�1

k6 2.1 × 109 M�1 s�1 a ∼4 × 109 M�1 s�1

log K7 �3.08 a �2.58 b

k7a 0.059 M�1 s�1 e 0.35 M�1 s�1 b

k7b 1.08 s�1 e 3.5 s�1 b

k7c 5.8 × 10�4 M s�1 e 3.6 × 10�3 M s�1 b

k8 1.0 ± 0.3 s�1 3.6 ± 0.8 s�1

k9 0.052 × 0.012 s�1 0.19 ± 0.03 s�1

ε{Fe2(OH)(SO3)
3�}; 430 nm 499 M�1 cm�1 a 549 ± 60 M�1 cm�1

a Ref. 37. b Ref. 54. c KFε{FeSO3
�} = 281 M�1 cm�1 (430 nm, ref. 37). d Ref. 58. e Ref. 38. Error limits are quoted as one standard deviation only for the

parameters which were determined in the present study. 

the initial phase, since k5 increases almost an order of magni-
tude compared to its value at 10.0 �C, whereas the change in k6

is less than twofold and only a rough estimate can be given for
its value. An analysis of the kinetic traces at 25.0 �C revealed
that a simplified method could also be used for the evaluation
of phase III by assuming that R5–R8 are fast pre-equilibria. In
this case, only k9 was fitted and its value was in reasonable
agreement with the result obtained by comprehensive data
fitting.

Conclusion
The results presented here confirm that an excellent interpret-
ation can be given for the composite kinetic features in the
iron()–sulfur() system at metal ion excess by considering a
series of coupled reactions of the well-known iron() hydroxo
complexes and two sulfito complexes, Fe2(OH)SO3

3� and
FeSO3

�. Under such conditions, evidence was not found for the
formation of protonated, bis-, tris- or other multinuclear com-
plexes with sulfur().

It was shown that the formation of Fe2(OH)SO3
3� can be

considered a ‘dead end’ reaction because this species is not
involved in direct electron transfer steps, it vanishes by the end
of the reaction and is not essential for completing the redox
process. In other words, a considerable portion of sulfur() is
coordinated in the dinuclear complex and the oxidation of
sulfur() would proceed even faster without the existence of
this species. Nevertheless, Fe2(OH)SO3

3� strongly influences the
kinetics of the overall process in several ways. Thus, the sub-
stantial absorbance change in the first part of the reaction is
partly due to fast formation of this species. The same process
also opens a new catalytic pathway for the hydrolytic equi-
librium between the mono- and dinuclear hydroxo complexes
of iron(), as the R5, R6, R8 sequence transforms these species
into each other much faster than reaction R7. Finally, the
concentration of the redox active FeSO3

� complex is also
controlled by reaction R8 to a certain extent.

The formation of the dinuclear sulfito complex is probably
not limited to the conditions used in the present study.
Although Fe2(OH)SO3

3� was never considered in earlier kinetic
models, the reactions of this species may also prove to be sig-
nificant at low iron() concentrations and high ligand excess
when the experiments are carried out in less acidic solution.
While the molar fraction of Fe2(OH)2

4� decreases when the
total concentration of iron() is decreased, the increase in
pH may overcompensate this effect. In addition, sulfur() is
present at a relatively high concentration and the dinuclear
complex may form at considerable concentration levels. It
follows that rejection of the corresponding reactions is not

necessarily justified and further studies are required to explore
the significance of the Fe2(OH)SO3

� complex under a wide
range of experimental conditions.

According to the results, the rate-determining step of the
redox reaction is the decomposition of the FeSO3

� complex.
This species was postulated in earlier studies and our value for
the equilibrium constant of step R2, KF = 1.35, is in reasonable
agreement with previous literature data, which are in the range
1.06–3.84.25,26,34,35 Such a good agreement between these equi-
librium constants is quite surprising and should be considered
fortuitous when the discrepancies regarding the speciation in
the iron()–sulfur() system (cf. Introduction) are taken into
account.

The combination of KF and Ka1 yields 3.0 × 106 M�1 for
the stability constant of the mono-sulfito complex, which
corresponds to the following reaction:

Recently, a stable mono-sulfito complex was also reported in
the mercury()–sulfur() system which is involved in a redox
decomposition very similar to that of FeSO3

�.59–60 It is reason-
able to assume that a partial electron transfer from the ligand
to the metal centre stabilizes the mono-complex in both cases.
A complex with such an electronic structure can be regarded as
an ideal precursor to the intra-molecular electron transfer step.

Perhaps the most important result of the present study is
that direct kinetic information could be obtained for the
intramolecular redox decomposition of the FeSO3

� complex.
Reaction R9 was postulated as the key reaction step in various
earlier kinetic models, but only rough estimates were reported
for its rate constant. The inherent difficulty in determining this
parameter is that R9 is kinetically coupled with other reaction
steps and classical methods are not suitable for the evaluation
of the data. Comprehensive data treatment provided a well-
defined value for k9, which is essentially the same as the value
predicted by our model calculations (0.2 s�1 at 25.0 �C).30

The current results also indicate that the large number of
absorbing species is the crucial barrier which must be overcome
in order to explore some of the details of the overall reaction,
even when non-classical evaluation methods are used. There-
fore, further model developments should also rely on the use of
fast kinetic methods that do not require on-line spectrophoto-
metric detection and preferably can be used for direct determin-
ation of the concentration profiles of the reactants, products
and, occasionally, the most important intermediate species. A
systematic study to design such methods is under way in our
laboratory.

Fe3� � SO3
2�  FeSO3

� (6)
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