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The reactions of the water soluble complex FeIII(TPPS) [TPPS = 5,10,15,20-tetrakis(p-sulfonatophenyl)porphyrinate]
with peroxomonosulfate, hydrogen peroxide and sulfite/oxygen have been investigated kinetically as a function of
reactant concentration and pH. The spectral changes recorded for the reactions between the FeIII(TPPS) dimer and
peroxomonosulfate and hydrogen peroxide can be interpreted in terms of a redox cycle between (TPPS)FeIIIOFeIII-
(TPPS) and (TPPS)FeIIIOFeIV(O)(TPPS�), and in terms of multiple redox cycles also involving FeII(TPPS) for the
FeIII(TPPS)–sulfite–oxygen system. In the case of peroxomonosulfate and hydrogen peroxide a slow redox cycle
(1000 s) between iron-() and -() complexes is observed at low [SO5

2�] and [H2O2]. In the case of sulfite–oxygen
the kinetic traces are quite different; the FeIII/FeIV redox cycle is very fast (a few seconds) and is only observed after
what appears to be an induction period. Furthermore, it also depends significantly on the selected experimental
conditions (pH, sulfite and oxygen concentration). Rapid-scan techniques were used to study these redox cycles.
Reaction mechanisms for the redox cycling of the FeIII(TPPS)–SO5

2� system, and for the multiple redox cycling of
the FeIII(TPPS)–sulfite–oxygen system, are proposed. They are based on reactions that participate in the suggested
mechanism for the iron-catalysed autoxidation of sulfite. In contrast to the FeIII(TPPS)–HSO5

� system, which is
insensitive to oxygen, oxygen plays an essential role in the multiple redox cycles of the FeIII(TPPS)–sulfite–oxygen
system, which is accounted for in the proposed mechanism. Computer simulations based on the proposed reaction
mechanisms are in good agreement with the observed experimental kinetic traces and indicate that for the FeIII(TPPS)–
sulfite–oxygen system the formation of the SO5

�� radical is the main oxygen-consuming step during the overall redox
process.

Introduction
In the past metalloporphyrins have been extensively investi-
gated 1 mainly because of their relevance to biological systems.
More recently there is also a great interest in oxidation reac-
tions involving metalloporphyrins 2–4 since it is known that
they are very versatile oxidation catalysts for many different
reactions, e.g. sulfite oxidation, olefin epoxidation, alkane
hydroxylation, pollutant oxidation, drug metabolization and
DNA cleavage.

In environmental processes the metal-catalysed oxidation of
sulfur() oxides plays an important role in atmospheric chem-
istry, as well as in industrial flue gas desulfurization processes.5

It has been suggested that the iron() catalysed autoxidation
reaction of such oxides in the atmosphere is partly responsible
for the acidification of precipitation.5 Several investigations
have been undertaken in recent years in order to try to under-
stand the catalytic role of FeIII and of transition metal ions and
complexes in general, during such autoxidation processes.6–12

There is general agreement that the metal ion in its higher (usu-
ally �3) oxidation state can initiate a free radical process via an

† Supplementary data available: absorbance spectral changes. For direct
electronic access see http://www.org/suppdata/dt/1999/2759/, otherwise
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Instructions for Authors, 1999, Issue 1 (http://www.rsc.org/dalton).

electron-transfer reaction (1), that leads to the formation of the

Mn� � HSO3
� → M(n � 1)� � SO3

�� � H� (1)

sulfite radical. The sulfite radical (SO3
��) can react rapidly with

oxygen to form the strong oxidizing peroxomonosulfate radical
(SO5

��), eqn. (2), which can reoxidize the metal ion back to the
higher oxidation state, eqn. (3).

SO3
�� � O2 → SO5

�� (2)

M(n � 1)� � SO5
�� � H� → Mn� � HSO5

� (3)

A redox cycling of the metal ion can thus in principle occur
and a generalized reaction scheme, showing the role of one
electron metal oxidants in the autoxidation of sulfite in aqueous
solution, has been proposed 13 for this process. In these reaction
systems SO5

��, HSO5
� and SO4

�� can either reoxidize the
reduced metal ion, or react with sulfite to lead to the final sulfur
oxidation products.

One of the water soluble metalloporphyrins, iron() tetrakis-
(p-sulfonatophenyl)porphyrinate (abbreviated FeIII(TPPS)), is
known to be a catalyst for the electrocatalytic reduction of
HSO3

� to H2S
14 and for the electrocatalytic oxidation of sulfite

to sulfate.15 It is also known that metal ions (e.g. CoIII, FeIII) co-
ordinated to TPPS undergo redox reactions in the presence of
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alcohols and on irradiation by light.16,17 The trivalent metal ion
is reduced to the divalent ion with simultaneous oxidation of
alcohols and it was found that the metalloporphyrin played a
photocatalytic role in the autoxidation of alcohols.16,17 Recent
studies in our laboratories have focused on the catalytic effect
of CoIII(TPPS) and MnIII(TPPS) in the autoxidation of sulf-
ite.18,19 In both cases redox cycling of the metalloporphyrin was
observed.

Redox cycling of metal ions and complexes forms the
basis of the catalytic activity of these species in the mentioned
reactions. We have therefore in this study investigated the reac-
tions between FeIII(TPPS), sulfite and oxygen in aqueous
solution in search of evidence for redox cycling of this met-
alloporphyrin by means of rapid-scan spectrophotometry. In
addition, the reaction of FeIII(TPPS) with other redox partners
such as H2O2 and KHSO5 was also investigated in an effort to
elucidate the detailed reaction mechanism of the sulfite/oxygen
system.

Experimental
Chemicals of analytical reagent grade (Merck, Fluka and
Aldrich) and deionized Millipore water (18 Mohm) were used
to prepare all solutions. Argon or nitrogen gas was used to
deaerate solutions when required. Aqueous HClO4 and NaOH
were used to adjust the pH, and NaClO4 to adjust the ionic
strength. The complex FeIII(TPPS) was synthesized accord-
ing to standard literature methods 20 and the purity checked by
UV-VIS spectroscopy and elemental (C,H,N) analysis.

The UV-VIS spectra were recorded on an HP 8452A diode
array spectrophotometer or on a Shimadzu UV-2102/3102PC
spectrophotometer. Rapid scan measurements were performed
on a Bio Sequential SX-17MV Stopped-Flow Reaction
Analyser from Applied Photophysics equipped with a J & M
detector connected to a TIDAS 16-416 spectrophotometer.
Stopped-flow measurements were performed on a Bio Sequen-
tial SX-18MV stopped flow spectrofluorimeter. Spectro-
electrochemical experiments were carried out employing a
Perkin-Elmer Lambda 9 spectrophotometer. Data accumu-
lation was performed with the PECSS software package on a
PC Acer 910 and an Amel 550 potentiostat/galvanostat was
used. Details of the spectroelectrochemical cell are given
elsewhere.21

Results and discussion
In acidic solutions FeIII(TPPS) exists as a monomer which is
deep orange-brown, whereas in basic solutions the green µ-oxo
dimer is formed.20 The equilibrium constant for formation of
the dimer and the kinetics of dimerization were studied by dif-
ferent groups.20,22–24 From our spectrophotometric titrations we
obtained a pKa value of 6.7 ± 0.2 (I = 0.1 M) for the monomer
which is in close agreement with the literature value of
7.0 ± 0.2 24 at 25 �C.

Spectroelectrochemical experiments with FeIII(TPPS) clearly
show that electrochemical reduction and oxidation of it result
in characteristic spectral changes (see Fig. 1, SUP 57588). In the
case of reduction the Soret band of the FeIII(TPPS) monomer
(λmax = 395 nm) decreases while a new band is being formed at
longer wavelength (λmax = 426 nm) and with a higher molar
absorptivity. In addition, a broad weak band is also formed at
550 nm. These spectral changes are in full agreement with
literature data 15,17,24 and can be assigned to the reduction of
FeIII(TPPS) to FeII(TPPS). When FeIII(TPPS) is electrochemic-
ally oxidized the Soret band is decreased without any formation
of a new band at longer wavelength (see SUP 57588) which
according to the literature 25 is due to the formation of the
FeIII(TPPS�) radical cation. Analogous spectral changes for
reduction and oxidation were also observed for the FeIII(TPPS)
dimer at high pH (>10). The electrochemical reduction and

oxidation of FeIII(TPPS) were almost fully reversible under
these conditions.

Nearly all investigations of the FeIII(TPPS) system were per-
formed at pH 3 (monomer) and 11 (dimer) without using any
buffers since these values are far away from the pKa value
associated with the dimerization. The stability of the FeIII-
(TPPS) monomer and µ-oxo dimer was checked by UV-VIS
spectroscopy showing that there was nearly no decomposition
over several days.

Preliminary and qualitative observations

First, the reaction between the FeIII(TPPS) monomer and sulf-
ite was followed over a longer period of time at pH 3 using a
tandem cuvette. The sulfite and oxygen concentrations were
varied, whereas the FeIII(TPPS) concentration (1 × 10�5 M) and
the ionic strength (0.1 M) were kept constant. Fig. 1(a) shows
the spectral changes observed for the reaction of FeIII(TPPS)
with a large excess of sulfite (1 × 10�3 M) in air-saturated solu-
tions. The cycle time between each consecutive spectrum is 2 h.
The Soret band of the FeIII(TPPS) monomer decreases with
time without the formation of the characteristic band for
FeII(TPPS) at longer wavelength as observed electrochemically.
There is, however, some peak broadening, which indicates that
partial formation of FeII(TPPS) does occur. This indicates that
the expected reduction of FeIII(TPPS) to FeII(TPPS) is domin-
ated by an overall decomposition of the FeIII(TPPS) complex
under these conditions. Absorbance–time traces indicate a
typical autocatalytic behaviour for this decomposition process
that strongly depends on the oxygen concentration in solution
(see Fig. 1b). Surprisingly, if the sulfite concentration is
increased from 1 × 10�3 to 1 × 10�2 M at constant FeIII(TPPS)
concentration and in air-saturated solutions, the decomposition
of FeIII(TPPS) is inhibited. However, a decrease in the sulfite
concentration from 1 × 10�3 to 1 × 10�4 M results in the oppos-

Fig. 1 (a) Spectral changes observed for the reaction between FeIII-
(TPPS) and sulfite in air saturated solutions (∆t = 2 h). (b) Absorbance–
time traces for the decomposition of FeIII(TPPS) by sulfite (λ = 395
nm). Experimental conditions: [FeIII(TPPS)] = 1 × 10�5 M; [SIV] = 1 ×
10�3 M; pH 3; T = 25 �C; I = 0.1 M.
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ite effect and the decomposition of FeIII(TPPS) is accelerated.
These trends clearly indicate that the sulfite :oxygen concen-
tration ratio controls the concentration of the strongly oxidiz-
ing sulfur oxide radicals that must account for the overall
decomposition of the FeIII(TPPS) complex, since at high sulfite
concentrations competing side reactions between the sulfur
oxide radicals (SO5

��, SO4
��, etc.) and sulfite occur. An increase

in the oxygen concentration results in an acceleration of the
FeIII(TPPS) decomposition since more sulfur oxide radicals
are formed. In summary, under strongly oxidizing conditions
(high oxygen concentration and low sulfite concentration) the
decomposition of FeIII(TPPS) by sulfite is favoured.

Analogous measurements were performed at pH 11 for the
reaction between the FeIII(TPPS) dimer and sulfite. Under simi-
lar conditions the decomposition of the dimer (decrease of the
Soret band) is observed, showing the same kind of trends as
observed for the monomeric species. The decomposition of the
FeIII(TPPS) dimer is faster than that of the monomer. The
influence of pH and of the nature of the FeIII(TPPS) species has
also been observed for the reaction of hydroxyl radicals with
FeIII(TPPS).26 At pH 11 the rate constant was found to be much
higher than at pH 7.5, which was assigned to the deprotonation
of the axial ligands of FeIII(TPPS) (H2O at pH 7.5; OH� at pH
11).26

These qualitative observations demonstrate that the redox
behaviour of FeIII(TPPS) in the presence of sulfite/oxygen is
rather complex and calls for a more detailed analysis. For that
reason we have first studied the redox behaviour of FeIII(TPPS)
in the presence of species that are relevant to the sulfite/oxygen
system, in order to clarify the reported observations.

Reaction of FeIII(TPPS) with KHSO5

Since the peroxomonosulfate radical plays an important role in
the redox cycling of metal ions 13 and leads to the formation of
peroxomonosulfate (SO5

2�), the reaction between FeIII(TPPS)
and oxone (2KHSO5, KHSO4, K2SO4) was studied in more
detail. First the reaction was investigated in acidic medium (pH
3) where FeIII(TPPS) exists as a monomer. In this case only
decomposition of the FeIII(TPPS) was observed, the rate of
which increased with increasing KHSO5 concentration. Differ-
ent results were observed in basic medium (pH 11) where the
reaction of KHSO5 with the FeIII(TPPS) dimer resulted in the
formation of a new absorption band at 420 nm (Fig. 2a). These
spectral changes do not correspond to those observed during
the electrochemical reduction to FeII(TPPS), since λmax is now at
420 and 525 nm. In addition, the absorbance changes are much
smaller, indicating that in the case of the reaction with KHSO5

another Fe(TPPS) species must be formed. This assumption is
supported by the fact that in the same pH range the use of
reducing agents such as ascorbate and dithionite did indeed
lead to the formation of the FeII(TPPS) band at 426 nm with a
much higher molar absorptivity. We conclude that the spectral
changes observed in Fig. 2(a) must be due to the formation of
an FeIV(O)(TPPS�) species at pH 3 or (TPPS)FeIIIOFeIV(O)-
(TPPS�) at pH 11 since KHSO5 is a strong oxidizing agent
(E� = 1.82 V 27). Further support for this suggestion came from
experiments with hydrogen peroxide (H2O2) as reported in the
following subsection.

Following the formation of the band at 420 nm, decom-
position of (TPPS)FeIIIOFeIV(O)(TPPS�) immediately occurs
(Fig. 2b). If the KHSO5 concentration is decreased from
4 × 10�3 to 2.5 × 10�5 M, both the formation of the band at 420
nm and the subsequent decomposition are significantly slower.
A further decrease in the KHSO5 concentration (from 2.5 ×
10�5 to 3 × 10�6 M) to nearly the equivalent amount of FeIII-
(TPPS) (monomer concentration 6 × 10�6 M) resulted in a
redox cycle (Fig. 2c). In the case of KHSO5 it is necessary to
work at very low concentrations, since its strong oxidizing
property can cause the overall decomposition of the complex.

This can only be suppressed by working at a low KHSO5 con-
centration, which then results in a slow redox cycle (reaction
time ca. 1000 s). The proposed mechanism for the observed
redox cycle is summarized in reactions (4) to (8) and is partly

(TPPS)FeIII–O–FeIII(TPPS) � SO5
2� →

(TPPS)FeIII–O–FeIV(O)(TPPS�) � SO4
2� (4)

2{(TPPS)FeIII–O–FeIV(O)(TPPS�)} →
2{(TPPS)FeIII–O–FeIII(TPPS)} � O2 (5)

(TPPS)FeIII–O–FeIII(TPPS) � SO5
2� →

decomposition products � SO4
2� (6)

(TPPS)FeIII–O–FeIV(O)(TPPS�) � SO5
2� →

decomposition products � SO4
2� (7)

HSO5
� H� � SO5

2� pK = 9.4 (8)

Fig. 2 Spectral changes observed for the reaction between the FeIII-
(TPPS) dimer and KHSO5 in air saturated solutions. Insert: absorbance
vs. time at the listed wavelength. (a) ∆t = 0.06 s; λ = 421 nm;
[KHSO5] = 8 × 10�3 M. (b) ∆t = 0.44 s; λ = 421 nm; [KHSO5] = 6 × 10�3

M. (c) ∆t = 60 s; λ = 407 nm; [KHSO5] = 6 × 10�3 M. Other experi-
mental conditions: [FeIII(TPPS)] = 6 × 10�6 M; pH 11; 25 �C; I = 0.1 M.
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Table 1 Fitted values, accuracies and confidence limits from the FACSIMILE fit of the experimental curves for the reaction between (TPPS)FeIII-
OFeIII(TPPS) and SO5

2� (see Fig. 3)

Reaction Value/M�1 s�1 SDLN a 5% limit 95% limit Suggested value

(4)
(5)
(7)

8.9581 × 103

1.4381 × 103

3.5046 × 101

0.0164
0.0074
0.0528

8.7192 × 103

1.4206 × 103

3.2132 × 101

9.2035 × 103

1.4558 × 103

3.8225 × 101

(9.0 ± 0.3) × 103

(1.44 ± 0.02) × 103

(3.5 ± 0.3) × 101

Not well determined values

(6) 2.7045 × 101 0.3392 1.5478 × 101 4.7254 × 101 (2.7 ± 2.0) × 101

a Estimated standard deviation for the logarithm of each parameter value. The 5 and 95% limits indicate that there is a 5% probability that the true
value lies below the lower limit, and a 95% probability that the true value lies below the upper limit.

based on reactions that form part of the suggested mechanism
for the iron-catalysed autoxidation of sulfite.13

We suggest that during the redox cycle only one iron() cen-
tre of the FeIII(TPPS) dimer is oxidized to FeIV by SO5

2�. It is
possible that this complex ((TPPS)FeIIIOFeIV(O)(TPPS�)) can
undergo rapid intramolecular charge rearrangement to result
in the formation of (TPPS)FeIVOFeIV(O)(TPPS),28 but in the
absence of any further evidence we prefer the former notation.
Subsequently the back reaction takes place and O2 is produced,
eqn. (5). Since SO5

2� is a strong oxidizing agent it is able to
oxidize the TPPS ligand and to decompose the FeIII(TPPS)
dimer, eqn. (6). The same effect must also be considered for the
(TPPS)FeIIIOFeIV(O)(TPPS�) species, eqn. (7). Computer simu-
lations based on reactions (4)–(8) using the FACSIMILE chem-
ical modelling package 36 show good agreement between the
experimental and simulated concentration profile (concentra-
tion vs. time curve; Fig. 3). In order to improve the accuracy, the
rate constants were fitted simultaneously to the experimental
curves at 405 (FeIII(TPPS)) and 430 nm (FeIV(O)(TPPS�)). The
rate constants obtained for reactions (4)–(7) are summarized in
Table 1.

The rate constant obtained for reaction (4) (9 × 103 M�1 s�1)
is of the same magnitude as that reported 29 for the reaction of a
ferrihaem dimer with HSO5

� (5 × 103 M�1 s�1). The rate con-
stants from the simulation show that under the selected condi-
tions the oxidation of FeIII(TPPS) by KHSO5 (reaction (4)) is
about 6 times faster than the back reaction (reaction (5)). The
rate constants for the decomposition of the complex by SO5

2�

(reactions (6) and (7)) are significantly smaller in comparison
with the values obtained for the redox reactions. Therefore the
redox cycle can be observed under the appropriate conditions.
Since the data were fitted by the simplest possible reaction
scheme that gives a good representation of the experimental
curves a more detailed reaction scheme 29 cannot be ruled out.

Reaction of FeIII(TPPS) with H2O2

Since it is known that iron porphyrins are oxidized by H2O2
30–32

similar experiments to those conducted for the reaction of
FeIII(TPPS) with KHSO5 were performed with H2O2 in order
to investigate if H2O2 (pK = 11.6) reacts in the same way as
SO5

2� and can induce a similar redox cycle. In agreement with
earlier results using KHSO5, the FeIII(TPPS) monomer is also
decomposed by H2O2 in an acidic medium (pH 3). The decom-
position rate depends on the H2O2 concentration (the more
H2O2, the faster the decomposition). The decomposition of the
FeIII(TPPS) dimer was also observed at pH 11 and at higher
H2O2 concentrations ([H2O2] = 4.4 × 10�2 to 4.4 × 10�4 M). If
the H2O2 concentration is decreased to 4.4 × 10�5 M then a
redox cycle could be observed. First a portion of FeIII(TPPS)
was decomposed and then the redox cycle occurred (Fig. 4a).
Obviously the H2O2 concentration (4.4 × 10�5 M) was still too
high and therefore another experiment at even lower H2O2 con-
centration (4.4 × 10�6 M) was performed. The redox cycle is
more clearly observed and does not involve the initial decom-
position of FeIII(TPPS) (Figs. 4b and 4c). The formation of the

(TPPS)FeIIIOFeIV(O)(TPPS�) band at 420 nm was fast (Fig. 4b)
as compared to the slow back reaction (formation of (TPPS)-
FeIIIOFeIII(TPPS) in Fig. 4c). The experiments with H2O2

clearly show that it is also able to induce a redox cycling of
FeIII(TPPS). The results are the same as for the reaction of
FeIII(TPPS) with KHSO5; the redox cycle could only be
observed at low H2O2 concentrations and at high pH where
FeIII(TPPS) exists as a dimer. At higher H2O2 concentrations
only decomposition of the complex took place.

Redox cycling of FeIII(TPPS) in the presence of sulfite and
oxygen

Following the preliminary measurements described above for
the reaction between FeIII(TPPS) and sulfite on a long timescale
during which no evidence for redox cycling was found, meas-
urements on a much shorter timescale were performed. For this
purpose we used a rapid scan spectrophotometric technique
which coupled to a stopped-flow instrument enabled the record-
ing of UV-VIS spectra on a millisecond timescale. In a typical
experiment the total measurement time was 10.5 s and the cycle
time between each consecutive spectrum was 42 ms, such that a
total of 250 spectra were recorded. First the reaction of the
FeIII(TPPS) monomer with sulfite was investigated at pH 3. The
recorded spectra showed that there were nearly no spectral
changes on this relatively short timescale. However, the decom-
position of FeIII(TPPS) over a longer period of time, and the
fact that oxygen is consumed during this time period, support
the idea that a redox cycle similar to that outlined in reactions
(1)–(3) operates during this period. The FeII(TPPS) concen-
tration is most probable only too small to be observed spectro-
photometrically due to the very effective back oxidation of
FeII(TPPS) by SO5

��.
The reaction of the FeIII(TPPS) dimer with sulfite was

studied at pH 11. First it was performed in nitrogen-saturated
solutions and with a large excess of sulfite ([FeIII(TPPS)] =
6 × 10�6 M; [SO3

2�] = 4 × 10�4 M; I = 0.1 M). The recorded
spectra also showed no spectral changes. If the experiment is

Fig. 3 Experimental and simulated concentration profile for the FeIII-
(TPPS) dimer for the redox cycle observed for FeIII(TPPS) and
KHSO5. Simulated conditions: [FeIII(TPPS) dimer] = 3 × 10�6 M;
[KHSO5] = 6 × 10�6 M; pH 11.
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repeated with air-saturated solutions, then the formation and
disappearance of a shoulder at λ ≈ 426 nm is observed (see Fig.
2, SUP 57588). Since the shoulder is very broad (λ ≈ 420–428
nm) and the absorbance changes very small it is not possible to
assign the appearance of this shoulder to the partial formation
of either FeII(TPPS) or (TPPS)FeIIIOFeIV(O)(TPPS�) due to
the close similarity in their spectral properties in this wave-
length range. The spectral changes and the absorbance vs. time
traces indicate that a redox cycle does occur. The absorbance
changes associated with this redox cycle are greatly enhanced
when the reaction is repeated with oxygen-saturated solutions
(see Fig 3a, SUP 57588). The formation and disappearance of a
band at 420 nm can then clearly be seen. These spectral changes

Fig. 4 (a) Spectral changes observed for the redox cycle between the
FeIII(TPPS) dimer and H2O2 in oxygen saturated solutions ([H2O2] =
4.4 × 10�5 M; ∆t = 60 s). Insert: absorbance vs. time trace at λ = 406
nm. (b) Spectral changes observed for the formation of (TPPS)FeIII–O–
FeIV(O)(TPPS�) during the reaction between the FeIII(TPPS) dimer and
H2O2 in oxygen saturated solutions ([H2O2] = 4.4 × 10�6 M; ∆t = 0.6 s).
Insert: absorbance vs. time trace at λ = 421 nm. (c) Spectral changes
observed for the back reaction of (TPPS)FeIII–O–FeIV(O)(TPPS�) dur-
ing the reaction between the FeIII(TPPS) dimer and H2O2 in oxygen
saturated solutions ([H2O2] = 4.4 × 10�6 M; ∆t = 60 s). Insert: absorb-
ance vs. time trace at λ = 421 nm. Other experimental conditions as in
Fig. 2. correspond to those observed for the reaction of FeIII(TPPS)

with KHSO5 and with H2O2, which were attributed to the
oxidation of (TPPS)FeIIIOFeIII(TPPS) to (TPPS)FeIIIOFeIV(O)-
(TPPS�). The absorbance vs. time traces at λ = 430 (to monitor
FeIV(O)(TPPS�)) and 405 nm (to monitor FeIII(TPPS)) nicely
illustrate that a redox cycle occurs (see Fig. 3b, SUP 57588).
After what looks like an induction period, the absorbance vs.
time trace at λ = 430 nm first shows an increase due to the
formation of FeIV(O)(TPPS�) and then a decrease due to the
back reaction (reduction of FeIV(O)(TPPS�) to FeIII(TPPS)),
whereas the trace at λ = 405 nm shows the opposite trends.

The importance of oxygen for the observed redox cycle
can be clearly seen in Fig. 5(a), which reports absorbance vs.
time traces at λ = 405 ((TPPS)FeIIIOFeIII(TPPS)) and 430 nm
((TPPS)FeIIIOFeIV(O)(TPPS�), see Fig. 4, SUP 57588) for
different oxygen concentrations. A high oxygen concentration

Fig. 5 Absorbance vs. time traces for the redox cycle between the
FeIII(TPPS) dimer and sulfite at λ = 405 nm (FeIII(TPPS)) [FeIII-
(TPPS)] = 6 × 10�6 M, 25 �C and I = 0.1 M. (a) For different oxygen
concentrations. Experimental conditions: [SIV] = 4 × 10�3 M; pH 11;
[O2] = 1.2 × 10�4 (a), 2.4 × 10�4 (b), 6 × 10�4 (c) and 1.2 × 10�3 M (d).
(b) In oxygen saturated solutions for different pH values. Experimental
conditions: [SIV] = 4 × 10�3 M; pH 9.2 (a), 10 (b), 11 (c) and 12 (d). (c) In
oxygen saturated solutions for different sulfite concentrations. Experi-
mental conditions: pH 11; [SIV] = 1 × 10�3 (a), 2 × 10�3 (b), 4 × 10�3 (c),
6 × 10�3 (d) and 8 × 10�3 M (e).
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results in large absorbance changes for the redox cycle. Thus
oxygen induces the redox cycle due to the more effective form-
ation of the different sulfur oxide radicals (SO5

��, SO4
��, etc.)

which are responsible for the observed redox cycling. This is
supported by the fact that in nitrogen-saturated solutions no
redox cycling could be observed. The higher the oxygen concen-
tration the more (TPPS)FeIIIOFeIV(O)(TPPS�) is formed. It
should also be taken into account that sulfur oxide radicals
(SO5

��, SO4
��, etc.) are not only responsible for the redox cyc-

ling but also for the decomposition of FeIII(TPPS) as observed
during the measurements on a longer timescale. Therefore, in
many cases the redox cycle back from (TPPS)FeIIIOFeIV(O)-
(TPPS�) to the FeIII(TPPS) dimer does not proceed to 100%
completion.

In all these cases a small induction period was observed
before the redox cycle started. This indicates that certain reac-
tions between FeIII(TPPS) and sulfite/oxygen must take place
before the observed redox cycle can be initiated, and involves
the comsumption of oxygen due to the formation of the sulfur
oxide radicals.

Exactly the same trends as decribed above were also observed
in the longer wavelength range (450–650 nm) when the FeIII-
(TPPS) concentration was increased from 6 × 10�6 to 5 × 10�5

M in order to improve the observed spectral changes in this
region. After what looked like an induction period, an increase
followed by a decrease in a new absorption band at 525 nm was
observed. This was accompanied by a decrease followed by an
increase of the two characteristic absorption bands for FeIII-
(TPPS) at 570 and 620 nm. The overall redox cycle observed at
these wavelengths looked very similar to that observed at 405
and 430 nm.

The redox cycle not only depends on the oxygen concentra-
tion, but also on pH and sulfite concentration. An increase in
pH from 9 to 12 has a significant influence on the redox cycle as
shown by the recorded absorbance vs. time traces in Fig. 5(b).
The absorbance changes increase with increasing pH, which
leads to the conclusion that more (TPPS)FeIIIOFeIV(O)(TPPS�)
is formed at higher pH. In addition, the time for the formation
of (TPPS)FeIIIOFeIV(O)(TPPS�) increases with increasing pH,
thus the whole redox cycle (formation of (TPPS)FeIIIOFeIV-
(O)(TPPS�)) and back reduction to FeIII(TPPS)) becomes
slower at higher pH. At pH 12, where the redox cycle is slow,
some decomposition also takes place. In general it can be
concluded that a high pH value stabilizes the formation of
(TPPS)FeIIIOFeIV(O)(TPPS�) and therefore hinders the back
reaction (i.e. reduction to FeIII(TPPS)).

The sulfite concentration also has a significant influence on
the observed redox cycle. The absorbance vs. time traces (Fig.
5c) show that if the sulfite concentration is decreased to
1 × 10�3 M the redox cycle is not complete due to partial
decomposition. The complex (TPPS)FeIIIOFeIV(O)(TPPS�) is
formed and then slowly decomposed so that no back reduction
to FeIII(TPPS) takes place (Fig. 5c). If the sulfite concentraton
is increased decomposition is hindered and the redox cycle
becomes faster. This indicates that under strong oxidizing con-
ditions (low sulfite concentration and high oxygen concen-
tration), which results in a significant concentration of the
sulfur oxide radicals (SO5

��, SO4
��, etc.), decomposition

becomes more important since the radicals attack the TPPS
ligand. At higher sulfite concentrations the side reactions of the
sulfur oxide radicals with sulfite inhibit the decomposition of
the ligand and therefore sulfite has a similar effect as a radical
scavenger. This can also explain why the absorbance changes
accompanying the redox cycle and the concentration of
(TPPS)FeIIIOFeIV(O)(TPPS�) become smaller on increasing the
sulfite concentration. At high sulfite concentration the amount
of sulfur oxide radicals (which are important for the redox
cycle) is decreased due to the side reactions with sulfite.

In order to obtain further evidence for the participation of
the sulfur oxide radicals in the redox cycling process alcohol-

quenching studies were performed. It has been shown that
SO4

�� reacts rapidly with ethanol, whereas SO3
�� and SO5

��

both react 104 times slower.33,34 Therefore the redox cycle could
be affected by the addition of ethanol. It was performed at
different ethanol concentrations (0.025 to 0.125 vol%) and the
results were compared with the corresponding experiment in
the absence of ethanol. A small amount of ethanol (0.025
vol%) inhibits the redox cycle (see Fig. 7, SUP 57588). The
redox cycle is slower (50 instead of 10 s) and the absorbance
changes during the cycle are also smaller, which means that
less (TPPS)FeIIIOFeIV(O)(TPPS�) is formed. A further increase
in the ethanol concentration (0.05 vol%) leads to a further
decrease in the absorbance changes; the band of (TPPS)FeIII-
OFeIV(O)(TPPS�) appears only as a shoulder. If the ethanol
concentration is increased to 0.125 vol% then no redox cycle is
observed. In all alcohol quenching studies with FeIII(TPPS) and
sulfite a slow subsequent reaction takes place which gives rise to
a new band at 415 nm accompanied by small absorbance
changes. The ethanol dependence of the subsequent reaction
suggests that ethanol does not only react with the sulfur oxide
radicals but also with FeIII(TPPS). The fact that ethanol
inhibits the redox cycle demonstrates the important role of the
sulfur oxide radicals (especially SO4

��) in the redox cycling.
As in the case for the FeIII(TPPS)–KHSO5 system, we suggest

a mechanism for the redox cycling of the FeIII(TPPS)–sulfite–
oxygen system which is based on reactions that participate in
the suggested mechanism for the iron-catalysed autoxidation of
sulfite.13 In contrast to the FeIII(TPPS)–KHSO5 system, oxygen
plays a significant role in the redox cycle of FeIII(TPPS) with
sulfite. This fact has to be considered in the proposed mechan-
ism, eqns. (2), (4)–(7), (9)–(18).

(TPPS)FeIII–O–FeIII(TPPS) � SO3
2�

(TPPS)FeIII–O–FeII(TPPS) � SO3
�� K = 7.8 × 10�7 (9)

SO3
�� � O2 → SO5

�� 2.5 × 109 M�1 s�1 (2)

SO5
�� � SO3

2� → SO5
2� � SO3

��

1.05 × 107 M�1 s�1 (10)

SO5
�� � SO3

2� → SO4
2� � SO4

��

7.5 × 104 M�1 s�1 (11)

(TPPS)FeIII–O–FeII(TPPS) � SO5
�� →

(TPPS)FeIII–O–FeIII(TPPS) � SO5
2� (12)

SO5
2� � SO3

2� → SO4
2� � SO4

2�

3.5 × 102 M�1 s�1 (13)

(TPPS)FeIII–O–FeIII(TPPS) � SO5
2� →

(TPPS)FeIII–O–FeIV(O)(TPPS�) � SO4
2� (4)

SO4
�� � SO3

2� → SO4
2� � SO3

��

3.8 × 108 M�1 s�1 (14)

(TPPS)FeIII–O–FeII(TPPS) � SO4
�� →

(TPPS)FeIII–O–FeIII(TPPS) � SO4
2� (15)

(TPPS)FeIII–O–FeIII(TPPS) � SO5
2� →

decomposition products � SO4
2� (6)

(TPPS)FeIII–O–FeIV(O)(TPPS�) � SO3
�� →

(TPPS)FeIII–O–FeIII(TPPS) � SO4
�� (16)

(TPPS)FeIII–O–FeIV(O)(TPPS�) � SO5
2� →

decomposition products � SO4
2� (7)

(TPPS)FeIII–O–FeIV(O)(TPPS�) �

(TPPS)FeIII–O–FeII(TPPS) � H� →
2{(TPPS)FeIII–O–FeIII(TPPS)} � HO� (17)
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Table 2 Fitted values, accuracies and confidence limits from the FACSIMILE fit of the experimental curves for the reaction between (TPPS)FeIIIO-
FeIII(TPPS) and SO3

2� (see Fig. 6)

Reaction Value/M�1 s�1 SDLN a 5% lmiit 95% limit Suggested value

Well determined values

(9) (forward)
(9) (backward)
(16)
(4)
(17)
(6)

8.6856
1.1148 × 107

1.3788 × 108

6.1999 × 103

3.5537 × 1014

2.3193 × 102

0.0080
0.0927
0.0363
0.0130
0.1450
0.0122

8.5717
9.5709 × 106

1.2988 × 108

6.0685 × 103

2.7994 × 1014

2.2733 × 102

8.8010
1.2985 × 107

1.4636 × 108

6.3341 × 103

4.5114 × 1014

2.3662 × 102

8.69 ± 0.12
(1.1 ± 0.2) × 107

(1.38 ± 0.09) × 108

(6.2 ± 0.2) × 103

(3.6 ± 1.0) × 1014

(2.32 ± 0.05) × 102

Not well determined values

(12)
(7)

4.72 × 105

8.45
1.1162
2.4490

5.3256 × 104

3.9265 × 10�2
2.0955 × 106

1.2395 × 102
4.7 × 105

8.5 × 102

Data do not determine values

(15)
(5)

8.41 × 108

1.27 × 103
8.4 × 108

1.3 × 103

a Estimated standard deviation for the logarithm of each parameter value. The 5 and 95% limits indicate that there is a 5% probability that the true
value lies below the lower limit, and a 95% probability that the true value lies below the upper limit.

2{(TPPS)FeIII–O–FeIV(O)(TPPS�)} →
2{(TPPS)FeIII–O–FeIII(TPPS)} � O2 (5)

SO3
2� � HO� → SO3

�� � OH� 4.6 × 109 M�1 s�1 (18)

The rate constants given in the reaction scheme are taken
from the literature 5,12,13,35 and used in the simulations as fixed
values. In the above mechanism the formation of the sulfite
radical (reaction (9)) and its subsequent fast reaction (2) with
oxygen to the peroxomonosulfate radical play a significant role
in the multiple redox cycling (FeIII/FeII/FeIV) of the FeIII(TPPS)–
sulfite–oxygen system. In nitrogen saturated solutions no spec-
tral changes were observed. For the redox cycle of the FeIII-
(TPPS) with sulfite, the presence of oxygen is absolutely neces-
sary and an induction period clearly occurred. In the case of the
FeIII(TPPS)–KHSO5 system no oxygen dependence and no
induction period were observed, indicating that in the observed
redox cycle with sulfite the oxidizing species (peroxomono-
sulfate/peroxomonosulfate radical) first have to be formed in
order to initiate the FeIII/FeIV redox cycle. First a portion of the
FeIII(TPPS) is reduced by sulfite and a sulfite radical is formed
(reaction (9)). The sulfite radical reacts rapidly with the oxygen
present in solution to the peroxomonosulfate radical (reaction
(2)) which is able to oxidize sulfite or FeII(TPPS) (reactions (10)
and (12)). In both reactions peroxomonosulfate is formed
which, as in the case of the FeIII(TPPS)–KHSO5 system, oxid-
izes FeIII(TPPS) to FeIV(TPPS) (reaction (4)) or oxidizes the
TPPS ligand leading to the decomposition of the complex
(reactions (6) and (7)). The back reaction of FeIV to FeIII occurs
through the sulfite radical (reaction (16)), through the proton
catalysed redox reaction between FeIV and FeII (reaction (17)),
and through the redox reaction between two iron() species
(reaction (5)). In addition, it should be taken into consideration
that sulfur oxides or sulfur oxide radicals not only react with
the metal complex but also with the excess of sulfite in solution
(reactions (10), (11), (13) and (14)). The sulfite itself thereby
reacts as a kind of radical scavenger. The same effect also
occurs for the HO� radicals (reaction (18)). Computer simu-
lations based on the reactions (2), (4)–(7), (9)–(18) using the
FACSIMILE chemical modelling package show good agree-
ment between the experimental and simulated concentration
profiles (concentration vs. time curves in Fig. 6). The values for
the varied rate constants are summarized in Table 2. It is
important to note that the reported values were obtained from
many simulations over a wide sulfite and oxygen concentration
range. Although the data do not determine the values of all the
rate constants under the specific conditions, they do under

other conditions. It is therefore obvious that the accuracies and
confidence limits vary under different conditions.

The rate constants clearly show that under the selected condi-
tions the formation of the peroxomonosulfate radical (reaction
(2)) and of peroxomonosulfate (reaction (10)) is very fast. Both
species play a significant role and initiate the second (FeIII/FeIV)
redox cycle between the FeIII(TPPS) dimer and sulfite. The per-
oxomonosulfate produced in the FeIII(TPPS)–sulfite–oxygen
system reacts in the same way as in the proposed mechanism for
the FeIII(TPPS)–KHSO5 system (reactions (4) to (8)). The rate
constants obtained from the simulation for these reactions
approximately agree within the experimental and evaluation
error limits with those obtained from the simulation of the
redox cycle between FeIII(TPPS) and KHSO5. Theoretically the
k values for these reactions should be identical in both simu-
lations. Since concentration vs. time profiles are preferred for
the simulations with the FACSIMILE program, a transform-
ation of the experimental obtained absorbance vs. time traces to
concentration vs. time traces is necessary. This transformation
is associated with some difficulties and thus with some errors
since the absorbance changes associated with the redox cycle
are small and the absorbance bands or maxima of the different
Fe(TPPS) species partly overlap. Concentration curves for
(TPPS)FeIIIOFeIII(TPPS) and (TPPS)FeIIIOFeIV(O)(TPPS�)
were calculated by using the molar absorptivity values for
these complexes at 405 and 430 nm, respectively (e.g. ≈1.1 × 105

and ≈8 × 104 M�1 cm�1). The corresponding minimum
molar absorptivity values at these wavelengths are subtracted
from these values. The maximum absorbance changes at these

Fig. 6 Experimental and simulated concentration profile for the FeIII-
(TPPS) dimer and (TPPS)FeIIIOFeIV(O)(TPPS�) during the redox cycle
observed for FeIII(TPPS) and sulfite in oxygen saturated solutions.
Simulated conditions: [FeIII(TPPS) dimer] = 3 × 10�6 M; [SIV] = 4 ×
10�3 M; pH 11.
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wavelengths can then be related to the maximum concentration
(3 × 10�6 M) of the dimeric species. In addition, it should be
taken into consideration that during the redox cycle several
parallel reactions take place which are responsible for the
observed absorbance changes. The back reaction of FeIV to FeIII

occurs according to the results of the simulation, through the
sulfite radical (reaction (16)), through the proton catalysed
redox reaction between FeIV and FeII (reaction (17)) and
through the redox reaction between two iron() species (reac-
tion (5)). Thus in the case of the FeIII(TPPS)–sulfite–oxygen
system the back reaction and therefore the complete redox cycle
is much faster (only a few seconds) than in the case of the
FeIII(TPPS)–KHSO5 system (ca. 1000 s).

On the basis of the proposed mechanism the sulfite and the
oxygen concentration dependence of the multiple redox cycles
for the FeIII(TPPS)–sulfite–oxygen system were simulated by
using the FACSIMILE program (Fig. 7(a) and 7(b)). The simu-
lated concentration vs. time curves in Fig. 7(b) show that at low
sulfite concentration (1 × 10�3 M) the FeIII/FeIV redox cycle is
not complete because of interfering decomposition. The com-
plex (TPPS)FeIIIOFeIV(O)(TPPS�) is formed and then slowly
decomposed so that no back reduction to FeIII(TPPS) occurs
(Fig. 7(b)). If the sulfite concentration is increased the decom-

Fig. 7 Simulated concentration profiles for the FeIII(TPPS) dimer
during the redox cycle observed for FeIII(TPPS) and sulfite, [FeIII(TPPS)
dimer] = 3 × 10�6 M, pH 11, T = 25 �C, I = 0.1 M. (a) At different
oxygen concentrations. Simulated conditions: [SIV] = 4 × 10�3 M;
[O2] = 1 × 10�4 (a), 2 × 10�4 (b), 5 × 10�4 (c) and [O2] = 1 × 10�3 M (d).
(b) In oxygen saturated solutions at different sulfite concentrations.
Simulated conditions: [SIV] = 8 × 10�3 (a), 6 × 10�3 (b), 4 × 10�3 (c),
2 × 10�3 (d) and 1 × 10�3 M (e).

position is inhibited and the redox cycle becomes faster. The
simulation results for the sulfite dependence are in good agree-
ment with the experimentally obtained sulfite dependence for
the FeIII(TPPS)–sulfite–oxygen system (see Fig. 5(c)). The simu-
lated concentration vs. time curves in Fig. 7(a) clearly show the
influence of oxygen on the redox cycle. The higher the oxygen
concentration the larger are the observed concentration
changes for the observed redox cycle. The reason is that at high
oxygen concentrations more SO5

�� is formed, which leads to the
formation of SO5

2� that initiates the FeIII/FeIV redox cycle. This
redox cycle is therefore hardly observed at low oxygen concen-
trations. The simulation results are in good agreement with the
experimentally obtained oxygen dependence of the FeIII(TPPS)–
sulfite–oxygen system (see Fig. 5(b)).

In Fig. 8 the simulated concentration vs. time curves for the
most important species involved in the redox cycle of the
FeIII(TPPS)–sulfite–oxygen system are presented. The calcu-
lated curves clearly demonstrate the opposite concentration
trends of the two Fe(TPPS) species. The concentration of the
FeIII(TPPS) dimer decreases because of the formation of the
(TPPS)FeIIIOFeIV(O)(TPPS�) by peroxomonosulfate. Sub-
sequently, the back reaction takes place to the FeIII(TPPS)
dimer. Beside the redox reactions also decomposition reactions
occur, with the result that the redox cycle is not 100% complete.
Since the reaction of the sulfite radical with oxygen to form the
peroxomonosulfate radical is very efficient, the oxygen concen-
tration nearly decreases to zero. The peroxomonosulfate radical
reacts rapidly with the excess of sulfite to form further sulfur
oxides (sulfate, peroxomonosulfate) and sulfur oxide radicals
(sulfite and sulfate radicals). Thus the concentration of
these species increases. The peroxomonosulfate concentration
decreases after some time since it is used up during the decom-
position reactions with the two Fe(TPPS) species. The sulfite
concentration decreases during the redox cycle since it reacts
with the sulfur oxides and the sulfur oxide radicals. In com-
parison with the other species, the decrease in the sulfite con-
centration is not so significant since it is present in large excess.

Taking the complexity of the system into account, the results
obtained from the computer simulations are in good agreement
with the experimental results. The concentration vs. time pro-
files of the FeIII/FeIV redox cycle as well as the sulfite and the
oxygen dependence could be successfully simulated on the basis
of the proposed mechanism. It should, however, be noted
that the proposed mechanism, which is partly based on the
suggested mechanism of the iron-catalysed autoxidation of
sulfite,13 can only approximately describe the very complex
FeIII(TPPS)–sulfite–oxygen system. Many known 5 reactions of
the sulfur species, but probably less important for this system,
were not included in the model. The suggested reaction scheme
is also incomplete in that no acid–base equilibria have been
taken into account. Many more reaction steps and equilibrium
data will be necessary to simulate the pH dependence of the

Fig. 8 Simulated concentration profiles for some important species involved in the redox cycle between FeIII(TPPS) and sulfite. Simulated condi-
tions: [FeIII(TPPS) dimer] = 3 × 10�6 M; [SIV] = 4 × 10�3 M; [O2] = 1 × 10�3 M; pH 11.
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reaction. There is, however, no doubt that it gives a very good
description of the observed experimental trends under the
selected conditions.

Conclusion
The results of this study have clearly revealed the conditions
under which FeIII(TPPS) can be oxidized to FeIV(O)(TPPS�),
decomposition of FeIII(TPPS) takes place, or a redox cycle
between the FeIII(TPPS) dimer and (TPPS)FeIIIOFeIV(O)-
(TPPS�) occurs. Under strong oxidizing conditions various
strong oxidants such as SO5

��, HSO5
� and H2O2 can cause a

decomposition of Fe(TPPS), which presumably involves the
oxidation to FeIII(TPPS�) followed by decomposition of the
TPPS chelate. Oxidation of FeIII(TPPS) to FeIV(O)(TPPS�) is
more favourable at high pH in the presence of sulfite, where
the concentration ratios of Fe(TPPS), sulfite and dissolved
oxygen are very critical for the stabilization of FeIV(O)(TPPS�).
The latter species can react with sulfite radicals (SO3

��) and
peroxomonosulfate back to FeIII(TPPS), at which stage the
remaining oxidizing power will determine the extent of further
oxidation of FeIII(TPPS) that will be accompanied by the
decomposition of TPPS.

Our earlier work on the redox cycling of FeII/FeIII in the
presence of sulfite and oxygen clearly showed that SO4

��,
HSO5

� and SO5
�� are responsible for the rapid oxidation of

FeII to FeIII. Our present results show that the FeIII/FeII redox
cycle can be close to 100% efficient under well controlled
experimental conditions, involving pH, sulfite and oxygen con-
centration. In addition, such a redox cycle can occur on a short
timescale (a couple of seconds), such that conventional kinetic
techniques are not suitable to detect such a redox cycling
process. This redox cycling will form the basis of a catalysed
autoxidation of sulfite, and could under well selected condi-
tions lead to a very efficient catalytic system. The multiple redox
cycles observed in the current system are quite unique and only
observed for the FeIII(TPPS) dimer. This is probably related to
the stability of the (TPPS)FeIIIOFeIV(O)(TPPS�) dimer under
the selected conditions. As a result of the µ-oxo bridge in the
FeIII(TPPS) dimer, the axially co-ordinated water molecules are
expected to be extremely labile, and could in this way favour the
interaction with peroxomonosulfate to produce the FeIV(O)-
(TPPS�) species, something that will be less likely in the case of
the monomeric species.
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