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Abstract
The kinetics of the reaction between tungstate ion and hydrogen peroxide in aque-
ous medium containing phosphate ions has been followed spectrophotometrically 
at 225  nm. This wavelength led to two different kinds of absorbance-time plots, 
showing either an increasing-maximum-decreasing temporal pattern or a continu-
ously decreasing one, depending on the medium pH. This allowed to carry out two 
independent kinetic studies, one at high pH (first reaction stage) concerning the for-
mation of a long-lived intermediate, thought to be W(V), and the other at low pH 
(second reaction stage) concerning its decay. The kinetic tool chosen to obtain the 
quantitative information was that of the initial rate method. The results indicated 
that, whereas both reaction stages were of first order in hydrogen peroxide, the 
rate dependence on the concentration of tungstate ion differed for the two stages: 
an apparent kinetic order intermediary between 1 and 2 for the first stage, and a 
well-defined order 1 for the second stage. There was also a difference between the 
dependences of the initial rates of the two stages on the concentrations of phosphate 
ions (the rate of the first stage independent and that of the second decreasing) and 
of the background electrolyte KCl (for the first stage an increasing effect and for 
the second a decreasing one). Both stages showed catalysis by hydrogen, copper(II), 
zinc and manganese(II) ions, the latter three probably acting as superoxide radi-
cal scavengers. Although the activation energy of the first stage was unusually 
close to zero (1.0 ± 1.2 kJ mol−1), that of the second stage was considerably higher 
(28 ± 3  kJ  mol−1). Finally, a mechanism coherent with the available experimental 
information, and where the solvent cage effect plays an important role, has been pro-
posed for each reaction stage.
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Introduction

Tungsten is one of the four elements belonging to the VIB group of the periodic 
table, the only others of some importance in the chemistry laboratory being chro-
mium and molybdenum [1]. With respect to the chemical properties, those of 
the VI oxidation state are remarkable. For instance, both molybdenum(VI) and 
tungsten(VI) have been reported to catalyze the oxidation of organic compounds by 
hydrogen peroxide [2]. Although the elements with an atomic number Z > 35 are 
known not to have usually a biological role in healthy leaving organisms, tungsten 
with its Z = 74 is an exception because of its active participation in the constitution 
of several enzymes [3].

On its part, hydrogen peroxide is a versatile reagent, acting either as an oxidizing 
agent [4–6] or as a reducing one [7–9], depending on its chemical counterpart. It can 
even dismutate in the presence of an adequate catalyst [10–12]. With respect to the 
biological properties, this peroxide is one of the metabolites formed in the cell’s mito-
chondria of aerobes after the oxygen uptake [13–15]. Its main harmful effects are prob-
ably related to its ability to generate free radicals by reaction with transition metal ions 
(or their protein complexes) readily susceptible of accepting or donating one electron 
in redox processes, yielding superoxide radicals in the first case [16–18] and hydroxyl 
radicals in the second [19–21]. Since those reactive oxygen species (ROS) are believed 
to be involved in the mechanism of aging [22–24], as well as in the genesis of some 
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types of cancer [25–27] and other degenerative diseases 28–30], the organism is pre-
pared to defend itself from them by eliminating their chemical source. To this purpose, 
the enzymes catalase and glutathione peroxidase catalyze the efficient dismutation of 
hydrogen peroxide (leading to H2O and O2) [31–33] and its reduction to water [34–36], 
respectively.

Since it is clear that those natural enzymes do not seem to be able to completely 
avoid the generation of free radicals, and so arresting what might be the main route 
of the aging process, it may be interesting to look for low-toxicity chemical species 
capable of eliminating hydrogen peroxide (by either its oxidation to O2 or its reduction 
to H2O), ideally in two-electron reactions, that is, without the mediation of deleterious 
free radicals in the corresponding mechanism. In this work, and with that perspective 
in mind, the oxidation of hydrogen peroxide to diatomic oxygen by tungstate ion will 
be analyzed in detail. Besides the oxidation reaction, there might also be some catalysis 
of the decomposition of hydrogen peroxide, contributing to some extent to the overall 
reaction. Actually, chromate ion has been reported to oxidize hydrogen peroxide under 
acidic conditions (it being reduced to the + III state), whereas what happens in neutral 
solutions is the catalysis of the decomposition of the peroxide:

the catalyst being recuperated at the end of the reaction [37]. A similar behavior 
might be expected to be found a priori in the case of tungstate ion.

Experimental

Materials

The solvent used in all the experiments was water previously purified by deionization 
followed by treatment with a Millipore Synergy UV system (milli-Q quality, K = 0.05 
µS/cm at 25.0 °C). The three reactants required to carry out the redox reaction and thus 
present in all the kinetic runs were sodium tungstate dihydrate, Na2WO4·2H2O (Fluka), 
as the oxidizing agent; hydrogen peroxide, H2O2 (Sigma-Aldrich), as the reducing 
agent; and potassium dihydrogen phosphate, KH2PO4 (Merck), as the acid component 
of a buffer. Moreover, the chemical compounds present in some of the experiments 
were hydrochloric acid, HCl (Sigma-Aldrich), and sodium hydroxide, NaOH (Panreac), 
to change the pH of the medium when necessary; potassium chloride, KCl (Merck), 
to change the ionic strength; as well as copper(II) sulfate pentahydrate, CuSO4·5H2O 
(Merck), zinc sulfate heptahydrate, ZnSO4·7H2O (Merck), and manganese(II) sulfate 
monohydrate, MnSO4·H2O (Merck), as potential catalysts.

Instrumentation

The pH measurements were done by means of a Wave pH-meter, provided with a 
digital presentation until the second decimal figure (± 0.01 pH) and an anode–cath-
ode electrode pair, the latter calibrated with the aid of commercial buffers of known 

(1)2H2O2 ⟶ 2H2O + O2
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pH. The temperature was kept constant by means of a thermostatic bath Lauda E 
100 also provided with a digital reading (± 0.1 °C). Given that the reacting mixtures 
were all colorless, the kinetic runs were followed measuring periodically the absorb-
ances at 225 nm with a Shimadzu 160 A double beam UV–Vis spectrophotometer 
(± 0.001 A), with a thermostatted cell holder and using a quartz cell of 1 cm optical 
path length. That wavelength offers two advantages, the first one being that it allows 
to determine the initial rate of formation of a long-lived intermediate at higher pHs 
and of the reaction products at lower pHs; the second one being that it leads to large 
increases or decreases in the solution absorbance, thus minimizing the experimental 
errors associated with the determination of the kinetic parameters.

Kinetic experiments

The oxidizing agent, sodium tungstate, was the last reactant to be added to a ther-
mostatted aqueous solution containing all the other required chemicals. The total 
volume of the reaction mixtures was fixed at a constant value (24  mL) in all the 
experiments. The absorbance readings started around 20–25 s after the last reactant 
was added (usually by means of a fast release 1-mL pipette) and the reaction mixture 
gently stirred. The absorbances were then periodically measured, in the first stage 
of the process, when the reaction was rather fast, with a time interval of 10 s during 
16 min (99 values), and in the last stage, already at a lower rate as the reaction nears 
the equilibrium, with a time interval of 120  s during several hours. In total, 279 
kinetic runs were performed.

Results and discussion

Experimental absorbance‑time plots

In the first experiment, the reaction was followed simultaneously at five different 
wavelengths, covering almost the whole ultraviolet spectrum range. This was so 
because the reacting mixture was colorless throughout the reaction, thus rendering 
useless the visible part of the spectrum. The wavelength of 225 nm was clearly the 
one leading to a wider change in the absorbance (in this case a decrease) as the 
reaction advanced, and so it was selected to monitor the evolution of the process 
(Fig. 1S, left).

A striking finding of this experiment was that the profile of each absorbance-
time plot depended a lot on the wavelength of work. At both 225 nm (Fig.  1S, 
right) and 250  nm (Fig.  2S, left) the absorbance monotonously decreased with 
time, at 275 nm it increased throughout the reaction (Fig. 2S, right), whereas at 
both 300 nm (Fig. 3S, left) and 325 nm (Fig. 3S, right) the absorbance presented 
a maximum, with a fast increase followed by a slow decrease. When the absorb-
ance vs. time plot showed a monotonously decreasing profile (225 and 250 nm), 
the chemical species responsible for that decrease was either a reactant or a long-
lived intermediate after its maximum concentration. The continuously increasing 
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profile (275 nm) seemed to be the result of a reaction product absorbing light at 
that wavelength. Finally, the plots showing a maximum (300 and 325 nm) were 
indeed caused by a long-lived intermediate (I-1), most probably the same at both 
wavelengths, but with a molar absorption coefficient higher at the lower one 
(ε300 > ε325). However, the increase in absorbance associated with the formation 
of I-1 was too low for allowing the determination of kinetic parameters with a 
reasonable precision.

Working from now on at the selected wavelength of 225  nm, the tungstate-
hydrogen peroxide reaction presented a rather unique feature, since the profiles of 
the absorbance vs. time plots dramatically changed with the pH of the medium. 
Whereas at high pHs the plots showed an initial increasing stage followed by a 
maximum and a decreasing one (Fig. 1, left), what we observed at low pHs was a 
monotonously decreasing stretch, sometimes (especially when the concentration 
of phosphate ions was very low) followed by an increasing one (Fig. 1, right).

The first kind of behavior (plot with a maximum) clearly indicated that another 
long-lived intermediate (I-2), absorbing light at 225 nm, was being formed. Although 
there was little information on the nature of these two long-lived intermediates, a 
reasonable guess would be that I-2 might be a W(V) species, whereas I-1 might be 
a superoxotungsten(III) species (WOO2+), by analogy with superoxochromium(III) 
ion (CrOO2+) [38, 39], whose electronic spectrum shows an absorption peak at 
290 nm, and which has been reported to be formed from the reaction of Cr(IV) with 
H2O2 [40]. These two intermediates had to be present in concentration high enough 
for the spectrophotometer to be able to detect them, and thus not being in steady 
state, since this approximation would require that the intermediates be reactive 
enough for their maximum concentrations to be negligible with respect to the initial 
concentration of the limiting reactant (tungstate ion) [41].

On its side, the second kind of behavior (plot without a maximum and at low 
pH) might correspond to a situation where the long-lived intermediate I-2 had 
already been formed when the first absorbance reading was taken, suggesting that 
the conversion of the reactants into that intermediate exhibited acid catalysis.

Fig. 1   Absorbance at 225 nm as a function of time during the tungstate ion-hydrogen peroxide reaction 
at [Na2WO4]o = 2.67 × 10–4 M, [H2O2]o = 1.63 × 10–3 M and 25.0 °C. Left: [KH2PO4]o = 1.50 × 10–2 M, 
[NaOH]o = 2.46 × 10–3 M and pH 6.12. Right: [KH2PO4]o = 3.00 × 10–3 M, [NaOH]o = 0 and pH 5.74
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Initial rate method

Given the complexity of the tungstate ion-hydrogen peroxide reaction, the initial rate 
method was the one chosen to obtain the kinetic data. This method was splitted into 
two different versions, depending on whether we referred to the formation of the 
long-lived intermediate (from now on I-2) from the reactants (absorbance increasing 
with time):

or to that of the reaction products from the intermediate (absorbance decreasing 
with time):

the fit being limited to the first 10 experimental points (90 s), whereas the formula 
used in both cases to obtain the initial rate was:

the relationship between absorbances and concentrations having been based on the 
known equation for additive properties [42].

Main kinetic data

An increase in the initial concentration of tungstate ion, keeping all the other experi-
mental conditions constant, led to linear relationships in double-logarithmic plots 
of the initial rate against that concentration, both as far as the formation of the long-
lived intermediate (Fig. 4S, left) and its posterior decay (Fig. 4S, right) were con-
cerned. The two slopes were positive but non-integer numbers, 1.70 ± 0.05 in the 
first case and 0.63 ± 0.03 in the second. However, since sodium tungstate is a basic 
compound, the medium pH increased as its concentration increased, pointing out 
that a correction of these results will be required later.

When the effect of the reducing agent on the reaction rate was studied, the dou-
ble-logarithmic plots also led to linear relationships, yielding this time kinetic orders 
for hydrogen peroxide very close to unity, 0.99 ± 0.03 as far as the formation of the 
intermediate is concerned (Fig. 5S, left) and 1.00 ± 0.02 for its decay (Fig. 5S, right).

The initial rate corresponding to the formation of the long-lived intermedi-
ate increased with the potassium dihydrogen phosphate concentration showing an 
upward-concave curvature (Fig. 2, left), whereas that corresponding to the interme-
diate decay showed a maximum and a bell-shaped profile (Fig. 2, right). The sim-
plest explanation for these behaviors would be that both stages of the reaction pre-
sented acid catalysis, since an increase of the KH2PO4 concentration resulted in a 
decrease in the medium pH, but the second stage also showed an inhibition by phos-
phate ions, the latter being responsible for the decrease observed in the rate value. 
Actually, phosphate ions are known to form stable complexes with both Mo(VI) 

(2)ln (A∞ − At) =a o+a1 t+a2 t
2

(3)ln (At − A∞) =a o+a1 t+a2 t
2

(4)vo= −

(

d[W(VI)] t

dt

)

t=0

= − a1[W(VI)] o
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[43–45] and W(VI) [46–48], thus offering a possible explanation for the observed 
inhibition by those ions.

The potential effect induced by the medium ionic strength on the reaction rate 
was studied by making use of potassium chloride as background electrolyte. Rather 
surprisingly, the observed behaviors for the two reaction stages were opposite of 
each other, whereas the initial rate of intermediate formation increased as the KCl 
initial concentration increased (Fig.  3, left), that of its decay decreased (Fig.  3, 
right). Addition of KCl resulted in a decrease of the medium pH, caused by its effect 
on the dissociation equilibrium of dihydrogen phosphate ion, shifting it to the right 
(an ionic strength effect). Since both reaction stages seemed to show acid catalysis, 
the actual effects of the ionic strength on the rate (once discounted the pH effect) 
were expected to be less intense than that observed in the laboratory for the first 
stage and more intense for the second.

The effect of the pH on the reaction rate, although partially guessed from the 
results found when the KH2PO4 initial concentration was changed (Figs. 2, left and 
right), was studied in more detail by changing this time the concentrations of HCl 
and NaOH as necessary, so that the masking effect caused by a potential phosphate-
induced inhibition could be avoided. Acid catalysis was found for both the formation 
of the long-lived intermediate (Fig.  4, left) and its decay (Fig.  4, right). Interest-
ingly enough, the plot observed in the second case was monotonously decreasing, 
thus demonstrating that the maximum observed in Fig.  2 (right) was caused by a 
combination of acid catalysis and inhibition by phosphate ions. However, a com-
parison of the curves corresponding to the initial rate of formation of the long-lived 
intermediate at different pHs obtained at constant (with addition of NaOH) and vari-
able phosphate concentrations (Fig. 6S) showed that only the decay of the long-lived 
intermediate was affected by the presence of phosphate ions, the formation of that 
intermediate being largely unaffected. The experimental data for the first (Table 1) 
and second (Table 2) reaction stages could be fitted to the following equations:

Fig. 2   Initial rate as a function of the potassium dihydrogen phosphate initial concentration at 
[Na2WO4]o = 2.67 × 10–4  M, [H2O2]o = 1.63 × 10–3  M and 25.0  °C. Left: formation of the long-
lived reaction intermediate at [KH2PO4]o = 9.00 × 10–3  M (pH 6.54)–3.00 × 10–2  M (pH 5.92) and 
[NaOH]o = 3.40 × 10–3 M. Right: formation of the reaction products at [KH2PO4]o = 9.00 × 10–3 M (pH 
5.33)–0.120 M (pH 4.52) and [NaOH]o = 0
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The formation of the long-lived intermediate was essentially non-dependent on 
temperature, the activation energy being close to zero (1.0 ± 1.2 kJ  mol−1) and, 
accordingly, with the correlation coefficient associated with the Arrhenius plot 

(5)vo,I = kH,1+kH,2 [H
+] + kH,3 [H

+]2

(6)vo,P =
kH,4 + kH,5 [H

+]

1 + kH,6 [H
+]

Fig. 3   Logarithm of the initial rate as a function of the potassium chloride initial concentration at 
[Na2WO4]o = 2.67 ×10–4  M, [H2O2]o = 1.63 × 10–3  M, [KH2PO4]o = 1.50 × 10–2  M and 25.0  °C. Left: 
formation of the long-lived reaction intermediate at [NaOH]o = 3.40 × 10–3 M and [KCl]o = 0 (pH 6.29)–
0.275 M (pH 6.16). Right: formation of the reaction products at [NaOH]o = 0 and [KCl]o = 0 (pH 5.09)–
1.125 M (pH 4.95)

Fig. 4   Logarithm of the initial rate as a function of the pH at [Na2WO4]o = 2.67 × 10–4 M, [H2O2]o = 1.63 
× 10–3 M, [KH2PO4]o = 1.50 × 10–2 M and 25.0 °C, showing both the experimental points (empty cir-
cles) and those calculated according to a theoretical model (filled circles). Left: formation of the long-
lived reaction intermediate at [HCl]o = 0 and [NaOH]o = 1.41 × 10–3 M–1.76 × 10–2 M, the model being 
given by Eq. 5. Right: formation of the reaction products at [HCl]o = 0–1.01 × 10–3 M (pH ≤ 5.09) and 
[NaOH]o = 0–3.17 × 10–3 M (pH ≥ 5.09), the model being given by Eq. 6
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rather low (Fig.  7S, left). The activation energy for the intermediate decay was 
considerably higher (28 ± 3  kJ  mol−1) and with a more acceptable correlation 
coefficient (Fig. 7S, right).

A compilation of the main kinetic results obtained for the tungstate ion-hydro-
gen peroxide reaction can be found in Table 3. As can be seen, when the effect 
of the changing pH due to the basicity of the oxidizing agent (Na2WO4) was 
discounted, the kinetic order of that species increased from 1.70 to 1.85 in the 
case of the intermediate formation and from 0.63 to 1.01 in that of its decay. The 
kinetic order of hydrogen peroxide, however, did not require any correction, since 
the corresponding series of experiments was carried out at almost constant pH. It 
should also be noticed the striking difference in the activation energies observed 
for the two reaction stages.

Table 1   pH-Related kinetic 
parameters associated with the 
formation of the long-lived 
reaction intermediatea

a [Na2WO4]o = 2.67 × 10–4  M, [H2O2]o = 1.63 × 10–3  M, 
[KH2PO4]o = 1.50 × 10–2  M, [NaOH]o = 1.41 × 10–3  M–1.76 × 
10–2 M, pH 5.89–9.74, 25.0 °C
b Parameters defined in Eq. 5

Parameterb Numerical value Units

kH,1 (3.4 ± 0.7) × 10–7 Ms−1

kH,2 3.22 ± 0.11 s−1

kH,3 (1.1 ± 0.2) × 106 M−1 s−1

Table 2   pH-Related kinetic 
parameters associated with the 
decay of the long-lived reaction 
intermediatea

a [Na2WO4]o = 2.67 × 10–4  M, [H2O2]o = 1.63 × 10–3  M, 
[KH2PO4]o = 1.50 × 10–2 M, [HCl]o = 0–1.01 × 10–3 M (pH ≤ 5.09), 
[NaOH]o = 0–3.17 × 10–3 M (pH ≥ 5.09), 25.0 °C
b Parameters defined in Eq. 6

Parameterb Numerical value Units

kH,4 (8.9 ± 0.5) × 10–8 Ms−1

kH,5 (7.52 ± 0.09) × 10–2 s−1

kH,6 (5.4 ± 0.4) × 104 M−1

Table 3   Kinetic parameters for the tungstate-hydrogen peroxide reaction

a Non-corrected values
b pH-corrected values

Parameter Intermediate formation Product formation

Kinetic order (WO4
2−)a 1.70 ± 0.05 0.63 ± 0.03

Kinetic order (WO4
2−)b 1.85 ± 0.04 1.01 ± 0.06

Kinetic order (H2O2) 0.99 ± 0.03 1.00 ± 0.02
Activation energy 1.0 ± 1.2 kJ mol−1 28 ± 3 kJ mol−1
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Catalysis by transition metal ions

The eventual possibility of catalysis by transition metal ions was also addressed. In 
particular, copper(II) and zinc ions are known to be involved in the composition of 
the mitochondrial superoxide dismutase enzyme (Cu,Zn-SOD) [49, 50], whereas 
manganese(II) ion is involved in that of cytoplasmic superoxide dismutase (Mn-
SOD) [51–53]. Thus, it might be interesting to study the effect of those ions on the 
reaction rate, since most electrophilic agents are known to oxidize hydrogen per-
oxide to the superoxide ion radical in the first elementary step of the mechanism 
[54–56].

Starting with copper(II) ion, we found the existence of catalysis for both the for-
mation of the long-lived intermediate (Fig. 5, left) and its decay (Fig. 5, right), but 
showing a very different kind of behavior. As far as the intermediate formation was 
concerned, the initial period of catalysis by Cu(II) was followed by another of appar-
ent saturation (horizontal stretch), whereas at higher concentrations of that metal ion 
the precipitation of a white solid was observed, suggesting that the horizontal stretch 
found at lower concentrations was caused by the formation of a phosphate-copper(II) 
soluble colloid. Thus, a further increase in the Cu(II) concentration resulted in an 
increase in the size and number of colloidal particles, instead of remaining free in 
the solution to act as catalyst. That soluble colloid might also explain the anomalous 
behavior reported for the copper(II) ion-hydrogen peroxide reaction in the presence 
of a phosphate buffer [10], although in that case the colloidal particles seemed to 
show some catalytic activity on that reaction. The effect of copper(II) ion on the ini-
tial rate for the conversion of the long-lived intermediate into the reaction products 
was indeed much simpler, leading to a first-order dependence on the catalyst con-
centration. The finding that at these lower pHs (5.07–5.20) no formation of either 
a soluble colloid or a precipitate was observed, whereas at a higher pH (6.26) both 
of them where observed, seemed to indicate that the insoluble chemical species was 
CuHPO4 instead of Cu(H2PO4)2.

Fig. 5   Initial rate as a function of the copper(II) sulfate initial concentration at [Na2WO4]o = 2.67 × 
10–4 M, [H2O2]o = 1.63 × 10–3 M, [KH2PO4]o = 1.50 × 10–2 M and 25.0 °C. Left: formation of the long-
lived reaction intermediate at [NaOH]o = 3.40 × 10–3 M and pH 6.26 ± 0.01. Right: formation of the reac-
tion products at [NaOH]o = 0 and [CuSO4]o = 0 (pH 5.20)–2.16 × 10–4 M (pH 5.07), with r = 0.975
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In the case of zinc ion, catalysis was again observed in both reaction stages, for 
the accumulation of the long-lived intermediate (Fig.  8S, left) and for its decay 
(Fig. 8S, right). However, the saturation limit evidencing the formation of a soluble 
colloid was now present not only at high values of the medium pH but also at low 
values. In addition, a white precipitate (most likely, ZnHPO4) was observed at high 
pH when the concentration of zinc ion was high enough.

On its hand, in the case of manganese(II) ion, catalysis was observed in both 
reaction stages, for the accumulation of the long-lived intermediate (Fig. 9S, left) 
and for its decay (Fig. 9S, right). However, in the first reaction stage (formation of 
the intermediate) the catalysis was followed by some inhibition at higher concentra-
tions of manganese(II), suggesting that this metal ion might act as a reductant of 
the long-lived intermediate. The high dispersion of the experimental points in both 
figures might be caused by the formation of a soluble form of colloidal manganese 
dioxide as another long-lived intermediate [57].

UV spectra at the end of the reaction

The final UV spectra corresponding to the reaction products (recorded 24 h later), 
showed a shoulder at high pH, but that turned out into an absorption peak at 250 nm 
when the medium pH was low enough. This finding suggests that the final electronic 
spectra were caused by at least two different chemical species, the one responsible 
for the peak likely being tungsten with a lower oxidation state than the other, given 
that the reducibility of the transition metal oxyanions is known to increase by pro-
tonation [58]. The same behavior was observed at higher pHs, but only in the pres-
ence of divalent transition metal ions, either Zn2+, Cu2+ or Mn2+. The wavelength at 
which appears the absorbance peak suggests that the responsible species might be 
a cationic transition metal complex with a superoxide ion ligand (WO2

2+, ZnO2
+, 

CuO2
+ or MnO2

+) [59, 60].

Formation of the long‑lived intermediate: mechanism and rate law

In order to explain the experimental results, we have proposed for the first (absorb-
ance-increasing) reaction stage a mechanism that starts with four fast revers-
ible (quasi-equilibrium) steps, followed by other four slow (rate-determining) steps 
belonging each one of them to a different reaction pathway, and ending with two fast 
(non-rate-determining) steps:

(7)WVIO2−

4
+ H+

K1

←−−−−→ HWVIO−

4

(8)WVIO2−

4
+ H2O2

K2

⇆ [WVIO3(O2)]
2−+ H2O

(9)HWVIO−

4
+ H2O2

K3

⇆ H [WVIO3(O2)]
−+ H2O
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It is generally accepted that, as far as redox reactions are concerned, the finding 
of acid catalysis usually means that protonation of the oxidant takes place before 
the rate-determining step, resulting in a decrease in its electron density and so in an 
enhancement of its electron affinity, whereas the existence of base catalysis means 
that deprotonation of the reducing agent is happening, resulting in an increase in its 
electron density and so in an enhancement of its electron donating capacity.

Consequently, our mechanism begins with the protonation of the oxidant, tung-
state ion, in Eq.  7 to account for the observed acid catalysis. In the following 
steps hydrogen peroxide reacts with both tungstate (Eq.  8) and hydrogen tung-
state (Eq.  9) ions to form monoperoxo complexes. The transition metals of the 
VIB group in their highest oxidation state are actually known to form stable per-
oxo complexes: peroxochromate(VI) [61, 62], peroxomolybdate(VI) [63–65] and 
peroxotungstate(VI) [66, 67] ions.

Once formed the peroxo complexes, the occurrence of an internal redox process 
leads to the formation of W(V) and either the protonated form of superoxide radical 
(forward direction in Eq. 10) or its non-protonated form (Eq. 11), but, whereas the 
first of these two reactions has been proposed as a reversible step, the second has 
been proposed as an irreversible one. The reason for this divergence is double: in 
the first case an anion and a neutral molecule are formed, with a clear tendency to 
become trapped in the same cage of solvent, whilst in the second case two anions are 
formed, so that their mutual electrostatic repulsion will facilitate their escape from 
the solvent cage; moreover, the protonated (neutral) form of superoxide radical pos-
sesses a lower electron density than its free (anionic) form, and so a higher electron 
affinity, thus being able to reoxidize W(V) to W(VI) (backward direction in Eq. 10).

Since the two species generated as reaction products in Eq.  10 are formed 
together, the solvent cage effect allows us to treat the couple as a single 
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species [68–70]. Although more often than not the couple will regenerate the 
peroxotungstate(VI) complex, once in a while the two intermediates locked in 
the solvent cage could have three possible fates: escaping from the solvent cage 
(Eq.  12), or else react with either tungstate ion (Eq.  13) or its protonated form 
(Eq. 14). Hence, according to the proposed mechanism, the long-lived intermedi-
ate W(V) is formed in four different rate-determining steps (Eqs. 11–14).

In the first of the final two non-rate-determining steps, the well-known dismu-
tation of the superoxide radicals takes place (Eq.  15), the low electron-density 
protonated form acting as oxidant and the high electron-density free form acting 
as reductant [71]. Protonation of the hydroperoxide ion formed in that step by 
abstraction of a hydrogen atom from a water molecule leads to regeneration of the 
reducing agent (Eq. 16).

The rate can be defined as the time derivative of the tungsten(V) concentration, 
since this species has been postulated to be the long-lived intermediate formed in 
the first reaction stage. By application of the quasi-equilibrium approximation to 
Eqs. 7–10, we arrive at:

In this equation:

Equations 17 and 18 can explain the experimental results found for the forma-
tion of the long-lived intermediate: apparent kinetic order between 1 and 2 for 
tungstate ion, order 1 for hydrogen peroxide, and catalysis by hydrogen ion. The 
dependence on the concentration of the latter is coherent with Eq. 5 with:

According to these results, of the four rate-determining steps proposed in this 
part of the mechanism it is that associated with rate constant k7 (Eq. 13), corre-
sponding to the partial kinetic orders 1 in hydrogen ion and 2 in tungstate ion, the 
one responsible for the greatest contribution to the total reaction rate.

Moreover, the rate increasing effect of the medium ionic strength when KCl 
was used as background electrolyte is consistent with the associated increase in 
rate constants k7 and k8, since both Eqs. 13 and 14 imply the bimolecular reaction 
between two anions, whereas the unusual finding of an activation energy close to 
zero could be explained provided the quasi-equilibria depicted in Eqs. 8 and 9 are 
exothermic enough (ΔH2

o, ΔH3
o <  < 0).
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Although the finding of a higher than one apparent order in W(VI) has been con-
veniently explained by Eqs. 13 and 14, it should be pointed out that an alternative 
explanation is possible. In fact, both molybdate and tungstate ions are known to 
polymerize in acid solution [72], and it has been reported that hydrogen peroxide 
complexes both Mo(VI) and W(VI) polymers [73]. Moreover, phosphate-tungstate 
polyoxometalates have been reported, although aggregation does not occur in highly 
diluted solutions [74]. Therefore, even if the range of concentrations of W(VI) 
employed in this study was rather low, the unusual kinetic order found here for tung-
state ion might be at least partially related to that polymerization.

A concentration of copper(II) ion as small as two orders of magnitude lower than 
that of the limiting reactant (tungstate ion) had an observable catalytic effect on the 
reaction rate. This finding suggests that the catalyst is reacting with a very dilute 
reaction intermediate. When that transition metal ion is present as catalyst, the fol-
lowing reactions are very likely involved in the mechanism:

Actually, both free copper(II) ion [71] as well as some of its complexes [75] are 
known to oxidize superoxide radicals, thus showing some SOD mimetic activity. 
The new intermediate formed, copper(I) ion, is known to be a strong reducing agent 
[76], thus capable of reacting with W(VI) in Eq. 23 to yield once again the long-
lived intermediate W(V).

Now, considering that copper(I) ion is reactive enough to be in steady state, what 
is indeed consistent with its well-known exacerbated reducing power, the total reac-
tion rate will be:

Here vnc is the rate of the non-catalytic reaction pathway, given by Eqs. 17 and 
18.

In the case of the two other transition metal ions acting as catalysts for the tung-
state ion-hydrogen peroxide reaction, zinc and manganese(II) ions, since their reduc-
tion to a lower oxidation state by the superoxide ion radical would be rather unlikely, 
we can propose instead:

Here M stands for either Zn or Mn and, by application of the steady state approxi-
mation to the short-lived intermediate MO+

2
 , a rate law formally analogous to Eq. 24 

would be obtained.
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Decay of the long‑lived intermediate: mechanism and rate law

In the case of the second (absorbance-decreasing) reaction stage, the following 
mechanism can be proposed:

We have proposed as the first step of this part of the mechanism the protonation 
of the long-lived intermediate W(V) in Eq. 27, and that both the non-protonated 
(Eq. 28) and protonated (Eq. 29) forms of that intermediate react with hydrogen 
peroxide to yield peroxotungstate(V) complexes. The structure proposed for the 
non-protonated form of that complex is shown in Scheme 1S, and it can be com-
pared with that of peroxotungstate(VI) ion.

An internal electron transfer from the peroxo ligand to the tungsten(V) atom 
leads to the formation of either a W(IV)-superoxide radical couple (Eq.  30) 
or a W(IV)-protonated superoxide radical couple (Eq.  31), both of them again 
enclosed in a solvent cage, so that when they scape from those solvent cages 
in the rate-determining steps (Eqs. 32 and 33), and after a posterior hydrolysis 
(Eq. 34), we have already the main reaction product oxotungsten(IV) ion. Actu-
ally, many complexes of oxotungsten(IV) with different ligands are known [77, 
78]. A dismutation of the protonated and non-protonated superoxide radicals 
(as in Eq. 15) will lead to the formation of the other reaction product, diatomic 
oxygen. The finding that in some experiments the absorbance-decreasing stretch 
corresponding to the decay of the long-lived intermediate was followed by an 
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absorbance-increasing one (Fig. 1, right) might indicate that, under some experi-
mental conditions, a further reduction from W(IV) to W(III) took place.

By application of the quasi-equilibrium (to the fast reversible steps given in 
Eqs. (27–31) and steady state [to the very reactive tungsten(IV) intermediate 
involved in Eqs. 33 and 34] approximations, we obtain:

In this equation:

Equations 35 and 36 can explain the results found for the decay of the long-
lived intermediate: first order in both tungstate ion and hydrogen peroxide, as 
well as catalysis by hydrogen ion. Actually, what they predict is a kinetic order 1 
for that intermediate. However, it can be experimentally confirmed that the con-
centration of W(V) at the maximum of the absorbance-time plots for the kinetic 
runs done in the presence of NaOH is directly proportional to the initial concen-
tration of W(VI). The dependence on the concentration of hydrogen ion is also 
coherent with the experimental behavior found for this reaction stage (Eq.  6) 
with:

Moreover, the rate decreasing effect of the medium ionic strength for this 
reaction stage when KCl was used as background electrolyte is consistent with 
the proposal of a reaction between two unlike charged ions (Eq. 27), so that an 
increase of the ionic strength is foreseen to result in a weakening of its attractive 
interaction and a decrease of equilibrium constant K11. On the other hand, the 
inhibition by phosphate ions experimentally observed indicates that a relatively 
stable W(V)-phosphate complex might be formed, thus decreasing the rate of 
decay of the long-lived intermediate.

Finally, the finding of catalysis by transition metal ions [either copper(II), 
zinc or manganese(II) ions] can be explained in a similar way to that done in 
relation to the first reaction stage: those ions may act as efficient scavengers for 
the superoxide radicals (either in their free or protonated forms) locked with the 
intermediate W(IV) in a solvent cage (Eqs.  30 and 31), hence facilitating the 
formation of the oxotungsten(IV) ion thought to be the main reaction product 
(Eq. 34).
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Numerical simulations

Some calculations have been done, using the fourth order Runge–Kutta algorithm 
[69] to perform an approximate integration point by point, keeping free as fit-
ting parameters three molar absorption coefficients (for tungsten species in the 
forms of reactant, long-lived intermediate and reaction product) and two rate con-
stants (for the formation of the long-lived intermediate and for its decay). When 
the intermediate formation was assumed to be of second order in W(VI) and its 
decay of first order, excellent concordances between experimental and theoretical 
absorbances (deviations affecting the fourth significant figure) were obtained.

Conclusions

By means of a spectrophotometric technique and choosing the wavelength of 
225 nm, it has been possible to study two different reaction stages of the tung-
state ion-hydrogen peroxide reaction: the formation of a long-lived intermediate 
at high pH values and its decay at low ones. The formation of the intermediate 
had an apparent kinetic order for tungstate ion intermediary between one and two, 
and it was of first order in hydrogen peroxide, whereas the intermediate decay 
was of first order in both reactants. Both reaction stages showed acid catalysis, as 
well as catalysis by transition metal ions. The first reaction stage was accelerated 
by potassium chloride, whereas the second was inhibited by that salt and by phos-
phate ions. The activation energy of the first stage was unusually close to zero 
(1.0 ± 1.2 kJ mol−1), but the activation energy of the second stage was consider-
ably higher (28 ± 3 kJ  mol−1). A mechanism coherent with the available experi-
mental information has been proposed for the first reaction stage, leading from 
W(VI) to W(V), and for the second, leading from W(V) to W(IV), an outstanding 
feature of these mechanisms being the important role played by the solvent cage 
effect.

Supplementary Information  The online version contains supplementary material available at https://​doi.​
org/​10.​1007/​s11144-​024-​02713-y.
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