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Abstract: The oxidation of hexacyanoferrate(II) by perborate catalyzed by Keggin type 
[CoIIW12O40]

6- has been studied in sulphuric acid medium.  The reaction proceeds by the oxidation 
of [CoIIW12O40]

6- to [CoIIIW12O40]
5- by  hydrogen peroxide, generated by the decomposition of 

perborate, which then oxidizes hexacyanoferrate(II) to hexacyanoferrate(III) in a rate determining 
step. The reaction was found to be inhibited by increase in the [H+] due to conversion of active 
hexacyanoferrate(II) into an inactive protonated form. Decreasing the relative permittivity of the 
medium increases the rate of the reaction which is attributed to the formation of an outer-sphere 
complex between the catalyst and active oxidant. The activation parameters were also determined 
and the values support the proposed mechanism. 
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Introduction 

Heteropoly oxometalates1 are very good candidates for homogeneous outer-sphere electron 
transfer processes. These are also used extensively as model systems for fundamental 
research providing unique opportunities for mechanistic studies on molecular level. 
Transition metal substituted heteropoly oxometalates exhibit different chemical and 
electrochemical properties, which makes them attractive for catalytic1-4 and electrocatalytic5 
applications. 

 Sodium perborate is widely used industrial chemical, mainly as a bleaching agent6 with 
the empirical formula NaBO3.xH2O. It is also a very convenient source of hydrogen 
peroxide in solution and is less expensive, solid and easily handled mild oxidizing agent 
which has been used for various organic functional group transformations6. The rates of 
oxidations by perborate are generally slow at normal temperatures thus requiring the presence 
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of catalysts. Various metal ion catalysts have been reported for the perborate oxidations, 
normally involving formation of a peroxometal intermediate7-10 which then effects the 
oxidation of the substrate. Utilization of the polyoxometalates, as redox catalysts, in 
perborate oxidations may involve an outer-sphere path way without formation of a peroxo-
metal intermediate. Therefore, in continuation of our earlier work3,4 on the catalysis by 
polyoxometalates, herein we report the 12-tungstocobaltate(II) catalyzed oxidation of 
hexacyanoferrate(II) by perborate. 

Experimental 
Reagent grade chemicals and doubly distilled H2O were used throughout. The cobalt 
complexes [CoIIW12O40]

6- was prepared by literature method11,12 and standardized 
spectrophotometrically13 (at 624 nm for [CoIIW12O40]

6-) using an Elico SL 159 UV-Vis 
spectrophotometer. The solutions of perborate (Lancaster) were freshly prepared and 
standardized iodometrically. The ionic strength was maintained using NaClO4 and in order 
to vary hydrogen ion concentration, H2SO4 (BDH) was used. The solutions of 
hexacyanoferrate(II) and hexacyanoferrate(III)( BDH) were prepared in water and their 
concentrations were ascertained by titrating against standard ceric ammonium sulphate and 
iodometrically respectively. 

Kinetic procedure 
The reactions were studied under second-order conditions by following the absorbance of 
hexacyanoferrate(III) at 420 nm (ε = 1040 + 10 dm3 mol-1 cm-1) rate constants were obtained 
from linear (r > 0.966)  log [a(b-x)/b(a-x/2)] or 1/(b-x) (for equinormal concentrations of 
reactants) against time plots where a and b are concentrations of oxidant and reductant 
respectively. The rate constants were reproducible to within ±4%. 

Stoichiometry 
The stoichiometry of the reaction between perborate and hexacyanoferrate(II) in presence of 1.0 
x 10-5 mol dm-3 [CoIIW12O40]

6- was studied by keeping the concentration of hexacyanoferrate(II) 
(4.0 x 10-4 mol dm-3) constant and varying the perborate concentration from 0.5 to 1.5 x 10-4 mol 
dm-3 in 1.0 x 10-3 mol dm-3 H2SO4. The reactants were mixed and the concentration of 
hexacyanoferrate(III) was determined spectrophotometrically after 24 h at 420 nm. The 
stoichiometry was found to be 2 moles of hexacyanoferrate(II) per mole of perborate.  

Results and Discussion 

Uncatalyzed oxidation of the hexacyanoferrate(II) by perborate did not occur under the 
experimental conditions. Therefore, there was no contribution of the uncatalyzed reaction to 
the overall rate constant of the reaction. The second-order rate constants of the reaction 
(Table 1) remain unchanged as both the reactant  concentrations are varied at a constant 
concentration of catalyst [CoIIW12O40]

6-( 1.0 x 10-5 mol dm-3 ) indicating overall second 
order nature of the reaction. Where as the second-order rate constants increase with increase 
in concentration of the catalyst (Figure 1) indicating the order in catalyst to be unity. The 
increasing [H+] decreases the values of second order rate constant with a fractional negative 
order. There was no effect of the added product hexacyanoferrate(III) on the reaction. The 
effect of ionic strength and solvent polarity on the reaction was studied by varying the 
concentration of sodium perchlorate (0.1 to 0.5 mol dm-3) and acetonitrile (0-50% v/v). 
There was no effect of ionic strength on the reaction where as the decrease in the dielectric 
constant increases the rate of the reaction. 
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Table 1. Effect of reactants on the perborate oxidation of hexacyanoferrate(II) catalyzed by 
12-tungstocobaltate(II) at 30 oC. [H2SO4] = 1.0 x 10-2 mol dm-3, [CoIIW12O40]

5- = 1.0 x 10-5 
mol dm-3, I = 0.1 mol dm-3 

104 [Fe(CN)6]
4- mol dm-3 104 [Perborate] mol dm-3 ks mol-1 dm3 s-1 

0.4 2.0 3.3 
1.0 2.0 3.3 
2.0 2.0 3.3 
3.0 2.0 3.3 
4.0 2.0 3.2 
2.0 0.4 3.2 
2.0 1.0 3.3 
2.0 2.0 3.3 
2.0 3.0 3.3 
2.0 4.0 3.3 
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Figure 1. Effect of catalyst concentration on the perborate oxidation of hexacyanoferrate(II) 
catalyzed by 12-tungstocobaltate(II) at 30 oC. [Perborate] = [Fe (CN)6 ]

4- = 2.0 x 10-4 mol dm-3,   
[H2SO4] = 1.0 x 10-2 mol dm-3, I = 0.1 mol dm-3 

 The effect of temperature was studied at 20, 25, 30 and 35 oC and the activation 
parameters for [CoIIW12O40]

6- catalyzed hexacyanoferrate(II) oxidation by perborate were 
calculated as ∆H# = 32.92±6 kJ mol-1,  ∆G# = 69.24± 5 kJ mol-1 and ∆S# = -121.8 ±8 J K-1 mol-1.  

 Perborate in aqueous solutions is known to generate hydrogen peroxide which is the 
active oxidant. Depending upon the metal ion catalyst used various mechanisms have been 
proposed14 for the oxidations by peroxides. A radical mechanism via a redox reaction 
between metallic ion and peroxide, an ionic mechanism via formation of metallic peroxide 
or metal-peroxide complexes or via formation of peroxide-Lewis acid complex are the main 
features of the different  pathways for peroxide oxidations. Since the uncatalyzed reaction 
does not occur to any significant extent under the present reaction conditions the reaction is 
initiated by the interaction between the catalyst and the hydrogen peroxide generated in 
solution. The catalyst used is a polyoxometalate ([CoIIW12O40]

6-) known to be an outer-
sphere reagent which preferably gets oxidized by the hydrogen peroxide to  [CoIIIW12O40]

5-  

and also generating hydroxyl free radical . The oxidized form of the catalyst then reacts with 
the reductant in the subsequent step to give products.  

 The inhibiting effect of hydrogen ion concentration on the rate of the reaction is due to 
the participation of protonation equilibria in the mechanism. The order in hydrogen ion 
concentration was found to be negative and less than unity and the plot of 1/ks against [H+]      
(Figure 2) was also found to be linear with an intercept. Such an inhibiting effect of [H+] on  
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the reaction indicate involvement of only one protonation prior equilibria and the unprotonated 
form of the reactant is an active species. In the present study the variation of [H+] in the 
solution was carried out by using sulphuric acid, a dibasic acid, which is known to dissociate in 
two successive equilibrium out of which the first one can be taken as complete in moderately 
dilute solutions and second dissociation constant is reported to be 0.012 mol dm-3. The 
concentrations of [H+], [HSO4

-] and [SO4
2-] were calculated (Table 2) and the actual [H+] was 

used to analyse the results obtained. In acidic solutions Fe(CN)6
4-  undergo protonation15 

with the equilibrium constant 1470 mol-1 dm3  and the catalyst do not undergo protonation3,4 
therefore, under the reaction conditions, the concentration of protonated and unprotonated 
Fe(CN)6

4- were calculated (Table 2). Since, as mentioned earlier, the unprotonated Fe(CN)6
4- 

is the active species of the reductant a comparison of concentration of free Fe(CN)6
4-  and 

rate constant as a function of [H+] was made graphically (Figure 3). From the Figure 3 it was 
found that the rate constant of the reaction varies with the [H+] parallel to the [Fe(CN)6

4- ] thus 
indicating it as the reactive species. The mechanism in terms of the reactive species can now 
be represented by Scheme 1 with the corresponding rate law and the second order rate 
constant, at constant catalyst concentration, by equations 1 and 2 respectively. 
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Figure 2. Plot of 1/ks against [H+] (Conditions as in Table 2) 

Table 2. Effect of hydrogen ion concentration on the perborate oxidation of 
Hexacyanoferrate(II) catalyzed by 12-tungstocobaltate(II) at 30 oC. [Perborate] = [Fe(CN)6 
]4- = 2.0 x 10-4 mol dm-3, [ CoIIW12O40 ]

5- = 1.0 x 10-5 mol dm-3. I = 0.1 mol dm-3 

102[ H2SO4] 
mol dm-3 s-1 

102 [ H+ ]  
mol dm-3 

105[ Fe(CN)6 ]
4- 

mol dm-3 
10-4[ HFe(CN)6 ]

3- 
mol dm-3 

ks  
mol-1 dm3 

0.1 0.19 5.3 1.47 4.6 
0.2 0.35 3.3 1.67 4.4 
0.3 0.51 2.4 1.76 4.1 
0.5 0.80 1.6 1.80 3.6 
0.8 1.2 1.1 1.9 3.4 
1.0 1.5 0.9 1.9 3.3 
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Figure 3. Plot of ks (∆) and [Fe(CN)6]
4-(o) against [H+] (Conditions as in Table 2) 

 The mechanism in the Scheme 1 occurs with rate determining oxidation of the catalyst 
[CoIIW12O40]

5- to [CoIIIW12O40]
6- generating hydroxyl free radical. Both hydroxyl free radical  

and [CoIIIW12O40]
6- will oxidize the reductant in the following steps. The ionic strength did not 

affect the rate of the reaction as the reaction initiation involves a neutral H2O2 species. According 
to equation 2 a plot of 1/ks against [H+] is expected to be linear and found to be so (Figure 2). A 
decrease in entropy of the reaction may be attributed to the transition state formed between the 
catalyst and the oxidant. The catalyst is an outer sphere reagent and the transition state is 
probably replacement of one of its hydrated water molecule by the oxidant. The transition state is 
less solvated and is more stabilized in a medium of low relative permittivity.  
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Scheme 1. The reaction mechanism 
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