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The kinetics of oxidation of pentacyano(sulphito)- 
ferrate(II) by peroxydisulphate follow the rate law 

-d [Fe(CN),SO~-] jdt = k0 [Fe(CN)$O:-] + 

2kl [Fe(CN)sSO:-] [S,Oi-] 

where k,, = 5.0 X 10V4 see-’ at pH = 10 and 25 “C.. 
k, showed marked dependence on the type and con- 
centration of cation present. Two products have been 
identified, Fe(CN)sSO:- and Fe(CN)50H3-; the first 
resulted from an outer-sphere oxidation mechanism, 
and the second was produced from a side reaction 
in which the complex Fe(CN),SOz- loses SO:- 
before oxidation. 

Introduction 

The rate of oxidation of hexacyanoferrate(I1) by 
peroxydisulphate has been observed to be markedly 
dependent upon the type and concentration of 
cations present [l-3]. The effect of the cations is 
seen to be due to the formation of ion-pairs which are 
more reactive than the parent ions [ 1,2]. 

The kinetics of oxidation of pentacyano(sulphito)- 
ferrate(I1) by peroxydisulphate are described in this 
study. The rate of this reaction is expected to show a 
similar dependence on the type and concentration of 
cations present as exhibited by the hexacyanoferrate- 
(II)-peroxydisulphate reaction. 

Experimental 

Analytical grade chemicals were always used, 
whenever available, without further recrystallisation. 
General grade Sodium peroxydisulphate (BDH) was 
recrystallised at 50 “C. Solutions of sodium and 
potassium peroxydisulphates were standardised [4]. 
Fresh solutions were always used. The complex Nas- 
Fe(CN)sS03.4Hz0 was prepared according to 
Hofmann’s method [5]. The complex was purified by 
the modified method of Asperger et al. [6] and 
verified by analysis and absorption spectra. 

Buffer solutions of known concentrations were 
made from carbonate and hydrogencarbonate both as 
sodium and potassium salts. Sodium and potassium 
nitrates were used to vary the concentration of 
sodium and potassium cations respectively. Doubly 
distilled water was used. 

A weighed quantity of the complex was added to 
a thermally equilibrated buffered solution of the 
peroxydisulphate. This was thoroughly mixed and 
quickly transferred to an absorption cell. The change 
in absorbance with time was recorded at 340 nm 
using a Unicam SP 700 spectrophotometer equipped 
with thermostatted cell-holder. At 340 nm the 
absorbance (A) of the product [Fe(CN)5S03]4- is 
appreciably higher than that of the reactant [Fe- 
(CN)sSO,]“-. The reaction was carried out under 
pseudo first-order conditions with the peroxydisul- 
phate concentration being in excess over that of the 
complex. pH of the reaction solution was measured 
on a Radiometer pH meter model PHM 63. 

Results 

With the peroxydisulphate concentration in 
excess over that of the complex ion at pH 10.0, 
[Na’] = 0.175 M and temperature 25 “C, the oxida- 
tion of pentacyano(sulphito)ferrate(II) exhibited 
first-order kinetics. Plots of log(A, - At) as a func- 
tion of time gave straight lines to beyond 90% of the 
reaction. Table I gives the values of the pseudo first- 
order rate constant (kot,ssec-l) over the range in 
which the concentration of the complex was varied. 

TABLE I. Order with respect to [Fe(CN)sSOi-] .’ 

[Fe(CN)5SOz-] x lo4 M lo3 k&s, SW-’ 

10.0 1.49 
7.5 1.47 
5.0 1.45 
4.0 1.46 
2.5 1.44 

“[S,Oz-] = 1.0 X lo-* M, [Na’] =0.175&f, pH= lO.O,T= 
25 “C. 
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Figure 1. Dependence of kobs on [SzO$-] m[Fe(CN)5- 
SO:-] = 10h3 M, [Na+] = 0.255 M, pH = 10.0, T = 25 “C. 

Figure 2. Dependence of k ohs on [Na’] *[Fe(CN)SSOz-] = 
10F3 M, pH = 10.0, T = 25 “C. [Na’]: n = 0.095 M, l = 
O.l37M, ~=0.180M,o=0.255M, v =0.337M. 

The dependence of kobs on the peroxydisulphate 
concentration was investigated over the range 0.50- 
5.0 X 10e2 Mat pH 10.0, [Na’l = 0.255 Mand 25 “C. 

lb 2’ 0 3’0 4’0 5’0 

1o=[s, o:p 
Figure 3. Dependence of k,bs on [K+] .[Fe(CN)SSO:-] = 
1O-3 M, pH = 10.0, T = 25 “C. [K+]: o = 0.075 M, . = 
0.095 M, . = O.l6OM, v = 0.195 M, o = 0.255 M. 

[M *]/!A 

Figure 4. Variation of kl with alkali cation concentration. 
pH = 10.0, T = 25 “C. 
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Figure 5. (A) UV-Visible absorption spectrum of [Fe(CN)sS03]4- 
side reaction believed to be [Fe(CN)sOH] 3- 

and (B) w-visible absorption spectrum of the product of the 

A plot of kobs against [S,O$-] agreed with Eq. 1 as 
can be seen from Figs. l-3. 

k obs = ko + 2kl [s&-l (1) 

The factor 2 in Eq. 1 is used because d [Fe(CN)s- 
SO’:-] /2dt = -d [&Of-] /dt. Values of k. and kr 
were obtained from the intercepts and the slopes of 
Fig. l-3 respectively. 

Figures 2 and 3 show the variation of kobs with 
S20i- at different Na’ and K’ concentrations respec- 
tively at pH 10.0 and 25 “C. The value of k. (5.0 X 
lop4 set-‘) is clearly unaffected by the type or con- 
centration of the cation present, whereas kr is affect- 
ed by both. The variation of ki with Na’ and K’ 
concentrations is shown in Fig. 4. At low concentra- 
tions of Na’ and K’ cations k, showed a linear depen- 
dence on their concentrations. However, at [cation] 
0.20 M, there is an obvious deviation as shown in 
Fig. 4. The dependence of kr on cation over the 
linear part is described by Eq. 2: 

kr = kr,.t+ [M’] (2) 

where kM+ = 0.30 and 0.97 w2 set-’ for M’ = Na’ 
and K’ respectively at 25 “C. 

The spectra of the two reaction products separated 
using an alumina column are shown in Fig. 5. The 
main product of the reaction, [Fe(CN)SS03]4- (A), 
has a broad weak band at cu. 650 nm and a strongly 
absorbing band in the UV region. The product B 
which was eluted first (indicating a lower charge) has 
an absorption peak at cu. 392 nm. 

Discussion 

Oxidation of metal ion complexes by peroxydisul- 
phate may proceed by either inner- or outer-sphere 
mechanisms [7]. Thus both the substitution inert 
complexes Fe(phen)i’ and Fe(bipy):+ appear to be 
oxidised by an outer-sphere mechanism [7], whereas 
an inner-sphere mechanism operates in the oxidation 
of Cr(H,O)z’ [8]. Parallel inner- and outer-sphere 
mechanisms have been proposed in the oxidation of 
Fe(H) complexes of N-2-(pyridylmethylene) analine 
by this oxidant [9]. The kinetics of this reaction 
showed a two-term rate law with one path indepen- 
dent of oxidant concentration. 

The, kinetics of pentacyano(sulphito)ferrate(II)- 
peroxydisulphate reaction also require two parallel 
paths, one first order in each reactant (Eqs. 3 and 4): 

[Fe(CN)sS03]‘- + S20i- k3 k 

[Fe(CN)s SO31 4- + SO% t SO; (3) 

[Fe(CN),SO,] 5- + SO, fast 

[Fe(CN)5S03]4- + SOi- (4) 

and the other first order in the Fe(B) complex and 
zero order in the oxidant. This second path is consis- 
tent with reaction 5 being rate-determining 

Fe(CN),SO:- $-- -+ Fe(CN)z- t SO’,- (5) 
5 

where the intermediate [Fe(CN),13- is rapidly oxidis- 
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ed to give [Fe(CN)s0H13- as indicated by the UV- 
visible spectrum of the yellow product (B) (Fig. 5) 
which is identical to that reported for this complex 
[lOI. 

The rate law (6) is obtained from the above 
mechanism: 

-d[Fe(CN)sSO$-] /dt = 2k3 [Fe(CN)sSOz-] 

[S,O$] + ks [Fe(CN),SO:-] (6) 

where 

k ohs = 2ka [%028-l + ks (7) 

which is identical to the experimental dependence of 
kobs on [S,Oi-] , Eq. 1, with ke = ks and kr = 2k3. 

The above reaction scheme indicates that both 
outer-sphere (Eq. 3) and dissociation mechanisms 
(Eq. 5) are operative. Pentacyano(sulphito)ferrate(II) 
is reported [6] to substitute the SO’,- by a limiting 
SN~ mechanism forming the intermediate [Fe- 
W),l 3-_, which exhibited selective reactivity 
towards various ligands [ 1 l] ; The magnitude of ke 
(5 X 10F4 set-r, pH 10.0 at 25 “C) is comparable 
to the rate constant reported for the loss of SO”,- 
from [Fe(CN)SS03]s- (5.7 X lo-’ set-’ pH 10.8 at 
25 “‘C) if the first order dependence on [HT was 
taken into consideration [ 121. 

A comparison of the rate constants of the oxida- 
tion of pentacyano(sulphito)ferrate(II) and hexa- 
cyanoferrate(I1) by peroxydisulphate under similar 
conditions, shows that the rate of oxidation of the 
former is greater. Thus at 25 “C, [KT = 0.10 M and 
pH = 10.0, the second order rate constants are 0.097 
and 0.025 M-’ set-’ respectively. The higher reacti- 
vity of [Fe(CN),S03]‘-, in spite of its higher negati- 
ve charge, is likely to be due to the SO:- ligand in 
which, probably, the oxidation state of the sulphur 
atom is changed from +4 to +5 and then rapidly to t4 
by abstraction of an electron from Fe(B) in the 
complex. The sulphite ligand can act either as a donor 
or acceptor of electrons [14]. The very high 
absorption of the product [Fe(CN)sS03]4-in the UV 
region is likely to be due to a charge transfer from the 
ligand SOS- to the metal ion Fe(II1). 
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