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Kinetics of Reaction of Vanadium(1v) with Chlorine in Aqueous Solutions 
By Adeleye Adegite, Department of Chemistry, University of Ife, Ile-lfe, Nigeria 

The kinetics of the reaction 2[VO]z+ + CI, f 2H,O __t 2[V02]+ + 2CI- + 4H+ have been studied in aqueous 
solutions at 25 "C, with hydrogen-ion concentration in the range 0.1 0-1 .OM and an ionic strength of 1 .OM. In 
the initial stages of the reaction, and for conditions in which [VIV], > [Cl2lo. without any initial addition of 
Vv, the reaction follows the rate law -*d[VIV]/dt = -d[Cl,]/dr = ko'[V1v][CI,]/[H+] where k,' = 5.32 f 0.39 
s-1 at 25 "C. The reaction i s  strongly inhibited by vanadium(v), and hence marked deviation from the rate law 
is observed as the reaction progresses. Chloride ion also decreases the rate. The results are consistent with a 
mechanism involving [C12]-* as a transient intermediate. From the analysis of the CI- dependence of the apparent 
second-order rate constant obtained under conditions in which the rate law is  valid, the rate constant for the 
VIV-HOCI reaction is estimated as 19.60 rt 0.03 I mo l - l  s-1 at 25 'C. Rate constants for the reaction of [Cl,]-* 
with VIv and Vv are estimated to be 5.1 x 1 O7 < k-, < 1.3 x 1 0l1 and 4.1 x 1 O5 < k, < 1.2 x I O9 I mol-1 s-l, 
respectively. 

THE kinetics of redox reactions involving transition- 
metal ions of dl configuration have received some atten- 
tion re~ent ly . l -~ Such ions, when they are the reducing 
ions, provide good examples of reaction paths proceeding 
by a series of one-electron changes in non-comple- 
mentary redox reactions. Inhibition by the immediate 
product of the reaction, vix. the metal ion with the do 
configuration, and concomitant production of highly 
reactive unstable intermediates (evidence for their 
existence is often deduced from the kinetics of the 
system), provide unequivocal evidence for such mechan- 
isms. 

Reaction (1) is a prototype of such redox reactions, 

2[V0I2+ + C1, + 2H20 
2[VOJ+ + 2C1- + 4H+ (1) 

(V0l2+ and C1, being the one-electron reductant and two- 
electron oxidant respectively. Should this reaction 

* IM = 1 moldm-3. 
D. R. Rosseinsky, Chern. Rev., 1972, '72, 216 and refs. 

therein. 

proceed by the general mechanism outlined above, the 
radical anion [Cl,]-* will be produced as the transient 
intermediate, and inhibition by [VO,] + would be observed 
if the rates of reaction of [V0l2+ and [VO,]+ with [Cl,]-' 
are comparable. Recently Dreyer and Gordon pub- 
lished their results on this system as well as the oxidation 
of [VO]2+ by HOC1, the molecular aqueous-hydrolysis 
product of Cl,. Their experiments were conducted 
under pseudo-first-order conditions, in which C1, was 
always in excess, and in a medium of very high C1- con- 
centration. Their technique was such that for reactions 
in which [H+] < 0 . 2 0 ~  only the latter 50% of the reac- 
tion could be followed, and for [H+] 2 0 . 2 0 ~  they 
observed deviation from second-order kinetics but did 
not investigate the cause of this deviation.* In this 
work, kinetic findings for reaction (1) are reported for 
[H+] in the range 0.1-1.0~ and at an ionic strength of 
1 . 0 ~ ~  with and without initial addition of vanadium(v). 

J .  P. Birk and T. P. Logan, Inorg. Chern., 1973, 12, 580 and 
refs. therein. 

K. Dreyer and G. Gordon, Inorg. Chern., 1972, 11, 1174. 
J .  D. Ellis and A. G. Sykes, J.C.S. Dalton, 1973, 537, 2653. 
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EXPERIMENTAL 

Vanadium(1v) solutions were prepared by the method 
described by Higginson and Sykes.5 Ammonium trioxo- 
vanadate(v) was dissolved in sodium hydroxide. The 
resulting solution was acidified with perchloric acid, and the 
Vv was reduced to Vm with sodium sulphite. Ammonium 
carbonate was added to precipitate the hydrated V,O,*H,O. 
The latter was washed to remove any sulphate and dissolved 
in perchloric acid to obtain vanadium(1v) perchlorate. The 
concentrations of VIV in solution were determined by titr- 
ation against standardized permanganate solutions. Excess 
of acid in solution was determined by the cation-exchange 
method. Total cation concentration was first determined, 
the free acid in solution being the total cation concentr- 
ation less twice the Vm concentration. The methods of 
preparation and analysis of chlorine solutions and sodium 
perchlorate have been reported earlier.6 

0.601 

t I s  
Rate curve for the VIV-Cl, reaction at 25 "C:  [VIV] = 1.03 x 

The course of the reaction was followed by monitoring the 
Vv concentrations at  350 nm. A t  this wavelength, and in 
the concentration ranges employed in the kinetic runs, 
neither Cl,(aq) nor VIv has any significant absorbance. For 
runs which were sufficiently slow to be followed manually, 
the course of the reaction was followed with a Unicam 
SP 500 spectrophotometer with a thermostatted cell com- 
partment, but for the faster runs (those in which VIV was in 
large excess), a Durrum-Gibson stopped-flow spectrophoto- 
meter was used. The ionic strength was maintained con- 
stant a t  I = 1 . 0 ~  with sodium perchlorate. 

[Cl,] = 1-31 x [H+] = 0.4, and I = 1-OM 

RESULTS 
The reaction was assumed to follow second-order kinetics 

with rate defined as in equation (2). Plots of log ([Vm]/ 
[Cl,]) against time showed smoothly decreasing gradients 

P 2 1  k , p ]  [Cl,] (2) 1 d[Vm] 
2 dt dt  

---= --= 

(Figure) which suggest that a t  least one of the products of 
the reaction might be inhibiting the reaction. Vanadium(v) 
was therefore initially added to the reaction medium and the 
results (the reaction became slower and second-order plots 
deviated much earlier from linearity than when there was no 
initial addition of Vv) showed that Vv, indeed, inhibits the 
reaction and that it could be primarily responsible for the 
marked deviation of the second-order plots from linearity. 
The rate of the reaction was also followed under pseudo-first- 
order conditions with [Vm], > [Cl,],. Pseudo-first-order 

plots were linear up to 50-60y0 completion of reaction, 
after which deviations from linearity were also observed. 
Apparent second-order rate constants (k,) were obtained 
from the initial gradient of the curves, and the values ob- 
tained as functions of initial concentrations of reactants, 
hydrogen ion, chloride, and Vv are shown in Table 1. 

TABLE 1 
Values of rate constants for the vanadium(1v)-chlorine 

reaction a t  various [Vm], [Cl,], [H+], and [Cl-1, 25 OC, 
and I = 1 . 0 ~  (all concentrations are expressed in 
mol 1-1) 

103[VIV] 
2.68 
3.36 
4.48 
5.60 
2-69 

2.60 
0.31 

3.01 
2.60 
2.60 
1-03 
1-03 
0.26 
0.39 
3-02 
3.02 
3.02 
3.02 

0.10 
0.10 

0.10 
0.10 
0.10 
0.10 
3.02 
3.02 
3.02 
3.02 
3.02 

103[Cl,] 
0.58 
0.58 
0.58 
0.58 
0.62 

0-57 
0.39 

1.40 
0.57 
0.54 
1.29 
1-27 
0.48 
0.48 
1.40 
1.40 
1-40 
1.40 

1.35 
1.31 

1.27 
1.35 
1.35 
1.59 
1.40 
1.40 
1-40 
1.40 
1.40 

[H'I 
0-10 
0.10 
0.10 
0.10 
0.10 

0.20 
0-20 

0.30 
0-30 
0.30 
0.30 
0-30 
0.30 
0-30 
0.30 
0-30 
0.30 
0.30 

0.40 
0.40 

0.50 
0.60 
0.80 
1.00 
0.30 
0.30 
0.30 
0.30 
0-30 

kol 
103[Cl-] 1 mol-l s-' 

0.0 
0.0 
0.0 
0.0 
0.0 

0.0 
0.0 

0.0 
0.0 
0.0 
0.0 
0.0 
0.0 
0.0 
0.0 
0-0 
0.0 
0.0 

0.0 
0.0 

0.0 
0.0 
0.0 
0.0 
2.0 
4.0 
6.0 
8.0 

12.0 

51.5 
52-25 
54.0 
49.3 
49.4 
Mean 

51.3 f 1.6 
27.2 
27.6 

Mean 
27.4 
18.9 
17.4 
18.5 
20.4 
16.0 
18.6 
20.5 
18-6 
18.8 
18.5 
18.4 

Mean 
18.4 -J= 1.3 

10.5 
14-1 

12-3 
9.2 
7-4 
6.7 
5.5 

12.3 
10-3 
8-3 
1.5 
6-6 

Mean 

* Runs (15)-( 18) contained initially added V' of concentra- 
tion in the range 1.0-4.0 x lo-%. 

Iizhibition by Vv.-The observed inhibition by Vv suggests 
that the reaction proceeds according to equations (3) and (4). 

k ,  

L 1  

v r v  + c1, === v v  + [Cl,]-* ( 3) 

(4) 
kz 

V I V  + [Cl,]-' ---t v v  + 2c1- 

Applying the steady-state hypothesis to [Cl,]-', rate 
equation (5) is derived. If [Cl,},> [VIv], and [Vv] > 

[VIv],, equation (5) reduces to a pseudo-second-order 

W. C. E. Higginson and A. G. Sykes, J .  Chern. SOL, 1964,68, 
612. 

A. A4degite and M. H. Ford-Smith, J.C.S. Dalton, 1973, 138. 
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equation in [Vn]  as in (6) where p = h,h,/h-,. A plot of 

l/[VIv]o against t should be linear and of gradient p under 
these conditions. The curves were, indeed, linear for more 
than SOo/b completion of reaction, thereby confirming that 
the rate equation ( 5 )  appropriately describes the rate be- 
haviour of this system. In the initial stages of the reaction, 
for runs in which there is no addition of Vv, i.e. where 
[VIV] > [Vv], equation (5) reduces to simple second-order 
rate equation with k ,  = k,. Thus, the linear portion of the 
second-order and pseudo-first-order plots correspond to this 
situation, and by substituting the obtained values of KO for k ,  
values of the ratio k ,  : h-, were obtained * from the deter- 
mined values of p (Table 2). 

TABLE 2 
Values of p (= K,K,/h,) under conditions in which the 

reaction is pseudo-second order in [Vm] at  25 "C and 
I = 1 . 0 ~  (all concentrations are expressed in moll-l) 

kol 
1 mol-1 

PI 
1 mo1-l 

1O2[VIV] 102[Cl,] 102[VV] s-1 R s-l [ H f ]  
0.45 2-26 3-05 0.275 0.010 27.4 0.20 
0.38 3.62 1.94 0.122 0.010 12.3 0.40 
0.38 3.14 1.94 0.123 0.017 7-39 0.60 
0.44 2.92 3.60 0.099 0.015 6.74 0.80 

Effect of Hydrogen I o n  on the Rate.-From Table 1, k ,  
decreases as [H'] increases. A plot of log KO against log [El+] 
was linear and of gradient (-1.0 f 0.1). Thus the rate 
equation in the initial stages of the reaction, when inhibition 
by Vvis not significant, is as in (7),  with h,' = 5.32 f 0.39 s-l 
in the range 0.10 < [H+] < 1 . 0 ~ .  

(7) 

DISCUSSION 
The inhibition of the reaction by Vv and the attendant 

complexity of the rate law suggest that the reaction of 
C1, with [V0I2+ in aqueous solution most probably pro- 
ceeds by a series of one-electron changes in which [C12]-' 
is a reactive intermediate. The chlorine radical anion 
has been proposed as an intermediate in the MnIII 
catalysis of oxidation of oxalate by [MnO,]-, the 
chloride-catalysed oxidation lo of TP by MnIII, CoIII 
oxidation of C1-,l1 and the reduction l2 of aqueous solu- 
tions of halogens by V2+. Such halogen-ion radicals 
have been identified in the photolysis l3 and pulse radio- 
lysisl* of aqueous halide solutions. The rates of their 
disproportionation l3 and oxidation reactions with 

* An alternative method of obtaining R (=  k ,  : L1) is to use 
the integrated form of equation (5) as given by Sykes,' and 
previously employed by Ashurst and Higginson8 in the FeIL 
FeIII reaction. This method involves estimating the appropriate 
value of A that would give a linear plot for a rather complicated 
equation. When this approach was adopted for this system the 
linearity of the curve obtained was not sensitive to values of R 
for up to  70% completion of reaction. The apparent unsuit- 
ability of this method is due to  the complications arising from the 
composite nature of the reaction. The oxidizing species, C1, 
and HOCl, both of which are present in the solution, react a t  
comparable rates with [V0l2+, and, therefore, the rate of the 
reaction is also dependent on [Cl-1. Thus, in the latter stages of 
the reaction, sufficient C1- has been formed to have an effect on 
the rate, and, hence, a unique value of R could not be obtained 
from this method. 

aqua- 15 and metal-complex 16 ions have been measured. 
It is therefore suggested that the paths represented by 
(3) and (4) are the most likely for this reaction. 

Estimates of the redox potential for the Cl,-[Cl,]-' 
couple, based on many assumptions about the thermo- 
dynamic parameters for the chlorine atom, have been 
reported by different workers.15-ls From these esti- 
mates, and the E* for the [V0,]f-[V0]2+ couple,19 the 
equilibrium constant (K)  for reaction (3) can be calcu- 
lated. Since K = kJk+ and from the present results 
it, and k ,  : k-, are known, independent values of k,  and 
k ,  can be calculated, and the results along with the E* 
estimates for the Cl,-[Cl,]-* couple are in Table 3. It 

TABLE 3 
Values of k ,  and h-l from different estimates of Ee for 

R = 0.01, [H"] = 0 . 2 0 ~ ~  h, = the C12-[C12]-* couple. 
27.42 1 m01-l S-l, 25 "c, I = 1 * o M  

EIV I< L1/ l  mol-1 s-1 k J l  mol-l s-l Ref. 
0.60 1.7 x lo-' 1.6 x lo8 1.6 x lo6 18 

0.43 2.2 x 10-l' 1.3 x loll 1.3 x loQ 15 
0.64 5.4 x 10-7 5.1 x 107 4.1 x 105 16 

0.475 7.9 x 10-9 3.5 x 109 3.4 x 107 17 

appears that there is no basis to prefer one estimate of E9 
for the C1,-[Cl,]-' couple to another and, therefore, only 
the range of magnitudes of k-, and k ,  could be fixed from 
these data. Thus, 5.1 x lo7 < k-, < 1.3 x lo1, and 
4-1 x lo5 < k, < 1.2 x lo9 1 mol-l s-l. Although these 
estimated values of k ,  lie within the range of possible 
values for bimolecular reactions in solutions, the upper 
limit of lo9 1 mol-l s-l is at least two orders of magnitude 
higher than measured rate constants reported for the 
oxidation l5 of Fe2+, Co2+, and &!In2+ by [Cl,]-'. It is 
considered unlikely that [V0I2+ could be a specially 
favoured reductant towards [Cl,]-' because of the 
structural rearrangement that should accompany the 
oxidation of [V0l2+ to [VO,] +, and, therefore, an estimate 
of 0.43 V for the C12-[C12]-* couple is rather too low. 

Alternative paths which could explain the observed 
inhibition by Vv are (8) and (9). Although paths (8) and 

vlv + CI, 4 v v  + c1- + c1 
VIV + c1+ vv  + c1- 

(8) 
(9) 

,4. G. Sykes, ' Kinetics of Inorganic Reactions,' Pergamon 

I(. G. Ashurst and W. C. E. Higginson, J .  Clzem. SOC., 1953, 

H. Taube, J .  Amev. Chew.  Soc., 1947, 69, 1418; 1948, 70, 

l o  D. R. Rosseinsky and K. J .  Hill, J.C.S. Dalton, 1972, 715. 
l1 T. J. Connochioli, G. H. Nancollas, and N. Sutin, Inovg. 

Chem., 1966, 5, 1 ;  B. Sramkova, J .  Zyka, and J. Dolezad, J .  
Electroanalyt. Chenz. Interfacial Electrochem., 1971, 30, 185. 

l2 J. Malvin and J. H. Swineheart, Inovg. Chem., 1969, 8, 1407. 
l3 L. I. Grossweiner and M. S. Matheson, J .  Phys. Chem., 1957, 

61, 1089; M. E. Langmuir and E. Hayon, ibid., 1967, '91, 3808. 
l4 M. Anhar and J. K. Thomas, J .  Phys. Chem., 1964, 68, 3829. 
l5 A. T. Thornton and G. S. Laurence, J .C.S .  Dalton, 1973, ( a )  

804; (b)  632; (c)  1637. 
l6 S. D. Malone and J.  F. Endicott, J .  Phys. Chern., 1972, 76, 

2223. 
l7 V. M. Berdnikov and N. M. Bazhin, Rztss. J .  Plzys. Chem., 

1970, 44, 395. 
l8 J. Lilie, J .  Phys. Ckem., 1972, 76, 1487. 
l9 ' Stability Constants of Metal-Ion Complexes,' Special 

Press. 

3044. 

3928. 

Publ., So.  17, The Chemical Society, London, 1964. 
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(9) are kinetically equivalent to (3) and (4), the latter are 
preferred because of the high complexing constant 
( lo5 1 mol-l) for reaction (10). Moreover, since paths (3) 

c1 + c1- [ClJ' (10) 
and (4) do not require total fission of the C1-C1 bond, they 
should lead to a lower activation energy and should there- 
fore be preferred to (8) and (9). The observed decrease 
in rate with initial addition of C1-, although consistent 
with this path, cannot be exclusively attributed to reac- 
tion (€9, nor can it be a basis for preferring paths (8) and 
(9) to (3) and (4) because of more evident reasons (which 
are discussed later) that explain the decrease in rate with 
initial addition of C1-. 

A two-electron-transfer process with initial dispropor- 
tionation of Vm to VIII and VV could also explain the 
observed inhibition by VQ but it is considered unlikely 
because of the following reasons. (i) The disproportion- 
ation (1 1) is thermodynamically unfavourable and con- 

2Vn +. VQ + VIII (11) 
centration of VII1 will be too low to explain the observed 
rates of reaction.* (ii) The mechanism of reaction (12) 

2VIII + c1, += 2VIV + 2c1- (12) 
is complex. In a direct kinetic investigation 2O of reac- 
tion (12) it was not certain that a direct two-electron 
transfer from VII1 to C1, occurs. The rate of the reaction 
is comparable to that 21 of VIII-VV, and, hence, both V V  
and Cl, would compete for the VIII. (iii) If the dis- 
proportionation (1 1) is a fast equilibrium, then reaction 
(12) would be rate determining. The rate of oxidation of 
Vm by C1, as determined in this work is much lower than 
that of reaction (12). 

The rate constants obtained from the initial rates 
decrease as [H+] and also [Cl-] increase. The inverse 
first order with respect to [HS] is consistent with the 
results of other systems in which oxidation of an aqua-ion 
by a halogen results in formation of an oxo-ion.6*22 
Electron transfer in such systems is preceded by hydro- 
lysis of the aqua-ion to species which are structurally 
intermediate between the reactant and product ions. 
Thus for the [VO]2+-Cl, reaction the following activation 

* From the Ee values l9 for the VIV-VnI and VV-VIV couples, 
the equilibrium constant for reaction (11) is ca. 10-l1 mol 1-1 and 
therefore [VIII] would be ca. 10-8-10-9~ for values of [VIV] 
employed in this work. The second-order rate constant for the 
oxidation 2o of VIII by aqueous C1, is cu. lo3 1 mol-l s-l. Thus the 
rate obtained for the VIV-CI, reaction is much higher than predic- 
ted by the disproportionation (1 1). 

t The value of = 6.4 x mo12 1-2 (from ref. 3) was 
employed in the subsequent calculations. 

steps are suggested to explain the observed rate decrease 
with [H+] and [Cl-1. 

kv 

fast 
[V0l2+ + H,O + [VO(OH)j+ -k H+ (13) 

[VO(OH)]+ + CI, k,_ [VOJ+ + H+ + [Cl,]-' (15) 

[V0I2+ + HOCl k', [VO(OCl)]+ + H+ 

[VO(OH)]+ + [Cl,]-' -% [VO,]' + Hf + 2Cl- (17) 

Rate = k,[VO(OH)+][Cl,] + k4[V02+][HOC1] 

where 
= koc[vIv]c[clz] (18) 

(19) 

From equations (15)-(20), (21) follows. Thus if the 

ko([H+l + Kv) ([H+I[Cl-] + &I) 

= ~,Kv[H+][C~-] + k,Kcl[H+] (21) 
left-hand side of equation (21) is plotted against [Cl-1, it 
should be linear with gradient and intercept k,KV[H+] 
and k4Kc1[Hf], respectively. This graph was linear with 
k,Kv[H+] = 0-385 mol 1-1 s-l and hence k,  = (1.28 
0.03) x lo6 1 mol-l s-l at [H+] = O - ~ M ,  and if Kv = 
mol 1-1,19 K ,  = 19.6 & 0.33 1 mol-l s-l. This value of 
k,  is in reasonable agreement with 14.08 1 mol-l s-l 
obtained by direct measurement by Dreyer and G ~ r d o n . ~  
The linearity of the curve obtained by applying equation 
(21), and the reasonable agreement between ITZ, and the 
measured value by Dreyer and Gordon, confirm that 
inhibition by C1- is due to the decrease in the m o u n t  of 
HOCl present in the reaction medium as [Cl-] increases. 
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