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Kinetics of Oxidation of Uranium(iv) by Permanganate Ion in Aqueous 
Perchlorate Media 

Refat M. Hassan, Mahmoud A. Mousa, and Salah A. El-Shatovry 
Department of Chemistry, Faculty of Science, Assiut University, Assiut, Egypt 

The kinetics of  oxidation of  uranium(iv) by  permanganate ion in 1 .O rnol dm-3 perchloric acid 
solution has been investigated using a stopped-flow spectrophotometer. The reaction was found to 
be second order overall and first order in the concentrations of  both reactants. The catalytic effect 
of the perchlorates of Hg2+, Cu2+, and Fe3+ on the reaction rate has been investigated. The 
activation parameters were evaluated and found to be ASs = 30.52 f 1.22 J K-' mot-', 
AHs = 62.89 & 1.87 kJ mol-', and AGS = 53.79 & 1.44 k J  mol-l. A tentative mechanism consistent 
with the kinetics is discussed. 

Although much work has been done on the kinetics of 
uranium(1v) oxidation by one- '-' and two-equivalent 697 

oxidants, there have been few reports of its oxidation by multi- 
equivalent oxidants. This is presumably because of the 
recognized complexity resulting from the hydrolysis of U'" at 
low [H'] and the protonation of MnO, at high [H']. 

The present work has been undertaken as part of a series of 
investigations on the kinetics of oxidation of U" by one- '3' and 
two-equivalent l o  oxidants in perchlorate media. It is of interest 
to investigate the kinetic behaviour of MnO, with a reduction 
system that provides the opportunity of a two-electron transfer. 

Table 1. Pseudo-first-order rate constants at [U"] = 2.4 x 
[H'] = 1.0, Z = 1.0 mol dm-3 and 20°C 

102[Mn04-]/ 10-3kidm3 
mol dm-3 1 o-3kobs.jS-1 mol-' s-l 

1.52 0.11 1.43 
2.61 0.18 1.38 
3.52 0.25 1.42 
4.41 0.3 1 1.41 
5.42 0.38 1.39 

Average 1.41 _+ 0.2 

Experimental 
All materials were of AnalaR quality (BDH). Doubly distilled 
conductivity water was used in all preparations. The temper- 
ature was controlled within f 0.1 "C. 

A stock solution of potassium permanganate was prepared 
by dissolving the appropriate amount of the reagent in doubly 
distilled water and standardized against As203. The per- 
manganate-ion concentration was determined spectrophoto- 
metrically at 526 nm, its absorption maximum, immediately 
prior to each run. 

Uranium(rv) perchlorate solutions were prepared by electro- 
lytic reduction of solutions of uranium(v1) perchlorate in 
perchloric acid and standardized spectrophotometrically as 
described earlier.' 

The ionic strength of the reaction mixture was maintained 
constant at 1.0 mol dmP3 using sodium perchlorate as an inert 
electrolyte. 

Kine tic Measuremen ts.-The kine tics was conducted under 
pseudo-first-order conditions where permanganate ion was 
present initially in a large excess over the uranium(rv). All of 
the measurements were performed under a nitrogen atmosphere 
on a Durrum-Gibson stopped-flow apparatus with a fully 
thermostatted cell compartment. The absorbance change was 
monitored at 648 nm, the absorption maximum of uranium(1v) 
ion. It was verified that no interference due to other reagents or 
reduction products occurred at this wavelength. The absorption 
spectra of U" and MnO, are shown in the Figure. 

Results 
Stoicheiometry.-The stoicheiometry of the overall reaction 

of MnO, with excess of UIV in 1.0 mol dm-3 HClO, and at 
unit ionic strength was determined spectrophotometrically. A 
ratio of [U1Vlconsumed/[Mn04-]~ = 2.5 0.1 was obtained for 

'I I c ,  
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Figure 1. Absorption spectra of U" (-) and Mn0,- (- - --) in 
1 mol dm-3 HC104 at 25°C: [U"] = 1.1 x lo-' and [MnO,] = 
2.7 x lo4 mol dm-3 

several different initial concentrations of U". This indicates that 
the stoicheiometry of the overall reaction conforms to equation 
(1). 

2Mn04- + 5U4+ + 2 H 2 0 +  
2Mn2+ + 5 U 0 2 2 +  + 4H+ (1) 

Dependence of the Reaction Rate on [MnO,-] and [U'"].- 
Plots of In(A, - A,) versus time, where A ,  and A oo represent the 
absorbance at time t and infinite time, respectively, were linear 
for over three half-lives of the reaction at [H'] = 1.0 mol dm-3. 
This indicates that the reaction is first order with respect to 
[U"]. Pseudo-first-order rate constants, kobs., derived from 
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Table 2. Rate constants for the oxidation of U'" by Mn04- at [U"] = 
2.4 x [Mn04-] = 3.5 x 1W2,[H+] = 1.0,andI = l .Orn~ldrn-~  

10°C 15°C 20°C 25°C 
i0-3kobs.jS-l 0.10 0.16 0.25 0.4 1 
10-3k/drn3 rnol-' s-l 0.57 0.9 1 1.43 2.34 

Table 3. Comparison of kinetic data for some uraniurn(1v) reactions 

k,/drn3 
Oxidant E"/V mol-' s-l 
Np02+ 0.74 8.0 x 
NpOz2+ 1.14 2.2 x 10' 
P U O ~ ~ +  0.91 3.1 
HCr0,- 1.20 6.3 x lo4 

Mn0,- 1.52 9.2 x lo3 
VO2+ 1.02 4.9 x 104 

ASf /J  K-' AHTI AGTI 
mol-' kJ mol-' kJ rnol-' Ref. 
135.01 130.83 90.60 5 
30.93 76.08 66.86 4 
14.21 73.57 69.34 2 
33.02 55.59 45.75 21 

30.52 62.89 53.79 This 
work 

-41.80 35.65 52.42 22 

the gradients of these plots were obtained at a variety of 
MnO,- concentrations. The second-order rate constants, k, 
were obtained by dividing the appropriate values of kobs. by 
[MnO,-] as shown in Table 1. The constancy of the values 
so obtained indicates that the reaction is also first order in 
CMnO4- I. 

The excellent linearity of the first-order plots and the 
constancy of the second-order rate constants confirm that the 
reaction is second order overall. The rate laws are thus (2) in the 
presence of excess of Mn0,- or (3) in general. 

-d[U'"]/dt = ko,,.[UIV] (2) 

1 d[U"] 1 d[MnO,-] 
5 dt  - 2 dt 

- - -- = k[U'V][MnO,-] (3) 

Dependence of the Reaction Rate upon Added Salts.-Many 
investigators have postulated mechanisms for the oxidation of 
UtV in which Uv is a reactive  intermediate.'^'' The main 
evidence in support of this is based on the catalytic effects of 
various cations and anions. This effect was studied here by 
adding the perchlorate salts of Fe"', Hg", or Cu" to the reaction 
mixtures. For example, a run at [H'] = 1.0 mol dm-3 having 
[Fe"'] = 0.01, [U'v] = 2.4 x l e 3 ,  and [MnO,] = 3.5 x 1 c 2  
mol dm-3 at 25 "C gave lC3k = 9.3 dm3 mol-' s-'. The second- 
order rate constants for the catalysis of Hg" and Cu" were found 
to be 4.5 x lo3 and 5.6 x lo3 dm3 mol-' s-', respectively, 
under the same conditions. 

Dependence of the Reaction Rate upon [H +].-Unfortunately, 
the dependence of the rate of reaction on the hydrogen-ion 
concentration could not be tested over a wide range because of 
the danger of hydrolysis of UIV at low [H'] (Kh = 2.82 x 
mol dm-3 at 25 "C) l 2  or the protonation of MnO, at high 
[H'] ( K ,  = 2.99 x lop3 dm3 mol-' at 25 "C).13 In the range of 
[H+] used (0.8-1.0 rnol dm-3) no change in the reaction rate 
was observed. 

Dependence of the Reaction Rate upon Temperature.-To 
determine the activation parameters, the reaction was carried 
out at four temperatures ranging from 10 to 25 "C at constant 
[H+] and ionic strength. The kobs. and k values at various 
temperatures are summarized in Table 2. A plot of the Eyring 
equation l 4  gave a good straight line from whose slope and inter- 
cept the enthalpy and entropy of activation were determined, 

respectively. The activation parameters were calculated using 
the least-squares method and are summarized in Table 3, along 
with results for other oxidants. 

Discussion 
A question of interest in connection with multi-equivalent 
oxidants in redox systems such as the present one is whether 
electron transfer proceeds through successive one-electron 
changes [equations (4) and (5)] or by two-electron transfer in a 

single step [equation (6)]. The estimated value for the relevant 
UV-UIv couple '' (+ 0.58 V) along with that for the MnV"- 
Mn"' couple '' (+ 0.56 V) indicate that one-electron transfer is 
unfavourable thermodynamically. However, the protonation of 
permanganate ion, MnO, + H +  F== HMnO,, shifts the E" 
value of the MnV"-MnV1 couple to more positive values 
(+ 1.1 l 6  or + 1.3 V"). Although HMnO, is a stronger 
oxidizing agent than Mn04-, its amount is still small under the 
experimental conditions of [H+] = 1.0 mol dm-3. 

In the alternative reaction mechanism which involves two- 
electron transfer in a single step, the estimated values of E" for 
the couples Uv'-U'v and MnV1*-MnV are +0.32 and + 1.12 V, 
respectively.' ' It appears that while the two-equivalent 
pathway is more favourable on energetic grounds, it is not 
prominent kinetically. This is because of the necessity of ligand 
exchange on the reductant.' * 

Comparison of the present reaction with those involving the 
oxidation of UIV to other oxotype oxidants such as Np02+,' 
N ~ 0 , ~ + , 4  and P u O ~ ~ +  shows that the UIV-Mn04- reaction 
is very much faster (Table 3). One possible explanation which 
may be considered is that this reaction may involve the transfer 
of oxygen from MnV" to UIV. Published '*O-exchange studies 
indicate the occurrence of such tran~fer.".~' A doubly bridged 
transition state undergoing a simultaneous transfer of two 
oxygen atoms was suggested for the reactions UIV-HCr04- 2 1  

and U'v-V02+ .22 Therefore, an analogous transition state 

seems plausible. The configuration dub simulates the 

structures of both Uv and Uv' and has frequently been 
postulated in actinide reactions.23 

The relative rates of the oxidation of UIV by HCrO,, V02+, 
and MnO, are in the expected order [k(HCr04-)2' > 
k ( V 0 2 + ) 2 2  > k(Mn0,-)]. The plot of AGt against AG" for 
these reactions was linear, but the slope was very much less than 
that of 0.5 as required by Marcus theory.24 This indicates that 
at least some of the reactions proceed via an ion-pairing 
mechanism. Under the experimental conditions of [H'] = 1.0 
mol dm-3, uranium(1v) exists as U4+ which could participate in 
an ion-pair mechanism,* equation (7) where kl ,Kl l  = k. It 

U4+ + MnO, & U4+Mn0,- -% product (7) 

* As suggested by a referee. 
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Table 4. Activation parameters for some permanganate reactions 

AS:/J K-' AHllkJ AGf/kJ 
Reagent mol-' mol-' mol-' Remarks 

u'" +30.52 62.89 53.79 This work 
W ( C N ) B ~ -  + 25.92 54.76 47.04 Outer sphere 
Fe(phen), + + 68.13 64.79 44.49 Outer sphere 
Fe(CN),4- + 152.57 89.87 44.40 Outer sphere" 
MO(CN)B~ ~ -23.41 45.14 52.12 Outer sphereb 

" M .  A. Rowoof and J. R. Sutter, J. Phys. Chem., 1967, 71, 2767. 
L. Thomas and K. W. Hicks, Inorg. Chem., 1974, 13, 749. 

is expected that the ion pair would be more appreciable at 
the higher reagent concentrations. The rate equation can be 
expressed as in (8) where [MnO,-], denotes the total con- 
centration of permanganate ion ([MnO,-] + [U4+Mn04-]). 

Furthermore, the thermodynamic parameters observed for a 
series of common reactions may be considered as good evidence 
in support of the reaction m e c h a n i ~ m . ~ ~ ~ ~ ~  The kinetic para- 
meters observed for the reactions of some inorganic substrates 
with MnO, are summarized in Table 4. It has been shown that 
the AS* values for a group of outer-sphere reactions involving 
MnO,- tend to be more positive (-23 to + 153 J K- '  
motL) 2 7 7 2 8  than A S t  for a set of inner-sphere reactions (- 54 to 
- 113 J K-' m~l - ' ) .~ '  The entropy of activation of the present 
reaction falls within the range observed for the outer-sphere 
mechanism. Such a similarity, while not in itself indicative of an 
outer-sphere mechanism as is the case of the reactions of 
W(CN)84-, F e ( ~ h e n ) , ~  + (phen = 1,lO-phenanthroline), 
Fe(CN),,-, and Mo(CN),,- with MnO,-, approximates the 
ion pairing mechanism owing to the overall charge of the 
reductant. 

In view of the pronounced catalytic effect on the reaction rate, 
the oxidation of UIV has frequently been reported to be affected 
by various ionic species.6*" Owing to the fairly moderate 
reaction between U" and Fe'l',' these measurements were 
carried out with iron(II1) mixed with MnO, in one syringe 
reservoir of the stopped-flow apparatus and the U" in the other. 
The UIV-Fe"l reaction was slow enough to be unimportant 
during the time required for complete reduction of MnO,--. 

The reduction of Fe"' by Uv should the latter be formed is 
necessarily a rapid reaction.' Newton and Baker 30 estimated 
the second-order rate constant for this reaction to be ca. lo5 
dm3 mol-' s I at 25 "C and [H+] = 1.0 mol dmP3. The second- 
order rate constant for the oxidation of Fe" by MnO,- under 
the same conditions was found to be <lo4 dm3 mol-' s - ' .~ '  
Accordingly, the catalytic effect can be simply explained in 
terms of reactions (9) and (10). The effect of Cu" and Hg" on the 

reaction rate may be explained in a similar manner [equations 
(1 1) and (12)]. In this context, it should be noted that there 

uv + Cu" UV' + c u '  (1 1) 

does not appear to be any experimental confirmation of an ion- 
pair or outer-sphere two-electron transfer process.32 
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