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Metal-ion Oxidations in Solution. Part X1.t Malic Acid with Cerium(iv) 
in Perchlorate Media 
By Zahid Amjad and Alexander McAuley," Department of Chemistry, University of Glasgow, Glasgow G12 8QQ 

The redox reaction between cerium(tv) ions and malic acid ( H L )  proceeds via a n  inner-sphere mechanism and 
has been investigated at an  ionic strength of 1 . 5 0 ~  over the temperature range 10.6-25 "C using the stopped- 
flow method. Two intermediate complexes have been identified [equation (i)], the reactive species [CeL]3+ 

Ks kB 
[Ce(HL)I4+ H +  + [CeLI3+ __t CelI1 + L' 0) 

being somewhat more stable; K3 = 11 f 4 mol I - 1  at 25 "C. Formation constants for the complexes have been 
obtained both from initial optical-density changes and kinetic data. Activation parameters for the intramolecular 
electron transfer involving the complex [CeLI3+ have been derived; kp = 0.52 f 0.06 s-l at 25 "C with AHS 
= 20-6 f 1.5 kcal mol-1 and ASS = 9-5 f 5 cal K - l  mol-l. The first hydrolysis constant for cerium(/\/) [equation 
(ii)] has been redetermined; K h  = 0.2 f 0.02 mol 1-l at 25 "C with AH = 5.2 f 0.7 kcal mol-l and AS = 

Kh 
Ce4+(aq) __ [Ce(0H)I3+(aq) + H f  ( i i )  

14.3 f 4 cal K-1 mol-l, and compared with other values. 
radical formed in the redox step are discussed. 

Possible paths for the rapid decomposition of the 

THE oxidation of inorganic and organic substrates by 
cerium(1v) ions in perchlorate media has been the subject 
of much recent interest and ~omment . l -~  Unlike the 
comparable reactions in sulphate media which are gener- 
ally  lower,^-^ and where there may be competition 
between the S042- ion and other ligands for positions in 
the primary co-ordination sphere of the metal ion, in the 
presence of perchlorate ions it should be possible to 
identify any intermediate complexes in solution and so 
substantiate an inner-sphere mechani~m.~ Evidence for 
such a route has been obtained previously mainly from 
Michaelis-Menten kinetic treatments 29399  and only in a 
few instances has direct complex formation been ob- 
served.10 The situation is more confused in that there 
are available in the literature several values for the 
hydrolysis constant 11-13 for the cerium(1v) aqua-ion 
which differ by almost two orders of magnitude. 

In  the present paper we present the results of a study 
where it is possible from optical-density changes {occur- 
ring within the first few milliseconds of reaction) to con- 
firm the nature of the complexes involved and to compare 
the equilibrium constants obtained with those derived in 
a separate kinetic treatment of the subsequent redox 
reaction. 

EXPERIMENTAL 

Materials.-Cerium( rv) was prepared electrolytically by 
oxidation of ceriuni(Ir1) perchlorate sol~t ions.~ Such solu- 
tions (ca. O.O25~-Cem in CM-HC~O,) were prepared by acidi- 
fication of cerium(1v) hydroxide with excess of perchloric 
acid followed by treatment with a slight excess of H202 to 
reduce the metal ion to oxidation state 111.s It was 
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shown 4 recently that electrochemical oxidation yields solu- 
tions containing monomers, whereas stock solutions pre- 
pared from reaction of the metal hydroxide with perchloric 
acid contain appreciable amounts of polymeric ions. 
Monomeric cerium(1v) has also been prepared by dissolution 
of ammonium cerium(1v) nitrate in perchloric acid, and use 
of such solutions gave results identical in all respects to 
those with the electrolytically prepared stock. The ionic 
strength was maintained constant at 1 . 5 ~  using sodium per- 
chlorate (Fluka, puriss p.a.) and perchloric acid (AnalaR), 
and i t  was considered that the small (ca. 10-3-10-4~) con- 
centrations of NH,' and NO3- ions present when the nitrate 
salt was used had no effect on the nature of the reagents. 
In  the latter case, the concentration of cerium(1v) nitrato- 
complexes l4 would represent < 1% of the total metal ion. 
All solutions were prepared with distilled water obtained 
from an all-glass still. Cerium ( ~ v )  concentrations were 
determined titrimetrically using ammonium iron(1r) sulphate, 
and HClO, concentrations using both standard base and 
weighed samples of disodiurn tetraborate. 

Kinetics.-Kinetic studies were made under conditions of 
excess of ligand on a stopped-flow instrument described 
previously.16 Comparison of blank solutions a t  (357 nm), 
in which cerium(1v) was rapidly diluted with acid perchlorate 
solution, with those where ligand was present indicated 
formation of a complex within the time of mixing. The 
subsequent redox reaction was monitored at the same wave- 
length and from photographs of the oscilloscope traces the 
decrease in optical density as a function of time was calcu- 
lated using a Nova 1200 computer. First-order plots were 
linear to at least 85-90% completion of reaction and repli- 
cate experiments gave identical rate constants to within 
f 2 % .  Using the initial optical-density change (AD) at 
various wavelengths it was possible to construct the 
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spectrum of the transient. The curve was fairly similar to 
that derived previously for the interaction of CeIV with 
alcohols. 

Stoicheiometry .-Diff ering values for the stoicheiometry 
of this reaction were derived in sulphate media,6.16 possibly 
as a result of the presence of excess of oxidant in the deter- 
minations. In  order to overcome this problem we used 
experimental conditions similar to those in the kinetic runs 
and determined quantitatively the amount of formic acid 
produced in the presence of excess of reductant.17 In this 
method, formic acid was oxidised to CO, in the presence of 
HgCI, and the mercury(1) chloride formed was then deter- 
mined using an iodine-thiosulphate titration. Small cor- 
rections were made using blank comparisons in the presence 
of malic acid. The reaction was found to be quantitative 
only in buffered solutions and the perchloric acid in the 
reacted solutions was first neutralised to pH ca. 6. Four 
determinations gave a stoicheiometry of 9.5 & 0.2 mol 
cerium(1v) reacting per niol reductant, consistent with (1). 

10CeIV + HO,CCH,CH(OH)CO,H 
HzO 

10CelI1 + lOH+ + HCO,H f 3C0, (1) 

RESULTS AND DISCUSSION 
(a) The First Hydrolysis Constant of the Cerium(1v) 

Aqua-ion.-Several values for this constant have been 
reported and many authors have cited the data of Hard- 
wick and Robertson.ll The results in this paper, how- 
ever, are acknowledged to involve very small optical- 
density changes and data are presented at  only three 
hydrogen-ion concentrations, being the minimum re- 
quired for calculation. Also, deviations from Beer's law 
are reported at 1-00~-H+ for metal-ion concentrations 
< 2  x l o - 3 ~ .  A more recent study13 yielded a con- 
siderably smaller Kh value with no variation in the 
absorption coefficient under the above acidity conditions 
in the region up to ca. 6 x 10-3~-Ce1V. Using a Unicam 
SP 800 spectrophotometer, with scale-expansion acces- 
sory, we reinvestigated the situation both at 300 nm, the 
wavelength used previously, and 357 nm, the wavelength 
used in the present studies. Using both the perchlorate 
and hexanitrato-complexes in the range 2.5 x 
15 x l O - 4 ~ ,  we found no evidence for dimer formation. 

If [CeIV]T represents the total cerium(1v) concentration 
present in solution, the measured absorbance of a 
cerium(1v) solution may be written as ( Z ) ,  and if  no 

hydrolysis takes place the absorbance Do = &ce[CeIV]T. 
Introducing the hydrolysis constant, Kh, the observed 
absorption coefficient, &&s, at different [H+] may be 
expressed as (3) so that Eobs = {(so - ~~~ ,~) [H+] / r ( r , )  + 
&&OH, where .so = E C ~  and represents the absorption 
coefficient of the unhydrolysed cerium(1v) ion. The 
coefficient E~ may be calculated from three absorbance 
readings at three different [H+] values. From measure- 
ments on eight solutions in the range [H+] = 0.08- 
0 . 9 2 ~  ([CeIVIT = 1-01 x 10-3~) ,  eight differing combin- 
ations of Eobs and [H+] yielded c0 values to within 

l6 R. Dayal and G. V. Bakore, I n d i a n  J .  Chem., 1972,10, 1165. 
l7 J. W. Hopton, Analy t .  Chim.  Acta,  1953, 8, 429. 

D = &ce[Ce4+] + ~c~on[ce(OH)~+]  ( 2 )  

&obs = (ECe + &CeOHKh[H'l-')/(1 + KhLH'1-l) (3) 

A plot of [H+](E, - cobs) against ~~b~ should be linear with 
gradient Kh-' and intercept ECeOH. The data at 20.0 "C 
are presented in this way in Figure 1, from which Kh = 
0.17 & 0.01 moll-l. Similar experiments a t  15-5 "C and 
322 nm gave a value of 0-13, 5 0.010 mol 1-l. These 
data may be compared with Kh values of 0.18 (25 "C,) and 
0.11 mol 1-1 (5 "C) obtained by Offner and Skoog at 
I = 1 . 3 3 ~ ~ ~ ~  ,4t 300 nm, the absorption coefficients 
ECe = 8.50 X lo2 and ECeOH = 1.87 X lo3 1 m01-l Cm-' 
may be compared with those derived previously l3 at  305 
nm where the corresponding values are 7.50 x lo2 and 
1.74 x lo3 1 mol-l cm-l respectively. 

I 

I CY 
1.6 i- 

I Y t P 

I ! I I I I /  - 
0 4 G.8 1.2 1.6 

lo-*[ H '1 (€,- €oobs) / cm-' 

FIGURE 1 Plot of &&,s against [H+] ( E ~  - E,~~) a t  20.0 "C, 300 nm, 
[CeIV] = 1.014 x I = 1.50, and [H+] = 0.0848-0.9328~ 

It is of interest to note that the lower value of Kh 
derived in these studies is much closer to that for other 
M4+ aqua-ions. The present value may be compared 
with 0.08 mol 1-1 for Hf 4f ( I  = 4 . 0 0 ~ )  l8 and 0.027 moll-1 
( I  = IM) l9 at  25 "C for the U4+ ion. 

(b) Cerium(1v)-Malic Acid Complex Formation.- 
From initial optical-density changes it was apparent that 
a complex was formed within the time of mixing of the 
reactants and both Ce4+ and [Ce(OH)I3+ are possible 
complexing agents. There is also the possibility of the 
anion of the ligand as a reactant, but in the [H+] range 
used (0-40-1.50~), since the pK, values of malic acid are 
3-40 and 5.11, the concentration of free anion would be 
very low. 

Using the scheme (HL = malic acid) in equations 
(4)-(7), the observed absorption coefficient, E&s', of a 

Kl 

K ,  

Kh 

Ce4+ + HL + [Ce(HL)I4' (4) 

(5)  [Ce(0H)l3+ + HL +_ [CeLI3+ 

Ce4+ __ [Ce(0H)l3+ + H+ (6) 
A 3  

[Ce(HL)I4+ [CeLI3+ + H+ (7) 
l8 B. Noren, Acta Ckem. Scand., 1973, 27, 1369. 
l9 H. A. C. MacKayand J.  L. Woodhead, J .  Chem. Soc., 1964, 

717. 
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solution containing cerium(1v) and malic acid may be 
written as (8). This equation may be rearranged to  
give (9). 

much faster than those in sulphate media and compari- 
son of the present data with those derived previously 596 

shows an increase in rate of lo3-lo4 between the two 

(8) 
- We Ec~oHK~/[H+]-~ ECeHLKl[HL] + CCeLK2Kh[HL][H+]-' 

1 + Kh/[H+]-l + Ki[HL] + KzK~[HL][H+]-~ &obs - 

At the wavelength used for the kinetic measurements 
(357 nm), E(:~ - EC~OH and, from a knowledge of Kh, CI can 

where rx = E ~ ~ [ H + ]  + cCe0gKh - E ~ ~ ~ ( [ H + ]  + Kh) 

be calculated. Plots of aCHL1-l against E , ~ ~ '  a t  fixed 
[H+] were linear with positive gradients (G) and negative 
intercepts ( I ) .  The data at 10.6 O C ,  derived from the 
initial optical-density changes, are shown in Figure 2. 

0-9 1.1 1.3 1.5 1.7 
1 O-3~Obs'/l  mol-' em-' 

FIGURE 2 Plot of -1xrHL1-l against Eobs' [equation (9)] at 
10.6 "C, 357 nm, and I = 1 . 5 0 ~ .  The ordinates have been 
displaced for clarity: [H+] = 1.45 (0) and 1-00 (0)  (right- 
hand ordinates); 0.75 (A), 0.25 ( A ) ,  and 0 . 5 0 ~  (0) (left-hand 
ordinates) 

Similar plots were obtained at other temperatures. 
From (9) i t  may be seen that G = K,[H+] + K&1, and 
I = -(EC~~&.,[H+] + &&Lkr&h), so that plots of G 
against [H'] and I against [H+] yield K,, K,Kh, E ~ ~ ~ I L K , ,  
and €Ce~K2Kh from which the absorption coefficients of 
the complexes may be calculated. The equilibrium 
constants and absorption coefficients are given in Table 4, 
whence i t  is seen that K ,  is relatively small compared 
with 1<21<h. The errors associated with K,  were in 
general too large to allow derivation of any thermo- 
dynamic parameters, but AH and A S  values may be 
calculated for reaction (5). The value of K, at 25 "C, 
13 5 1 mol-l, may be compared with that of 10 1 mol-l 

systems. This may reflect either the increased redox 
potential of the CeIV-Ce1I1 complex in HClO, 2o or the in- 
ability of the a-hydroxyacid to compete successfully as a 
complexing ligand with the negatively charged sulphate 
ion. Since in some of the kinetic runs the nitrate com- 
plex of cerium(1v) was used, it was necessary to establish 
whether nitrate ions had any effect on the rate of reac- 
tion. The results of experiments carried out in NO3- 
concentrations up to one hundred times that of the 
oxidant concentration (Table 1) showed no effect on the 

TABLE 1 
Effect of nitrate and cerium(II1) ions on the reaction rate a t  

20 "C, I = 1.50h1, [H+] = 1 . 0 0 ~ ,  357 nm, [CeIV] = 
2.50 x 1 0 - 3 ~ ,  and [HL] = 5-0 x 1 0 - 3 ~ ~  

103[c€!x1']/X kobe/S-' 103[N03-]/M kobs/S-' 

0.0 1.05 &- 0.01 0.0 1.05 f 0.01 
0.25 1.05 i 0-01 0.50 1.07 i 0.02 
1.00 1.04 f 0.01 1.00 1.06 0.01 
2.50 1-06 0.02 2.00 1.06 & 0.02 

12-50 1.03 & 0.03 5.00 1.08 0.01 
25.00 1.04 I 0 . 0 3  

rate. Similar runs with cerium(II1) showed no effect on 
the observed rate constant up to a fifty-fold excess. 

The kinetic rate law showed that, whilst the order in 
oxidant concentration was unity, a non-integral value 
was obtained for the malic acid, consistent with form- 
ation of a complex which undergoes a further intra- 
molecular redox reaction. From the scheme in equations 
(10) and (l l) ,  allowing for the overall stoicheiometry, the 

Ce4+ + HL + [Ce(HL)]*+ __t CeIII + HL' (10) 
K1 k a  

rate of loss of total cerium(1v) may be expressed as (12) 

= 10ka[Ce(HL)"] + 10kD[CeL3+] - d[CeIV]T 
dt 

and the observed first-order rate constant, kobs, as in (13), 
so that a plot of KObs-l against [HL]-l should be linear. 
Treatment of the kinetic data (Table 2) in this way 

for the corresponding complex formation with i-propyl showed excellent linearity (cf. Figure 3). From the 
alcohol and for other primary and secondary alcohols gradients and intercepts of such plots [equation (13)] an 
the corresponding equilibrium constants are in the expression similar to  that derived previously [equation 
range 1.5-5 1 mol-l. (9)] for the spectrophotometric measurements is ob- 

noted,' reactions of cerium(1v) in perchlorate proceed 1972, 94, 8649. 
('1 Of Kinetic Data.-As was previously 

20 R. J.  Field, E. Koros, and R. &I. Noyes, J .  Amer. Cheppz. Sot., 
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 ABLE 2 
Observed rate constants at varying ligand (HL) and hydrogen-ion concentrations, I = 1 . 5 0 ~ ,  357 nm, and ~ C C I ~ ] ~  = 2.5 

x 10-4~r. Gradients (G') and intercepts (1') were derived from plots according to equation (13) 

f3Ol"C [H']/M 102[HL] /~  
25.0 0.60 * 0.25 

0.375 
0.500 
2.50 
3.75 

0.80b 0.50 
1.50 
2-50 
3.75 

kobs I s-' 
1.60 
2.05 
2.39 
3.94 
3.98 
3.20 
3.60 
4.02 
4-00 

3.59 
3.73 
3.85 
4.00 
4-25 

1-07 
1.74 
2.50 
3.04 
3-34 
8.64 
3-73 

0.95 
1-31 
1-59 
2.05 
2.76 
3-14 
3-58 

1.18 
1.32 
1-49 
1.68 
2-01 
2.12 

0.84 
1.10 
1-31 
1.49 
1.90 
2.04 
2.09 
0.69, 
1.03 
1.20 
1.80 
1.94 
0.63 
0.83 
0.95, 
1.20 
1.52 
1.71 
1.87 
0.54 
0.74 
0.87 
1-04 
1.40 
1-86 

0.83 
0.97, 
1.10 
1.20 
0-61, 
0.714 
0.84 
1.05 
1.18 

103~~/m011-1 s Y j s  

1.012 f 0.03 0.218 f 0.004 

1.24 -+ 0.03 

1.00 b 1.00 
2.50 
3.00 
3.50 
5.00 

1.44 f 0.01 

1.25 0.25 
0.50 
1.00 
1.50 
2.00 
2-50 
3.75 
0-25 
0.388 
0.50 
0.75 
1.50 
2.50 
3.75 

0.3 12 
0.375 
0.50 
0.75 
1.50 
2.50 
0.25 
0.375 
0.50 
0.75 
1.50 
2.50 
3.75 
0.25 
0.50 
0.75 
2.50 
3.75 
0.25 
0.375 
0.50 
0.75 
1.50 
2.50 
3.75 
0.25 
0.375 
0.50 
0-75 
1.50 
3.75 

1 
I 

1-82 & 0.02 

1.45 

2.06 & 0.025 0.225 4 0.005 

20.0 0.50 

1.32 f 0.03 0-414 4 0.006 

0.75 

1.86 -J= 0.04 0.413 0.008 

1 
J 

1-00 

0.468 & 0.018 

1.25 

0.468 f 0.009 2.80 0.04, 

1 
J 

1.50 

0.470 Jr 0.019 

16.0 0.30 

0.90 

0.312 
0.500 
0-75 
1-50 
0.375 
0.50 
0.75 
1-50 
2.50 

1.48 =t 0.066 0.727 & 0.013 

0-722 & 0.01 
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oc/ "C 

10.6 

[ 13 +I /hI 

1.25 

1.50 

5-44 5 0.09, 

0-25 

0-50 

4.07, -- 0.0'7, 

0-75 

1.00 

TABLE 3 (Con t iwed)  
102[HL] /BI kobs1S-l 103~'/m011-1 s 

0.25 0-38, 
0-375 0.50 
0.50 0.61 
0.75 0.72, ) 4.51 5 0.03 
1-50 0.94, 
2.50 1.06 i 
3.75 1.09 J 

0.25 0.33, 
0.375 0.45, 
0-50 0.54; 
0-75 
1.50 
3-50 1.01 
3.75 1.09 J 

0.25 0.40, 
0.437 0.49, 
0.625 0.54, 
1.25 0.58, 
1.88 0.580 
0.25 0.31, 
0.437 0.41, 
0.625 0.46, 
1.25 0.55, 
1-83 0.59, 
2.50 0.61, 
0.25 0.27, 1 
0.375 0.34, 1 

0.50 0.38, j 
0.75 0.45, 1 
1.50 0.55, 1 

2.50 0.61 j 
3.75 0.63, J 
0-25 0.23, ? 
0.375 0.30, 
0.50 0.36 1 
0.75 
1-50 
2.50 
3.75 0.59, 

1 ~ 4 6  0-25 

0.56 

0 . 3  7 ; 

1.50 0.44, 
0.50 8.87 5 0.22, 0.55 0.34 

3-75 0.53 
a The nitrate salt of CeIV was used. 1) The perchloratc salt of Celt- was used. 

tained, and equilibrium constants derived from the 
kinetic plots are compared with those from initial 

FIGURE 3 liatc data  a t  25 "C: plots of hobs (s-l) against [I-ILj-' a t  
I = 1.50, and [H+] := 1-45 (a), 1.25 T_CcIk*J = 2.50 x 

(O), 0.80 ( r7), 0.60 (A). and 1.00~1 (A) (upper abscissae) 

I'ls 

0.771 & 0.01 

0.78 2 0.01, 

1.58 rk 0.04 

1.51 & 0.26 

optical-density changes in Table 4. The agreement of 
the data is considered satisfactory and again indicates 
the existence of two complexes, one of which is much 
more stable than the other. 

Rate parameters were derived using gradients, G', 
from plots [equation (13)] of kObs-l against [HLI-l, since 
using the variation with ligand concentration these 
gradients (Table 2) could be measured to  within -&2y0. 
Rearrangement of this term in equation (13) gives (14), 

([H-.] + Kh)/G' = lOK,K,[H+] + 10kgK&h (14) 
so that  a plot of ([H+] $- KI,)/G' against [H+] should be 
linear. The data for such plots are given in Table 3, 
where it may be seen that no significant variation with 
1 H+] was observed over tlie concentration range 0.26- 
1.15~, indicating that only one complex undergoes intra- 
molecular decomposition (hp) ,  namely the species [CeLI3 . 
Either the rate constant k ,  is markedly smaller than kg, 
a feature which is considered unlikely since protonation 
would not be expected to alter radically the redox poten- 
tial of the cerium(1v) complex, or the complex is present 
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in too low a concentration for observation under the 
present experimental conditions. This alternative is 
certainly supported by the fact that  the equilibrium con- 

(4)] is at or near the limits of detection by the methods 
TABLE 3 

Derivation of rate constants for the redox reaction 
based on equation (14) 

resulting from uncertainties in K,. This mechanism was 
preferred in the case of the reaction with i-propyl alcoh01,~ 
where K,  z 1. There are certain attractions in this 

stant for formation of the protonated complex [equation H 

([H+l + Kh)/S-l 
eci0c [H+]/M G' OH OH 

20-0 

16.0 

10.6 

25.0 ~ 0.60 
0.80 
1.00 
1-25 
1-45 
0.50 
0.75 
1.00 
1.25 
1.50 
0.30 
0.90 
1.25 
1.50 
0.25 
0.50 
0.75 
1.00 
1-45 

790 2r 6 
805 i 15 
833 f 50 
798 8 
800f 10 
504 f 9 
495 f 10 
475 * 15 
504 & 4 
489 & 13 
302 & 10 
305 & 5 
310& 1 
304 f 6 
1 8 0 i  15 
152 4 
158 3 2 
169 f 4 
177 f 4 

used in this study. Also if negligible concentrations of 
this complex are present in solution, the assumptions 
made earlier for the derivation of Kh are justified. This 
study then yields a measurement of Kh by kinetic methods 
and further substantiates our finding of a value for the 

approach in that i t  is difficult to envisage from electro- 
static considerations why the tripositive [Ce(0H)l3+ ion 
should complex more strongly than the Ce4+(aq) ion, and 
it may be that, although thermodynamically the overall 
reaction (5) is favoured (-AG = 3-94 kcal mol-l), in fact 
K ,  represents a composite equilibrium constant in which 
one of the formation steps is kinetically slow. If this 
were the case, then reaction (15) would represent the 
route by which the reactive species in the redox system is 
formed. It is of interest to note that in the correspond- 
ing reaction with malonic acid21722 the overall [H+] 
dependence of the reaction rate differs radically from the 
present study (kobs in fact increases with [H+]) and a pos- 
sible explanation lies in a much smaller value of K, (<1). 
Malonic acid has no a-hydroxyl proton which will dis- 
sociate on complexing with the metal ion. Increasing 
[H+] in the present system merely forces equilibrium (15) 
to  the left and so reduces the concentration of reactive 
complex. 

TABLE 4 
Kinetic and thermodynamic parameters a 

Kl/l mol 
.A- 7 r -7 

K!&h 
r 

e, /oc k p  l<h c / m o l  1-' d e d e 10-3KK,/1 mol-I KJmol 1-1 

16.0 0.149 & 0.001 0.14 205f 10 2 2 0 i  15 10 f 4 35 & 15 1.46 15 6 5 
10.6 0.085 & 0-010 0.12, 195 f 20 175 f 2 5  30 f 10 50 f 30 1.55 5 f 3  

20 f 10 25 f 10 1-14 8 % 3  20.0 0.25, f 0.007 0.16, 190 f 10 200 f 20 
85.0 0.52 & 0.06 0.20 155 & 15 145 j l  25 10 5 4 16 f 10 0.78 11 f 4 

a Spectrophotometric data were derived from equation (9). 
studied were (2-4 f 0.15) x lo3 and (2.05 f 0.20) x 103 1 mol-l cm-l respectively. 
b AH$ = 20.6 & 1.6 kcal mol-1, Ast = 9.5 f 5 cal K-1 mol-l. 
mol-I, A S  = 14.3 & 4 cal K-1 mol-1. 

The average values of EC~HL and scar, over the temperature range 
See text for comparison with uncomplexed ions. 

CIncluding data from ref. 13 (see text); A H  = 3-52 f 0.7 kcal 
d Determined kinetically. Determined spectrophotometrically. 

hydrolysis constant which is considerably lower than that 
quoted previously. The rate constant kp was then 
calculated [equation (lo)] using the value of K2Kh 
derived kinetically. Activation parameters and rate 
constants are given in Table 4. The activation energy 
for electron transfer involving the complex [CeLI3+ may 
be compared with that of 27.3 kcal mol-l for the compar- 
able reaction with i-propyl alcoh01.~~ * 

It is to be noted that K,Kh = K3Kl and that, whilst 
we have adopted an approach which yields confirmation 
of Kh and K ,  values, an alternative path for complex 
formation is via dissociation of the protonated complex 
[Ce(HL)I4' as in (15). A value of K ,  E 5-15 mol 1-1 
may be calculated from the present data, the inaccuracy 

* 1 cal = 4.184 J.  
21 M. Ignaczak, SOC. Sci. L a d : .  d c t a  C l i i ~ ~ . ,  1972, 17, 138 (Chem. 

-4bs., 1973, 78, 34427~).  

The reaction stoicheiometry may be understood if the 
ligand is oxidised in a one-electron step to yield cerium- 
(111) and a radical which further reacts rapidly with 
cerium(1v) in a series of steps to give formic acid. The 
nature of the radicals produced in reactions of a-hydroxy- 
acids, R*CH(OH)*CO,H, has been the subject of some dis- 
c ~ s s i o n , ~  stabilisation of a radical of the type R*cH(OH) 
being considered important. Oxidation of this species 
would, however, in the present study be expected to 
produce R*CO,H, malonic acid. The oxidation of this 
substrate, however, is slower than for malic acid,,lS2, and 
it may be that, where R = CH,*CO,H, further decarb- 
oxylation of the radical occurs with accompanying in- 
crease in the number of moles of oxidant required. 
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