
Coordmation Chemistry Reviews 
Elsevier Pubbsbing Company, Amsterdam 
Prmted m Tbe Netherlands 

245 

THE ROLE OF COMPLEXES IN METAL-ION OXIDATIONS IN 

SOLUTION 

ALDCANDER MCAULEY* 

Department of Pure and Applred Chemistry, Universcty of Strathclyde, Glasgow Cl (Great Brrtainl 

(Received August 20th, 1969) 

CONTENTS 

A. Introduction 
B. Cobalt@I) 
C. Cenum(IV) 
D. Ir0Il(IIJJ 

E. Manganese(ilI) 
F. Vanadium(V) 
G. Silver(H) 
H. Copper 
I. Other redox systems 
J. Conclusion 
Acknowledgment 
References 

A. INTRODUCTION 

The oxidation state of a metal ion must be referred to its immediate en- 
vironment since the stability and reactivity of an ion m any oxidation state is 
known to be influenced by the presence of ligands. A particular oxidation state 
is stable as a result of thermodynamic or kmetic factors in that any associated 
redox reactions may be accompanied by 
(a) unfavourable free energy changes or 
(b) the activation energies for the intramolecular electron transfer processes 

involved are too large. 
In the reactions mvolving two metal ions, redox processes generally involve 

a single electron transfer step and much work has been done on the elucidation 
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of the mechanisms of such systems m solution. Detailed reviews on both the 
“mner”l -3 and rCOUter”‘%-6 sphere mechanism are available. The inner sphere 
route has been demonstrated mainly as the result of product studies’, CJ t 41: elegant 
mvestigations of Taube and his co-workers on the reactions of pentammrno- 
cobalt(lII) complexes with Cr”, and only m a few cases has the inner sphere 
mechanism been demonstrated unambiguously. In the reaction of Cr” with 
Vlv8, the pale blue solutions produce on mixing a bright green colour which 
slowly fades to the V”’ and Crrrr ions. Characterisation of this binuclear in- 
termediate has been achteved using a stopped-flow apparatus Also in the re- 
action of Fe(0QG3- with [Co(CN)J3-, the product [(NC),Fe(CN)Co(CN)J6- 
has been aolatedg. For outer sphere reactions, the interactions are substantially 
weaker and correlations between kmetic and overall thermodynamic parameters 
have been demonstrated’ ‘*ii_ 

The stablhty of a complex ion with respect to an mtramolecular redox 
reaction will depend on several factors”. If the electron affinity of the hgand is 
not large, it will be oxldised; alternatively rf its electronegativity is greater than 
that of the metal atom then oxidation of the latter may take place. rn general, 
however, hgands tend to act as reducing agents and unlike metal Ions which may 
undergo changes m oxidation state in single electron steps without the formation 
of highly reactive intermediates, llgands frequently require two-electron changes 
to reach a new stable state. 

Reactions of the type 

(H,O),M”+ IL $ (H,O),_,ML=+ + M(=-‘)* +P 
k-1 

will proceed from left to right if there is a decrease m free energy. The energy 
profile diagram for the overall reaction may be represented by Fig 1. The magni- 
tude of AB will define whether the reaction can be constdered as a concerted 
process involving only the formation of ML”” as a transient activated mtermedlate 
(when AB is small), or a two step reaction where an intermedtate complex IS 
formed (AB large) In the former, the equihbrmm constant of the complex ion 
ML=+(K) IS small and a rate study would exhibit strict second order kinetics In 
the latter case, however, the rate law will be modified to mclude a term m K, 
since there 1s now formed a thermodynamically unstable metal complex which 
has all its partition functtons and which is m eqmhbrium with its precursors. Also 
this species should be distinguished from any activated complex in the reaction 
profile. A distmction must thus be made between complex species formed as a 
result of metal-hgand interaction prior to the oxidation process and those which 
may be postulated as intermediates in the electron transfer process. The question 
of intermediates in oxidation reactions has recently been discussed m detail by 
Halpern13’. 

When AB is small (Fig. 1) the interaction between the reactmg species is 
weak and an outer sphere type of mechamsm might be considered as operatmg. 
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The theoretical approach for these reactlons is much simpler than for the mner 
sphere. No met&hgand bonds are made or broken in the electron transfer step 
and arbitrary parameters which occur in theoretical studies in chemical kinetics 
are therefore absent. A theory has been developed’3*5 which predicts the rates 
of outer sphere electron transfer reactlons. A single wave function describes the 
state of the transferrmg electron, 

where & and & are the wave functions for the mltlal and final states at a distance 
where there is no interactlon The rmxing parameter, M, varies smoothly from 
zero to umty durmg the course of the reaction, M bemg the average fraction of 
the electron which is transferred. The transition state is at the top of the energy 
barrier A, and corresponds to that value of M which mimmlses the energy when 
the mternuclear coordmates are fixed. The free energy of activation Includes the 
Coulombic repulsion of the reactants, the changes m the inner hydration shell 
and the changes in the Born hydration energy in going from the reactants to the 
transition state. Thus the rate constant for tile reaction may be calculated, and 
comparison of observed and calculated rate constants has been made14. No 
unambiguous cases of metal-hgand interactions of this type has however so far 
been identified. When AB is finite (Fig. 1) then the oxidation may take place via 
an mner sphere route. TheoretIcal Investigation of such reactions is more difficult 
than in the previous case in that closer contact of the reactants results m greater 
orbital overlap and the lower symmetry makes calculation of the rearrangement 
free energy more difficult_ 
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Rg 1. Free energy as a function of reaction coordmates. 

Most electron transfer processes mvolvmg metal Ions and hgands take place 
via this route and it is of importance that studies are made on the nature of 
intermediates which are mvolved If a transient complex Ion is formed m the 
course of the reaction, there are three possible rate controlling factors: (a) the 
rate of formation of the mtermedlate, (b) the rate of electron transfer wthm the 
complex ion and (c) the rate of breakdown of the complex. 
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Although the nature and reactzvzty of metal-ion oxzdants has been well 
documented previously ’ 5 -” the use of fast reaction techniques is now provzding 
greater detazl in such reactions and in this Revzew the mechanism and nature 
of the complexes involved ~111 be considered. Various metal ion oxidants are 
conszdered in the types of interaction with organic and inorganic substrates. In 
general, systems involving catzons have been the more fully investigated but 
reference zs made to anzonzc reactants where data are avazlable. 

8. COBALT(Il1) 

The cobaltic ion to stable only in the form of complex salts, the fluorzde 
chloride, sulphate and acetate speczes being solzds all of whzch revert to the co- 
baltous state2’ *22. The aqueous cobalt(llT) zon IS extremely reactive, being known 
as a very powerful oxzdant, the redox potentzal for the system 

co 3+ f’ Co2+ 

bezng 1.95 V at 25”23. rn pure water at room temperature spontaneous reduction 
to the Co” state takes place with evolution of oxygen. This reactzon was first 
studzed in detail by Bawn and Whzte2’ who found a rate dependence whzch was 
first and second order zn cobalt(lTl) concentration. Decrease in aczdzty increased 
the rate, due to reaction of both Co3+ and the hydrolysed species formed zn the 
reactzon: 

w20)6c03 -+ -P (H20)5C~(OH)2f + Hi 

A later study fazled to reproduce the earlzer findzngs24, the reactzon order of Co”’ 
being observed to be 3/2 and the rate inversely proportional to [H’]‘. The mecha- 
nism proposed in this case, involved the cobaltzc ion present zn the dzmerzc form, 
e.g. 

2 CoOH’* s [Co-O-Co]“’ +H;O 

wzth the rate determzng step 

CoOH’ + + [Co-O-Co]” + + 3 Co2 -i- + HO, 

Followed by CoOH2+ + HO; -+ Co’ f +H,O+O,. Recently the reaction has 
been studzed using “0 as a tracer2 5 the results showing that the HO, is formed 
ES a primary product and that the reaction proceeds uia an mner sphere oxidation 
of the water bound to the metal ion. These experzments exclude the formatzon 
)f an O-O bond in the intermediate since this would lead to hydrogen peroxide 
which was shown not to be a precursor of the oxygen evolved. The mechamsm 
;uggested zs the attack of cobalt(III) on the dzmeric aquo complex followed by 
‘ormatzon of the HO2 radical. The water exchange rate of cobalt(Iil) has been 
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studied in 4~ perchloric acidz6 and exchange was found to be complete before 
any measurements were made (~2 min at 10”). The solid complex KCoF, is 
known to be paramagnetic2’ and since water is close to fluoride in the spectro- 
chemrcal series, it may be that the aquo cobaltic ion IS high spin, with the loss 
of any crystal field energy associated with strong field d6 systems. A solution of 
cobaltic Ions in 6~ perchloric acid at 0” was found to be diamagnetrc”. In order 

to account for these findmgs, it has been suggested that either the exchange IS 

Co” catalysed or that the energy to promote an electron from a tzg to an e, level 
would contnbute about 4 kcal/mol to the activation energy, allowing the cobalt- 
(III) to react as in a high spin cor@uration. This route has been extended and 
the mode of substitution for cobalt(IK) complexes mvolvmg a redox step has been 
proposed . 2g A series of papers of the cobaltic ion oxidation of organic substrates 
includes the reactions with phenols”, tert-butano13’, ketonesS2, and carboxyhc 
acids33. In general rate laws mvolved two terms, one hydrogen ran dependent 
suggesting the reaction of the aquo ion and its hydrolysed product. The proton 
dependence of the alcohols and aldehydes may confuse the interpretation of the 
acid dependence in these systems, however the same rate law is found in the 
oxidation of benzene34 where protonatron IS too low to interfere. 

In the latter reaction, the main products are p-benzoquinone, muconic acid 
and its lactone, via the oxrdatron sequence: 

benzene 2 phe,nol 2 hydroquinone 2 p-benzoqmnone 

(4) I, catecholz o-benzoquinone (6) 

J muconic acid 
-I- factone 

Where each step requires two cobaltrc rons and reaction (1) is rate determining. 
In the reactions with chlorine dioxrde34” and hydrazoic acrd34b no evidence is 
found for intermediate complex formation, and kinetic evaluations of the hydrogen 

ion dependence have been made usmg a Harned-type correction factor. rn both 
cases, the reactive cobaltrc species IS considered to be COAX. In the case of 
propromc acrd33, the reaction is considered to take place via the formation of 
a complex intermediate, the eqmhbrium constant being sufficiently large to 
mamfest itself m the rate law, Mrchaehs-Menten kinetics bemg exhrbited: 

R.C02H + Co(H,0),3f & (R.CO,. CO(H,O),)~+ -+ H+ + H,O 

lb 
R- + Co2 3- Co’+ + 5HzO 

and R’ + Co3+ ‘2 RC + Co2+ 

I 
+ Hz0 

- ROH -I- H+ 

Coordm Chem. Rev, 5 (1970) 245-273 
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Indirect physical evrdence has also been presented m the case of the correspondmg 
reaction with H20224_ Again althoug h first order plots are lmear, when extra- 
polated to zero reaction time the cobaltic ion concentratron was lower than the 
known startmg vaIue, indicating involvement of the metal ion in some rapid 
initial reactron. The effect was more marked with increase m temperature, the 
observatron bemg interpreted using the eqmhbrrum: 

Co3+ +H,O Z = CO(HO~)~ + + Hi 

The oxidation of chlonde to yreld chlorine has also been investigated35*36. In 
this case, however, using a stopped-flow devrce, rt has been possrble to demon- 
strate the existence of a complex, which subsequently decomposes m an intra- 

molecular electron transfer step (e g. Fig. 2). In the wavelength range 250-300 
nm, the stopped-flow traces consisted of two parts, (a) an mural increase m 

Fig. 2. Stopped-flow trace- reactlon of cobalt(W) with L-cysteme, showmg the formatlon of a 
complex followed by Its slower decomposltlon; [L-cysteine] = 10 X 10s2 M, [Co"'] = 1 x low3 M, 

[H’J = 0 41 M, T = 18’. 

absorbance assocrated with the formation of the transrent species and (b) a much 
slower decrease when the electron transfer occurs. Srmilar studies on malic3’ and 
thiomalic3 ’ acids, and cysteme3 6 indicate a route vra a complex_ The rate of for- 
mation of the specres has been characterised using the following reaction scheme: 

co3++L 2 coL3+ 
kx (1) 

COOH’+-I-L _!Z CoOHL2+ (2) 

~20~sc~(or-i~); + 2 (H,0)5C~0H2f + H+ (3) 
(F&o)scoL3+ $ (H20),Co(OH)L2 .+ + H + 

(4) 
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Provldmg the protolytic reactions are sufficiently fast and the electron transfer 

step sufficrently slow, the first order rate of formation of the complex may be 
expressed as rate = k,,,,[Co”‘tot] where Icobs, the observed rate constant may be 
written as 

k-JG 
kobs = km,+ i + k- ,K,iTl k-dGK,CLl 

I31 Cl +&I~+17 + CcH’7 (1 +WCH+li 
(5) 

Maintammg the hydrogen ion concentration constant Eqn. (5) may be written as: 

k obs = k,+k,[L] 

where 

k, = k-1 + k_,K&JT] 

and 

(6) 

(7) 

KI 
kb = ~l+K,,/[H+]J 

(k-,+LWl3+1) (8) 

Eqn. (8) mvolves the equrhbrmm constant K, correspondmg to reaction (1) 

(= kr/k _ r) and rearrangement of (7) and (8) yields 

k/k, = [&/&tH+Il+ l/K, (9) 
so that both K, and Kh may be evaluated from plots of k,/k, against [HfJ]-‘. 
Formation rates k, and k2 (= k_-2K3Kl/Kh) have been evaluated for several 
systems and are hsted m Table 1. 

TABLE 1 

KINETIC PARAMETERSa FOR FORhfATION OF cO(IIi) INTERhEDIATES (T = 8”) 

Llgand kl* kz* J%W EW Kid Ref- 

Ma& acid 54112 70*10 - - 34 37 
Thromahc acrd 82&-2 320 f 50 - - 137 &15 38 
Chloride’ 2 200f100 - - 26 &3 35 
Chlonde 3&2 100&20 18 C4 22 f 4 21 +4 36 
Brorrude 45&2 120 f40 24 -I_ 5 10 &4 36 
Cysteme 2&l 50& 15 - - 18 i-4 36 
Thtoun& 2 5 & 0 5 180 f 30 86&4 9&l - 39 
N,N’-Dimethylthiourea 15&3 13OOf200 7.6 f 4 9.8 f 1 - 39 
IVJV’-Drethytthrourea 11*3 820 f 100 7.6 &4 106 & 1 - 39 
Ethylene thtourea 10 f 2 150 f 20 78&4 109&l - 39 

a kr and E,(l) correspond to equrhbrium (1) and kr and E,(2) to equthbnum (2), see p_ 250. 
* L/mole sec. c Kcallmol d L/mole. = T=25”,1=30 M I Denved assummg electron 
transfer reactxon to be very fast, I e. complex formatron step is rate determmmg 

In the case of the chloride oxidatron3’ evidence was found for acceleration 
of the rate due to cobalt(Ii) ions present. In other studres32*37 however, the rates 
of reaction are Invariant with the concentration of cobalt(H) present, e.g. the 

Coordm. Cftem Rev , 5 (1970) 245-273 



252 A. MCAULEY 

redox state involvmg malic acid showed no effect on a six-fold variation of 
cobaltous ions. 

It may be seen from Eqn. (9) that the eqtulibrium constant for complex 
formation may be derived. Values derived from temperature dependence studies 
using the Van? Hoff isochore may then yield the overall thermodynamic para- 
meters AH, and AS,, for equilibrium (1). The use of the stopped-flow procedure 
would appear to be one of the few methods by whrch such investigatrons may 
be made when highly oxrdrsmg specres are involved From detatled studtes of the 
chloro, and L-cysteine complexes 36, the followmg thermodynamic data have been 
derived : 

Lrgand -AGO (kcallmol) AH’ (kcallmol) AS” (kcallmol) 

Chloride 2.1 &OS 3312 18 f 10 

L-Cysteme 19&05 4.5 f 2 22 I 10 

From these data it may be seen that the bondmg involved in these complexes 
is predominantly electrostatic, the favourable free energy change being the result 
of a large positive entropy effect. 

The behavrour of these ligands contrasts markedly wrth the more weakly 
coordinating thlourea and substituted thiourea of general formula3’ R’NH - 
C = S - NH - R”. For these systems, although the reactions are still fast, there IS 
no evrdence for complex formation, the second order kinetrcs being first order 
with respect to each reactant_ The rate determinmg steps are however con- 
sidered to correspond to the formation of a complex but in thrs case the rate 
of the electron transfer step is substantrally greater. An alteruatrve mechamsm 
for these reactions based on the “outer sphere” process usmg the MarcusI 
theory Indicated marked curvature in the plots of free energy of reactron agamst 
free energy of activation, probably due to the large energies of interaction m- 
volved. It is of interest to note that m four of the five Instances where there 1s 
no adherence to a Marcus treatment of this type, one of the reacting spectes IS 
the cobaltic ion’ Os4’. From the data mTable 1 rt may be seen that the rate constant 
for the for-matron of the complex (kk,) varies little with the nature of the ligand L. 

Although the mechanism of formation of drvalent metal complexes is well estab- 
hshed as a first order process41, involving the rate of loss of a coordinated water 
molecule from the primary coordinatron sphere of the metal ran as the rate 
determinmg step, the posrtion with respect to trivalent metal ions IS much less 
certam due to the greater tendency towards hydrolysis and also because many 
of these species are oxidants. It would appear from the data so far derived that 

Co(III) forms complexes vra an S,l process. A possible exception to this may 
be the reaction with iodrde36. 

The stopped-flow traces which show evidence for an intermedrate complex 
have also been used to derive the spectra of these species4’. Since the electron 
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transfer is substantially slower than the rate of formation, the increase in absorb- 
ance at any wavelength is a measure of the concentration of the complex present 
and by maintaining the reagent concentrations constant and varying wavelength, 
it is possrble to characterise the W spectrum. Examples of spectra deriveli usmg 
this method are shown in Fig. 3. Unfortunately the low concentrations of cobaltic 
ion used precluded investigations in the visrble region. Jsrgensen4j has discussed 
the charge-transfer peak in the spectra of metal-ion complexes m relation to the 
oxidrsmg power of the hgand. For the same metal ion, the more reducing the 
ligand the nearer is the charge-transfer peak to the IR region. The spectra (Frg. 3) 

I 
250 270 290 310 330 “In 

Fig 3. UV spectra of mtermediates. 

are in keepmg wrth this observatron, the reducing power of the mercaptan being 
greater than the oxygen analogue. The wavelength maxuna are CoC12+ 272 run; 
Co(cysteine)4t 290 urn; Co-(thromahc acrd)3t 293 nm; Co-(malic acrd)3+ 285 
nm. 

The oxidatron-reduction step in cobaltic reactions has been found to be 
photo-catalysed m the W region and most studies have been carried out at about 
600 nm where there is no‘ evidence for this behavrour. The mode of reaction 
would appear to vary markedly w&h hgand, e.g. for mahc3’ and thiomahc acrd38 
complexes, the process is unimolecular yreldmg Co” and either the a-keto acid 
or the corresponding disulphide as product. In the case of L-cysteine, however, 
as well as the former path, a second route has been suggested from kinetic data36, 
e.g. (RSHC = cysteine+) 

Coordm. Chem. Reu ,5 (1970) 245-273 
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CoRSH4+ 
kz , Cou + RSf + (Hi) 

\ + RSH+ 1 fast , D=W2+ 

\ 
drmermxtmn 

4 
Co (RSH):+ ==+ 2 co” + [RSSR12+ + 2H+ 

A concerted mechamsm has been postulated33 m the redox step involvmg carb- 
oxyhc acids. The case of oxrdatron of aliphatic acrds follows the sequence. 

Me C02H c MeCH,CO,H < Me,CH CO,H < Me& - C02H 

The activation energy decreases by 4 kcal/mol for the replacement of each 01- 
hydrogen by a methyl group. This would not be expected from a two stage mechan- 
tsm of the type: 

R.COO-Co”’ ‘“2’ R-COO’+ Co” 
R-COO’ (‘zt) R’+COs 

In marked contrast to the studies m aqueous media where there are linuta- 
tions m the use of the cobaltic Ion, the formatron and oxidatron of alkyl radicals 
by Co”’ have been examined rn non-aqueous medra44 In order to obviate problems 
dealing with the stability of the products Cobalt(III) acetate is soluble in a 
varrety of carboxyhc acids which were used as solvent. Thermal decomposttions 
were carried out on primary, secondary and tertiary acids m the absence of au. 
The use of these media enabled the examination of catalytic effects due to strong 
acids whrch are unobservable m aqueous solutions. The rates both of the oxldatron 
of alkyl radicals by Co”’ and of the decarboxylatton were catalysed markedly 
by acid in contrast wrth the observattons in aqueous medta. 

C. CERIUM(IV) 

The oxrdatton potenttal of the Cetv-Ce”’ couple is markedly ligand de- 
pendent, e.g. the potentrals are 1.704’, 1.6146, l&4’ and 1 2g4* volts m IN 

perchlonc, mtric, sulphuric and hydrochlonc acids, respectiveiy. Increasing the 
acid concentration from 1~ to 8~ increases the potenttal to 1.87 V whereas a 
decrease to 1.42 V is observed for sulphunc acid. This latter decrease has been 
attributed to the formation of sulphato complexes of cermm(IV), e.g. CeS042+, 
Ce(SO,),, and Ce(S04)s2-. The reason for the stabihty of the cerrc ion m solutron 
has been attributed to such complex formatron’6. 

Cermm(IV) oxrdatrons m perchlorrc acid are generally fast whereas the 
sulphuric acid medium has been wrdely used to Investigate the reactions with 
organic substrates, where the ceric specxes acts as a one electron oxrdant. The 
primary products of such reactrons are radrcals which subsequently undergo rapid 
oxrdatrons to stable species. Kmetic studies on the oxidation of lactrc, mahc4g, 
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glycollic5 O and mandelic acids5’ indicate a kst order dependence on both cent 

ion and the organic substrate. While the oxidation of mandelic acid requires only 

two moles of cerium(JY) bemg oxrdised to benzaldehyde, glycollic, mahc and lactic 
acids require 4.0. 8.5 and 7.5 equivalents of ceric ion, respectrvely to produce 
mixtures of COP, formic and acetic acids. There is no evidence in these systems 
for cerium@V) carboxylic acrd complexes. The reactron with oxahc acid, which 
has analytical importance has been studied in detar152*53. In this case, a compari- 
son of the actual cermm(IV) concentration at the start of the reaction with the 
apparent concentratron obtained by extrapolatton to zero time indrcated the 
exrstence of a raprd pre-equrltbrmm step involving cerium(IV). The mstanteous 
concentratron of the intermediate is controlled by the bisulphate (or sulphate) 
concentratron of the medium via the scheme 

Ce(S0.J32- +@I+) g Ce(S04)2 + HSO,- 
and 

Ce(SO,), + HC,O,- g PW4>2(c2W2-l+HT 

The decomposrtron of the mtermedrate has been investigated separately and has 
been shown to be independent of the brsulphate concentratron of the medmm. 
Smce the same temperature dependence parameters are indicated for tfiis step as 
for the overall reactron, the final products are considered to result from two 
consecutrve one-electron transfer processes: 

CWS04)2(C204)27 2 Ce(SOJ,- + C204’ 
and 

Ce(S0JJ2- fC204- ‘2’ Ce(SOJ,-+ S042-+2C02 

In the reactron with bromides4, it is considered the 1 :l and 1:2 complexes 
are formed as transrent intermedrates, the rate of drsappearance of bromide being 
represented as 

-d(Ce‘3/dt = (k,@k-J +k2pr-]2) [Ce’v]/[S0427 

A mechanism consistent with the rate law may be wntten as 

Ce(SO,),‘- +Br- Z+ Ce(S04),Br- + S042- 
Ce(SO,),Br- +Br- + Ce(SO.&- fBr,- 
Ce(SO,),Br- + aq 3 Ce(SO,),- +Bi (as) 
Br2- + Bra + Br2 + Br- 

Complex formatron has also been postulated m the cent ion oxidations of me- 

thanols ‘, ethanol5 6 and mandelics ’ and malonic acids ‘~3 in perchlonc acid medra. 
In the same medium, the oxidation of glycerol 5g also indrcated the presence of 
a complex (using Michaelis-Menten kinetics) but m sulphuric acid, no such 
mtermediate 1s formed. Simrlarly with methanol5 5 m sulphuric acid no formation 
step is discernible. The actrvation parameters do not greatly differ in the two 

Coordm. Chem. Rev_, 5 (1970) 245-273 
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solutions and it is considered6’ that the reason for such observations hes in the 
relative complexing abrhties of the ligand and the solvent anion. In non-complexing 
medra like perchlorate, a complex between the orgamc substrate and the metal 
Ion may be formed whereas in the presence of sulphate which itself complexes 
strongly with cent ion, any transrent specres wrth the hgand IS unhkely. Another 
interpretatron5 g whrch has been advanced is that the reaction mechanism is 
dependent on the nature of the medmm, the route m sulphate media mvolving 
free radical formation. 

Recently the oxidatron of sulphur containing systems has been investrgated 
using fast reaction techniques 61*62. Where the substrate is either an cr-mercapto- 
carboxylic acid or a thiourea, the kinetics are shown to be strictly second order 
with no evrdence for extensive complex formatron, and m both cases the thermo- 
dynamic parameters are fairly sumlar. The reactron rates are substantrally slower 
for the corresponding oxygen analogues, due to less favourable actrvatron energy 
terms. If the d orbitals of the sulphur are Involved in bondmg to the sulphur in 
the course of the reaction, the actrvated complexes of this type would be more 
stable than for the oxygen substrates A comparison of the thermodynamrc data 
are mcluded m Table 2. The values of dS* m the range -20 to -34 e-u. in 

TABLE 2 

THERMODYNALIIC PARAMETERS FOR CERIC OXIDATIONS AT 25” 

Srtbv-ate E, Ikcallmoll AS (e II ) AH” 
(kcalfmol) 

Ref 

Glycollic acid 23 2 
Lactic acid 22 8 
Thioglycolhc acid 79 
Thiolactlc acid 68 
ThIomalic acid 76 
Thlourea 79 
N,N’-Dunethylttiourea 9.1 
N,N’-Dlethylthlourea 89 
Ethylenethlourea 96 
Thlosemclarbavde 98 
(N-ammothiourea) 

1 - 50 

3 - 64 
-27 61,65 
-31 61,65 
-30 61,65 
-33 264 62 
-29 24 8 62 
-28 25 2 62 
-25 22 3 62 
-29 - 62 

radical reaction have been ascribed to electron-pairing and unpairing processes 
and to the loss of degrees of freedom formerly avarlable to the reactants on the 
formatron of a rigid transition state6’. 

The greater stab&y of the sulphur containmg radicals IS demonstrated by 
the fact that in all cases drsulphides are formed as reaction products. In the 
oxygen analogues, however, delocalisatron of the electron takes place throughout 
the entire radical whrch may now interact with another cerlc ion wrth subsequent 
rapid decompositron of the mtermediate involving decarboxylation and the 
formation of either a lower aldehyde or its corresponding acrd. Another explana- 
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tion of the differences in energy of acttvatron m the systems may be that whereas 
in the suIphur systems an S-H bond IS broken, it has been shown from the kinetic 
isotope effect, kh/kd, of 1.2 formed for the ceric ion oxidation of mandehc acid66 
that a C-C bond is broken m the rate determrmng step. The mechanistic dflerences 
m reactions of cc-hydroxy- and a-mercapto-carboxylic acids may be represented 
as: 

a-mercaptocarboxylicic acids 

Celv t R CH. CO,H _ 

$Ii 

4+ 

2 R.CH. COzH 

B 
+ CerlI+ H+ 

RCH COzH R.CH COtH 

s s 

fast 
c 

dlmersatlon 

a-hydroxycarboxyhc acids 

RyOH 
+ Celv 

H/\CO,H = 

R\c/OH 
t Ce*r’ 

HA - 
+ H+ 

+ co, 

and 
R.CH (0 H) + Celv fast , RCHO + Cenl + H+ 

172 

s 
E 

Y 
I: 166- 
r 

* 
c? 
-a 

164- 

160- 

I 
1 1 

43 44 45 46 47 48 

A&‘( kcd ~mol1 

Fig 4 Cerium(IV) reactton wth thioureas; plot of dG* against -dG”. 

Coordrn Chem. Rev, 5 (1970) 245-273 



258 A. MCAULEY 

For the tbioureas, the oxidatron of substrates follows the react&y sequence. 
Drmethyl > dlethyl > thiourea > ethylenethiourea which is in accord wrth 
the order of inductive effects found previously6’. Attempts to correlate the data 
for these systems according to the Marcus theory have shown that whdst the plot 
of --dG” (the overall free energy) agamst dG* for the various reactions showed 
good linearity (Fig. 4) the slope of -0.14 is markedly different from the theoretical 
value of 0.5. As in the case of the cobalt@) systems, it would appear that the 
energres of interaction are too great for the theory to be apphcable. Table 2 
includes the overall heats of reaction and making allowance for the heat of 
dimerisation, the enthalpies of radical formation (LIN,~~) would appear to be in 
the range 14-20 kcal/mol. It may be, however, that the large overall entropy 
changes and the heat of drmensatron are responsrble for the observed free energy 
relatronships62. 

D. IRON@ 

The femc ion IS shown as a farrly stable species which may be hydrolysed 
in solution. The redox potential for the Fe3+/Fe2+ couple of 0.771 V6s m M 
HC104 is lower than for the oxidants previously described.. The correspondmg 
values m M H2S04 and HCl are 0.68 and 0.70 V, mdicatmg that again the perchlor- 
ate ion shows least tendency to complex with the metal ion. 

Oxrdation reactions involving the femc ion have been shown wrth few 
exceptions6 g to proceed via a mechanism mvolvmg the formation of a complex, 
although side reactions may complicate the overall picture. In the oxidations of 
thiosulphate”*“, the rapid formatton of a blue-purple mtermedrate is followed 
by decomposition to Fe” and tetrathronate, followmg the overall reaction 

2Fe”‘+S 2 032- -+ 2Fe”+S 0 ‘- 4 6 

The experimental rate may be represented by the expression 

rate = iY2~eS203 +I’ [S2032-]+ 

and IS consistent with the reaction scheme: 

Fe”‘i-S2032- & FeS20,+ 

FeS,O, f + S3O3”- = FeS203 + S3O3- 

FeS203* +S203- + Fe11i-S,+062- 

The intermediate complex has been studred in various media” where its composi- 
tion has been determined using Job’s methods of continuous variations. In aqueous 
acidic (perchloric) solutrons, the complex IS FeS303+ but there is a gradual shift 
in alcoholic solutions towards higher complex formation and in 70% alcoholic 
solution there is evidence for the anionic complex” Fe(S203)22-. A simtlar blue 
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species is formed in the reaction of ferric ion with cysteine73 and other thiols74*75 
the overall reaction order again being complex. The non(IIl)-cysteine complexes 
have been further studied at low temperature76 and the 1:l ratio confirmed for 
the blue species. The coordmation to the n-on is considered to occur through the 
sulphydryl and carboxyl groups of the cysteine, the absorption spectrum being 
very similar to that of the blue ferric thioglycollate complex, having a maximum 
at 620 nm. The bonding between the cysteme and the iron has been considered 
to be weak as the 620-nm band is optically inactive. In the case of the blue iron(III) 
thioglycollate complex74 anaerobic bleaching in acid ethanolic solution has been 
shown to follow first order kinetics, yielding iron( A postulate that the com- 
position of the labile species is a hydroxy bridged dlmer: 

[(RS),. Fe+~>Fdrt (RS),]*- (R!3- = thioglycollate eon. [SCH,CO,]‘-) 

has been made7’ by analogy with the Coin-cysteine systems. 
In the oxidation of iodrde to iodme77 the reaction was found to be first 

order with respect to rron(III) and second order in Iodide ion. A mechanism 
consistent with these findmgs is of the form 

Fe’u+I- s FeI*+ 

FeI*’ +I- $ Fe”+&- 
Fe”‘+I,- + Fe”+I, 

In this case, the ferric iodide complex formed initially is considered to react with 
another iodide ion. 

The oxidation of sulphite7’, hydrogen peroxide7Q*so and 
natesl*** are lrkewise considered to involve intermediate complexes. 

E. MANGANESE(II1) 

The manganese(IlI) ion 
speciess3 and complexed as 
potential for the Mn3+/Mn2+ 

has been used as an oxidant both as the aquated 
its fluoride or pyrophosphate”. The estimated 
couple is 1.5-1.6 V but the reaction 

acetylaceto- 

Mn3* +2H,O -B Mn02+MnZf +4Hf 

is extremely rapid and hmrts the usefulness of Mn’u reagent. This difficulty may 
however be overcome by the addition of Mn” which in the presence of perchlorx 

acid forces the equihbrmm 

Mn’r + Mnrv - - 2Mn” 

well to the right. As expected, complexing with hgands lowers the redox potential, 
e.g. the value for the reaction 
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Mn(H,P207),3-+2H’ +e- =$ Mn(H2P207)22-+H2P2072- 

is - 1.15 V. In the presence of - 7;ti sulphuric acid, the corresponding value’ 5 is 
I .49 V. Some aspects of the chemistry of manganese(III) in aqueous solutlon have 
been the subject of a recent review by DavIess6. The spectra of Mnrrr aq and 
MnOI-I’+ aq have been denved m perchlorate media8? and are very similar both 
in the ultraviolet and vlslble regions, the absorption maxlmum at 470 nm bemg 
ascribed87S88 to the 5T28 f- ‘Eg transition which is the only spin-allowed transltion 
rn a spm-free d4 system with octahedral symmetry. The hydrolytic equihbnum 
constant has been determined 87 ” the value of Kh being 0.93 1_ 0.03M at an 
ionic strength of 4~ at 25”, in a perchlorate medmm. 

The kinetics of the reaction of Mn”’ with isopropyl alcoholgo have been 
studied, the reaction being slow at room temperature with no evidence of an 
intermediate compIex. A mechanism of oxldatlon of a-hydroxyaclds by Mn”’ 
has been postulated66 which does not mvolve a C-H clearage as the rate deter- 
mining step, e g. 

R\C/oH 
H/ ‘CO, 

R-($H 

OH+M 
nnl 2 RCHO + M” + H+ 

R\c e -MnIl’ 

-t Mn”’ z$ 
H’ CO-L 4 

RC./ 
OH 

-I- Mn” 
I 

H + co;! 

The route, however, does involve the formatlon of a transient complex. In the 
case of the oxldatlon of oxalate ” the overall stoichlometry IS of the form: 

2Mn”‘+ H&O4 --, 2Mn” -f- 2H+ + 2C02 

but the rate Iaw mdlcates that the reaction involves 1 :I, 1:2, and 1:3 complex 
formatlon, the mechamsm being 

Mn”‘+C,0,2- z? MnC204+ 2 Mnz++C,04- 

Mn(C,O,) + + C20,‘- f Mn(C,O,),- 2 Mn(C,OJ + C,O,- 

Mn(C,O,),- +Cz04’- s Mn(C204)33- 2 Mn(Cz0Jz2- f C,O,- 

with the fast secondary step 

C204 + Mn”’ --, Mn”+2CO 2 

Complex formatlon has also been mvolved in the reaction with bromldeg’ where 
the rate deternuning step 1s dependent on the concentration of bromide present. 
At Iow @r-] the initial rate is first order in [Mn”‘] and In [Br-] the reaction 
being considered inner sphere, e.g. 

M.n3++Br- _” MnBr2+ + Mn”+Br’ 

At high Dr-1, the mechanism mvolves another bromide ion in the outer sphere, 
the rate determining step 
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M.nBr*’ aq+Br- + Mn”+Brs- 

being followed by reaction with another Mn”’ ion: 

Mn’nt’Br, + Mn”+Br2 

Smularly in the case of the correspondmg reaction with hydrazoic acidg37g4 the 
mechamsm IS dependent on the hgand concentratton. On mixing Mn’n wrth 
hydrazoic actd, a pink colour develops which has been ascnbedg4 to the formation 
of the monoazido-manganese(III) complex_ At low azide concentrations, the 

reaction is first order m [Mn”‘] and second order in [HNJg3 the suggested 
mechanism being 

Mn3 +aq + HN3 g MInHN3aq3+ 
MnHN33+aq+HN3 2 Mn”+H,N6+ 
Mn3+aq+HaN,+ 2 Mn”+3N,+2Hf 

wtth k, S- k,. Although Mn(OH)‘+ is present m these solutrons It would appear 
to be unreacttve under these condmons. Under condmons of a large excess of 
hydrazom acid ([HN,] : [Mn”‘] - 1OO:l) the reaction stomhiometry IS unaltered 
but the kinetic dependences become more complex, the mechamsm proposed 
consistent with an observed second order rate in Mn”’ bemg 

Z?M~IN~~ + 2 Mn” +Mn(N3)22t 0 
k-1 

Mn(N3)22f 2 Mn’+ +3N2 01) 

Mn(N3)szt g MnN3+ +N3+ WI) 

HN, -t-N,+ 2 3N2+H+ (IV) 

the latter two steps provtdmg the predominant route to nitrogen productiong4. 
Step (1) may be vtsuahsed as the transfer of an electron across an Inner-sphere 
aztde brrdge with the formation of Mn2 i and a species which is forndy a diazido 
complex of Mn Iv The observed differences in thus mechanism compared to the . 

ummolecular decomposrtron of the cobalt(IH) monoazide complex34b may be 
attributed to the fadure of cobalt to attain a formal oxidation state of four. 
Values for equdibrium constant K = [MnN,aq’+] [He]/[Mnaq3f] [HN,] have 
been obtamed both from imtial optical densrties and by kinetic analysts. The 
values of S9 & 18 and 74 + 15 respectively are in good agreement. Using the 
stopped-flow method described earlier (p. 2X9, the absorption spectrum of the 
complex has been obtained in the wavelength range 440-570 nm, Em,, being 
N7500 M-’ -cm-l at 520 nm. The spectrum is shown in Fig. 5. It is of interest 
that the spectrum of the complex between Mn”’ and rrans-1,2-dlaminocyclo- 
hexanetetraacetic acid has an absorption maxunumg5 at -515 mnin the pH 
range 2-7 and that of the pyrophosphate ion Mn(H,P,0,)33- in 0.05~ H2S04 
has a peak at 510 nm”. 

The kmetics of the reaction of Mn”’ with H20, has been the subject of 
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8001 

450 600 550 600 
Wavelength (nm) 

Fig 5. Visible spectrum of MnNazf complex, for details of solution concentrations see Ref 94. 

two studiesg6*g7, alternative mechamsms bemg proposed. The different conclu- 
sions reached have recently been discussed by Davres’ 6_ Wells” has also compared 
this reaction with the correspondmg systems involvmg Co”’ and Fe”‘. It is of 
interest to note that whereas the order of redox potentials of the oxidismg tri- 
positrve ions in the first transition series is23*65 

Co”’ > Mjr” > Fe”’ > Cr”r 

the order of reactivity wrth hydrogen peroxide isg8-‘oo 

Mn”’ > Co”’ > Fe”’ & Cr”’ 

In a recent study1 O1 the stoichrometries and kinetics of the Mn”’ oxidations 
of hydroxylamme, Q-methylhydroxylamine and mtrous acid have been investi- 
gated. In contrast to the complex reactrons discussed above, these have been 
shown to be fast, second order processes. Also m general there is no spectro- 
photometric evidence for complex formatron in these reactrons. In the reactron 
with mtrous acrd, the results are consrstent with the mechanism: 

Mn”‘+HNoz 1: Mn”+N02+H+ 
MII(OH)~+ +HNO, 2 Mn”+N02 
H20+Mnu’+N02 2 Mn”+NO,-+2H+ 

with k3 S- k, or k2. The values of k, = 2.2 x lo4 M-’ - see-’ and kt = 4.9 x 

lo4 M-l - xc-‘, at 25” compare with those for hydroxylamme whereas methyla- 
tion of the hydroxyl group causes a 500 fold decrease in rate constant. 

In reactions involving Mn”’ complexed to non-oxidisable ligands, e.g. 
pyrophosphate, it would appear that the reactions may proceed via an outer- 
sphere. Diebler and Sutin l1 have shown that reactions of Mn(H2P,07)33- with 
various substituted iron(H) phenanthroline complexes conform to the Marcus 
theory in their behaviour. 
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F. VANADIUM(V) 

In aqueous acidic media, the vanadium(V) ion is formed from vanadate 
according to the equilibrium: 

V03- +2H + +VOZ++H,O 

The vanadmm(V)/vanadium(IV) couple may be expressed as 

V02++2H++e- + V02++H20 

the corresponding potential being 1.00 V. The solutions are stable over a limited 
pH rauge’02 and in strong sulphurrc acid there may be complexing wrth the 
sulphate’ 6. There is some evidence that in pcrchloric acid the equihbrium 

V02+ +H30+ z$ V(OH),=+ 

exists”‘. 
Oxidation studies have been carried out on formic and malomcio4, gly- 

colW” 5, oxalic’ 06, mandelic’ O’, tartaric’ ‘*, and 2-hydroxy-2-methylpropanic 
acids’ Og and pinaco1’03. In these reactions the mechanism postulated has been 
the formation of a transrent complex between the vanadium and the orgamc 
substrate. No physical evidence for such complexes was obtained. The study of 
the kinetic isotope effect k,,/rC, = 2.0 for the oxidation of mandelic and cr-deutero- 
mandelic acids, indicates C-H bond fissron IS appreciable m these reactions, and 
a general mechanism may be postulated as: 

.,/Ha, 

2 X’” + vo+ -I- i-l+ Y[ “\ ;cl” 
HO ,/“\ “\” 

2 
ptO 

] 

/ 
“1 

RLo + v= _ 
fast 

+v= 

I 

- RCOOH + CO2 

H02C 
fati ondV= + VP -2V= 

A distinction may be made between on the basis of overall thermodynamic 
parameters between systems involving a C-H bond rupture and those where a 
C-C bond is broken. Table III summa&es the thermodynamic parameters where 
it may be seen that a fairly large negative entropy of activation (- -20 e.u.) 
IS associated with C-H fission in the rate determining step. 

The vanadium(V) oxidation of thiomalic acid (2-mercaptosuccinic acid) has 
been studiedli2 using fast reaction techniques and in this instance there is evidence 
for the formation of an intermediate complex. The spectrum of the purphsh- 
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TABLE 3 

THERMODYNAMIC DATA FOR OXIDATION OF ORGANXC ACIDS BY VANADIUM(V) 

And E, (kcalfmol) 

Glycoll~c 16 7 

Lactic 16 5 
Mandelic 140 
a-Hydroxylsobutync 21 8 
Pmacol 22 8 
Oxahc 23 4 
Tartanc 22 8 
2-Hydroxy-2-methyl-propanoic 22 0 

AS (cal/aWmoI~ Ref_ 

-16 105 
-20 110 
-20 111 
-04 105 
+95 106 
t65 107 
+59 108 
-1.0 109 

brown intermedIate was measured as described prewously and IS shown in Fig. 
6. Product studies indicated that the overall reaction Involved I mole of vanadate 
per 1.1 + 0.1 moles of a-thiol, with the formatxon of the correspondmg dlsul- 
phide. The characteristic blue colour of vanadium(W) was produced and 2 & 0.3 
moles of hydroxide Ion released per mole of vanadium(V) reacted. Over the pH 
range 2.4-4.4 the rate constant for the formatlon of the Intermediate remained 
constant. Calculations based on equlhbrmm data113 indicate that the amount of 
vo, -I- present decreases from over 70% to about 1% m this pH range. The 
change in relative proportions of vanadium(V) with pH did not appear to Influence 
the kinetics so that the interconversion of the vanadmm(V) species was considered 
to occur wlthin the time of mixing the solvents. The kinetic data are consistent 
with the reaction scheme (RSH = 2-mercaptosuccimc acid). 

O-H 
I 

ka, +RSH 

/ 

I l ks 

t 
v0*+ c RS + OH- 

$= + R-S-S-R + 20H- 

and 

2RS fast_ RSSR 

v= + vo‘; - 2vo 
21 

fO5.t 

The value of k3 obtained is 5 t 0.2 see-’ whilst that of k4 is 40 f 3 mole’ l - 
set-‘. The 1:2 complex has also been postulated in the cobaltic oxidation of 
cysteine3 6. 



METAL-ION OXIDATIONS IN SOLUTION 

T 

440 480 520 
Wovelength nm 

265 

FIN 6 Vlslble spectrum of complex between vanadmm(V) and 2-mercaptosuccmlc acid, for 
details of solution concentrations see Ref. 112. 

In the oxidation of formaldehyde lo4, the mittal oxidatton rate showed both 
a first and second order dependence on the concentration of oxidant. As well 
as a 1: 1 complex, a 2: 1 complex is also considered to be formed: 

“\ /OH 2+- 
H,C,oH f V(OH& - 

OH 

HO-V-OH - 

1 

1 

H&, + WOH,,” C H-t-OH 
\ 
OH 

II V(OH If 

OH 
2H20 + 2V(OH$ 

-I- HCOOH 

- [ 

HO-i-s, ,e-%O; 

and 
LH H/=\H dH _ 

V(OHJ,2+ fa=t- V02+ + H,O 

V02+ f 2H20 + HODOH 

4+ 

The C-H bond fisston IS considered to be the rate determming step. 

G. SILVER(I1) 

Stlver(LI) IS one of the most powerful oxidants, the oxidation potenttal for 

the reaction 

Ag”+e- + Agt 
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being 1.98 v01ts”~. Use has been made of its oxidising powers in analytical 
chemistry6 O although the fact that it IS unstable with respect to water hits its 
effectiveness. In aqueous solutions, there is a tendency for the disproportionatron 
reaction 

2Ag” s Ag’t Ag”’ 

to take place followed by the rate determming decompositton of the sdver(III) 
specres to yreld products. A change m the spectrum of the argentrc ion m the 
range 350-750 nm with anion concentratron (e.g. nitrate) has provided evidence 
for compIex formation. Further conlirmation of silver@) complexes has been 
given by Rechmtz and Zamochuickll ’ who observed an absorption maxmum 
at 275 nm as well as at 475 nm for silver(U) perchlorate soluttons. Usmg a kmetrc 
extrapolatton method, it was demonstrated that the argentic species m perchlorate 
medra obeys Beer’s Law and so must be the equihbnum species present in the 
reaction. 

Recently, using a stopped-flow method, the silver@)-hydrogen peroxide 
reaction has been examined116, the observed first order rate constant being 
independent of the initial ratio of [Ag”r]/[H,O,] or [Ag’] and of the acidity in 
the range 1.5-3.7~ HCIO,. In this latter respect the results are analogous to 
the corresponding manganese(m) oxidation g2 The observation may be contrasted . 

however with the rate of the silver(I)-sdver(II) exchange1r7 which mcreases 
rapidly with decreasmg perchlonc acid concentratron suggesting the mvolvement 
of hydrolysed species. In the peroxrde reaction, the rate determining step IS an 
inner sphere eIectron transfer via the complex (Ag HOz+) the formation constant 
of whrch has the remarkably high value of -5 x 1016 1 mole-‘. For first order 
kmetrcs 

Ag’+ -t-HO,- + (AgHO,+) 
AgHOZ+ 5 Ag* +HO; 
HOZ-+Ag” ‘$’ Ag++H++02 

k- 11 set-’ at I = 4.0 M at 25 “C. The rate IS insensitrve to temperature varia- 
tion; with E, - 0 it is agam analogous in this respect to the manganese(III) 
system. It is suggested that a high degree of sp3d overlap exists in AgHO, f due 
to the strong tendency for the t,, 6eg3 arrangement of silver(K) to attain ttg6eg4 and 
the high polarisabrhty of anionic oxygen compared with the oxygen atom m water. 

In the reaction of srlver(II) with thaIhum( ’ *, there is no acidity dependence 
in the concentration range 4.66-8.82 M. The mechamsm 1s considered to involve 
in the first step the interaction of the anion w1t.h the oxidant, 

Ag”+N03- z~ Ag’+NO, 

followed by the raptd reactions of the radrcal: 

N03+T1t+ NO,‘+Ti” 

and 
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Ag”+TI” 3 Ag’i-TI”’ 

In this respect, the mechamsm IS analogous to one of the pathways found for 
the cerium(IV) oxidation of thallium(I) in the same medium’ 1g. 

H. COPPER(U) 

The oxidation states best charactensed for copper are 1 + and Z+. The 
tervalent state has been shown to existI (e.g. m the tellurate complex)‘20 but 
only under very alkaline conditions. Although the second iomsatron potentral for 
copper is hrgher than that for any other element m the period, the much larger 
heat of hydration of copper compared with copper(I) compensates for the 
ronisation potentral, thus rendering the hydrated cupric ion the more stable in 
solution. Complexmg is known to affect the redox potential and the difference 
in stereochemistry of the copper(I) and (II) states also appears to be important. 
This is illustrated m cr,a’-drpyndyl complexes’21 where substituents m the 6 and 
6’ positions rncrease the oxidatton potentral presumably reflectmg a smaller 
sensittvity of tetrahedral copper(I) to steric interaction compared with the pseudo 
square planar copper( 

Although the copper ion is known to be very stable in solution and a 
relatrvely weak oxrdant, rt has been long known that solutions containing the 
cupnc ion in a variety of conditions of pH and &and concentratron may be used 
to determine the concentration of reducmg substrates. The first kinetic study of 
the oxidatton of ketols by alkaline solutions of copper(E) was made in 1930Lz2 
and copper acetate m ace& acrd has been used in the reactions of monosaccharides. 
In an extensrve series of papers, Smgh and his co-workers’23 have reported studres 
on the reactron of copper(E) wtth sugars and a-hydroxycarbonyl compounds, the 
rate of oxrdation bemg independent of copper but approximately first order 
in reductant and hydroxide concentrations A study of the oxidatron of a-hydroxy- 
acetophenone 124 has been made in buffered pyridme, which has the advantage 
of complexmg with the copper(I) formed the system thus remaining homogeneous. 
A mechamsm which interprets the data involves the initral formatton of a ketol cop- 
per(II)chelate followed by a rate determining abstraction of a proton by the pyridine. 

T 
R C-CH,*OH + CP _w 

slow c fi’ 
R-C-&--OH + cu+ 

1 fast 
+cu= 

R-C-C-H 

II II 
00 
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The oxidatton of cyanide by copper(H) has been the subject of several 
mvestigations’25-‘27. In the presence of ammonia I2 5 the reaction order was found 
to be first with respect to copper(H) and fourth m cyanide concentrations, sug- 
gesting a slow step involving the complex ion Cu(ClQ2’. At pH 4.7 m aqueous 
solutions’26, however, the reaction which was followed spectrophotometrrcally 
was considered to be the formatron of the trrcyanocuprate(I) the order with respect 
to copper(H) concentration being two and that of cyanide six. The formation of 
copper(H) cyanide complexes as intermediates has been postulated. In a low 
temperature study , ‘*’ however, Paterson and Bjerrum have confirmed the earher 
findings of a second order dependence in copper(H) and have characterised in 
aqueous methanol a purple cupric cyanide complex which IS a precursor to the 
redox step. EMF measurements have shown thus species to be the [Cu(CN)_J2- 
ion. The subsequent redox reactron may then be wrttten as 

2cu(cN)42 - + 2cu(cN)3*- +(CN), 

The oxidation of sulphtte’** and dtthizone”g have been studied, the 
correspondmg copper(I) complex and a radical bemg produced. There is however 
a complex formation step prior to the redox reaction. The conditions of reaction 
in these systems play an Important role in determining the nature of the final 
product. In the copper(I&thiomahc acid reaction, the final products depend on 
the reagent in excess 130*131. Under condrtions of excess organic substrate13’ two 
redox reactions occur in the stopped-flow range, the first bemg a very rapid 
interaction (complete within N 100 m. set) the second slower reaction yielding a 
copper(IEthiomahc acid complex. Two reactions also occur in excess copper(H) 
where there is formed a violet coloured complex which has been Investigated 
polarographically and spectrophotometrically 131 From these constderattons it IS . 

considered that this coloured species IS a mixed valence Cur-Cu” complex’31 but 
on isolating a salt from the solutton it is found to be dtamagnetrc, the ESR spectrum 
also indicating no paramagnetism. A fuller study of this system IS currently under 
mvestigation . 13’ In all these copper-thiol systems, however, oxygen must be rigo- 
rously excluded since rapid side reactions yielding copper(H) are known to occur. 

I. OTHER REDOX SYSTEMS 

Reactions involving anionic oxidants have in general been well characterised 
and documented’8~Zo. In the reaction of ferrrcyanide ion with ethylenedlamme- 
tetraacetatocobaltateate(ZI) , 13* however, Wilkms has demonstrated the existence of 
two intermediates using temperatire-jump and stopped-flow methods. The 
kinetics of formation of the bridged-cyanide intermediate (A,) 

Co(EDTA)*- -tFe(CN),3- _!Z ~ [(EDTA)Co”r-NC-Fe”(CN),]5- 
2 (A,) 
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have been measured, the formation bemg controlled by the rate of water release 
from the cobalt@) complex which is considered to react as the mono-aquo-Ion 
Co(EDTA)H202-. The intermediate then decomposes in a slow step to yield 
the Co”’ and Fe” species. A second intermedlate, A,, has also been shown to 
exrst when A, is mixed rapidly with ferricyanide, e.g. 

A, +Fe(CN),3- =$ [(EDTA)Co”‘-NC-Fe”‘(CN),14- + Fe(CN),4- 

(A21 

The rate constants m this latter step closely resemble those for other outer-sphere 
oxidations Involving Fe(CN)63- indicating that the bulkiness of A, appears to 
play a small role in the rate process. 

The kinetics of the chromium(W)-arsenic(II1) reactlon have been examm- 
ed 133. At low chrommm concentrations, MIchaelis-Menthen plots are linear 
demonstrating the existence of a pre-eqmlibrmm step m the redox reaction. The 
mechanism is considered to involve: 

As”’ + HCrO,- + As”’ - HCrO,- UG) 

/ k, 
JJ 

products 

The rate determuung step is k,, the products being Asv and Cr”‘. Other 
oxldatlons involvmg complex formation with chromium(W) Include tartarlc 
acld134, glycolhc acid13’ and benzoyl alcohol’36. 

J. CONCLUSION 

In this Review, an attempt has been made to characterise the data for 
complex formatlon in terms of the nature of the metal ion involved. Although 
the coverage IS by no means exhaustive with the advances in mstrumentation in 
the fast reactron field, more detail will become avalable and patterns of behaviour 
of particular oxidants may develop. An area where further advances w111 be made 
is In the reactions of metal-Ion-oxidant complexes as catalyst in other systems. 
It has been shown for example 18~137*138 that a copper complex with hydrogen 
peroxide can Interact with phenol to produce an intermedlate which decomposes 
m a concerted cyclic two equivalent mechamsm to yield o-hydroxyl phenol. 
Copper(H) catalysed oxidative de-armnations” are also consldered to involve 
such intermediates. Metal Ions are involved in bloloscal processes where the 
nature of the linkage between the cation and the organic substrate is known to 
be of considerable importance. In haemocyanin, an oxygen carrying protein131, 
for example, the available evidence suggests that a copper-sulphur mteractlon 
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has substantial influence on the oxygen binding system. In these cases also, it would 
seem hkely that Intermediates are involved prior to the redox steps. Associated 
wrth these oxidatron-reductron processes m enzymrc systems IS the hrgh degree 
of specificity found where again the role of the interaction of the metal ion (usually 

iron or copper) with a particular substrate would appear to be important. 
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