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A. INTRODUCTION 

The number of possible valence states of manganese makes the chemistry of 
this element’ extensive’. In this Review we shall consider aspects of the solution 
chemistry of rn~g~~e~, which is one of the more unstabk oxidation states; 

The Mn”’ system is oxidising and is unstable with respect to the simpLified 
disproportionation scheme2*3 

Mn1v+2Ftz0 2 - MnO&.) 
4-l-l) 

Manganese@) can be stabilised by (i) increase of acidity, (ii) increase of Mn” 
concentration, or (iii) complex formation. Since Mrz” has a tendency to form weak 
complexes with anions and common chelating agents, the last mentioned method 
has most generally been employed for stabiiisation of the trivalent state. However, 
the complexes formed are often unstabie in strong acid or alkali, and their oxidising 
power is reduced by anionic complexation, which makes other reagents, such as 
Cezv or CP, preferable as analytical reagents4. 

Recently, Rosseinsky2 and Diebier and Sutin3 have shown.that by using 
methods (i) and/or (ii) it is possible to obtain moderately stable solutions of Mn”’ 
even in weakly-complexing perchlorate.media. Use of high concentrations of Mn” 
at lower perchloric acid concentrations prevents the precipitation of hydrated 
manganese oxides2. Previousiy, Adamson’ had used this precipitation as a separa- 
tion method in his study of the electron-exchange between Mn” and Mn”‘. Wells 
and Davies6 have made a detailed study of the spectral changes which take place 
with variation of acidity in perchlorate media. They were able to reach acidities 
as low as 0.10M HCIO, by adjusting the total ionic strength by addition of Mn”. 
A number of studies in perchlorate solution have now been published, and we shaII 
discuss these results as a basis for a consideration of the reactions of other com- 
plexed species. 

It is generally possible to prepare much bigher concentrations of Mn”’ in 
the form of comptexed species than as the aquo complexes in perchlorate, owing 

TABLE I 

EQUIW~R~~~DATAEORTHEREA~ONM~~~ * Mn”‘+e- IN DIFFERENT-MEDIA 

Mi?dmn 

perchlorate 
(3~ HCIO,) 
(IM HCIO,) 
sulphate 
pyrophosphate 
EDTA, ClO,- 

--E” fvoltsl Ref. 

1.56 3 
1.51 3, IO 
1.49 II 
1.15 ’ 12 
0.824 13 
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to the tendency towards precipitation of hydrated oxides in the latter medium’*3*5*6. 
Some equilibrium data for complexes of Mn”’ in the form of electrode potentials 
are collected in Table 1. The potential of the Mnut/Mnu couple generally decreases 
on complexation. An example of the effect of complexation on the oxidising power 
of Mn”’ is the observation that hydrogen peroxide is found as a product of the 
oxidation of oxalate by trans-1,2 diaminocyclohexanetetraacetatomanganate( at 
low pH’, in sharp contrast to the rapid redox reaction observed between Mu” 
and H,O, in perchlorate medias*p. 

B. METHOIX OF PREPARATION 

The trivalent state of manganese has been obtained in solution via three 

routes, namely by oxidation of Mn” or by reduction of Mntv or MnVu. 
(i) Oxidation of Wz”.-Both chemical and electrolytic methods are avail- 

able for the oxidation of Mn” to Mn “I Among the chemical agents which have . 
been employed are SzOs2- (ref. 14), Cr20,2- (ref. 15), Ag,O (ref. 16), mixtures 
of H2S05 and H202 (ref. 17), Co”’ (ref. 3, 18), Ce” (ref. l&20), and Mnvu 
(ref. 2,21-23). The kinetics of the latter reaction have been studied in perchlorate 
mediaz4. Electrogeneration of Mn ‘I1 from Mn” has been carried out in perchlo- 
rate3v6, nitrate”, sulphate2 ‘-’ ‘, phosphate and pyrophosphate media31, and in 
acetic acid32*33. Among the anode materials which have been used are Pt3p6, spec: 
troscopis carbon 26 Auz8 and Pb30*34. Stirring of the electrolysis mixture, either , 
magneticallys~28 or using a stream of inert gas such as nitrogen6*28, often increases 
the rate of oxidation3 s. High current densities and low Mn” concentrations favour 
the formation of MnVu, especially at high acidity under weakly-complexing condi- 
tions2’*36. The formation of an oxide film usually takes place during electrolysis, 
particularly at low acidity26*34*36. A sulphate salt, which is soluble at 50”, is 
precipitated during electrolysis of Mn” in 7-8~ H2SO4 using a manganese 
anode”‘. A high-frequency electrolytic method, which may have applications in 
the preparation of Mnm, has also been described3*. 

Photooxidation of Mnrr takes place in aerated pyrophosphate solutions con- 
taining a photosensitiser and organic compounds with readily-transferable hydro- 
gen atoms3 ‘. 

(ii) Reduction of Mn” .-Reduction of hydrated oxides of MnN has chiefly 
been used in the preparation of polyaminocarboxylate’s and oxalate29D40 com- 
plexes of Mn’u. The use of a volatile reductant (e.g. ethanol) facilitates the removal 
of remaining reductant after reaction’3. 

(iii) Reduction of Mnv”.- The reduction of MnV1’ by Mn” (see above), and 
by H202 (ref. 41) yields Mn”r complexes under appropriate conditions. Electrolytic 
reduction methods, for example in sulphate media, have also been described42. 

Coordin. Chem. Rev., 4 (1969) 199-224 
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C. METHODS OF ESTIMATION 

As mentioned previously, it is often possible to use standard titrimetric 
procedures4 for the estimation of Mnr“ complexes, since higher concentrations can 
be pr&Iuced than are available in the presence of weakly-complexing anions. In 
per&orate media the absorption in the ultra-violet region has been character- 
ised6*36 and can be used as a means of direct estimation. In nitrate media the 
strong absorption of the anion makes this procedure inapplicable and also inter- 
feres with the spectrophotometric estimation of Fe”’ formed on addition of Mn’u 
to an excess of Fe”, which method is suitable for use in acid perchlorate solution”. 

D. EQUILISEUA AND KINETICS IN PERCHLORATE SOLUTION 

Since the equilibria existing in acidic perchlorate solutions of Mn”’ contain- 
ing an excess of Mn” are probably the simplest and best understood at the present 
time, we shall discuss the results avaiiabfe for perchIorate media and relate them, 
where appropriate, to data obtained for other trivalent ions in the first transition 
series. An understanding of prevailing equilibria is fundamental to kinetic studies, 
and we shah use this information in discussing some of the kinetic results obtained 
in perchlorate media. 

(i) EquiZ&ria_-Results obtained some years ago in a study of the solubility 
of manganese oxides in aqueous perchloric acid indicated to Taube and his co- 
workersa that Mn”’ is considerably hydrolysed even in moderately strong per- 
chloric acid, and the apparent inverse acidity dependence of the Mn*u-catalysed 
aquation of CrC12 + was discussed in these terms’ 8. Since that time43 three groups 
of workers3*6*2” have reported studies of the spectrum of Mn”’ under conditions 
of changing acidity, and as a result of this work, there can be little doubt that the 
hydrolysis of Mn,, ‘+ is considerable even at high acidity. 

At lower acidities, even in the presence of a very large excess6 of Mn’r, the 
solutions are quite unstable. At room temperature the apparent extinction coefh- 
cient decreases with time3*E*36. This leads to too low an estimate of the extinction 
coeflicient of MnOH2 +, unless account is taken of this change. The net result is that 
some estimates3”” of the acid dissociation constant Ku for the rapid equilibrium 

h4nllq3+ +HzO g MhOH,,2f +H,O+ (3) 
are probably too large 6- It has been shown6 using freshly-prepared solutions of 
Mnrrr and extrapolation of any changes in optical density to zero time that changes 
in optical density with changing acidity can be quantitatively accounted for in terms 
of the acid dissociation equilibrium (3). Thus, Beer’s Law is obeyed for Mn*u 
solutions in both the ultraviolet and visible regions of the spectrum in acid per- 
chlorate solution containing sufficient Mn” to suppress the formation6 of MnrV. 
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This suggests that the concentration of polymeric species is negligible in these 
freshly-prepared solutions. The value of Ku has been found to be 0.93 + 0.03~ 
at p = 4.0M in per&orate media6 at 25.0”. The extinction coefficients of Mn”’ 
at various acidities are found to be insensitive, within experimental error, to 
changes in ionic strength in the range36 p = 1-6~. 

Identical species are produced by electrolytic3*6 or chemical (MnVu) (ref. 2, 
22) oxidation of Mn”. The spectra of M&,3+ and MnOH,,‘+ are very sindar in 
both the visible and ultra-violet regions6 (Fig. 1). An absorption maximum at 
470nm for both species may be ascribed6v21 to the ‘T,,t ‘E, transition, which is 
the only spin-allowed transition in a spin-free d4 system with octahedral symmetry. 
The extinction coefficient of MnOH,,2f in the visible region is greater than that 
of lMnaq3+ perhaps because of greater 4p-3d mixing in the lower symmetry of 
MnOH,,* +. The peak for Mnaq3 + is somewhat broader than that for MnOHaqZ+ 
because of the greater influence of the Jahn-Teller effect in the octahedral aquo ion. 
The spectra of Mnaq3+ and of Mn(H,0)63f in CsMn(S04)2 - 12Hz0 (ref. 34) 
are very similar although the extinction coefficient is about ten times larger in 
solution than in the solid. Fackler and ChawIa21 have pointed out that the extinc- 
tion coefficient of Mnaq3+ is too large to be accounted for in terms of vibronic 
transitions alone, and have considered the consequences of the so-called dynamical 
Jahn-Teller effect as discussed by Liehr45. It would seem that a, the Jahn-Teller 
force, is quite large in the aquo complexes, but that the barrier to configurational 
change is small, resulting in a broad band at 470~1 from the superposition of the 
spectra of at least the three expected distorted configurations of lowest energy. A 
broad, low energy band near 700nm is presumably due to transitions within the 
5E levelzl. The solution spectra of Cr,,‘+ and Mnaq3+ are very similar and the 
DqBratio for the pairs Cr’+--Mn3 + (d4), V2+-Cr3+ (d3) and Mn2+-Fe3+ (d') are 
all about the same21*46. A similarity of values of Dq for OH- and H,O may 
account for the absence of splitting6*21 in MnOHDq2+. However, it is interesting 
to note that the spectrum of Mn”’ splits in the presence of an excess of fluoride2’, 
(see Section E (i)). 

Although there are analytical difficulties connected with the spectrophoto- 
metric study of the dilute solutions of Mn’u which can be produced in nitrate 
media (see previous section), it is possible to compare the visible spectrum in 
nitrate with that in perchlorate solution 25 No differences are apparent at moderate . 
acidities, and this supports the conclusion that only very weak, outer-sphere 
anionic complexes are present in these two media. Kinetic studies also support 
these spectrophotometric observations. 

The ultra-violet spectrum of Mn”’ at different acidities6 is also consistent 
with a close similarity of Q bonding (and z bonding, if present) in Mnaq3+ and 
MnOH =I ‘+. The absorption maxima are found in the region 210-220nm, with 
extinction coefficients of about 4 x 103~-‘crn-‘. The most likely transition in 
this region is It,, + 2e,, which involves electron transfer from ligand to metal 

Coordin. Chem. Rev., 4 (1969) 199-224 
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Fig. 1. Spectra of some MP complexes in solution at 25’. 0, MnOH,92+, y = 4.0~ in per- 
chlorate (ref. 6); 01, Mn(OH)CYDTA,q2- (ref. 13a); ‘I), Mnac13*,p = 4.0211 in perchlorate (ref. 6). 

through c bonds6. These observations also suggest the presence of a dynamic 
Jahn-Teller effect in the aquo complexes. 

Wells47 has discussed the acid-dissociation parameters of Mnaq3 t in relation 
to those of other trivalent ions in the first transition series. A tendency towards 
the stable t,x3e,’ configuration increases the strength of G bonds in Mn3+-OH- 
as compared to Mn3+--H,O, and the low enthalpy of dissociation6 ((4.8 & 0.8) 
Kcal - mole-‘) is largely responsible for the marked hydrolysis of MnaqJf, making 
it one of the strongest acids of the series. It is interesting to note that polyamino- 
carboxylate compiexes of Mn ‘Ix also behave as weak acids, and that the presence 
of the conjugate base (e.g., Mn(OH)CYDTA,,‘-, Fig. 1) also tends to reduce the 
stability of the system with respect to precipitationi3. Diebler and Sutin3 have 
observed that if the efectrolysis of an acidic perchlorate solution of Mnrr is con- 
tinued as far as the precipitation of manganese oxides, then the apparent con- 
centration of Mn”’ present in solution is proportional to the square root of the 
initiaf [Mnri]. This leads to an upper limit of lOA2 for the equi~brium constant 

K = [MrP] ~n1v]/[Mnm]2 

for reaction (1) at 23” in 6~ HClO,. This estimate3 is certainly consistent with 
both the estimate of the corresponding equilibrium constant in acid sulphate 
media27 and the conclusions of Welis and Davie@. 

Solutions of Mn”’ become cloudy on standing, the appearance of cloudiness 
being accelerated by decrease of acidity or &In”], or by increase of temperature 
or total concent~tion of Mn ‘*I An irreversible condensation reaction such as that _ 

of scheme (4), might account for these observations. 

2MnOH,,2+ -+ M&OMn,,4+ t- Hz0 

MnoMn.$+ z$ Mn0,42+-f-Mn2+ 

dimer -+ soluble polymers -) precipitation of hydrated oxides (4) 
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The dimeric species, written as only one of its possible structures, has an extinction 
coefficient which is iower than that of MnOH,,92f in the visible region. This is not 
a complete mechanism, however, since, in the absence of any other evidence it is 
di&ult to account for the apparent dependence of the rate on [Mn”]. One possi- 
bility h of course, that the first step is reversible47a. 

Analogous dimeric species are beIieved to exist, for example, in sofutions of 
Co”’ in perchlorate solution 48 but here the dimerisation equilibrium would seem , 
to be more rapidly reversible (I$ the dimerisation equilibrium of Fe”’ (ref. 49) 
The formation of soluble higher polymers can, of course, precede the appearance 
of solid material. Subsequent precipitation may be heterogeneously catalysed by 
oxides which have already precipitated4’“. This Iatter phenomenon greatly com- 
plicates studies of these processes, which is unfortunate since our knowledge of 
the chemistry of Mn” in soIution is lacking. 

(ii) Kinetics.- Adamson’s study5 of the electron-exchange between Mn”’ 
and Mnn was one of the early reactions investigated in acid perchlorate solution. 
Adamson concluded that, like many other exchange reactions between cations of 
this charge type in the fust transition series, the exchange is not instantaneous. It 
seems likely from subsequent attempts3 to measure the rate directIy, that separa- 
tion-induced exchange was occurring in Adamson’s system, although there have 
been indirect estimates3 of the rate of exchange based on the use of the Marcus 
theory 5o for outer-sphere reactions_ The simplest mechanism for the exchange 
reaction in the presence of an excess of Mn” would presumably be 

Exchange between Mn” and Mn”’ in a scheme such as (4) above could also con- 
tribute. A direct estimate of rates of electron-exchange which are not separation- 
induced would be extremely useful, for instance, in testing the applicability of the 

Marcus theory3*50 as a means of distinguishing between inner- and outer-sphere 
reaction mechanisms. 

The rapid oxidation of Fen by Mn”’ has been studied by Rosseinsky’g951 
and by Sutin3 and their coworkers, using polarographic and spectrophotometric 
stopped-flow techniques, respectively. The agreement between the results of the 
two groups is good and leads to the mechanism 

MnaQ3+ i-FeaQ2+ 2 M%92’ +Feaq3+ 

MnOH,,’ f + Feaq2+ % MD,: i + FeOH=,’ + 

Cuurdin. Cfiem. Rev., 4 (1969) 199-224 

(6) 
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Results calculated from the data3v51 (Table 2) indicate that k,' > k, N 1 x 104 
M- %ec-l at 25”, &though the difference between these two rate constants is not 
large. Rosseinsky and Nicoi” have pointed out that the general similarity of this 

reaction to that of Ce’” with Fe” suggests an outer-sphere mechanism for both 
reactibns, and the estimates3 of the rate of the Mn’~‘/Mn~~ exchange reaction based 

TA3LE 2 

sO.wE KlNETlc DATA FOR SECOND-ORDER REACTIONS OF Mn”’ tN PERCHLORATE hEDIA 

WZlT+ &L = 390t.S ANI, AT 25*. 

Reductont Ref. 

a202 

S-Methyl- 
1 , 10 phenanthrotine-Feu 

HNO, 
1,lO phenanthroline-~el’ 

vo2+ 
HgO 
S-Chloro- 
E 10 phenanthroline-Fe” 3 

NH~+N& 
CH3NHz+NHr 
(CH&NH+NHz 
S-nitro- 
1 IO phenanthroline-Fe” , 

CHXNHI+NHCHJ 
(CH&NH+NHCHJ 
(CH&NH+N(CH& 
Br- 
NH3+0CH3 
<CH&CHOH, 
(CH,),CHOHz ‘< ?j 

7.3 
observed rate constants 
3.2x 103nn-‘set-’ (an HCIO,) 
2.5 x 10%1-~sec-~ (3~ HCIOJ 
2.2 
observed rate constants 
I.85 x lo%- ‘see-’ (M HCIO4) 
1.55 x 104~‘%ec-’ (3~ HC10J 
0.48 
0.14 
1.27b 
0.74’ 
0.01 
0.3d 
observed rate constants 
3.95 X lo=M-‘WC-’ (M kiclo~) 

2.9 x 103M-%ec-’ (33N HCIO,$) 
50.0s 
(0.008 
(0.01 
observed rate constants 
0.9x lo%f-‘sec-X (M HCIO,) 
4.2 x IO*M-“see-* (3~ HCIO.+) 
1_0.004 
(0.002 
0.02g 
O.OOI 
0.00006 
kr = 1.4x10-5 

3.2 8 
3 

4.9 70 
3 

3.3 72 
0.31 70 
2.ilb 3 
2.40” 51 
0.058 55 
1.0 2 

3 

1.03 71 
0.30 71 
0.40 71 

3 

0.073 71 
0.053 71 

WO.003 71 
- 61 
0.0006 70 
k,' = 4.4 x lO- s 74 

= only data for reactions with an apparent second-order overall ~ncentration dependence are 
given in the Table. For higher-order reactions see Text. The rate constants kl and ki' refer to 
the parallel steps 

MzI,,~+ +reductant % products 

MnOH,,I+ +-reductant % products 
and are obtained from results at various acidities where these can be appropriately assigned. 
b p = 3.10~~ measured spectrophotometrieally. 
c Measured polarographically. 
d Estimated from the data assuming kxfkx' m 0.3 at 50° fsee Text). 
e Hstimated from the data assuming kI/Xr,* M 0.3 at 25’. 
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on this assumption5’ are in reasonable agreement with those obtained from the 
reactions of Co”’ with Mn” (ref. 3) and of Mn”’ with phenanthroline complexes 
of Fe” (ref. 3). The rates of the last mentioned reactions increase’ in going from 
1 .O to 3.0M HClO,. The rates of all these reactions are first-order in each reactant 
and the rate constants are collected in Table 2. From the studies of the oxidation 
of phenanthroline complexes of Fen, which are perhaps the most likely otiter- 
sphere reactions of this group3*52~s3 the value of 2x 10-4~-1sec-1 for the 
exchange rate constant at 25O has been calculated3 at 1~ and 3M HCIO,. The 
apparent insensitivity of reaction rate to acidity could mean that, if the mechanism 
(5) is appropriate, then k, > (2k,' +k,"), since KH x [H+]_ This would be in con- 
trast to the increase in rate which occurs with decreasing acidity, for example, in 
the Fe”/Fe”’ exchange reactions4: however, we must be cautious in drawing any 
firm conclusion in view of the limited amount of data available. 

The (: ‘dation of V02 f by Mn lx1 has been studied at acidities in the range 
0.8~3.0M HCl04 at temperatures 55 between 5 and 20’. The acid-dependence of 
the rate is consistent with the mechanism 

Hz0 + Mn_‘+ +VO,,‘+ 2 Mq2+ + VO,,, + + 2Haq + 

MnOH,,‘+ +VO,,‘+ % M&t+ +VO,,c+H,, + 
(7) 

with k, = 1.1 x 102~-1sec-1 and k,' = 5.8 x 102~-%ec-’ at p -= 3.9OM and 25”. 
The activation parameterssl*” for the reactions of Mn&’ and MnOH&+ 

with Fe&+ andVO&+. respectively, show that dHI* z AHI* and LIZ&* w ASI*‘, 
with dS,*’ generally more negative than dS1 *. The values of the entropies of 
activation are more positive than those found, for example, in the Fe”‘-Fe” 
reaction’ 6. 

The absence of any effect of perchlorate on the reaction rate is typical of the 
reactions of Mn”’ which have been studied thus far, which makes it unlikely that 
the perchlorate ion is a constituent of either activated complex. A close parallelism 
exists5 5 between reactions of VIv and Fe” with the oxidants Vv -z Mn”’ -z Co”’ c 
< Fe”’ arranged in order of decreasing rate constants fsr reaction with both 
reductants. There is thus no parallelism of rates with the electrode potential of the 
oxidant couple’, and it is difficult to differentiate between inner and outersphere 
mechanisms for these reactions. However, the rates of reaction with Fe” are, in 
general, greater than those with VIv. 

The reaction2 between Mn”’ and Hg’ has been followed titrimetrically at 50” 
and if we include reactions of MnOH ’ + then the following mechanism is suggested 

(Hg’)z,q g Hsa,’ f J&aq” 

2Mn,,ln 5 MQ,‘~+ M.nq’ 

Mnaq3 + + Hgaqo 2 Mn,,* + Hg_’ 

Coordin. Chem. Rev., 4 (1969) 199-224 
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with reactions (lo), (11) and (13) as the rate-determining steps. This study is an 
example of the complexity which appears when the disproportionation reaction (9) 
is not repressed by the presence of a large excess of Mn”. Rosseinsky2 has estimated 
that (k,@!I+]-+kl’)/([n*]+Kn) is equal to 5 x 103Mr-‘sec-’ at 50” in 3~ HClO, 
and 12 = 4.5~. If we assume that the ratio of rate constants kl/kl’ = 0.3 (a 
typical value for Mn”’ reactions, see following discussion), then we may calculate 
that kl z 3 x 103Mn-‘see-’ and k,’ M 1 x 104Mur-‘set-’ at SO” and @ = 4.5M_ 
The observed2 increase in the rate constant with decreasing acidity at low [HgrJO 
is consistent with these estimates. It would be useful to have some data concerning 
the variation of k2 with acidity. Rosseinsky2 reports that k2 2 5 x lO%-‘see-’ 
at 50” in 3~ HC104 at p = 4.5M. 

Ogard and Taubels have studied the manganese(III)-catalysed aquation of 
CrClzt in perchlorate media at 25”. The suggested mechanism involves the oxida- 
tion of CrCl’+ to CrC13* as the rate-determining steps : 

Mnaq3+ + CrClnqr ‘_ $/G ~n,,z + + ~~~1~~3 + 
I 

MnOEI,, 2+ +CrCl,92C & MnOH,,” i- CrClaq3 + 

CrClaq3 -+ 2 Crrv f Cl- 

Cr” + Mn” 2 Cr”’ + Mn”’ 

(14) 

The experimental rate law is 

rate = 
- d [CrCl:: ] 

dt 
= kO[CrC1,,2 e J [Mn’nl 

where k. = (k,IH*f+kl'KH)/('ffJ-+]+KH); this may be closer to the true acid- 
dependence of the rate than the simple inverse acidity dependence deduced1 ’ from 
the experimental measurements over a limited acidity range. The observed de- 
pendence does, however, suggest that k,' > kl for this reaction. 

Mn”’ forms comparatively stable compIexes with fiuoride2’ and chloride 
ionss8*5g*60 , the bromide complex is unstable and decomposes to give molecular 
bromine and Mn” as the products. Wells and Mays61 have demonstrated the free 
radical nature of the reaction by infrared identification of the end-groups in the 
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polymer which is formed when the reaction is run in the presence of acrylonitrile_ 
At Iow concentrations of bromide the mechanism eonsists of the unimolecular 
decomposition of the complex, followed by rapid recombination of the bromine 
atoms which are produced. 

Msq3+‘ +Br,q- 1 MnBraq2* (rapid) 

At higher concentrations of bromide the reaction becomes second-order in bro- 
mide ion concentration, and the mechanism, suggested by analogy with the Fe”‘- 
iodide6’ and CeN-bromide63 reactions, is?’ 

M.nBr,,,2+ + Br,, - 2 Mn,~‘+Br;,,- 

Mn,:’ -f- Br;,,- 2 ExnBqu+ Brzas 

which gives the rate law 

-d [Mntrr-J 
= 

2k2k,~~~‘i’J2[Br,,-_72 

dt k_ 2Frnuf f k,~MnxiJ’j 
= k,~Mnar] [Br,,-J2 

on assumption of a steady state for Br;,,- and with k_,[Mn**] + k,[Mn”‘]. The 
decrease of the rate with increasing [Mn”] is attributed6’ to the removal of bromide 
in the form of a relatively inert Mn”‘-bromide complex rather than a reverse reac- 
tion between Mn2+ and Br;,, - in view of the experimental rate law. This latter 
assumption is supported by the observation that the addition of oxidativeiy inert 
cations such as Al”’ and Zn” also has a retarding effect on the rate. The rate in- 
creases with increasing acidity and appreciable contribution from a mixed complex 
Mn(OH)Br,, + is discounted on the basis of the kinetic dependencie&“. Although 
only the products k,K and k,K can be deduced from the data, it is interesting to 
note that their ratio k2fkl z 4 x IO4 is certainly large and may be connected with 
the influence of co-ordinated bromide on the lability of the inner sphere of Mnrrr 
in addition to the greater stability of solvated Br-iaq as compared to that of a 
solvated bromine atom. 

Although the oxidation of hydrazoic acid has no kinetic term which isfirst- 
order in both reactants even at low concentrations of azide, the available data6”.6s 
is consistent with the presence of at least a 1: 1 metal azide compiex. At low azide 
concentrations, (Hw,] 6 Iom3M), the reaction between Mn”’ and HN, is first- 
order in [Mn”‘] and second-order64 in [HN,]. A mechanism consistent with this 
reaction order is a foIIows. 

Mnaq3 c -I- HNgaq =$ MnHNaaq3 * 

Coordin. Chem. Rev., 4 (1969) 199-224 

(16) 
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Mn&” * I- HJ& = MnN& * -t H,,” 

G. DAVIES 

WI 

(17”) 

2HNssq+ 2 3Nz+2H&+ (18’) 

with k4, k,, kS’ > kl, kl’, k,, kzf and K[HN,], K’@ZN,] d (1 +Ku/[H”],,J 

Ahbough MnOH,,‘+ is present in these sohrtions it does not appear to react with 
HN,. The parallel paths in (17) and (17’) are kinetically indistinguishable, and 
there is no independent evidence that steps involving HaNsaqf and HN,, are 
signif&ant in this mechanism: indeed, their existence seems Iess likely than that of 

HNa,c# +- (a protonated tide radical, cf- H20zaq+), and presumably k, r ki’ and 
k2 > k,‘. The mechanism consisting of steps (16)-(18’) predicts a linear plot of 
ko(l +&IIIH+?I VS. l&H.+], (Fig. 2). We may estimate the acid-independent quanti- 
ties k, W = 2.8 x 103~-1sec-1, and klk, = 5 x 1U3~-2sec-1 from the slope and 
intercept, respectiveIy. Although no separate study of the dependence of rate on 
[M&J was carried out, the data6* are consistent with an irreversibility of steps (17) 
and/or (17’) and the lack of appreciable Mn’%uzide complexation56, 

At much larger excesses of hydrazoie acid the stoicbiometry of reaction is 
unchanged, but the lcinetic dependencies become more complex, and Davies et al. 6 5 
have proposed the mechanism 

0 I.0 2.0 3.0 
l/[H+] CM”) 

Fig. 2. Plot of IO-’ ka (t-i-i&j[EE+l) vs. l/[&X+] from the data of ref. 64. 
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HN3aq+N3nq+ 2 3N,+H&? (22) 

from a study under these conditions, using the stopped-flow method. The equi- 
librium constants K = [M~IN,,,~~} cH,,‘]/Fm,S3 ‘3 m,] obtained from initial 
optical densities (89 i -18) and from kinetic analysis (74 & 15) are in good agree- 
ment, despite the kinetic complexity of the reaction and the possibility.of higher- 
order complexation in a large excess of aziEe. The absorption spectrum of MnNSsq2 r 
has been obtained in thewavelengthrange440 to 57Onm, emmax being ~75OlM-~cm-’ 
at 520 nm. The chief features of this mechanism are the reaction of two monoazido- 
manganese~ complexes to form Mn(N&df, and the formation of NsPaf. If 
the reactions of step (19) are limited by the rates of water exdhange57; in MnNSaq2’ 
and Mnaqzf, respectively, then 3 x lo6 s kl I; 9 x 106~r-1sec”’ and k, I 3 x 10' 
M-'set-' at 25” and p = 3.8M. Independent estimates of K’ = [MnN,,,‘]/ 

W,, ‘+] jNJaq- ] and k4 would be valuable in throwing more light on the magni- 
tude of the other rate constants in this mechanism. The appearance of step (19) 
in high excess of azide suggests that azide is acting as a bridging group: if this is 
the case, then the formulation of the reactive complex as MnN,,,‘+ rather than 
MIIHN~,~‘+, would seem appropriate 67. The visible spectrum of MnNJaqZt is 
shown in Fig. 3, together with the spectra of MnCYDT&,- and Mn(HzP,0,)3,93- 
for comparison. 

Fig .3 Spectra of some Mn*” complexes in solution at 25’. 0, MnNaIq2+ . . (ref. 
CYDTAa- at pH 2-7 (ref. 13a); l , MII(H~P~O~)~~,,~- in 0.05 F HzS04 (reF. 3). 

Coordin. Cliem. Rev., 4 (1969) 199-224 
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Using the average value for the equiGhrium constant of reaction (16’) 
(K = 82), one calculates a value of kz = 34~-‘sec-~ for the .rate of reaction (17’). 
The ratio of rate constants for reactions (19) and (17’) is estimated at I x 10’ 5 
k1s/k17’ ;5 3 x 105, which sould be compared with the value for the corresponding 
ratio found in the Mn”‘-Br- reactionbl (page 209). 

The results of two studies8*’ of the rapid &action between Mn”’ and bydro- 
gen per&de using the stopped-flow method lead to somewhat different conelu- 
sions. WelIs and Maysg have observed a first-order decay of an intermediate which 
is rapidly formed and decays with an acid-independent rate constant of 40 see-’ 
at 25” and g = 4.0M. A dependence of the rate on fMn”] cannot be ruled out 
from these resuhs, however, since the ionic strength was adjusted by addition of 
Mn” in the acidity range 0.5-3.7~ HCIO,. Indeed, the results of Davies et uL8 
suggest the alternative mechanism 

MnOtl,,‘+ fHZOzap f MnOH2*H202,as 
k-2 

\ 
k-2’ 

kz / kz 

Mnap” + -i- 3302aq 

(24) 

(25) (ref. 8) 

MnaQ3+ i-H&&+ 2 ?+JGI,,~++~H~~+ -t-O, (26) 

MnOH~,2”i-H20,,,f “5 MnSq2+ -l-H,,+ -f-O2 (27) 

The additional steps (28) are suggested by the observation of a Mn”‘-catalysed 
decomposition at high peroxide concentrations 

H202aq + -f-H202aq 2 OH&4Z,O* +O, 

OH,,+Mn,,“: 2 MI&%OH~~- 
(28) 

An acid-dependent equilibrium constant of kepp = [Mn”’ l H20,]/[Mnm] ~~0,) 
w 1.7 X 103M-’ has been obtained from the kinetic data* in the acidity range 
@KlO,] = La@-3.7OM. 

However, Davies et aL8 did not find speetrophotometric evidence for’ the 

presence of complexes, which suggests that either 1) the extinction coefficients of 
the complexfes) and the aqua-species are similar at the wiivelengths used for ob- 
servation of the reaction, or 2) that the concz-entration of the complex is kept low 
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by its rapid decomposition to Mn” and radical species. Thus, the rate of formation 
of complexed species, which would be limited by the rate of water exchange in 

-aq3+ and/or MnOHaq2’, may be a relatively slow step in the overall decomposi- 
tion process, although a steady state for the complexed species is ruled out by the 
dependence of the rate constant on l/[H20&. A reversible step involving Mnnag 

might be expected from a comparison with the reversible Ce’v,,+H@2rq at 
= Ce”‘~, + H20zaq* system in 0.8~ H,S04. (ref. 69). Indeed, the ratios of k-,/k, 
(cfi refs. 8 and 69) are not dissimilar for the two systems. The forward rate con- 

stants for the reactions (23) and (24) bave been found to be 7.3 x lO‘k_%ecT’ 
and 3.2 x 104~-1sec-1 at ionic strengths in the range p = 2.23 to 4.9OEn and 

25” (ref. 8). It is noteworthy that the sum of these two rate constants is not too 
different from the product of the first-order rate constant of Wells and Maysg, 
and the approximate equilibrium constant of Davies et aL8 (10.5 x lO%~-‘sec-’ 
compared to 6.8 x 104~-1sec-1, respectively). 

In contrast to the complexity of the reactions discussed so far, the reactions 
of Mn”’ with NH3+OHaq7’, NHJ+OCH,,q70 HN02rq70, NHJ%H,,” proto- 

nated methyihydrazine molecules71 and with hydroquinone72 are all simple, second- 
order processes, with nd large dependencies on ionic strength and no apparent 
reversibility in the rate-determining step. In general, there is no spectrophotometric 
evidence for mmplex formation in this series of reactions70-72. 

The reaction with hydroxylamine” has a stoichiometry of up to six equiva- 
lents of Mn”’ for each molecule of hydroxylamine oxidised, and nitrate has been 
identified as the major oxidation product in the kinetic range. The results have 
been analysed” in terms of the mechanism 

MnDq3+ +NI&‘OH*, zt Mn$+ +NH20:,+2H,,+ 

MlloHi$+ +NH,‘OH;, % Mn,,‘* +NH20;4+H30D4+ 

2H20 + SMn,,“’ -t- NH,O;, 2 SMn..,,” + NOjzg- + 6H,,” 

with k2 9 kx,k,'. The rate constants for this mechanism are70 k, = 1.4 x IO3 
M-%zc-~ and k,' = 3.1 x 103rC1sec-’ at 25”. The results for the oxidation of 
nitrous acid indicate the following series of reactions7’: 

Mnaq3 + c HN02, 2 M&92+ +NO,, + Haq* 

MnOHaq2 + +HNO,,, z MU===+ -I- NOz;= 

H~O~Mn~~“~NO*~~ 2 Mn,,2+-i-N03,,-i-2H,,+ 

with k2 s kl, k,‘. The rate constants are k, = 2.2~ 104~-‘sec-’ and k,’ = 
4.9 x 104hC1sec’1 at 25”, which, when compared to those for hydroxylamine, 
suggest’O that nitrous acid may be an intermediate in the oxidation of hydroxyl- 
amine to nitrate. 

Coordh. Chem. Rev., 4 (1969) 199-224 
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Methylation of the hydroxyl group in hydroxylamine causes a 500-fold 
decrease in the rate constant and the reaction consists, within the limits of experi- 
mental error, of the steps 

~noH,,* f +NH~~ocH~,, 1;’ MII,,* f +NHoCH,,,+~H,,+ 

2tiHOCH3,, 3 N2Hz(OCH& 

with k2 + kl’, i.e. the species MnOHa9’+ is more reactive towards the methylated 
species ” than is Mnaq3 +. 

The rate-determining step in the reactions with hydrazine and with methyl- 
hydra&es results in the formation of a protonated hydrazoyl radical e.g. 

Mnnq3 + + CH3NH2 +NHCHZns 2 Mnaq2+ + CH3NH2+NCH3,, + Hag+ 

MnOHa9*+ + CH3NH2+NHCH3as z M%,* * + CH3NH2’NCH3a, -I- H20 

followed by faster subsequent steps, dependent on the nature of the hydrazoyl 
radical, with dimerisation generally favoured over further oxidation7’ by Mn”‘. 
The rate constants decrease on methylation of hydrazine through the series, and 
except for the most highly methylated species, the protonated tetramethylhydrazine 
molecule (CH3)*NHfN(CH3)*, it is generally observed that k,’ > k,, as is the 
case where the OH group is blocked in the bydroxylaminium ion”. The absence 
of transferable hydrogen atoms in the tetramethyl derivative presumably reduces 
the rate of reaction with MnOH,,*’ in this, the least rapid, reaction of the series 
by almost three orders of magnitude. An analysis of the rate data for this series of 
reactions suggests ” that oxidative attack takes place at a point furthest from the 
point of protonation, as found, for example, in the reactions of the hydroxyl 
radical with protonated amine molecules73. 

In the oxidation of hydroquinone ‘* there is effective competition between 
Mnaq3+ and MnOH,,2f for reaction with the hydroquinone molecule. Thus, in 
the mechanism for the reaction in the absence of oxygen 

M&q3 * +p-HOC6H40Haq 2 Mnaq2+ + p-HOC6H40;, + H,,’ 

MnOHaq2+ + p-HOC6H40H,, z Mn,,* + + p-HOC6H,0,, + H20 

Mn,,’ f- +p-HOC6H40,, 3 MII,,~+ +p-0C6H40,, 

MnOHaq2 i +p-HOC6H40,, % Mnaq2+ $ p-0C6H40aq + H,O 

2p-HOC,H,O,, + _ D-HOC,H&H,,+p-OC,H,O,, 

the observed rate law 

-d wru] 

2dt 
= ko~nru] Cp-HOC6H,0H] 
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is consistent with k&r-HOC,H,O;,] .Q k2, k,’ and k2, k,’ S- k,, kl’, and.an ana- 
Iysis of the kinetic data at eight acidities in the range 0.60-3.60~ HCIO; leads to 
the values72 k, = (0.48 f 0.12) x 104~-1sec-1 and k,’ = (3.28 & 0.43) x lo4 
M-‘set-’ at 25”. 

Variations of rate with acidity in the reaction between Mn”’ and iso&opanol . 

under anaerobic conditions have been interpreted74 in terms of the reactions 

M~I~,~ i + (CH,),CHOH,, 2 Mnaq2 i + (CH,),COH,, + Haq+ (29) 

Mnur + (CH3)2COHn9 2 Mnaq2+ + (CH,),CO,, + H,$ (30) 

Alternative slow steps e.g. 

MnOHaq2+ + (CH3)2CHCH2,9i 5 Mnaq2 f + (CH,),COH,, + H,, f (31) 

were eliminated on the basis of the observation that the reaction between MIIOH,,~+ 
and the unprotonated alcohol’ 5 need not be considered in the mechanism. Unlike 
other alcohols, such as methanol, ethanol and n-propano16’, the presence of iso- 
propanol does not modify the absorption spectrum60s74 of Mn”‘. The isotope 
effect on replacing the alpha hydrogen atom by deuterium74 is large (kH/kD = 3.04 

at 25”) for a reaction of this type. Reactions (29) and (31) are kinetically indistin- 
guishable and from the other reactions so far studied, (Table 2), it seems possible 
that k,’ 5 kl and that reaction (31), in which the a-CH bond may be weakened 
by the presence of the positive charge on the neighbouring hydroxyl group75, 
accounts, at least in part, for the magnitude of the isotope effect in this reaction. 

We have collected kinetic data for all the well-documented reactions of 
Mn”’ in perchloric acid in Table 2. The data are arranged in order of decreasing 
rate constant. A number of conclusions are suggested by these results: 

1) the Mn0Haq2+ species is generally more reactive towards a given re- 
ductant than is Mnaq3+. Exceptions would seem to be cases where strong complex- 
formation is possible (e.g. reactions with Bra,_61 and hydrazoic acid64*65). 

2) effective competition between Msq3’ and MnOHaq2+ for reaction with 
a given substrate is observed for reductants which contain suitable sites for co- 
ordination (e.g. H202=*‘, HN02.q70, NH,+OH,,“, hydroquinone72) or no trans- 
ferable H-atoms (e.g. (CH3)2NH+N(CH3)2,S7’). 

The lability of both Mn” and Mn”’ is a serious stumbling block in a distinc- 
tion between inner- and outer-sphere mechanisms for reactions of Mn”‘. However, 
an interesting possibility*exists for the fastest reactions which have been observed. 
That is, that the rate of water exchange in Mn”’ limits the rate of reaction, and 
that the oxidation process (H-atom, or electron transfer) takes place very rapidly, 
in the inner-sphere, following the co-ordination of the reductant to the metal 
cation76. We may thus envisage each slow step as consisting of the diffusion- 
controlled formation of an ion-pair ((32) and (32’)) followed by formation of an 

Coordin. Chem. Rev., 4 (1969) 199-224 



216 G. DAiilS 

inner-sphere complex by ratetdeterminiu g water loss, ((33) and (333). The eom- 
plex then decomposes very rapidly by electron transfer, (33), or w-atom transfer 
(33% 

.%q3++B,, g mq3+, B=q (32) _ 

tillo13*q2+ i-lBps s MIioqq2*, I& (32’) 

Mnaq3 +. Ba4 $ (Mn’ +Blas ‘- products (33) 

MnOH,$ +, B,, g (MnOH2 +B)=, 2; products (33’) 

For this mechanism we may write k, = Z&k0 and k; = Kd k&, where 

& = thNq3*, B.,$K~r%s3”1 U&l anti‘ 
K,’ = CtiOHaq2 +. %J/cM~OH,,2 “I P&l . 

We cannot measure K. and Ko’ directly, and it seems certain that the Eigen-Fuoss 
equation” cannot be used to calculate values at the necessarily high ionic strength. 
We may, however, approximate the situation by using assumptions suggested by 
Suth and his co-workers78, as fohows. We will assume that K, and kl,’ are the 
same in the Mn’r’ and Co”’ systems. We then write 

k O.Mn,,'+ = kl*Mn.,3+ 

k 0. to,,3’ k l.cazq~* 
(34) 

We have calculated the data shown in Table 3 using Sutin’~‘~ value for water 
exchange, ko,coat13+ 22 1 x IO3 see-‘, and the value of the directly-measured 
forward rate constant of formation of the C~,,~~+-rnaIic acid complex7Qa, Since 
the acid-dissociation constant of CO,,~+ which was used by Sutin et aL7' has 
recently been confirmed’ ‘, it seems reasonable to accept the value k,‘, cooHaqz * w 
3 x IO3 see-‘. We have again used the directly-measured rate constant for forma- 
tion of the C~OH~,~“-malic acid compIex70a to calculate the value for K,’ MnoHaq2+ 
in TabIe 3, using eqn. (35). 

The variations in k o,Mnmqs+ which are observed are probably a reflection 

of the greater ligand-dependence of K, as compared to Ko’ because of the greater 
charge on the metal. The approximation involved in using eqn. (35) is evidentIy 
much smaller, and the average value for water exchange on MnOl!&,2f is found 
to be approximately 1 x lo6 see-l-. This estimate is probably within a factor of 
two or three of the actual value for the rate of water exchange in MnO&,“+, 
despite the ligand dependencies which have been found” in rates of complex 
formation with CoOH,,‘+. Data for reactions of Co”’ with most of the substrates 
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TABLE 3 

ESi-IMATES OF THE RKm OF WATER EXmNCiE IN ML’* AND MnOH,.=+ AT 25”’ 

Subwate .tO-6 kg,, 3-l. Mn,, scc-r IO- 6 ko*, Mn0X.f + se&- f 

P-~6H&3H;2 zg O-9 1.4 
Hz02 Q 13.5 1.4 
HNOZ d 4.1 2.1 :. 

l Values based on the data for the reaction Com+HMal% C&Ma& where HMal is malic 
acid, ref. 79a (see Text). 

in Table 3 might be useful for further estimates of the r&es of water exchange in 
Mnaq3 i- and MnOHaq2+, since it seems preferable to use the same substrate in the 
systems which are used in the comparison, especially in using eqn. (34). Although 
crude, these estimat& may be usefti in the anaIysis of other data for Mnl” reac- 
tions. The presence of a large excess of paramagnetic, labile Mna9’+ ions and the 
limited concentrations of Mn”’ which are available in percblorate media would be 
expected to make the direct estimation of these constants, e.g., by an NMR 
technique”, extremely difficult. 

The mechanism of oxidation of a series of hydroquinones by Fe”’ has been 
interpretedgo as invoiving a rate_detemGning step of the type 

I?@$* -tpC~H~(OH)O,~~ * Fen: + +p-C,H4(OH)O;, (36) 

where pC,H,(OH)O,, - is the hydroquinone anion. The rate constants which are 
derived on this basis are close to the diffusion-controlled limit. Thermodynamic 
arguments were used’ o to di.Eerentiate between this mechanism and the kinetically 
indistinguishable reaction 

f;eOH,,2* +~-G$W3W2;lp r 
_.%A Fe,,2 + 

1’ + P-GH,(CIH)O;, (37) 

If we interpret the data of Baxendale et aL8’ in terms of eqn. (3371, then we obtain 
values of k,’ shown in Table 4. The experimental rate constants are about two 
orders of magnitude smaller than the estimated rate constant for water exchange*“. 

TABLE 4 

RATFI CONSTANTS FOR THE REACTKIN OF TKE “IYPE 

kc 

Reciucrant IO-3 Ail’ M-‘see-’ 

benz?hydroquinone 0.26 
tO~uOhydrOq~Qne 1.12 
2&dichIorobenzohydroquinone 0.60 
~3,S,6,-tetramethyl~~a~y~oq~no~e 0.79 

* Calculated from the data of ref, 80, using the acid dissociation constant of Fe=Q3+ from R. M. 
Milbum and W. Cd Vosburgb, J. Amer. Chem. Sot.. 77 (1955) 1352. 

Coordin. Cltem. Rev., 4 (196% 199-224 
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in FeO13~q2t, kO’,FCOH++ s 3 x IO5 set-‘. This suggests that the rate-determin- 
ing step in this reaction is the redox step rather than complex formation. We should 
also note that the rate constants in Table 2 are consistent with a dependence of 
K0 and K,’ on the charge on the substrate, as predicted for a S,l mechanism. 

E., Om COMPLEXES OF h&lx1 

The majority of Mn”’ complexed contain bound oxygen atoms_ Most of 
them are unstable in solution. For example, Mn II1 slowly oxidises bound chloride5 ’ 
and EDTAf3= ligands. The complexes often precipitate hydrated oxides on stand- 
ing. Although there is evidence of complex formation e.g. from colour formation 
on adding Mnv” to Mn” in the presence of a given ligand, the number of detailed 
studies of the equilibria involved is at present small. In most cases it is the in- 
stability of the complexes which is a serious setback, and indirect, e.g. kinetic’s, 
methods have to be applied. We have cohected stability constants for well-defined 
complexes in Table 5. 

TABLE 5 

EQ~L~B~M CONSTANTS FOR Mnm COMPLEX FORMATION IN PERCHLORAIX MEDIA AT 29 

Rec?c*ion Medium” Consfant Ref. 

Mn3+ Z+ MnOHZ*+H+ 
Mn’+ +HF + MnF2+ +H+ 

MnOH’+ +HF + Mn(OH)F+iH+ 

Mn3*+CI- it MnCIzc 
Mn”+-i-H,CzOa f: MnC204++2H+ 
MnCZ04+ i-H&O.+ + Mn(C204)- +2H+ 
MnC,O,+ +HF “T Mn(CZ04)FfI-I’ 
Mn3’+HN, + MnN =+H+ 
Mn3 f -f-EDTA4- + A&(EDTA)- 
Mn3’+CYDTA*- -=_ Mxl(CYDTA)- 
Mn3++HEDTAd- -i; Mn(HEDTA)’ 
MnEDTA- +Ns- + Mn(EDTA)Nsz- 
MnSC +3acac =+ Mn(acac)s3c 

p = 4.0 M 0.93 M 6 
JC = 5.35 hP 1.6x lo3 M-’ 82 
p=2hs N3.7Xf03rv1 58,82 
fL = 5.35 I&P l.gXlO’M-’ 82 
,U=2M - 3.7 x 103 58,82 
[‘=2M 13.5 * 0.5 M-1 58,82 
p=2hl 1.64x 105M 58,82 
p=2M 45 M 58,82 
p=2u 1.18 x 102 58,82 
,U = 3.8 M 82 65 
p = 0.20 M 7 . 1 X102”M-’ 13a, 83 
p = 0.20 M 7.9 x 1028 M-’ 13a 
/J = 0.20 M 5.0X 10” M-’ 13a 
p = 0.25 M (32.1 i 0.3) M-I 84 
p = 0.2 M 7.2 x 103 I&%--’ 85 

* Temperature = 23 f 1”. 

The decomposition of the bromo-complex 61 has been discussed in the pre- 
vious section. ‘Estimates of the stability constant of MnCIaq2+ are available from 
a study of the effect of addition of chloride on the Mn‘u-catalysed oxidation of 
oxalicacid by bromine58*82. A very large excess of chloride produ%s spectroscopic 
changessg*60a which suggest that the species MnQq2’ has a similar visible spec- 
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trum to those of MnOHaQ2 * and Mn,,’ * and that the spectrum changes only on 
formation of higher complexes 82_ Recent spectrophotometric studies 82 have shown 
that the observed ~plittin~~*~*” of the spectrum of the aqua-species on addition 
of an excess of fluoride can be accounted for in terms of the formation of MnFaq2+ 
and ~n(~~F=~~. The s&&rum of the former has its maximum at 47O’nm while 
the latter spectrum is split 82. Splittings in the visible spectra of other complexes 
in sob&ion noticed recently by Dingles6 may also be connected with similar acid 
dissociation equilibria. It would appear that co-ordination of fluoride has little 
&Sect on the acidity of the relining water molecules of the first do-ordination 
spheres2. The assignment of this complex is supported by the formation of a 
mixed fbroro-oxalate complex (Table 5). The spectra of the two aqua-fluoro com- 
pIexes are shown in Figure 4. It is likely that the spectra of the monohalide com- 
plexes of Mnaq3* are all similar to those of the aquo specie@ in the visible region, 
with maxima in the region of 470 nm, and that cumulative effects of negative 
charge are responsible for splitting (e.g. for Mn(OII)FS,f), or a decrease (e.g. for 
SO,“--, Ns-) or increase (e.g. in Mn(CYDTA)OH,,2-) in 10 .Z& In all cases 
splittings of the ground state ‘Ep level (with smalIer splittings of 5T2,J87 can 
produce broad spectral maxima as a result of distortion from octahedral sym- 
metry*‘_ 

It is noteworthy that pen~~~oromangana~e~ exists as a monomeric, 
pentacoordinate distorted complex in the salt8’a (BiPH,)MnCls, (Fig. 5). 

The formation of I:1 complexes between Mn(EDTA)H,O,,- and N3- 
(ref. 84) and CN- (ref. 88) has been observed and is taken as evidence to support 
seven-co-ordination of these polyamino systems in solution89, as is observed in 
the solid saltsgo. It is noteworthy that no similar kinetic evidence for complex 
formation is observed between Mn-CYDTA complexes and oxalate under compar- 
able conditions’. Wilkins and Yelin 91 have recently identified a five-co-ordinated 

WAVELENGTH (nm; 

Fig. 4. Spectra of MP compfexes with Buoride. 0, MzI~,,~*; a, Mn(OH)F,,+ from ref. 82 
(reproduced by permission of the capyright owner). 

Coo&in. Chem. Rev., 4 (1969) 199-224 
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Fig. 5. Structure of MnC1~2- in the saft (BiPH2)MnClp The bond lengths are as follows: 
MsC&, 2.566 A: Mn-Ci,. 2.353 A; Mn-Cll, 2.363 A: Mn-CL 2.241 A (two symmetrical- 
bonds). This is a stereo-pair which can be examined with a handheld stereo viewer (Courtesy of 
Dr. I. Bernal). 

Co”‘-EDTA product in the reaction between Co“-EDTA and Mn’u-EDTA com- 

plexes at pH’s wfiere the form MI$EDTA)OH,,~” is known to be present13’. This 
suggests that oxidation proceeds by an inner-sphere hydroxo-bridged mechanism. 

Five and six-co-ordinated Co’*-EDTA complexes apparently react with identical 
rates in outer-sphere oxidations gf. One of the few low-spin complexes of Mn”” is 
the hexacyanomanganate(II1) ion for which a magnetic moment of 3.18 B.M. was 
observedg2 in K,Mn(CN),. Electron exchange between M~I(CN)~~~~- and 

Mn(CN)6,s3- in solution is rapidg3. Studies of cyanide exchange in Mz$CN),,,~- 
have shown that the reaction proceeds by an aquation mechanismg4. 

(ii) Oxygen-bonded complexes 

Several chelating ligands in which binding through oxygen atoms occurs 
have been reported as suitable for application in analysis by calorimetric proce- 
dures”. As mentioned previously, the oxalato complexes are photochemicaliy 
unstable86*87, and this has been taken as partial evidence for a “charge-transfer” 
mechanism (tl, + tz,, ligand + metal) as being responsible for the broad band 
which is often observed in the near i&a-red (5000-15,000 cm-l) for Mn”’ CO&I- 
plexes *‘. (See ref. 87 and later discussion). 

The sulphato complexes are unstable, producing “MnOz” on standing. 
Welsh*” has obtained an equilibrium constant & = (1.8 f 0.2) x 106~3 for the 
reaction 

2Mn’“+2H20 s MnO,-f-Mna+4H’ rC; (38) 

in the acid range 2.40-7.44~ H2S04 with [Mn”] = 0.138-0.364hf at 15”. The 
equilibrium is slow from left to right and rapidly attained from right to left with 
“‘freshly produced Mn&“. Tbe decomposition reaction is apparently fourth-order 
in [Mn’n], and Mn02 production proceeds on the surface of MnO, particles al- 
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ready formed47S. Piccardi and GuidelIi 96 have concluded that the reaction 

4Mnu+MnW + Sh&u’ 

is too slow for analytical application in acid sulphate solution and have calculated 
equj~b~~ constants for the reaction 

2M#’ $= Mnsv f Mnn 

which decrease from 4.8 x iO_’ to 2-U x 1W3 in going from 4.5 to 12hI H,SU, 
(cf. refs. 27,28). The sulphato system merits further study in view of the complicated 
kinetics which have been observed, for example, in the Mnm-&enK system in 
sufphuric acid media ’ gW20. Thus, the M&n species present in these solutionss6 
must be considered largely unknown at the present time. Kinetic methods, such 
as those used by Taube might be useful for clarification of the equilibria involved, 

The pyrophosphato complexes have probably been the most widely used 
Mn’n complexes for anaiytical purposes4. This system received careful study some 
years ago”, and recent kinetic evidence3 suggests that at least t-wo pyrophosphato- 
manganese(IiJ) complexes are involved in the reaction with various Fe’r-phenan- 
throline complexes at pH 1.0. The pK of the reaction 

Mn(H,P,0t)33- S Mu(HP,O,)~~- + f-I,P,O, 

has been found” to be 4.25 at 25O. 

(39) 

Many studies of the oxidation of organic substrates by sufphato- and pyro- 
phosphato-Mn”’ complexes have appeared in the literature and an excellent review 
of these reactions, in which emphasis is placed more on the nature of organic 
intermediates than on the nature of the oxidising ion, is availabie”. Evidence is 
sometimes obtained for discrete metal-substrate complex formationL0S62b. An 
example of a more detailed study, in which the reactants are welt-characterised, is 
the reaction between Mn” and isopropanoi in acid perchiorate soiution74. 

Dingle’“, and Fackler er a2. 87 have recently considered the assignment of 
the bands of the visible and near infra-red spectra of a large number of Mn”” 
complexes. The considerations arc important from the point of view of under- 
standing, for example, the nature of solvent co-ordination in the complexes in 
solution. In particular, the position of the low energy ‘Bts -+ ‘Ata band is notice- 
ably sensitive to the choice of solvent environmentS7. Four assignments of this 
low energy band have been considereds6*87, uiz., 
(1) static or dynamic splitting of the “Es ground state, 
(2)‘distortional splitting of the excited state, 
(3) the possibility of a spin-forbidden transition, and, 
(4) ligand -+ metal ‘*charge transfer”. 
AvaiIabfe evidence is strongly in favour of possibility (I), with distortion towards 
a D4&ype symmetxy removing the degeneracy of the 5Ep ground state. $maIl 
distortions with or without “pseudorotation” could account for the broadness .of 
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the low-energy and visible bands (see e.g., ref. 21, Fig. 2). Both the trisacetyl- 
acetonatoq8 and trisoxalato-g9 Mn”’ complexes have the magnetic moments ex- 
pected of high spin complexes. However, all the Mn-0 bond lengths in the tris- 
acetylacetonate are found to be the same”, in sharp contrast to the well-defined 
four short-two long arrangement in other Mn”’ complexes (e.g. Mn20rs, ref. 100). 
A.possible reason for the lack of the anticipated distortion.is suggested by the 
observation that the C2-H stretching frequency of the acetylacetonate complex at 
about 3090 cm-’ is similar to that found in benzene. This implies some aromaticity 
in the chelate rings by conjugation through the metal centre”“. Such effects may 
also explain, at least in part, the similarity of the spectra of, e.g., the tris-2,2- 
bipyridyl-l,l-dio~de-Mn*” complex in the single crystal and in dimethylsulpho- 
xides6. 
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