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Preface 

This book grew out of conversations at a meeting of the Royal Society of Chemistry 
Inorganic Mechanisms Discussion Group in 1986. It was conceived as part of the 
Ellis Horwood Series in Inorganic Chemistry. While writing the text I have frequently 
been asked what the book is about. It is perhaps easier to begin the answer by 
describing what the book is not. It is not a book on kinetics and mechanisms. There 
are much better texts on that topic, those by Espenson and by Moore and Pearson 
are my favorites. Neither is it a book about electron transfer nor about the theory 
of electron transfer reactions. There has been a rash of excellent monographs on 
this topic recently. Rather, the focus of the book is an examination of trends in 
mechanism which are found in inorganic redox chemistry. Electron transfer processes 
are considered, but so also are atom transfer processes, and the limits where one 
class of reaction ends and another begins are described. The text is designed for 
senior undergraduates and beginning graduate students who want to know more 
about the chemistry of redox reactions. Some background in mechanistic chemistry 
is assumed and the book was intended to supplement Inorganic Reaction Mechanisms 

by R. W. Hay, also published by Ellis Horwood as part of the series in Inorganic 
Chemistry. The development of theory is minimized and is set in a context where 
the descriptive and experimental approaches are dominant, and I hope that this points 
out some of the limits of current thinking. Many examples of reactions are included 
in the text and references are primarily to the original literature, which I feel is 
important for a book of this nature. Some of the compilations of data are extensive 
— beyond that required to illustrate the material in the text — but I hope that they 
may be of some use to more experienced investigators. 

I would like to thank all those who have aided me in the preparation of the book, 
my graduate students and Mr. Robert M. L. Warren in particular, Dr. John Burgess 
for his advice and encouragement, Miss Lisa Brians of Ellis Horwood for her 
patience, and the National Science Foundation for their generous support of the 

research which has sparked my interests. 



to 
Nancy, Andrew and Elizabeth 



Introduction 

1.1 INTRODUCTION 

Reduction and oxidation processes in inorganic chemistry involve the transfer of 
charge between reactants. The reactions may appear quite simple and involve formal 
electron transfer (eqs (1.1)-(1.3)) or formal atom transfer (eqs (1.4) and (1.5)) or 
may be more complex, involving several reagents (eq. (1.6)). 

[Co(phen)3]3+ + [Ru(NH3)6]2+ —> [Co(phen)3]2+ + [Ru(NH3)6]3+ (1.1) 

[(NC)5FeniCNRun(NH3)5]--> [(NC)5FeuCNRuni(NH3)5]- (1.2) 

[Tlaq]3+ + 2 [Fe(H20)6]2+ -> [Tlaq]+ + 2 [Fe(H20)6]3+ (1.3) 

[IrCl6]2- + [Cr(H20)6]2+ ^ [IrCl5(H20)]2- + [Cr(H20)5Cl]2+ (1.4) 

ocr + r -4 or + cr (1.5) 

[H+] 

2 [Co(NH3)5(OH2)]3+ + S02 —» 2 [Co(H20)6]2+ + 10 NHj + SO^~ (1.6) 

Detailed studies of these reactions reveal that even the most complex processes can 
be analyzed in a sequence of simple elementary steps which constitute the mecha¬ 
nism. The illustration of this sequence of steps for redox processes is the primary 
focus of this book. An attempt has been made to view inorganic redox chemistry 
from a descriptive perspective. There are many texts and review articles which 
emphasize different aspects of redox chemistry [1-4] and particularly the relationship 
of experiment to theory. However, it is also important to remember that inorganic 
chemistry harbors many exceptions to the general trends and mechanistic redox 
chemistry has its share. Accordingly, the book is arranged to consider the simplest 
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processes first and add layers of complexity as the chapters progress. Theory is kept 
to the minimum possible to provide a context for the descriptive element and the 
reader is referred to detailed review articles for much of the derivative material. 

Some knowledge of kinetics and mechanistic interpretation is assumed, and the 
book was designed to be read in conjunction with a more general text on inorganic 
reaction mechanisms [5]. Chapter 1 is a brief review of key points which are 
amplified in the succeeding chapters. Most information about the mechanism of a 
reaction comes from the experimentally derived rate law. Other clues to the mecha¬ 
nism come from comparisons of the rates of related reactions, investigations of the 
temperature dependence and ionic strength dependence of the reaction rates, from 
isotope effects, and from the detection of reaction intermediates and kinetically 
controlled reaction products. These extra-kinetic features have all proved to be of 
importance in the determination of redox mechanisms. 

The mechanism is defined as the sequence of elementary steps which lead from 
reactants to products. Fortunately the variety of elementary steps which involve 
charge transfer is quite limited. The most useful classification involves the relation¬ 
ship between charge transfer and the ligand substitution properties of the reaction 
centers. When charge transfer takes place only in conjunction with ligand substitution 
into the inner coordination sphere of a metal ion or non-metal center, the reaction 
is defined as inner-sphere; otherwise the reaction is outer-sphere. The occurrence of 
these two mechanisms in reactions between metal ion complexes is discussed in 
Chapters 2 and 3. Despite the formal differences, they are in fact closely related 
and the relationship between them is explored in Chapter 4 together with a number 
of examples of mechanisms from biological systems which require the participation 
of metal ions. Chapter 5 deals with more complex reactions between metal ion 
complexes and reactions involving non-metallic reagents. 

1.2 LIGAND FIELD THEORY 

Much of this book features electron transfer reactions which involve transition metal 
ion complexes. As with most aspects of the chemistry of transition metal ions, ligand 
field effects play an important role in determining the redox mechanism and some 
brief introductory remarks on this topic seem appropriate [6], When the set of d 
orbitals is placed in a non-spherically symmetric ligand field of well-defined geo- 
metry, the degeneracy of the five orbitals is lifted. For example in an octahedral 
field, the two eg orbitals (dx2y and dz2) overlap directly with ligand orbitals and, 
along with the 4p and 4s orbitals are involved in the o-bonding framework. The 
three t2g orbitals (dxy, dxz, dyz) are either non-bonding or rt-bonding with respect to 
this framework, Fig. 1.1. The metal-centered d electrons are distributed between the 
k and o* orbitals depending on the strength of the binding interaction, measured as 
the ligand field splitting parameter for the octahedral field, A0. For each electron in 
the Tt set of orbitals, there is an effective ligand field stabilization of — A0 while for 
each electron in the antibonding a* set, there is ligand field destabilization of 
— A0. Thus ligand field stabilization increases with increasing d-electron population 
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from d1 to d3. At d4, there is a choice depending on whether A0 is small, in which 
case the configuration is 7t3c*' (high spin), or large enough to overcome the energy 
required for spin pairing in which case the configuration is rc4o*° (low spin). It is 
the balance between A0 and the spin-pairing energy which determines whether a 
high-spin or low-spin configuration is preferred. 

metal. complex ligands 

t 1u 

^0 

tV 
\- 
\ 

ig 

Fig. 1.1. Molecular orbital energy levels for a transition metal ion in an octahedral field showing 

the interaction with the a-bonding and rc-bonding ligand framework. 

In Table 1.1, the ligand field stabilization energy (LFSE) is presented for different 
electronic configurations depending on whether A0 is smaller (high spin) or larger 
(low spin) than the energetic requirements for spin pairing. The magnitude of A0 is 
determined by the nature of the ligand and increases for the spectrochemical series 
of donor atoms in eq. (1.7). 
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I- < Br- < Cl" < F" « OH" = HCOI < ox2" < H20 < py = 

NH3 < en < bpy < phen < CN" (1-7) 

Table 1.1. Ligand field stabilization energy for octahedral complexes. 

High spin Low spin 

Configuration LFSE Configuration LFSE 

d1 
-i-^o n <J* 

d2 7C O* 

d3 7T3C*° 
f*. 

d4 7Co*1 K CJ* 

d5 7T30*2 K O* 

d6 tfa*2 
!a° 

__6 _ ^ 0 
TC G* 

* ' V. 

d7 7Co*2 7t60*‘ 

d8 7t6a*2 

d9 tCo*3 

d10 7t60*4 
!a° 

In addition, the value of A0 generally increases with increasing oxidation number of 
the metal ion. Metal ion complexes of the second and third row transition elements 
are invariably low spin since there is also an increase in A0 on going down a column 
in the periodic table. Similar ligand field arguments can be made for the distribution 
of electrons in the ligand fields of other geometries. Tetrahedral complexes which 
occur for some first-row transition metal ion complexes are generally high-spin 
because At is much smaller than A0. While there is no distinction between high and 
low spin for d8 octahedral complexes, in the presence of a strong square-planar 
ligand field, the degeneracy of both the eg and t2g orbital sets is removed, and a 
spin-paired square-planar arrangement results, Fig. 1.2. Special attention must also 
be paid to configurations where a degenerate set of orbitals is occupied unequally. 
The Jahn-Teller theorem indicates that the geometry of such complexes will distort 
to remove the degeneracy. Hence, especially in high-spin d4, low-spin d7 and d9 
configurations where there is uneven occupation of the a* orbitals, tetragonal dis¬ 
tortion of the six-cooordinate geometry is encountered. In this work, where the 
coordination sphere of a metal ion complex is well characterized, it is represented 
as clearly as possible, for example [Fe(H20)6]3+. Where the complex is less well 
characterized, a less specific designation is provided, for example [Euaq]2+ repre¬ 
senting the solvated europium(II) ion in aqueous solution. 



Sec. 1.3] Substitution reactions 13 

Ligand fields impose both energetic and symmetry conditions on reactions of 
transition metal ion complexes. The energetic constraints arise from the fact that in 
attaining a transition state for a reaction, the ligand field is altered and this can 
provide an energetic barrier in addition to the other requirements of the mechanism. 
Symmetry constraints arise in electron transfer reactions where there is a requirement 
for overlap between metal-centered donor and acceptor orbitals. Both can have a 
significant effect on the course of the reaction. 

a* 

n 

octahedral 

' xz, yz 

tetragonal square planar 

Fig. 1.2. Effect on the metal centered molecular orbit energy levels as a rsult of a descent in 

symmetry of the ligand field from octahedral to tetragonal and square planar. 

1.3 SUBSTITUTION REACTIONS 

The rate of ligand substitution at a metal or non-metal center has an important role 
in determining the nature of a redox reaction mechanism. Much of the first four 
chapters of this book is concerned with reactions involving metal ion complexes, 
and substitution reactions of these species will be considered chiefly in this chapter. 
A limited discussion of substitution at non-metal centers is reserved for Chapter 5. 
Typical rates of exchange of solvent water into the inner-coordination spheres of 
some representative metal ion complexes (eq. (1.8)) are presented in Table 1.2. These 
rates give a good indication of the 

[Fe(H20)6]2+ + H20* [Fe(H20)5H2O]2+ + H20 (1.8) 

relative lability or inertness of a metal center with respect to substitution and provide 
a guide to differentiating between mechanisms of electron transfer in which ligand 
substitution plays a key role and mechanisms where substitution is precluded. 
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Table 1.2. Rates of exchange of solvent water into the inner- 

spheres of metal ions at 25.0 °C 

-coordination 

Complex k° 

(s'1) 

AH* 

(kJ mol"1) 

AS1* 

(J K"1 mol"1) 

AF1 

(cm3 mol'1) 

Ref. 

[V(H20)6]2+ 8.7 x 101 62 -0.4 -4.1 7 

[Cr(H20)6]2+ 5 x 108 8 

[Mn(H20)6]2+ 2.1 x 107 33 6 -5.4 9 

[Fe(H20)6]2+ 4.4 x 106 41 21 +3.8 9 

[Co(H20)6]2+ 3.2 x 106 47 37 +6.1 9 

[Ni(H20)6]2+ 3.2 x 104 57 32 +7.2 10 

[Cu(H20)6]2+ =5 x 109 8 

[Ru(H20)6]2+ 1.8 x 10'2 88 16 -0.4 11 

[Ti(H20)6f 1.8 x 105 43 1 -12.1 12 

[V(H20)6]3+ 5.0 x 102 49 -28 -8.9 13 

[Cr(H20)6]3+ 2.4 x 10“6 109 12 -9.6 14 

[Fe(H20)6]3+ 1.6 x 102 64 12 -5.4 15 

[Ru(H20)6]3+ 3.5 x 10'6 90 -48 -8.3 11 

[Rh(H20)6]3+ 2.2 x 10"9 131 29 -4.2 16 

[Co(H20)6]3+ = 1 x 10"1 17 

[Cr(H20)50H]2+ 1.8 x 10"4 110 55 +2.7 14 

[Fe(H20)50H]2+ 1.2 x 105 42 5 +7 15 

[Ru(H20)50H]2+ 5.9 x 10"4 96 15 +0.9 11 

[(NH3)5Co(H20)]3+ 5.7 x 10"6 111 28 +1.2 18 

[(NH3)5Cr(H20)]3+ 5.2 x 10“5 97 0 -5.8 19 

[(NH3)5Rh(H20)]3+ 8.7 x 10~6 103 3 -4.1 19 

[(NH3)5Ru(H20)]3+ 2.3 x 10"4 92 -8 -4.0 20 

[(NH3)5Ir(H20)]3+ 6.1 x 10"8 118 11 -3.2 21 

[(CN)5Co(H20)]2- -1.0 x 10"3 22 

[(CN)5Fe(H20)]2- =1.0 x 10”2 23 

[(CN)5Fe(H20)]3- 5.0 x 102 24 

"Second-order rate constants can be approximated by dividing the first-order rate constant by 55.5 ([H2O]). 

There is a strong correlation of the rates with ligand field stabilization energy since 
the substitution process necessarily involves a change in geometry around the metal 
ion center. Low-spin complexes exchange ligands very slowly, whereas the ions 
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[Cr(H20)6]2+ and [Cu(H20)6]2+ which are subject to tetragonal distortion with four 
shorter equatorial bonds and two longer axial bonds as a result of the Jahn-Teller 
effect, have high lability arising from the weaker axial coordination and the rapid 
vibrational interchange of the unique axis. The hydrolyzed ions such as 
[Fe(H20)50H]2 are significantly more labile than the hexa-aqua species and this 
has important mechanistic consequences in reactions where substitution at the metal 
center is involved. 

1.4 THERMODYNAMIC ASPECTS 

Thermodynamic aspects of reduction and oxidation are of fundamental importance. 
Thermodynamics determines the ultimate products of reactions and, indirectly, has 
a profound effect on the course of the reaction. Thermodynamic information is 
expressed in the form of a reduction potential such as that for [Co(bpy)3]3+/2+ (eq. 
(1.9) ). The potential for this redox couple is given by the Nemst equation (eq. 
(1.10) ), with a formal reduction potential, E° = 0.31 V (vs n.h.e.). Throughout this 
book, formal reduction potentials which refer to specific conditions of temperature 
and ionic strength are employed rather than standard potentials which refer to 
conditions of unit activity and 25.0°C. 

[Co(bpy)3]3+ + e~ [Co(bpy)3]2+ (1.9) 

E = E°-RT/nFln 
[[Co(bpy)3]2+] 

[[Co(bpy)3]3+] 
(1.10) 

Measurement of reduction potentials is generally carried out either by potentiometric 
titration with a standard oxidant or reductant, or more conveniently by electrochemical 
methods, the most common of which is cyclic voltammetry. A cyclic voltammogram 
showing the reduction of [Co(bpy)3]3+ in 0.10 M NaN03 media is shown in Fig. 
1.3. This is a reversible couple and the formal potential, 0.31 V, measured against 
the normal hydrogen electrode, can be obtained from the potential midway between 
the maxima in the oxidation and reduction waves. The separation between the peaks 
is approximately 60In mV at 25.0°C. A listing of the reduction potentials for selected 
first-row transition metal ion complexes and aqua ions is given in Table 1.3. 

Table 1.3. Reduction potentials for metal complexes and aqua ions at 25.0 °C 

Complex 

[V(H20)6]3+/2+ 

[Cr(H20)6]3+/2+ 

[Mn(H20)6]3+/2+ 

E° (V) Complex 

tt2c*°/ft3o*0 -0.20 

7t2o*°/7C3o*° -0.41 [Cr(bpy)3]3+/2+ 

7i3o*‘/7t3o*2 1.77 [Mn(bpy)3]3+/2+ 

£°(V) 

n6c*°/n6a*1 -0.23 

n 6o*°/n6o*1 1.00 

(continues) 
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Table 1.3. (continued) 

Complex E° (V) Complex E° (V) 

[Fe(H20)6]3+/2+ k3g*2Mag*2 0.77 [Fe(bpy)3]3+/2+ k5g*°/k6g*° 1.00 

[Co(H20)6]3+*+ n6o*°/nso*2 1.89 [Co(bpy)3]3+/2+ n6o*°/n6o*1 0.31 

[Ni(bpy)3]3+/2+ n6c*l/n6c*2 1.70 

Potential vs. NHE (V) 

Fig. 1.3. Cyclic voltammogram of a 1 x 1(T3 M aqueous solution of [Co(bpy)3]2+ in 0.1 M 

NaNCb, scan rate 20 mV s 1. The initial scan is the upper curve from left to right and shows a 

peak corresponding to oxidation of [Co(bpy)3]2+ to [Co(bpy)3]3+. When the scan is reversed, 

lower curve, [Co(bpy)3]3+ is reduced. 

As the d-electron occupation is increased across the periodic table, there is an 
underlying reduction in stability of the higher oxidation state, the result of incomplete 
d-electron shielding on the ionization potential, and the consequent increase in 
reduction potential [25]. On this trend are superimposed ligand field effects. In the 
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high-spin aqua complexes for example, the ions [Fe(H20)6]3+ and [Mn(H20)6]2+ are 
stabilized by the low ionization potential for d5 ions while [Cr(H20)6]3+ has the 
no*0 configuration with favorable ligand field stabilization energy. Among the 
low-spin tris-bipyridyl complexes, the n6o*° for [Fe(bpy)3]2+ and [Co(bpy)3]3+ are 
strongly stabilized. Higher oxidation states are favored among second- and third-row 
transition elements. 

Complexation affects reduction potentials in a predictable fashion. Consider a 
ligand L which binds to both oxidized, Aox, and reduced, Ared, forms of a metal ion 
according to eqs (1.11) and (1.12). The change in the reduction potential is given 
by eq. (1.13), amounting to approximately 60In mV for each order of magnitude 
difference in the stability constants at 25.0°C. 

Ared + L AredL Kted = 
[AredL] 

[Ared][L] 
(1.11) 

Aox + L AoxL 

E°Am,Kd l — E°Am,ml = 
RT 

In 

[AoxL] 

[Aox] [L] ^ 

*red 

nF K, 

(1.12) 

(1.13) 

An example of this behavior is the complexation of [Fe(CN)5(OH2)]2 73 by NH3, 
where Kox = 6.8 x 104 M"1 and KkA = 2.1 x 104 M_1 at 25.0 °C and 0.10 M ionic 
strength. Stabilization of the higher oxidation state lowers the reduction potential 
from 0.370 V for [Fe(CN)5(OH2)]2- to 0.340 V for [Fe(CN)5(NH3)]2~ [26]. More 
dramatic is the reduction of [Ru(edta)(H20)]~ in the presence of N-methylpyrazinium 
cation, Mepz+, where the binding constants are 15 M_1 and 5 x 1010 M-1 for Kox in 
eq. (1.14) and KKd in eq. (1.15) [27]. The change in coordination is relatively sluggish 
and this results in an electrochemical ‘square scheme’ where the reduction potentials 
of both [Ru(edta)(H20)]~, 0.00 V, and [Ru(edta)(Mepz)], 0.55 V, can be measured. 

[Ru(edta)(H20)]' + 

|+e- 

[Ru(edta)(H20)]2' + 

(1.14) 

(1.15) 

One of the most important changes in complexation which occurs with metal ion 
complexes involves hydrolysis or changes in the degree of ligand protona¬ 
tion, which lead to a pH dependence of the reduction potential and can change the 
reactivity of the complex significantly. The aqua complexes of the transition metal 
ions are very prone to this behavior (eqs (1.17) and (1.18)). In this instance the 

[Fe(H20)6]3+ is more acidic than 

[Fe(H20)6]3+ + e" ^ [Fe(H20)6]2+ (1.16) 
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[Fe(H20)6]3+ == [Fe(H20)s(OH)]2t + H+ (1.17) 

[Fe(H20)6]2+ = [Fe(H20)5(0H)]+ + H+ (1.18) 

[Fe(H20)5(0H)]2+ + e~ — [Fe(H20)5(0H)]* (1.19) 

[Fe(H20)6]2+, with acidity constants 2.0 x 10-3 M and 3.2 x 10~10 M respectively 
at 1.0 M ionic strength, so that the reduction potential for [Fe(H20)5(0H)]2+ is 0.36 
V [28]. However, the pH dependence in this instance is complicated by the subsequent 
hydrolysis and oligomerization of [Fe(H20)5(0H)]2+ above pH 4.0. Simpler examples 
are known. The ruthenium(III) complex [Ru(bpy)2(py)(H20)]3+ exhibits K?* = 0.14, 
while the reduced form shows evidence for hydrolysis only at much higher pH with 
£[led = 6.31 x 10~u. Consequently the reduction potential shows a pH dependence, 
as shown in Fig. 1.4, which may be described by eq. (1.23) at 25°C and 1.0 M 
ionic strength. The slope of the line is approximately 60 mV for each pH unit [29]. 

[Ru(bpy)2(py)OH2]3+ — [Ru(bpy)2(py)OH]2+ + H+ p^x = 0.85 (1.20) 

Fig. 1.4. The pH dependence of the reduction potential of [Ru(bpy)2(py)(H20)]3+. Note how 

the pKa values can be- identified by the breaks in slope 
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[Ru(bpy)2(py)OH2]2+ =: [Ru(bpy)2(py)OH]+ + H+ pK^d = 10.20 (1.21) 

[Ru(bpy)2(py)OH2]3+ + e~ ^ [Ru(bpy)2(py)OH2]2+ E = 0.78 V (1.22) 

E = 0.78 - ~ In 
nF 

[H+] + A^x 

[H+] + K^d 
(1.23) 

V J - 

Hydrolysis is not restricted to aqua ligands. Reduction of the 2-pyridinecarboxalde- 
hyde complex (eq. (1.24)) is also pH-dependent over the range pH 1-6 [30], 

(bpy)2 Ru-N^J|2+ 

024) 

HO H + H+ 

Higher oxidation states are more prone to hydrolysis than lower oxidation states. 
Oxo complexes are readily formed, and consequently the situation is more complex 
in redox processes which involve transfer of more than one unit of charge. Reduction 
of the ruthenium(IV) oxo complex, [Ru(bpy)2(py)0]2+, takes place in two thermo¬ 
dynamically discernible one-electron processes which are pH-dependent (eqs (1.25)- 
(1.26)), and which are conveniently summarized in a Latimer diagram for 1 M 
[H+] (Scheme 1.1). 

[Ru(bpy)2(py)0]2+ + H+ + e" — [Ru(bpy)2(py)OH]2+ E° = 0.53 V 

(1.25) 

[Ru(bpy)2(py)OH]2+ + H+ + e" ^ [Ru(bpy)2(py)OH2]2+ E° = 0.42 V 

(1.26) 

1.13 V 

[(bpy)2(py)RuO] 2+ 
1.23 V ^ 1.02 V 1 
—► [(bpy)2(py)RuOH2]3 -► [(bpy)2(py)RuOH2]2+ 

fpA:a = 0.85 r pK& = 10.26 

[(bpy)2(py)RuOH]2+ [(bpy)2(py)RuOH]+ 

Scheme 1.1. 
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In this case the intermediate oxidation state is thermodynamically stable but in other 
instances one or more intermediate species may be thermodynamically unstable, and 
the observed thermodynamic potential is a multi-electron process. For example the 
formal nickel(IV) complex [Ni(Me2L)]2+ undergoes a two-electron reduction at low 
pH (eq. (1.27)) [31]. 

Wavelength (nm) 

Fig. 1.5. Absorbance 
'IT_ __Oj. * . _ , , _ _ _ 

rur.„ - * n , o-r0-075 s after reaction with Me2COH at pH 2.5, 10% 
Me2CHOH, 21 C, from Baral, S.; Lappin, A. G. J. Chem. Soc., Dalton Trans. 1986, 2214 with 

permission. 

rxFiiW tW+7~- SpC?trUm 0f lNi (Me2L)]2+ (solid line) and the transient 
[Ni (Me2L)H] (open circles),- 
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0 94 V 
[Ni(Me2L)]2+ + 2 H+ + 2e~ V [Ni(Me2LH2)]2+ (1.27) 

Information on the intermediate single-electron transfer processes can be obtained 
from kinetic measurements where the intermediate oxidation state is produced as a 
spectroscopically characterized reactive transient (Fig. 1.5) [32], In general, rapid 
detection methods are required to investigate the chemistry of the intermediates since 
disproportionation processes are rapid. Pulse radiolysis and flash photolysis have 
proved to be particularly useful for the study of these species, and are briefly 
introduced in section 1.5. 

The strong dependence on the nature of ligands of reduction potentials has 
prompted attempts to correlate ligand effects to allow the prediction of reduction 
potential data on complexes where direct measurement is not readily possible. Such 
a treatment depends on individual ligands having a uniform effect on reduction 
potential, independent of other ligands present and the electronic configuration of 
the metal ion. One of the more successful attempts [33] involves the assignment of 
a contribution, EL, from each ligand in the inner coordination sphere of a six-coor¬ 
dinate metal complex. Values for EL, the ligand electrochemical series, are presented 
in Table 1.4. 

Table 1.4. Values for the ligand electrochemical series, Eu for selected 
ligands 

h2o 0.04 F~ -0.42 

i T* 
o

 -0.17 

py 0.25 cr -0.24 bpy 0.26 

nh3 0.07 Br” -0.22 phen 0.26 

OH" -0.59 r -0.24 en 0.06 

CN~ 0.02 NI -0.30 terpy 0.25 

o2ch -0.30 SCN“ -0.06 

The correlations work well for electron transfer involving a n-n change where the 
electron is transferred to and from a non-bonding or weakly anti-bonding orbital 
and the corresponding structural changes are small. Sample correlations for ruthe- 
nium(III)/(II) and chromium (III)/(II) potentials in aqueous solution are given in (eqs 

(1.28) and (1.29)). 

£Ru= 1.14 [X£l]- 0.35 (1-28) 

ECl = 0.58 [Z£l]- 1.12 0-29) 

For example, the complex [Ru(NH2)4(bpy)]3 has L E\ = 4 x 0.07 + 2 x 0.26, from 
which the reduction potential is calculated to be 0.56 V compared with the observed 
value of 0.51 V Although the values for the slopes and intercepts in eqs (1.28) and 
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(1.29) are empirically derived, the former are largely determined by the relative 
ligand binding strengths of the two oxidation states and reflect the ligand field and 
charge, whereas the intercepts are affected by a number of factors including the 
ionization potential of the metal and solvation effects. Correlations for complexes 
of cobalt(III)/(II) and copper(II)/(I) where there are significant structural changes 
would be most useful, particularly since the reduction potentials in a large number 
of cobalt(III) complexes are inaccessible. However, to date, no such correlations are 

available. 

1.5 STUDIES WITH THERMODYNAMICALLY UNSTABLE COMPLEXES 

The generation and detection of thermodynamically unstable complexes depends 
ultimately on the controlled oxidation or reduction of a species in a thermodynami¬ 
cally stable state on a timescale which exceeds the rate at which disproportionation 
or some further reaction can take place. In some cases this may be accomplished 
chemically and there are examples in Chapter 5 to illustrate this point. More generally, 
however, large amounts of energy from the rapid application of radiation to solutions 
can be converted to oxidizing or reducing power. Examples using light energy for 
this purpose are discussed in section 2.7. In this section relevant details of the 
radiolysis of water are presented. 

The irradiation of water with high-energy particles or y-rays can be summarized 
by eq. (1.30) where the yields or G values are quoted for each 100 eV of energy 
[34]. 

4 H20 ^ 2.6 e“q + 2.6 OH- + 0.6 H- + 2.6 H+ + 0.4 H2 + 0.7 H202 (1.30) 

A number of highly reactive radicals are produced with oxidizing species such as 
OH- and H- and reducing species such as e^q in approximately equal amounts. These 
reactive species will rapidly recombine in the absence of other reagents. However, 
in the presence of N20, a useful scavenger for the solvated electron (eq. (1.31)), 

erq + N20 + H20 —> N2 + OH- + OH_ (1.31) 

solutions can be produced which contain predominantly the oxidizing species OH-. 
Similarly, in the presence of the hydrogen carbonate ion or alcohols which act as 
scavengers for H- and OH-, solutions with the reducing radicals C02 and -CH2OH 
are produced (eqs (1.32)—(1.33)). 

HC02 + OH- or H- —^ C02 + H20 or H2 (1.32) 

CH3OH + OH- or H- —> -CH2OH + H20 or H2 (1-33) 
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These reactions are rapid and, depending on the conditions, solutions which contain 
species which are either oxidizing or reducing can be produced within a few 
microseconds. 

Reactions of the radicals with various metal ions have been studied extensively 
[35]. The rates vary over a significant range but are generally very rapid. For example 
the reaction of [Ni([15]aneN5)]2+ with OH- yields the nickel(III) complex, 
[Ni([15]aneN5)]3+, with a rate constant of 5 x 109 M-1 s-1 at 23°C [36], 

1.6 TEMPERATURE AND PRESSURE DEPENDENCE OF REDUCTION 
POTENTIALS 

The temperature dependence of reduction potentials yields significant information 
on the enthalpy and entropy of the reaction. Values for the thermodynamic parameters 
are obtained by means of eq. (1.34), where the parameters are measured relative to 
those for the normal hydrogen electrode, and this must be taken into account when 
the absolute values are considered. Comparison of AH° = -129 kJ mol-1 and 
AS° = -87 J K-1 for reduction of [Fe(phen)3]3+ (eq. (1.35)) and AH° - -40 kJ mol-1 
and AS° = -11 J K_1 mol-1 for reduction of [Co(phen)3]3+ (eq. (1.36)) indicates that 
the latter process is less exothermic and has a less unfavorable entropy change. The 
difference in the entropy term requires some comment since the complexes have 
similar structures and charges in both oxidation states and solvation changes are 
expected to be similar for the two metal ions. It is not clear from the thermodynamic 
data whether reduction of [Fe(phen)3]3+ or [Co(phen)3]3+ has the larger change since 
the contribution from the hydrogen half-reaction masks the process. 

-n AE°F = AG° = AH° - TAS° (1.34) 

1.072 V 
[Fe(phen)3]3+ +1H2 ’= [Fe(phen)3]2++H+ (1.35) 

0 337 V 
[Co(phen)3]3+ + ^H2 — [Co(phen)3]2++H+ (1.36) 

An absolute value of 113 J K-1 mol-1 is estimated for AS for the standard 
half-reaction (eq. (1.37)), and reaction entropies for a number of individual half-re- 
action couples have been evaluated, mainly from relatively simple measurements 
with non-isothermal electrochemical cells [37], Reaction entropy, AS%, defined in 
eq. (1.38), has an advantage in interpretation over AS° since it refers to a specific 
half-reaction, and a number of values are presented in Table 1.5. 
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H+ + e" == ^H2 
2 z 

A^AA0- 113 

(1.37) 

(1.38) 

Table 1.5. Reduction potentials and reaction entropies for selected redox 

couples at 25.0°C 

Redox couple M- 
(M) 

E° 

(V) (J K'1 moR1) 

Ref. 

[Co(OH2)6]3+/2+ — 1.93 - 190 • 37 

[Fe(OH2)6]3+/2+ 0.2 0.74 180 37 

[Ru(OH2)6]3+/2+ 0.3 0.23 151 37 

[V(OH2)6]3+/2+ 0.2 -0.23 155 37 

[Cr(OH2)6]3+/2+ 1.0 -0.42 205 37 

[Ru(NH3)6]3+/2+ 0.2 0.06 75 37 

[Ru(en)3]3+/2+ 0.1 0.19 54 37 

[Co(en)3]3+/2+ 1.0 -0.21 155 37 

[Co(sep)]3+/2+ 0.1 -0.29 79 37 

[Co(phen)3]3+/2+ 0.05 0.38 92 37 

[Co(bpy)3]3+/2+ 0.05 0.31 92 37 

[Ru(bpy)3]3+/2+ 0.1 1.29 0 37 

[Fe(bpy)3]3+/2+ 0.05 1.09 8 37 

[Ru(NH3)5py]3+/2+ 0.1 0.32 67 37 

[Co(edta)]_/2“ 0.1 0.37 -30 38 

[Cu(H.3G4)]-^ 1.0 0.63 -64 39 

[Ni(H.3G4)]‘^ 1.0 0.83 63 39 

[Fe(phen)3]3+/2+ 0.1 1.07 3 40 

[Co(phen)3]3+/2+ 0.1 0.38 98 40 

The magnitude of Agives information about changes in structure, charge and 
solvation on going from the oxidized to the reduced state. Reduction of [M(H20)6]3+ 
generally yields substantially larger values for than for [M(NH3)6]3+, the result 
of greater changes in solvation. In a number of the complexes of cobalt(III), values 
for Aare higher than for isostructural complexes, other metal ions reflecting the 
larger structural changes associated with population of the antibonding orbital in the 
7t6c*° to k6c*' change. The magnitude of Ais also markedly affected by the 
charge on the redox couple. For anionic complexes, reduction involves an increase 
in charge and consequently an increase in order as electrostriction of the solvent 
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increases, whereas with cationic complexes the opposite is true. Large values are 
obtained when there is a significant structural change in the complex during the 
redox process. Attention is drawn to the values for eqs (1.39) and (1.40) which are 
approximately equal and opposite in sign. Reduction 

[Ni(H_3G4)(OH2)2]- + e- = [Ni(H_3G4)]2-+ 2 H20 

[Cu(H_3G4)]- + e- + 2H20 ^ [Cu(H_3G4)(OH2)2]2" 

(1.39) 

(1.40) 

of the tetragonal [Ni(H_3G4)(OH2)2]“ to give the square-planar [Ni(H_3G4)]2_ involves 
release of two water molecules whereas reduction of the square-planar 
[Cu(H_3G4)]~ to give the tetragonal [Cu(H_3G4)(OH2)2]2- involves an uptake of two 
water molecules. Release of a single water of hydration gives an entropy contribution 
of +30 J K'1 mol'1. 

The effect of pressure on a reaction is measured by the reaction volume, A V° 
(eq. (1.41)). This parameter gives a useful measure of coordination and solvation 
changes which take place during charge transfer. For example the volume change 
for the electron transfer reaction in eq. (1.42) is readily calculated from the molar 
volumes of the reactants and products to be 22.8 cm3 mol-1 [41], Some perspective 
on reaction volume is obtained by considering the volume of solvent water, which 
is somewhat less than 18 cm3 mol-1. 

(1.41) 

[Co(bpy)3]3+ + [V(H20)6]2+ — [Co(bpy)3]2+ + [V(H20)6]3+ (1.42) 

1.7 KINETIC CONSIDERATIONS 

The most important piece of information regarding the mechanism of a chemical 
reaction is the experimental rate law which describes how the rate of the reaction 
depends on the concentrations of the participating species. The rate of a chemical 
reaction is defined as the rate of disappearance of reactants with time or the rate 
of appearance of products with time. Due account must be taken of the stoichiometric 
coefficients of the reagents. For example, in the reduction of [Ni(Me2L)]2+ by 

[Fe(H20)6]2+ in acidic solution (eq. (1.43)) [42]. 

[Ni(Me2L)]2+ + 2 [Fe(H20)6]2+ + 2 H+ — [Ni(Me2LH2)]2+ 

+ 2 [Fe(H20)6]3+ (1.43) 

the rate is defined conventionally as -d[[Ni(Me2L)]2+]/dr —|d[[Fe(H20)6]2+]/d/ - 
d[[Ni(Me2LH2)]2+]/dr = ^d[[Fe(H20)6]3+]/di. In some instances the rate law is very 
simple and can be determined fully from just a few experiments. In other instances 
many hundreds of experiments may be required. This is not a book on kinetics and 
for the many tools which are available to the kineticist in order to determine reaction 
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rates, the reader is directed elsewhere [43, 44], However, some basic interpretation 

is included below. ... , , 
Most mechanistic studies in solution are planned to minimize the mathematical 

computation required. In the reduction of [Co(phen)3]3+ by [Ru(NH3)6] (eq. (1.44)), 

[Co(phen)3]3+ + [Ru(NH3)6]2+ = [Co(phen)3]2+ + [Ru(NH3)6]3+ (1.44) 

Fig. 1.6. Absorbance change at 455 nm as a function of time for the reaction of 5.02 x 10 4 M 

[Ru(NH3)6]2+ with 5 x 10"5 M [Co(phen)s]3+, at pH 8, 25°C, |i = 0.1 M (NaCl). The solid 

line is a fit to eq. (1.46) with £0bsd = 7.5 s_1 

the rate can be measured conveniently by monitoring the absorbance, A, at 455 nm, 
where [Co(phen)3]3+ has an extinction coefficient of 99 M“' cm-1. In the general 
case, not only is the concentration of [Co(phen)3]]3+ changing during the course of 
the reaction but the concentration of [Ru(NH3)6]2+ is also changing and the mathe¬ 
matical function describing the trace of A against time can be complex. Simplification 
results from using a large excess of [[Ru(NH3)6]2+] over [[Co(phen)3]3+] such that 
over the time course of the reaction [[Ru(NH3)6]2+] remains effectively constant. 
Under these conditions, where [Co(phen)3]3+ is present at an initial concentration of 
5 x 1(T5 M, much less than the concentrantion of the reductant, 5.02 x 10~4 M, a 
plot of absorbance against time, t, is shown in Fig. 1.6. It is described by the 
expression eq. (1.45), where A0 is the initial absorbance (t = 0), and A„ is the 
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absorbance after an infinite time. The absorbance change is linearly related to the 
change in [Co(phen)3]3+ concentration, and dividing by the extinction coefficient 
yields eq. (1.46), which is the integrated form of a first-order differential equation 
(eq. (1.47)). 

A, = (A0- A„) exp (~kohsd t) + (1.45) 

[[Co(phen)3]3+]f= [[Co(phen)3]3+]0 exp (~kobsd t) (1.46) 

Rate = -d[ [Co(phen)3 ] 3+]/d/ = £obsd [[Co(phen)3]3+] (1.47) 

104 [[Ru(NH3)6]2 + ] (M) 

Fig. 1.7. Plot of pseudo-first-order rate constant £0bsd against [[Ru(NH3)6]2+] for the reaction 

of [Ru(NH3)6]2+with [Co(phen)3]3+, at pH 8, 25 °C, \i = 0.1 M (NaCl). 

Although under the pseudo-first-order conditions the change in concentration of the 
oxidant, [Ru(NH3)6]2+, is negligible, the rate is dependent on the concentration of 
this species. When [[Ru(NH3)6]2+] is varied, the value of the pseudo-first-order rate 
constant, kohsd, varies as shown in Fig. 1.7. This linear dependence leads to the 
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conclusion that the rate law shows a first-order dependence on both reactants 
(eq. (1.48)), second-order overall with a second-order rate constant k = 1.5 x 104 
M_1 s_1. The bulk of the studies discussed in this book were examined under similar 
pseudo-first-order conditions. Other rates were determined directly under second- 
order conditions or pseudo-second-order conditions while in some instances the rate 
laws are much more complex. 

-d[[Co(phen)jf 7df = k [[Co(phen)3]54] [[Ru(NH3)6]21 (1.48) 

Interpretation of the rate law shown in eq. (1.48) is straightforward. There is one 
independent term which indicates a single pathway for the reaction and the reaction 
order in each reagent indicates that exactly one [Co(phen)3]3+ and one [Ru(NH3)6]2+ 
are required to participate in the rate-limiting step for the reaction. The rate at which 
two reagents can diffuse together in solution is rapid: approximately 1010 M_1 s-1 
for neutral species and approximately 109 M-1 s-1 for the similarly charged reactants 
in eq. (1.48). The observed rate constant, 1.5 x 104 M_I s_1, is significantly lower 
than this and indicates that there is a barrier to reaction which prevents conversion 
to products with every encounter. More complex rate laws demand more complex 
mechanisms and many examples are to be found in the text. 

1.8 ACTIVATION PARAMETERS 

Additional information about the mechanism of the reaction is deduced indirectly 
from activation parameters. These are commonly derived from the postulates of 
transition state theory Consider the simple reaction between [Co(phen)3]3+ and 
[Ru(NH3)6]2+ which is thermodynamically favored with AG = -30.0 kJ mol-1. The 
reaction coordinate diagram (Fig. 1.8) describes the progress of this reaction from 
reactants to products, indicated by the parameter, x, as a function of the free energy 
requirement, G, for the system. There is an energetic barrier for the reaction and 
the top of this barrier represents the transition state with a composition 
{[Co(phen)3]3+,[Ru(NH3)6]2+}* and a lifetime of the order of a molecular vibration, 
10“13 s. Not all of the reactant pairs will have sufficient energy to overcome this 
energy barrier. Energy distribution in the assembly of the reactants is determined 
by the Boltzmann function and the free energy of activation, AG*, may be defined 
in terms of eq. (1.49), the difference in free energy between the isolated reactants 
and the transition state. In turn, AG* can be divided into contributions from the 
enthalpy of activation, AH\ and the entropy of activation, AA* (eq. (1.50)). 

k = 
RT (-AG*^ 

MCXP RT 
\ J 

RT f-A/7*^ f-AS'*') 
~Nh 6Xp RT 

exp 
R 

(1.49) 

(1.50) 

These activation parameters are generally evaluated from the temperature dependence 
of the reaction rate from a plot of \n(k/T) against T\ The enthalpy of activation 
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x 

Fig. 1.8. Reaction coordinate diagram showing the progress of the reaction of [Ru(NH3)6]2+ 

with [Co(phen)3]3+ from reactants to products as a function of the gree energy requirement, G, 
of the system. 

A//* is related to the activation energy, Ea, evaluated from the Arrhenius treatment 
as shown in eq. (1.51), and AS* is related to the pre-exponential factor, A, as shown 
by eq. (1.52). 

AHx = Ea-RT (kJ mol-1) (1.51) 

ASx= 19.15 (log A — 13.23) (J K"1 mol"1) (1.52) 

The reaction volume AV° is defined in eq. (1.41). Applying this expression to AG*, 
the volume of activation AF* can be defined (eq. (1.53)), and this quantity has found 
considerable use. 
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'ain k) a (AgWt)_ af* 
dP dP - RT 

V A 

(1.53) 

Activation volumes are generally evaluated from a plot of In k against P. Assuming 
that the activation volume is independent of pressure, this corresponds to the inte¬ 
grated form of eq. (1.53), given by eq. (1.54). However, it frequently happens that 
AF* shows a dependence on pressure and the compressibility of activation, A [3*, is 

defined in eq. (1.55). 

AF* 
In k = In k° - P (1.54) 

A(3*=- 
dAF* 

dP 
(1.55) 

Interpretation of the activation parameters is often difficult. In substitution reac¬ 
tions, it might be expected that a reaction in which a covalent bond is broken in 
the rate-limiting step would have a large positive value for AH\ and a large positive 
value for AS* whereas a reaction in which a covalent bond is formed in the rate 
limiting step would have a small value for AH\ and a large negative value for AS*. 
If bond breaking occurs, the volume of the activated complex is larger than that of 
the reactants so that AF* should be positive, whereas if bond formation occurs, 
A F* should be negative. These expectations allow interpretation of the data for solvent 
exchange in Table 1.2 in terms of bond cleavage (dissociative) or bond formation 
(associative) mechanisms. However, with the exception of AF* interpretation is 
difficult since changes in solvation between the reactants and the transition state can 
play a dominant role. Thus although there is an increase in entropy when a bond is 
broken, there is also increased solvation of the free ligand, which can dominate the 
process. Similarly when a bond is formed, the release of solvent can cause AS* to 
be positive. 

Complications from solvation phenomena are highlighted when there are changes 
in the overall charge product between the reactants and the transition state, and this 
is exactly the situation in reactions which involve charge transfer. An increase in 
the charge product on going from reactants to the transition state should require 
increased electrostriction of the solvent and a negative value for AS* while a decrease 
in charge product should involve solvent release and a positive AS*. Such solvent 
effects will mask the contributions inherent from the charge transfer process itself. 
Even AF* data, which have proved so useful in the interpretation of substitution rate 
data, are less effective in the interpretation of redox processes. Calculation of 
activation parameters has met with some success for the simplest process, outer- 
sphere electron transfer, and this is discussed in section 2.12, but much work remains 
to be done in this area. Fortunately the experimental data has been useful in providing 
empirical ranges of parameters which characterize different reaction types. Activation 
parameters are useful for distinguishing between reactions which may be controlled 
by substitution or electron transfer. Likewise, atom transfer can be distinguished 
from electron transfer, as is apparent in Chapter 5. 



Sec. 1.9] Medium effects 31 

The use of reaction coordinate diagrams to describe the course of a chemical 
reaction tends to be less well advanced in inorganic mechanistic chemistry than in 
organic chemistry. The diagrams are not used extensively in this text; nevertheless 
they can provide some important information and it is worthwhile devoting some 
attention to their interpretation. The Hammond postulate [45] relates the position of 
the transition state to the driving force for the reaction. Thus a reaction which is 
very exoenergetic will have a transition state which resembles the reactants in both 
energy and geometry (Fig. 1.9), while a reaction which is endoenergetic will have 
a transition state which is more product-like. Changes which affect the thermody¬ 
namic driving force can therefore be expected to change the position of the transition 
state. 

Fig. 1.9. Reaction coordinate diagram showing (a) an endoenergetic reaction with aproduct-like 

transition state, and (b) an exoenergetic reaction with a reactant-like transition state. 

1.9 MEDIUM EFFECTS 

Reaction rates involving charged species are dependent on the ionic composition of 
the reaction medium [46], The most general effect is due to the change in activity 
of the reacting species with changes in the ionic composition of the reaction medium. 
In carrying out studies where the concentrations of reagents are varied, it is important 
to maintain a medium in which the ionic composition is sensibly constant. Thus 
changes in the concentrations of reactants must be compensated by changes in the 
concentrations of an inert supporting electrolyte such as NaC104, LiC104, 
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Li03SC6H4CH3, Na03SCF3, B114NBF4, or simply NaCl. The activity coefficient for 
an ion of charge zA is given by the Debye-Htickel expression (eq. (1.56)), where 
ionic strength, p, is defined in eq. (1.57). In this expression, [A,] is the concentration 
of the z'th component of the solution and zA is its charge. 

-0.509 zi p1/2 
logYA=-;-£f- (1.56) 

n = i 2 [a,] 4 (1.57) 

Ionic strength is the most widely used measure of composition but other quantities, 
including constant counter-ion concentration, have also been employed. For a reaction 
between two charged species with a second-order rate law (eq. (1.58)), the Davies 
modification of the Debye-Hiickel expression for the dependence of the reaction 
rate on ionic strength (eq. (1.59)) is generally employed. Typical values for the 
parameters are a = 0.59, b = 0.33, and r is the distance of closest approach of the 
ions in Angstroms, conveniently taken as 3 A. 

Rate = k [A][B] (1.58) 

2zAzBaVp 
In k - In Kq + . 

1 + bnl[i 
(1.59) 

The application of the Davies equation in the description of the ionic strength 
dependencies of reactions (1.60)—(1.62) is shown in Fig. 1.10 [47-49]. The fits to 
the data are quite satisfactory although some modifications are required to deal with 
higher ionic strengths (eq. (1.63)) where the parameter c is empirically determined. 

[Co(ox),f-+ [Fe(H20)6]2* -> (1.60) 

[Ru(bpy)(NH3)4]3+ + [Ru(phen)(NH3)4]2+ —> (1.61) 

[CoCNH3)5C1]2++ [Cuaq]+ -> (1.62) 

, , , , 2zAzBaVp 
In k - In k0 + . + cli 

1 + brln H 
(1.63) 

In the reactions of many highly charged complexes the application of the Davies 
equation is severely limited because of specific ion effects on the reactions where 
the background electrolyte is insufficiently inert. The parameter c may be considered 
a measure of this latter interaction [50, 51]. However, the specific ion effects take 
a number of forms. Ion-multiplet formation is important in reactions between simi¬ 
larly charged 10ns. Thus in the reaction between [Fe(CN)6]4“ and [IrCl6]2- (eq. (1.64)), 
the rate constant shows a 

[Fe(CN)6]4- + [IrCl6]2- [Fe(CN)6]3“ + [IrCl6]3 (1.64) 



Sec. 1.9] Medium effects 33 

dependence on the cation in the order Cs+ > Rb+ > NH4 > K+ > Na+ > Li+ [52], Re¬ 
duction of the neutral [Cu(H_3Aib3a)] by [Fe(CN)6]4- shows the opposite trend [53] 
and the effects are ascribed to ion association with the reductant. Whether the rate 
acceleration reflects a reduction in charge or some electronic effect has not, however, 
been resolved. In reactions of cationic species, specific effects of anions are detected 
and these are ascribed to ion pair formation and the reduction of electrostatic 
repulsions between the reactants [54, 55], or to electronic effects [56]. 

Fig. 1.10. Plots of log(M:0) for the reactions between [Fe(H20)6]2+ and [Co(ox)3] (triangles, 

Ref. [47]); [Ru(bpy)(NH3)4]3+ and [Ru(phen)(NH3)4]2+ (squares, Ref. [48]); and [Cuaq] and 
[Co(NH3)5C1]2+(circles, Ref. [49]). Linear fits of eq. (1.59) with (br) set to 1.0 are shown for 

the data at lower ionic strength. The curved fit for the reaction between [Ru(bpy)(NH3)4] and 

[Ru(phen)(NH3)4]2+ was obtained from eq. (1.63) with (br) = 1.41 and c = -0.11. 

The hydrolysis of the aqua-ion reagents discussed in section 1.3 results in highly 
specific medium effects on changing [H+]. Reduction of [Fe(H20)6]3+ by [Cr(H20)6] 
follows the rate law in eq. (1.65) in acidic solution where [H+] is varied from 0.07 

M to 1.0 M [57]. 

d[[Fe(H20)6]3+] (1.65) 
dr 

[[Fe(H20)6]3+] [[Cr(H20)6]2+] 
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The rate law indicates the presence of two pathways, one with a transition state of 
composition {[Fe(H20)6]3+,[Cr(H20)6]2+}t and the other with a transition state of 
composition {FL,,[Fe(H20)6]3\[Cr(H20)6]2+}*, where HU indicates that a proton has 
been lost from the formulation of the reactants under the experimental conditions. 
There is a proton ambiguity in that both [Fe(H20)6]3+ and [Cr(H20)6]2+ can 
lose H+ in a hydrolysis reaction with Ka values 1.69 x 10“3 and 2 x 10-9 respectively. 
At 1.0 M ionic strength with NaC104 as supporting electrolyte, kx = 2.3 x 10 
M-1 s-1 and k' = 5.4 x 103 s-1. In the proposed mechanism (eqs (1.66)—(1.68)), the 
derived rate law is eq. (1.69) where [H+] > K3, and the subscript T refers to total 
concentration of the species, and the k' pathway is ascribed to reaction of 
[Fe(H20)50H]2+ with k2 = 3.3 x 106 M"1 s“!. If hydrolysis of [Cr(H20)6]2+ is consid¬ 
ered as the source of the [H+]_1 dependence, the rate constant for the reaction of 
[Fe(H20)6]3+ with [Cr(H20)50H]+ is 3 x 1012 M“‘ s"1, faster than the diffusion limit, 
and so this explanation can be discarded. 

Ka 
[Fe(H20)6]3+^ [Fe(H20)50H]2++H+ (1.66) 

k\ 

[Fe(H20)6]3+ + [Cr(H20)6]2+ -> [Fe(H20)6]2+ + [Cr(H20)6]3+ (1.67) 

ki 

[Fe(H20)50H]2++[Cr(H20)6]2+ -> [Fe(H20)6]2++ [Cr(H20)50H]2+ (1.68) 

d[[Fe(H2Q)6]3+]T = | k\ [H+] + k2Kz\ 

dt { [H+] + K3 J 
[[Cr(H20)6]2+][[Fe(H20)6]3+]T (1 -69) 

When the reaction is examined with LiC104 as supporting electrolyte, the kx term 
is much reduced (570 M-' s-1) and indeed is zerowithin the experimental uncertainty 
of the experiment whereas k2 is largely unaffected with a value of 
7.3 x 103 M_1 s_1 [58]. The explanation is that there is a medium effect as a result 
of the imperfect substitution of the alkali metal cations for H+ over the range of 
experimental conditions. There are large differences in activity coefficients (y+) 
for H+ compared with Na+, and these differences are smaller for H+ compared with 
Li+. For example in 1.0 M solution at 25.0°C, y+ = 0.823 (HC104), y+ = 0.629 
(NaC104), and y+ = 0.887 (LiC104) [59], The use of Li+ over Na+ as the background 
electrolyte is to be preferred in experiments in acidic media, but even so, activity 
coefficients in mixed H+/Li+ media vary considerably with [H+] even at constant 
ionic strength. Artifacts such as these are commonly observed and are particularly 
important if the reaction shows a strong dependence on [H+]-1 and extrapolation is 
to a small intercept [60-62], 
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Besides these important cation effects, the reaction between [Fe(H20)6]3+ and 
[Cr(H20)6]2+ also shows a dependence on anion [57]. In the presence of Cl-, an 
additional term (eq. (1.70)) is detected in the rate law indicating a transition state 
of composition {[Fe(H20)6]3+,[Cr(H20)6]2+,Cl-}*. 

k" [[Fe(H20)6]3+] [[Cr(H20)6]21 [Cl-] (1.70) 

However, the value of k" depends on whether chloride ion is equilibrated with 
[Fe(H20)6]3+ before reaction, k" = 5.8 x 107 M-2 s-1 or not, k" = 2x 104 M-2 s-1, so 
that two chloride ion catalyzed pathways can be distinguished. When [Fe(H20)6]3+ 
is equilibrated with Cl-, the reactant is [Fe(H20)5Cl]2+, which has a stability constant 
of 2.9 M-1; however, the rate of substitution of Cl- into the inner coordination sphere 
of [Fe(H20)6]3+ is slower than electron transfer and when equilibration is not per¬ 
mitted, the reactant is an outer-sphere complex, {[Fe(H20)6]3+,Cl-}. Again, there are 
many other examples of this type of behavior. 

The dependence on [H+] of the rate in eq. (1.65) can be ascribed to the 
stoichiometric change in the reactant from [Fe(H20)6]3+ to [Fe(H20)50H]2+, as a 
result of the equilibrium in eq. (1.66). The change in the equilibrium is independent 
of the source of the hydrogen ion since the equilibrium is fully established on a 
timescale much shorter than the subsequent electron transfer. The rate dependence 
refers specifically to [H+]-1 and since there is an inverse relationship, equivalent to 
a rate acceleration by [OH-], this is referred to as specific base catalysis of the 
reaction. However, acidity dependencies can arise from different sources. In the 
oxidation of S02 by H202 in aqueous solution, the experimental rate law shows a 
complex dependence on [H+] (eq. (1.72)) [63]. In part, this dependence is due to 
the stoichiometric change in eq. (1.72), where HSOJ is identified as the active form 
of the reductant (eq. (1.73)), giving rise to a general base term where [HSOJ]t 

refers to the total 

d[HSOJ]x 

dr 

| £j(£2[H+] + £3[HA]) | 

[*_,+*2[H+]+*3[HA]J 

Ka I 
k3 = [ h+]J 

[H202] [HSOJ]x (1.71) 

[H2S03] = [HSOj][H+] (1.72) 

[HSOJ] =-[HSO J]T (1.73) 
Ka+ [H+] 

concentration [HSOJ] + [H2S03], under pH conditions where the latter species pre¬ 
dominates in solution. The rate terms indicate that there are two pathways. One 
pathway, £[£2[H+], has a dependence on the specific acid, H+, with an activated 
complex of composition,{H+,H202,HSOJ}*, while the other, &i&3[HA], has a depend¬ 
ence on a general acid, HA, with an activated complex, {HA,H202,HS0J}*. When 
a general acid catalysis of this sort is observed in the rate law, it cannot be explained 
by a stoichiometric change in the position of an equilibrium, but instead indicates 
the active participation of HA in the rate-limiting step for the reaction. 
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The mechanism must involve rate-limiting H+transfer, and is shown in eqs (1.74)- 

(1.76). 

H202 + HS03 

k-\ 

HOOSO2 + H2O (1.74) 

HOOSC>2 + H+ 

h 

—> H+ + HSO4 (1.75) 

H00S02 + HA —A HA + HSO4 (1.76) 

To avoid a termolecular process, an adduct, HOOSO2, is proposed and decomposition 
involves H+ transfer. Normally, H+ transfer is very rapid [64], but in this instance, 
one of the reactants in the process is a steady-state species available in only very 
low concentrations. 

Medium effects are not restricted to ionic strength and specific ion interactions. 
Changes in solvent also have a very important effect on both the thermodynamics 
and the kinetics of reactions and these are discussed primarily in Chapter 2. 

1.10 ISOTOPE EFFECTS 

As noted in section 1.1, some redox reactions are accompanied by changes in 
coordination and others involve a formal atom transfer. Thus while bond cleavage 
and bond formation need not be a requirement for simple electron transfer processes, 
in some instances such processes may be involved. Primary isotope effects provide 
an important mechanistic probe of this involvement. 

Consider a reaction in which an O—H bond is broken. The reaction profile is 
shown in Fig. 1.11. In this case, the ordinate, x, is a measure of the stretching of 
the O—H bond which is considered to be fully cleaved in the transition state. When 
the corresponding reactant containing an O—D bond is used, a primary isotope 
effect arises because the zero-point energies of the two bonds differ. In a simplified 
analysis, if the bonds are approximated by harmonic oscillators, the ratio of the 
stretching frequencies, vH and vD, is given by eq. (1.77), where pH and |iD are the 
reduced masses of the systems containing hydrogen and deuterium respectively [64], 

Vh 

vD 

fA 
Md 

1/2 

vHh, 
(1.77) 

For hydrogen and deuterium, this ratio, vH/vD, will approach 21/2, but for heavier 
atoms, isotope effects are much smaller and consequently are more difficult to detect. 
Thus isotope effects are of much less importance in the study of Cl or even O atom 
transfer. 
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r-r e 

Fig. 1.11. Reaction profile for cleavage of an O-H bond. The zero point energies for O-H and 

O-D which are proportional to (1/|Ah)1/2 and (l/po)172 respectively are shown. 

The effect on the activation energy can be calculated from the expression for the 
zero-point energy, eq. (1.78), where h is Planck’s constant and c is the speed of 
light. For an O—H bond with vH = 3300 cm-1 or 1.00 x 1014 s-1, Eu = 2.00 x 104 J 
mol-1, and with vD = 21/2 vH, ED = 1.41 x 104 J mol-1. The value for kH/kD calculated 
from eq. (1.79) at 298 K is 10.8. 

Er ~ Er = - ^hc (vh - vd) (1-78) 

tH 
= exp 

( Er - E -'D 

RT 
(1.79) 

This value should represent a maximum in the isotope effect for cleavage of an 
O—H bond. When incomplete bond cleavage is involved, the isotope effect will be 
reduced. Similarly if partial bond formation is also a component of the activation 
process, smaller isotope effects can be expected. In practice much larger effects can 
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be detected since this semi-classical approach does not take into account the ability 
of the atom to tunnel below the energy barrier. 

Nuclear tunneling is a quantum mechanical effect and is a consequence of the 
wave nature of particles [65]. The ability of a particle to tunnel through a barrier 
depends on whether the wavelength of the particle, X, given by eq. (1.80), where m 
is the mass of the particle and Ek is its kinetic energy, is comparable to the width 
of the activation barrier. 

X = 
h 

2mEk 
(1.80) 

The tunneling correction required is inversely proportional to the the square root of 
the mass of the particle and will therefore be much larger for H than D. Tunneling 
will be less important for heavier atoms but will be an important mechanism for 
electronic transmission. 

QUESTIONS 

1.1 Correlate the solvent exchange rate data in Table 1.2 with electronic configuration. 

1.2 The ligand electrochemical series (Table 1.4) shows some parallels with the spec- 
trochemical series (eq. (1.7)), but does not correlate exactly. Amplify this statement 
and provide a rationalization for the observation. 
Estimate reduction potentials for the following complexes in aqueous solution: 

[Ru(bpy)2(en)]3+, [Ru(bpy)(en)2]3+, [Cr(NH3)5I]2+, [Cr(terpy)(ox)I], 

1.3 Use the reduction potential and acidity constant data in section 5.8 to determine the 
apparent reduction potential for reduction of 02 by one, two and four electrons at 
pH 7.0. 

1.4 The following data refers to the reduction of the formal nickel(IV) complex, 
[Ni(Me2L)]2+, to [Ni(Me2LH2)]2+ which occurs in two single-electron steps. Fur¬ 
ther protonation of any of the complexes cannot be detected above pH 0. 
Calculate the pH at which the one-electron reductions of nickel(IV) and nickel(III) 
have the same potential. 

[Ni(Me2L)]2+ + e" [Ni(Me2L)]+ E° = 0.65 V 

[Ni(Me2L)]+ + e“ — [Ni(Me2L)] E° = 0.42 V 

pKa i = 5.8 

[Ni(Me2LH2)]2+ — [Ni(Me2LH)]+ + H+ 

P^a2 = 7.7 

[Ni(Me2LH)]+ [Ni(Me2L)] + H+ 
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P^a3 = 4.1 

[Ni(Me2LH)]2+ [Ni(Me2L)]+ + H+ 

(Lappin, A. G.; Laranjeira, M. C. M. J. Chem. Soc., Dalton Trans. 1982, 1861 — 
1865.) 

1.5 The binding constants for the binding of picolinate, pic-, with [Fe(H20)6]3+ are 
Kx = 1.1 x 106 M-1, K2 = 7.2 x 106 M-1 and K2 = 2.3 x 104 M-1, while those for 
[Fe(H20)6]2+ are Kx = 7.9 x 104 M-1, K2= 1.3 x 104 M-1 and K2 = 2.0 x 103 M-1. 
Given that the reduction potential for [Fe(H20)6]3+ is 0.77 V, calculate reduction 
potentials for [Fe(H20)4(pic)]2+, [Fe(H20)2(pic)2]+ and [Fe(pic)3]. 

1.6 Second-order rate constants for the reaction of [CoW12O40]5- with [Fe(CN)6]4- at 
25 °C and 0.10 M [H+] are presented in the table as a function of [K+] and p. 

[K+] (M) p (M) k (M-1 s-1) 

0.058 0.165 1.4 xlO4 

0.108 0.215 2.4 xlO4 

0.208 0.315 4.8 x 104 

0.358 0.465 8.3 x 104 

0.508 0.615 1.16 x 105 

Treat this data according to eq. (1.59), and discuss the mechanistic implications of 
any deviations from this idealized behavior. 
(Das-Sharma, M; Gangopadhyay, S.; Ali, M.; Banergee, P. J. Chem. Res. (S) 1993, 

122-123.) 

1.7 From the following data, calculate AH1, AS\ and A Vx for the reaction: 

k 

[Co(sep)]3+ + [*Co(sep)]2+ —> [Co(sep)]2+ + [*Co(sep)]3+ 

Second-order rate constants at 0.20 M ionic strength 

T(°C) P (MPa) k (kg mol 1 s *) T(°C) P (MPa) k (kg mol 1 s *) 

11.8 0.1 2.39 17.8 0.1 3.11 

20.0 0.1 3.26 25.0 0.1 5.08 

34.0 0.1 8.71 25.0 27.0 5.37 

25.0 47.2 5.86 25.0 52.7 5.73 

25.0 77.2 6.26 25.0 104.0 6.51 

25.0 129.8 7.11 25.0 152.7 7.50 

25.0 178.1 8.20 25.0 203.2 8.52 

(Doine, H.; Swaddle, T. W. Inorg. Chem. 1991,30, 1858-1862.) 
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2 

The outer-sphere mechanism 

2.1 INTRODUCTION 

The second-order rate constant for reduction of [Co(phen)3]3+ by [Ru(NH3)6]2+ is 
1.5 x 104 M_1 s_1 at 1.0 M ionic strength and 25.0°C [1], more rapid than the normal 
rates of substitution of ligands into the inner-coordination spheres of either reagent. 
Consequently, it is deduced that electron transfer takes place with the inner-coordi¬ 
nation spheres intact, though not necessarily undisturbed. This statement provides a 
working definition of the outer-sphere mechanism. No bond making or bond breaking 
is required, and the simplicity of the mechanism, where a single electron is transferred 
from one metal center to another, makes this process highly amenable to the appli¬ 
cation of theory. Indeed, the rapid development of the field is due in no small part 
to the strong interplay between the predictions of theory and the results of experiment 
[2-5]. 

The reaction can be broken down into a sequence of elementary steps. For effective 
interaction, the two reactants must be in close proximity and the first step is the 
diffusion together of the oxidant and reductant to form an assembly which is a 
precursor to electron transfer (eq. (2.1)). This is followed by the electron transfer 
itself (eq. (2.2)), and the subsequent, generally rapid, dissociation of the successor 
complex (eq. (2.3)). In this instance, as in most of the cases which will be examined, 
the electron transfer step is rate limiting, but very fast electron transfer reactions, 
approaching the diffusion limit, have also been noted. 

K 
[Co(phen)3]3+ + [Ru(NH3)6]2+ = {[Co(phen)3]3+, [Ru(NH3)6]2+| (2.1) 

k-0 

K t 

{[Co(phen)3]3+, [Ru(NH3)6]2+| —> {[Co(phen)3]2+, [Ru(NH3)6]3+| (2.2) 
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V 
{[Co(phen)3]2+, [Ru(NH3)6]3+} — [Co(phen)3]2+ + [RU(NH3)6]3+ (2.3) 

K 
Application of the steady-state approximation to this mechanism gives eq. (2.4), 
which, far from the diffusion limit (ket « k_0) reduces to eq. (2.5) where 
K0 (= V k~Q) is an equilibrium constant describing the formation of the precursor 
assembly. Such simple, second-order rate expressions are characteristic of outer- 
sphere electron transfer processes and as a result, most mechanistic information is 
obtained indirectly and not from the rate law. 

Rate = [[Co(phen)3]3+][[Ru(NH3)6]2+] (2.4) 
/C_o + /Cet 

Rate - ATA,[[Co(phen)3]3+][[Ru(NH3)6]2+] (2.5) 

Rate constants and activation parameters for deselection of outer-sphere reactions 
involving metal ion complexes are presented in Table 2.1. The rates included in the 
Table vary from 4x 109 M-1 s_1, near to the diffusion limit, to 1 x 1(T3 M-1 s-1, a 
substantial range. Elucidation of the factors which govern this range is the subject 
of this chapter. A further observation is that the activation parameters in most 
instances show a modest enthalpy of activation and a strongly negative value for the 
entropy of activation. In a few instances where AH* is larger, AS1* appears to be 
correspondingly less negative. Detailed interpretation of the enthalpy and entropy 
values is difficult because they are composite quantities, reflecting both the precursor 
formation and electron transfer steps. The problems of charge neutralization in the 
former process are considerable and reduce the ease of interpretation of activation 
parameters. The intuitively simpler AV* is also dominated by charge neutralization 
and solvation changes. 

Table 2.1. Rate constants for selected outer-sphere electron transfer reactions 

Oxidant Reductant R 

(M) 

k 

(IvT1 s'1) 

AHX 

(kJ mol ') 

AS* 

(J K'1 mol'1) 

\VX 

(cm3 mol'1) 

Ref. 

[CoCbpy)3]3+ [Cr(phen)3]2+ 0.15 2.0 x 108 6 

[Ru(bpy)3]3+ [Ru(NH3)6]2+ 1.0 3.7 x 109 7 

[Co(phen)3]^ [Co(terpy)2l2+ 0.5 4.2 x 102 27.6 -100 8 
[Co(phen)3]3+ [Ru(NH3)6]2+ 1.0 1.5 x 104 18 -105 1 
[Co(bpy)3]3+ [Co(terpy)2]2+ 0.01 3.0 x 101 21 -155 -9 9 

[Co(phen)3]3+ [Ru(NH3)5py]2+ 0.5 1.9 x 103 21 -100 10 
[Co(NH3)6]^ [Ru(NH3)6]2+ 0.2 1.1 x 10 2 56 -1 11,12 
[Fe(H20)6]3+ [Ru(NH3)5py]2+ 1.0 7.8 x 104 20 -84 13 

[Ru(NH3)Jpy]3+ [V(H20)6]2+ 1.0 3.0 x 10s 0 -138 1 
[Co^hen^]3* [V(H20)6]2+ 1.0 4.0 x 103 16 -121 1 
[Co(terpy)2]3+ [V(H20)6]2+ 1.0 3.8 x 103 7.9 -150 -1.8 14 

[CoCNHs)*]^ [Cr(H20)6]2+ 1.0 1.0 x 10'3 15 

[Ni(bpy)3]3+ [Fe(H20)6]2+ 1.0 6.7 x 106 7 -92 16 

[Co(en>3]3+ [V(pic)3] 0.1 3.1 x 10J 52 -4 17 
(.continues) 
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Table 2.1. (continued) 

Oxidant Reductant F 
(M) 

k 

(vr1 s 1) 

AHx 

(kJ mol ') 

AS* 

(J K 1 mol-1) 

AF* 

(cm3 mol ') 

Ref. 

[Fe(bpy)3]3+ [Co(edta)]2 0.5 3.3 x 104 29 -63 18 

[Co(edta)] [Fe(pdta)]2" 0.5 1.3 x 101 30 -128 19 

[IrCl6]2’ [Ru(CN)6]',_ 0.1 6.6 x 104 19 -88 20 
[Co(ox)3]^ [Ru(NH3)6]2+ 0.2 1.8 x 10-1 45 -108 21 
[Fe(CN)6]^ [Co(phen)3]2+ 0.1 6.0 x 106 22 

2.2 THE ELECTRON TRANSFER PRECURSOR 

The rate and activation parameters for outer-sphere reactions are complex quantities 
which represent contributions from both precursor formation and electron transfer 
steps. The reactions in Table 2.1 include examples with both favorable and unfavor¬ 
able electrostatic interactions between the reactants, and this is reflected mainly in 
the precursor association term. In order to understand the electron transfer processes 
more clearly, it is of some importance to separate K0 from ket, and a great deal of 

103 [[Fe(CN)6]4~] (M) 

Fig. 2.1. Plot of pseudo-first-order rate constant *obsd against [[Fe (CN)6]4“] for the reaction of 

[Fe(CN)6] with [Co(NH30spy]3+ at 25°C, p = 1.0 M.from Ref. [32], 
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effort has gone into designing experiments to measure directly the rate of intra¬ 
molecular electron transfer within the precursor assembly. 

In suitable instances, where electron transfer is slow and the electrostatic and other 
interactions between the reactants are strongly favorable, it is possible to detect 
stoichiometric formation of ion pairs through the deviations from second-order 
behavior which this causes in the rate law. The reduction of [Co(NH3)5py]3+ by 
[Fe(CN)6]4 has been studied [23] under pseudo-first-order conditions with an excess 
of reaction, and a plot of the pseudo-first-order rate constant against [[Fe(CN)6]4“] 
is shown in Fig. 2.1. 

The dependence is described by a rate law of the form in eq. (2.6), where the 
subscript T refers to the total concentration of the oxidant, K0 = 2400 M-1 and 
ket= 1.5 x 10~2 s_1. The derived mechanism, eqs (2.8)-(2.9), is consistent with the 
rate law; the dominant form of the oxidant in solution changes from 
[Co(NH3)5py]3+ to the rapidly formed ion pair {[Co(NH3)5py]3+, [Fe(CN)6]4“} as the 
concentration of [Fe(CN)6]4“ is increased. 

-d[[Co(NH3)5py]3+]T/dr = £obsd[[Co(NH*)5py]3+]T (2.6) 

K0ket [[Fe(CN)6]4-] 
^obsd A (2.7) 

l+*:o[[Fe(CN)6]4-] ' 

Ko 

[Co(NH3)5py]3++[Fe(CN)6]4- — {[Co(NH3)5py]3+,[Fe(CN)6]4-} (2.8) 

{[Co(NH3)5py]3+,[Fe(CN)6]4-} {[Co(NH3)5py]2+, [Fe(CN)6]3" } (2.9) 

In eqs (2.8) and (2.9), the ion pair is considered to have the characteristics of the 
electron transfer precursor so that electron transfer occurs in this assembly. It must 
be pointed out that an alternative, kinetically indistinguishable mechanism is also 
possible. If the arrangement of the reactants in the ion pair is not conducive to 
electron transfer, then electron transfer will take place by a competing interaction 
(eq. (2.10)). The resulting rate law has the same form as eq. (2.7), but the limiting 
rate is no longer the rate of electron transfer within the precursor assembly and 
ytobsd is given by eq. (2.11). This is the so-called ‘dead-end’ mechanism where the 
observed adduct is not an intermediate in the reaction. 

k 

[Co(NH3)5py]3+ + [Fe(CN)6]4" [Co(NH3)5py]2+ + [Fe(CN)6]3- (2.10) 

£[[Fe(CN)6]4~] 

l+K0[[Fe(CN)6]4-] 
(2.11) 
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In fact the interactions between the ions form an assembly of ion pairs where the 
intimate interactions differ. Not all structures will lead to electron transfer. If the 
majority of the structures do lead to electron transfer then the ion pair resembles 
the precursor and is an intermediate in the course of the reaction, but if they do not 
then the ion pair is a ‘dead-end’ complex as shown in Scheme 2.1. Unless there is 
other evidence to the contrary, the simpler mechanism (eqs (2.8)—(2.9)), is generally 

assumed to hold. 

Scheme 2.1 An assembly of ion pairs such as might be found for the reaction between 

[Ru(NH3)spy]3+ (darker shapes) with [Fe(CN)6]4~ (lighter shapes). If contact with the pyridine 

in [Ru(NH3)5py] + is required for reaction, then only A and B represent reactant pairs and the 

ion pair assembly is best considered as representing a ‘dead-end’ complex. On the other hand 

if contact with the NH3 is required, then only structure B is unreactive and the assembly can 

be considered a reaction intermediate. 

Data for a number of reactions in which limiting first-order behavior is observed 
are presented in Table 2.2. In some cases, spectrophotometric evidence for the 
intermediates has also been obtained. This can be of some value in understanding 
the energetics of electron transfer, and further details and discussion of this topic 
can be found in section 4.2. 
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Table 2.2. Ion association and electron transfer rate constants at 25.0°C 

Oxidant Reductant H(M) Kx (s ') Ref. 

[Co(NH3)5py]3+ [Fe(CN)6]4- 

0.1 2400 1.5 x 10-2 23 
[Co(NH3)5(OH2)]3+ [Fe(CN)6]4- 

0.1 1500 1.9 x 10_1 24 

[(NH3)5ConT^ 

CONHJ3* 

[Fe(CN)6]‘>- 

0.1 2500 5.0 x 10"2 25 

[(NH3)5CoN^-CONH2]3+ '*■ 

[Fe(CN)6]4' 

0.1 5300 3.6 x 10'2 25 

[(NH3)5ConQ>—<Qni3+ 

[Fe(CN)6]4' 

0.1 2300 2.4 x 10"2 25 

[(NH3)5ConQ^ ^ 
WMQni3» 

[Fe(CN)6]4- 

0.1 2800 1.0 x 10"2 25 

[(NH3)5ConQ>—(Q)]3+ 

0.077 1100 3.1 x 10"3 26 

[Co(NH3)502CCH3]2+ [Fe(CN)6]4- 
0.1 300 3.7 x 10~4 

(cc 

27 

mtinues) 
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Table 2.2. (continued)___ 

Oxidant_Reductant |i (M) 

[Co(ox)3]3- 0.017 

K0 (M-1) ket(s~’) Ref. 

65 2.4 x 10-1 28 

OH 

[(NH3)3Ctf^OH^Co(NH3)3] 
3+ 

0.1 74 3.7 X 10~3 29 

[Fe(dipic)2]2 

In some cases it has also been possible to separate the thermodynamic parameters 
for the ion association from the activation parameters for electron transfer (Table 
2.3), and these prove to be revealing. With one exception, the activation entropy for 
the intramolecular electron transfer process is positive. The large negative values 
which are observed in bimolecular reactions appear to be the result of the ion 
association. Formation of ion pairs between oppositely charged ions results in charge 
neutralization and the release of electrostricted solvent with an accompanying positive 
AS°. For ion association between similarly charged ions, an increase in solvation 
can be expected and AS° is negative. The enthalpy values which correspond to these 
changes are expected to be small and positive for a decrease in solvation and negative 
for an increase in solvation [30], However, specific interactions such as hydrogen 
bonding and stacking between the ions must also be taken into account. There is 
considerable disagreement about experimental values of AV° which are difficult to 
determine. Electrostricted solvent has a smaller molar volume than bulk solvent and 
so AF° should be negative for association between similarly charged ions and positive 
for oppositely charged ions [31]. Relatively small values for this quantity are inter¬ 
preted to mean that there is little solvent release and hence little charge neutralization 
in the formation of the ion-pairs. Fortunately values for A V* are in better agreement 
and represent a decrease in electrostriction with the transfer of charge since the 
successor complexes have a lower charge product that the precursor. These activation 
parameters are considered in section 2.12 but clearly, the problems of charge neu¬ 
tralization are considerable and reduce the effectiveness of the interpretation. 

Table 2.3. Thermodynamic parameters for formation of precursor ion 

pairs at 25.0 °C 

Reaction 
Pair 

R 
(M) Ko > 

(M-1) 
AH° 
(kJ mol-1) 

AS° 
(JK-1 mol-1) 

AV° 
3 —1 

(cm mol ) 
Ref. 

[Co(NH3)5(OH2)]3+ [Fe(CN)6]4- 0.5 480 -15 32-34 
[Co(NH3)5(OH^)]3+ [Fe(CN)6]4- 0.5 194 3.5 35 
[Co(NH3)5 py] [Fe(CN)6] ^ 1.0 168 23.4 32,36 
[Co(NH3)5(OSMe2)] [Fe(CN)6] " 1.0 34 -8 -240 -11 32 
[Co(NH3)5N3]2+ [Fe(CN)6]4- 1.0 49 2 -204 -16.5 37 

(continues) 
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Table 2.3. (continued) 
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Reaction 
Pair (M) 

1 
(M ') 

AfT 

(kJ mol-1) 
AS0 

(J K-1 mof1) 
AV° 

(cm3 mol-1) 
Ref. 

[Co(NH3)sC1]2+ [Fe(CN)6]4- 1.0 38 28 -120 -3 37 
[Co(phen)3]2+ [CoCoxp]3- 0.017 65 -20 -33 28 

OH 

[(NH3)3CojCOH>Co(NH3)3]3+ 

[Fe(dipic)2]2- 

0.1 74 -38 -92 29 

Table 2.4. Activation parameters for electron transfer within precursor 

ion pairs at 25.0°C 

Reaction 
Pair 

li 
(M) 

ket 

(s'1) 

AH1 

(kJ moF1) 
AS* 
(JKT1 moF1) 

AVX 

(cm3 moF1) 
Ref. 

[Co(NH3)s(OH2)]3+ [Fe(CN>6]^_ 0.5 1.2 x 10_1 102 79 26.5 32-34 
[Co(NH3)5(OH2)]3+ [Fe(CN>6]4 0.5 9.3 x 10 2 115 122 37.6 35 

[Co(NH3)5pyr [Fe(CN)6]7 1.0 8.9 x 10 3 118 113 29.8 32 

[Co(NH3)5Py r , [Fe(CN)6r 1.0 23.9 36 

[Co(NH3)s(OSMe2)r [Fe(CN)6]^ 1.0 2.0 x 10 1 84 25 34.4 32 

[Co(NH3)5N3]2+ [Fe(CN)6]7 1.0 6.2 x 10 104 44 18.8 37 

[Co(NH3)5C1]2+ [Fe(CN)6]^ 1.0 2.7 x 10 2 85 11 25.9 37 

[Co(phen)3]2+ [Co(ox)3]3- 0.017 2.4 x 10“' 32 -148 28 

OH 

[(NH3)3C<OH^po(NH3)3]3+ 

£ 
[Fe(dipic)2]2 0.1 3.7 x 10“3 103 54 29 

Instances where precursor complexes are detected are rare and it is difficult to 
draw many conclusions from such a limited data set. However, the problem of 
separating precursor formation from electron transfer has been approached elegantly 
from other perspectives. It is possible to estimate ion association constants. The 
interaction between ions in solution can be represented [38] by the expression eq. 
(2.12), where r is the distance between the metal centers and co(r) is the work 
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required to bring the reactants from infinity to the distance r. In recognition of the 
fact that a single assembly defined by r is unlikely to represent the precursor for a 
dynamic process such as electron transfer, the widely accepted [5] expression for 
calculation of K0 is given in eq. (2.13), where 5r is the spread of distances over 
which the reaction takes place, generally estimated to be around 0.8A. 

K0{r) = N J 47ir2 exp(-co(r)/k^T) dr (2.12) 

K0 = (47iNr^dr) exp(-co(r)/R7) (2.13) 

For a purely electrostatic interaction, the association constant K0 will be a function 
of the charges on the reactants, zA and zB, and the distance, r, between the metal 
centers. The quantity co(r) is estimated by eq. (2.14), where e is the electronic charge, 
Ds is the static dielectric constant for the medium and P = (SnNe2/DskT)m. 

co(r) = zAzB^/Dsr( 1 + |3r) (2.14) 

Application of this expression presupposes some knowledge of the detailed structure 
of the precursor, in particular the distance, r, between the metal centers. In fact this 
is poorly known. Likewise, dipolar interactions, hydrogen bonding and hydrophobic 
stacking are not taken into account by this simple model. In Table 2.5, association 
constants obtained for interactions between complex ions are compared with those 
calculated with the use of eq. (2.13). The calculated values were obtained by assuming 
that the complexes are hard spheres and that the distance between the metal centers 
is the sum of the radii, a. Calculated values are for the most part an order of 
magnitude smaller than those experimentally observed. Substantially better agreement 
is obtained by allowing the spheres to interpenetrate and there is some experimental 
evidence from NMR studies of ion pairs in solution [28, 39, 40] to suggest that this 
may be a valid approach. For example the experimentally derived Co-Co distance 
in the ion pair {[Co(ox)3]3_,[Co(phen)3]2+} is around 6 A, substantially closer than 
predicted by the hard-sphere model. However, it must be noted that eq. (2.13) is 
now almost universally accepted. In defense of its use it may be noted that there is 
no evidence that the strong ion pairs noted in experimental studies represent structures 
conducive to facile electron transfer. 

Table 2.5. Ion-association constants at 25 °C for interactions between 

complex ions 
Oxidant Reductant MM) K0 (expt) £o(eq. (2.13)) Ref. 

[Co(ox)3]^ [Co(phen)3]2+ 0.017 650 10 28 
[Co(en)3j [Co(edta)] 0.05 32 2 41 
[Co(NH3)5(py)r , [Fe(CN)6]* 0.1 2400 86 23 
[Co(nh3)5(oh2 )r [Fe(CN)6]4" 0.1 1500 99 24 

1.0 480 6 32 
[Co(NH3)5(py)]3+ [Fe(CN)6]4~ 1.0 168 6 32 

(continues) 
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Table 2.5. (continued) 

Oxidant Reductant H(M) K0 (expt) K0 (eq. (2.13)) Ref. 

[Co(NH3)s (DMSO)]3+ [Fe(CN)6]"- 1.0 34 6 32 
[Co(NH3)5 (N3)]2+ [Fe(CN)6]4 1.0 49 3 37 

[Co(NH3)5 (OAc)r [Fe(CN)6]4 0.1 300 12 27 
[Co(phen)3]3+ [Fe(CN)6]4 0.1 <20 25 22 

It is generally assumed that in the precursor, the two reacting complexes come 
into intimate contact thereby partly defining (at least for spherically symmetric 
complexes) the geometry required for electron transfer. Although this description 
appears to work very well in many instances, it is clearly very limited. If the 
complexes are not spherically symmetric, some idea of shape can be introduced by 
approximating the species as a spheroid with axes of length dx, dy, and dz, such that 
a is then given by eq. (2.15). Values of a for some common complexes are presented 
in Table 2.6. 

a = l/i{dxdydz)x/i ^ (2.15) 

Table 2.6. Apparent radii for use in calculating precursor complex 
stability 

Complex a (A) Complex a (A) 

[M(H20)6]3t,2+ 3.2 [M(NH3)2(bpy)2]3+^+ 5.6 

[M(NH3)6]3+/2+ 3.3 [M(bpy)J]3+'2+ 6.8 

[M(en)3]3+/2+ 3.8 [M(phen)3]3+/2+ 7.2 

[M(NH3)5py]M+ 4.2 [M(CN)6]3“/4" 4.1 

[M(NH3)4(bpy )]3+/2+ 4.4 [Mtcp^r 3.8 

Although metal-ligand distances differ for the different oxidation states and for ions 
from different rows in the periodic table, the radii are determined predominantly by 
the magnitude of the ligands and these approximate values serve as useful starting 

points for most calculations. 

2.3 THE ELECTRON TRANSFER STEP 

Returning to the reaction between [Co(phen)3]3+ and [Ru(NH3)6]2+, the value for 
K0 is calculated to be approximately 0.25 M"1 at 1.0 M ionic strength, small because 
of the electrostatic repulsions between the ions. Although the ion association constant 
is small, formation of the ion pair is very rapid, generally close to the limit at which 
the ions can diffuse through solution since the energetic barrier in this step of the 
reaction is low. Energetic requirements for the formation of the precursor assembly 
are generally less demanding than those for the rate-limiting electron transfer, and 
attention will now focus on the dynamics of the electron transfer within the precursor. 

As the reactants evolve to products in the electron transfer step within the precursor 
complex, some rearrangement of the inner and outer coordination spheres takes 
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place. For example, the Co—N bond length in [Co(phen)3]3+ is 1.91 A [42] whereas 
in the product [Co(phen)3]2+ it is significantly longer (2.11 A) [43]. In addition there 
are less dramatic changes in the bond lengths and angles within the phen ligands 
and, more importantly, changes in the orientation and distribution of solvent water 
and anions in the outer coordination sphere of the complex. Similar considerations 
apply to the transformation of [Ru(NH3)6]2+ to [Ru(NH3)6]3+ where the Ru—N bond 
length decreases from 2.14 A to 2.11 A [44, 45]. Nuclear relaxation is slow relative 
to the movement of the electron, which means that an important contribution to the 
barrier for electron transfer will result from the changes in geometry of the com¬ 
plexes. The restrictions on electron transfer are very similar to the Frank-Condon 
restrictions in electronic spectroscopy. 

In the case of electron transfer within a precursor assembly, this restriction is best 
understood by consideration of Fig. 2.2, where two parabolas represent cross-sections 
through potential energy surfaces representing the motions of the precursor, P, and 
successor, S, complexes along a coordinate which includes the structural rearrange¬ 
ment involved in oxidation and reduction. This coordinate is denoted as x and it 
varies from 0 to 1 as the electron is transferred. The two surfaces intersect at a 
point, T, which represents the transition state for thermally activated electron transfer. 
At this point, the geometries of the complexes in the reacting assembly will be 
intermediate between those of the oxidized and those of the reduced forms. The 
equations of the two parabolas are defined by coefficients, A, which are determined 
by the structural reorganization, eq. (2.16), described above. Thus AP involves con¬ 
traction of the Run—N bonds and extension of the Com—N bonds with associated 
solvent reorganization, while As involves extension of the Rum—N bonds, contraction 
of the Co11—N bonds and the solvent reorganization associated with these changes. 
If the geometry changes are not substantial then X? ~ Xs and at the point of crossing, 
T, x* = l/2(l + AG°/X) and hence the contribution to the activation energy from 
structural reorganization is given by eq. (2.17). 

Gp — AP x2 G<; — A§ (1 — x)2 + A G° (2.16) 

AG* = | A (1 + AG0/A)2 (2.17) 

Thus the energy required to reach the point of crossing within this static precursor 
complex depends on the quantity X, the energy for structural reorganization, and 
AG°, the free energy change for the overall reaction. 

This dependence of AG* on AG° can be readily appreciated in Fig. 2.3. For a 
constant reorganizational barrier, X, the driving force, AG°, is changed from very 
endoenergetic to very exoenergetic [46], When AG° is large and positive, representing 
a thermodynamically unfavorable process, the activation barrier is also large and 
positive and, according to the Hammond Postulate, the activated complex will re¬ 
semble the successor in geometry and solvation. As the driving force becomes more 
favorable the activation energy decreases. This is the ‘normal region’ for reaction 
energetics. Note that when AG° = 0, then AG* = A/4 and the geometry of the activated 
complex will be midway between that of the precursor and that of the successor. 
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When AG° = -X, the electron transfer process is activationless with AG* = 0, and 
at higher driving force with AG° > -X, AG* again increases, this time in the ‘inverted 
region’ for reaction energetics. The implication of this is that in the normal region 
the rate should increase with increasing driving force, go through a maximum where 
the activation barrier is minimized, and then invert its dependence, decreasing with 
increasing driving force. Most of the reactions examined in this book are in the 
normal region but some evidence for the inverted region will be presented. The 
Hammond Postulate cannot apply to the inverted region and the energetics in this 
region must be considered quite differently. 

x 

Fig. 2.2. Reaction coordinate diagram for electron transfer within a precursor assembly. 

Progress of the reaction from the precursor P to the successor S through the transition state T 

involves overcoming the Frank-Condon barrier, the inner-coordinate sphere and outer-coordi¬ 

nation sphere changes measured by the reaction coordinate, x, which moves from 0 to 1. At the 

transition state, the reactants move from the precursor surface to the successor surface with 

unit probability (adiabatic process), but the coupling between the two surfaces is weak so that 

AG* is determined solely by the Frank-Condon barrier and AG . 
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-101 23 

Fig. 2.3. Reaction coordinate diagram illustrating the dependence of AGab on AGab . The three 

inserts show reaction coordinate diagrams for the values of -AGab/^ab indicated. In the 

normal region, when -AGab/A.ab < 1, the Marcus expresion is applicable and AG^B decreases 

with increasing driving force, with a corresponding increase in rate. When -AGab/Xab = 1, 

the electron transfer is activationless and the rate will reach a maximum value. When 

-AGab/Xab > 1, AGab increases with increasing driving force and a decrease in rate is 

expected. This is the inverted region where the free energy relationship is inverted from its 

normal form. Note that the transition state geometry is not intermediate between those of the 

precursor and successor and the reaction is not adiabatic. 

Returning to Fig. 2.2 in the normal region for electron transfer, the rate of the 
electron transfer can be calculated classically from the rate of the structural rear¬ 
rangement, ueff, an effective frequency which determines the rate of transmission 
along the ordinate x, the height of the barrier, AG\ and the probability that, having 
reached the point T, the system will pass from the precursor curve to the successor 
curve, Kei (eq. (2.18)). Once the Frank-Condon factors have been satisfied, the 
probability that electron transfer takes place depends on the interaction between the 
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donor orbitals which contain the electron, and the acceptor orbitals to which it will 
be transferred. If the electronic coupling as a result of the orbital overlap between 
the two reactant complexes is very small, the probability of crossover from the 
precursor surface to the successor surface will be small (kc1 « 1) and the rate will 
be determined by both Kel and the Frank-Condon factors involved in reaching the 
point of intersection. Under these conditions, the reaction is said to be non-adiabatic. 
However, there will be a point at which the coupling is sufficiently large so that 
when the reactants reach point T, the probability of going to products Kel = 1. The 
energetics of the electron transfer are then determined by Frank-Condon factors 
alone, and the reaction is said to be adiabatic. Computation of the rate under such 
circumstances can be accomplished solely with a knowledge of atomic motions and 
the overall free energy change for the reaction. There is a third possibility. If the 
electronic coupling is very large, the reaction is adiabatic but the Frank-Condon 
factors are no longer the appropriate description for the barrier to electron transfer, 
and calculation of the rate constant is much more difficult. 

&et=t>eff Keiexp(-AGl/RT) _ (2.18) 

2.4 THE MARCUS LINEAR FREE ENERGY RELATIONSHIP 

Although eq. (2.18) has a relatively simple form, computation of electron transfer 
rates relies on the evaluation of a number of complex factors associated with the 
motions of the atoms in the reactant complexes. Detailed discussion of these factors 
is postponed until section 2.10. Marcus [2] noted that if the reaction rates are 
governed by Frank-Condon factors alone then many of the unknown quantities can 
be cancelled by comparing the rates of a cross-reaction between two different reagents 
Aox and Bred (eq. (2.19)), with the rates of the individual self-exchange processes 
(eqs (2.20)-(2.21)). These latter processes have AG° = 0. 

^AB 

[Aox] + [Bred] —> [Ared] + [Box] (2.19) 

^AA 

[Aox] + [Ared] —> [Ared] + [Aox] (2.20) 

^BB 

[Box] + [Bred] —> [Bred] + [B0X] (2.21) 

Activation free energies can be evaluated from eq. (2.22), and if it is assumed that 
XAB = i/2 (Ka + ^bb) the resulting linear free energy relationship is given by eq. 
(2.24) which can be expressed in its well known rate constant form as eq. (2.26) 
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where Z is a collision frequency for neutral molecules in solution, estimated as 
approximately 10u M'1 s'1. The strict assumptions of adiabatic electron transfer and 
weak orbital overlap can be relaxed to the condition that the activated state attained 
by a reaction in an outer-sphere reaction is independent of its reaction partner [47]. 
In other words, the Frank-Condon factors and electronic couplings associated with 
a particular complex in the cross-reaction are identical with those for the same 

complex in the self-exchange reaction. 

AGlB = ¥4 ^AB (1 + AGXB/XaB)2 (2.22) 

AGju = ¥4 /W AG|jB = V4 XBB (2.23) 

AGab = V2 (AGL + AGJb) + V2AGXb(1 + a) (2.24) 

AGAb 

4 (A GXa. + AG|b) 
(2.25) 

&AB = (^AA ^BB KABfAh)m (2.26) 

log f— (log^AB)2/4 log(A:AA^BB/Z2) (2.27) 

The Marcus expression eq. (2.24), can be modified to incorporate the electrostatic 
interactions involved in precursor complex formation eq. (2.28), where AGaa* = 
AGaa1- waa> AGbb* = AGBB*~ cDbb, and AGab* = AGab*~ (O^. 

AGab* = V2 (AGaa* + AGbb*) + */2 (AG°ab + (Dab + ^ba) (1 + oc) (2.28) 

a = (AG°ab + (Das + coBA)/ 4(AGaa* + AGBB*) (2.29) 

This allows the relationship to be used under conditions where changes in the work 
terms required to bring the reactants into the precursor assembly do not cancel 
(similarly charged reactants) or cannot be ignored [1]. 

Activation parameters, AH\ AS1 have been widely determined for outer-sphere 
electon transfer reactions. Relationships between the activation parameters for elec¬ 
tron transfer are also predicted by Marcus Theory, eqs (2.30) and (2.31), where a 
is given in eq. (2.29) [48]. 

A//ab* = V2(AHaa* + A//bb*)(1 - 4a2) + V2AH°ab (1 + 2a) (2.30) 

Mab* = V2(ASaa* + - 4a2) + V^A^ab (l + 2a) (2.31) 

The simple correlations of Marcus Theory work relatively well. They have been 
extensively tested and the ability to test depends on the ready availability of self¬ 
exchange rate data. 

2.5 SELF-EXCHANGE RATES 

The determination of the rates of electron self-exchange processes has been an 
important element of the test of theory. The rate, k^, associated with the dynamic 
equilibrium (eq. (2.20)), is a fundamental quantity for the reactant in question and 
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is independent of free energy change. It involves no apparent reaction and this 
presents some difficulties for measurement. The most generally applicable means 
for measuring the rate is to distinguish the species in one oxidation state and to 
monitor the approach to the true equilibrium so that in practice there is at least a 
small entropic driving force corresponding to the statistical factor RT In 2 = 1.8 kJ 
mol-1 at 25.0 °C. The distinguishing feature should not markedly affect the reactivity, 
and several methods have been widely accepted. 

(a) Isotopic labeling. This is the oldest of the methods and suffers only from the 
disadvantage that the rate is subject to isotope effects, generally small for isotopes 
of the heavier elements. The most sensitive studies have been carried out with 
radioactive tracers and suffer additional limitations on the rate imposed by the need 
to separate the oxidation states to measure the approach to equilibrium. For example 
in the well-studied exchange between [Fe(H20)6]3+ and [55Fe(H20)6]2+, separation 
is accomplished by the addition of bpy to complex the iron(II) as [Fe(bpy)3]2+ 
followed by precipitation of iron(III) as [Fe(OH)3] [44]. 

bex 

[Fe(H20)6]3t + [5sFe(H20)6]2+ [Fe(H20)6]2+ + [5sFe(H20)6]3* (2.32) 

The rate of exchange is given by eq. (2.33) which may be manipulated to give 
kcx by the McKay relationship [49], (eq. (2.34)), where F is the fraction of exchange 
which has occurred at time t (eq. (2.35)). 

d([55Fe(H20)632+] = k [[55Fe(H2o)6]2+][[Fe(H20)6l3t] 
at 

- &ex[[55Fe(H20)6]3+][[Fe(H20)6]2+] (2.33) 

ln(l -F) = -*ex 

([[Fe(H2Q)6]3+] + [[5SFe(H2Q)6]2+]) f 

([[Fe(H20)6]3+][[55Fe(H20)6]2+]) 
(2.34) 

[[5SFe(H2Q)6]2+],- [[5SFe(H2Q)6]21o (235) 

[[55Fe(H20)6]2+L - [[55Fe(H2O)6]2+]0 

A further complication in this reaction and in others involving metal aqua ions is 
the presence of terms in the rate law with an [H+] 1 dependence (eq. (2.36)), where 
Kh is the hydrolysis constant for the more readily deprotonated higher oxidation 
state. The rate constant k'^ is interpreted as reaction of the hydrolyzed form of the 

oxidant (eq. (2.37)). 

d[[55Fe(H20)6]3+] 

dt 
^aa + k'\ AA [[Fe(H20)6]2+] [[Fe(H20)6]3+] 

(2.36) 

[Fe(H20)50H]2+ + [55Fe(H20)6]2+ -» [Fe(H20)50H]+ + [55Fe(H20)6]3+(2.37) 
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More recently, stable isotopes have been employed. The reaction between 
[Ru(ND3)6]3+ and [Ru(NH3)6]2+ has been monitored by the changes in the near 
infra-red N—H(D) overtones at 1550 nm [50], and exchange between 
[Ni([14]aneN4)(H20)2]3+ and [61Ni([14]aneN4)]2+ has been monitored by rapid 
quench EPR [51]. Monitoring changes in EPR line broadening due to the 61Ni 
hyperfine interaction has also proved useful [52], 

(b) Optically active complexes. This method was first suggested by Dwyer [53] and 
has been used in a number of investigations. The distinguishing feature is that the 
complex in one oxidation state is initially optically active. The method suffers in 
that the symmetry of the complex must be sufficiently low for optical activity and 
relies on the absence of stereoselectivity. This latter restriction has been shown to 
involve corrections of 10-20% at most [54, 55]. One example of the use of the 
technique is in the reaction between optically inert [A-Co(phen)3]3+ and labile, 
racemic [Co(phen)3]2+ [55]. Loss of optical activity <p can occur by two pathways, 
the intrinsic inversion process (eq. (2.38)), and a cobalt(II) catalyzed pathway. Pro¬ 
vided the rate of racemization of the [Co(phen)3]2+ is rapid compared with the rate 
of the electron transfer, then the rate of this latter pathway is k^. The corresponding 
pathway between the two isomers of similar configuration leads to no net loss 
of optical activity. The quantity is equal to the self-exchange rate only if k^ = 
k^; this is rarely true but in practice the differences in the two rate constants are 
small. 

jfcP 
[A-Co(phen)3]3+ 2^ [A-Co(phen)3]3+ 

[A-Co(phen)3]3+ + [A-Co(phen)3]2+ 2^ 

[A-Co(phen)3]2+ 2^ [A-Co(phen)3]2+ 

-d<|>/dr = (2^ + kAA [Co(phen)3]2+| 4> 

(2.38) 

-Co(phen)3]2+ + [A-Co(phen)3]3+ 

(2.39) 

(2.40) 

(2.41) 

The method has proved extremely useful in the determination of the self-exchange 
rate for [Co(sep)]3+/2+ where the two accessible oxidation states are neither labile 
nor undergo racemization [56], In this case, the reaction can be monitored by the 
addition of [A-Co(sep)]3+ to [A-Co(sep)]2+ and the rate constant k^ is twice the 
self-exchange rate. Again, it has been shown that stereoselectivity in these reactions 
introduces a minor correction. 

(2.42) [A-Co(sep)]3+ + [A-Co(sep)]2+ -4 [A-Co(sep)]2+ + [A-Co(sep)]3+ 

-d(j)/dt = 2kAA [Co(sep)]2+(|) (2.43) 
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(c) Structural substitution. A common method for the estimation of self-exchange 
rates is the study of the reaction rates between structurally similar though chemically 
modified complexes to obtain pseudo-self-exchange rates. It relies on the substituent 
having a minimal effect on the reduction potential, E°, and reactivity of the complex. 
The method has the distinct advantage that the reaction can generally be monitored 
by standard kinetic methods. Examples of this are the reduction of [Ru(NH3)5 (nic)]2+ 
by [Ru(NH3)5 (isonic)]+ [13] and [Ru(NH3)4(bpy)]3+ by [Ru(NH3)4(phen)]2+ [57] 
where in both cases the difference in reduction potentials is less than 5 mV, and the 
reaction between [Ni([9]aneN3)2]3+ with [Ni(2-Me-[9]aneN3)2]2+ where the difference 
in reduction potentials is 5 mV [58]. 

(d) One of the most powerful methods for the determination of self-exchange rates 
takes advantage of the fact that the electron transfer takes place between the reactants 
in different electronic states. In particular when exchange is between a diamagnetic 
oxidation state and a paramagnetic oxidation state, the exchange will broaden the 
NMR spectrum of the diamagnetic complex [59, 60] or the EPR spectrum of the 
paramagnetic complex [52], The effect of the addition of [Cun(H_2Aib3)]~ on the 'H 
NMR spectrum of the diamagnetic complex [Cum(H_2Aib3)] is shown in Fig. 2.4. 
In the slow exchange limit, the self-exchange rate is given by eq. (2.44) where l/r2 
is the observed transverse relaxation rate and the subscripts D and DP refer to the 
solutions containing the diamagnetic complex and the mixture of the diamagnetic 
complex with its paramagnetic reaction partner. The transverse relaxation rate is 
related to An, the NMR peak width at half-height giving eq. (2.45). 
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*aa [[CunH_2Aib3)n (2.44) 

kAA [[CunH_2Aib3)]~] (2.45) 

A list of self-exchange rates determined by these methods together with E° values 
is presented in Table 2.7. 

The extensive collection of experimental data in Table 2.7 requires some comment. 
Inclusion in the table does not necessarily imply that the reaction is outer-sphere in 
nature, however, most of the reactions are thought to represent outer-sphere processes 
and they form the basis for discussion for the remainder of this chapter. The data 
are arranged in accord with the ligand environment. Rates and activation parameters 
show a wide variation and depend on both the ligand environment and the nature 
of the metal center. While these are all reactions in aqueous solution, experimental 
conditions also vary. Ionic strength generally has a substantial effect on the rates 
since they concern reactions between similarly charged complexes. Specific ion 
effects are frequently reported. For example the self-exchange rate for 
[Co(phen)3]3+/2+ changes from 4.9 M~'s-1 in 0.1 M [Cl-] to 12.0 M-' s-1 in 0.1 M 
[NOJ] while the rate for [Fe(CN)6]W4_ varies by an order of magnitude on changing 
the supporting cation from K+ to Me4N+. The metal aqua ions require particular 
attention since the rate laws consist of two terms, one independent of [H+] and the 
other dependent on [H+]_1 (eq. (2.36)). It is the rate for the former term which is 
reported in Table 2.7. Although some ambiguity exists, the term dependent on 
[HT1 is generally interpreted in terms of reaction of the more readily hydrolyzed 
oxidant (eq. (2.46)), which is a pseudo-self-exchange rate. 

f1 ^ f 1 ) 
T2 T2 \ ) DP \ 7 

n (Audp - AoD) = 

[Fe(H20)5OH]2+ + [Fe(H20)6]2+ = [Fe(H20)50H]2+ + [Fe(H20)6]2+ (2.46) 

Data for these reactions are included in Table 2.8. Values for A/7* and A5* are similar 
to those for outer-sphere reactions but the value for AT* for the reaction between 
[Fe(H20)50H]2+ and [Fe(H20)6]2+ is considerably more positive than the value for 
the [Fe(H20)6]3+/2+ exchange, leading to the proposal that this represents an inner- 
sphere reaction. Further discussion of reactions of this type may be found in section 

3.2. 

Table 2.8. Rate and activation parameters for the [H+] 1 catalyzed pathway 
for self-exchange in metal aqua complexes 

Reaction ^ *aa A//1 AS* AV* 
(M) (M~* s'1) (kJ mol-0 (J K 1 mol (cm3 mol *) 

Ref. 

[Fe(H20)s0H]2+/[Fe(H20)6]2+ 0.1 1360 

[Co(H20)sOH]2+/[Co(H20)6l2+ 0.5 680 
[Cr(H20)50H]2+/[Cr(H20)6]2+ 1.0 0.7 

28 -92 
36 -96 

0.8 44,66 
71 

62 
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2.6 APPLICATIONS OF MARCUS THEORY 

In Fig. 2.5 is shown a plot of log(£AB)exp against log(^AB)calc for the data in Table 
2.1 for which self-exchange rate data are available. With the simple electrostatic 
work function correction, agreement between theory and experiment is generally 
excellent, surprisingly so since factors such as hydrogen bonding and stacking 
interactions specific to certain ion pairs are ignored. This adherence to the Marcus 
expression is established as a criterion for outer-sphere processes since it can be 
argued that the rates of inner-sphere reactions will be much more dependent on the 
nature of the reaction partner. Further, it can be argued that inner-sphere processes 
will be faster than the outer-sphere reaction. If they are not, then the outer-sphere 
reaction will undoubtedly occur. However, there are some exceptions to this good 
agreement, particularly in reactions involving metal aqua complexes where the rates 
calculated by Marcus Theory are consistently larger than those obtained experimen¬ 
tally, particularly at large driving forces [1, 98]. 

Fig. 2.5. Plot of log (Aab^p against log (£AB)calc from Marcus Theory for reactions of the 

senes of metal-ion complexes included in Table 2.1. Closed circles represent reactions 

involving aqua ions which, as a group, tend to fall below the line. 

The Marcus expression is also of use for the computation of self-exchange rates 
for complexes where no direct determination is possible. This method relies on the 
measurement of rates for cross-reactions with well-characterized outer-sphere reac- 
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tants where alternative mechanisms can be excluded. Particularly useful are 
[Ru(NH3)6]3+/2+ and [Co(sep)]3+/2+, but a number of others have also been employed. 
A partial list of such determinations corrected for electrostatic effects is presented 
in Table 2.9. Also included in this table are values for the self-exchange rates of 
the aqua ions calculated from cross-reaction data with the use of eq. (2.26). These 
values should be compared with the corresponding entries in Table 2.7. 

Table 2.9. Outer-sphere self-exchange rates for reagents determined indi¬ 

rectly by Marcus Theory at 25 °C 

Reductant 

0/- 

3+/2+ 

■/2+ 

3+/2+ 

■ft— 

[V(pic)3] 

[Cr(H20)6]J- 
[Cr(bpy)3]3+ 

[Fe(H20)6] 
[Fe(dipic)3l 

[Fe(pic)3r 
[Fe(edta)]2-/- 

[Fe(CN)5pyl2-/3~ 
[Co(H20)6]3+,2+ 
[Co(terpy)2]3+f+ 

[Co(Me4en)2]3+/2+ 

[Co(chxn)3]3+/2+ 

[Co(ox)3]3-/2~ 

[Co(dipic)3l a 

[Co(pic)3]0/- 

[Ni(bpy)3]3+/2+ , „ 
[Ni([9]aneN3)2]3+/2+ 

[Cuaq ]i+/+ 

i2+/+ 

3+/2+ 

[Ru(pic)3] 

[Agaqf ' 

!u>* 
l(U02)aq] 

0/- 

,2+/+ 

F 
(M) 

E° 

(V) 
£aa 
(M~‘ s 1) 

Ref. 

0.10 -0.41 lx 106 17 
0.10 -0.41 = 1 x 10“10 54 
0.10 -0.25 1 x 109 99 
0.10 0.74 = 1 x 10”3 63 
0.10 0.36 2 x 107 100 
0.10 ; , . 0.48 5 x 105 101 
0.10 0.12 3 x 104 18 
0.05 0.48 7 x 105 102 
0.5 1.92 1 x 10-12 103 

0.10 0.31 4 x 102 104 

1.0 0.28 1 x 10“7 105 

1.0 -0.16 8 x 10“5 106 

0.10 0.57 3 x 1(T7 107 

0.10 0.75 1 x 10"5 108 

0.10 0.43 2 x 10‘3 109 

1.00 1.72 1.5 x 103 16 

0.10 0.95 6 x 103 110 110 

0.5 0.15 5 x 10"7 111 

0.10 0.40 1.4 x 108 109 

0.10 1.98 2 x 1(T9 112 

0.10 -0.38 » 1 x 10~5 54 

0.10 -0.63 » 6 x 10“5 54 

0.10 0.04 - 10 113 

The Marcus relationship has also proved most useful in mechanistic determinations 
in reactions where the reduction potentials, E°, and self-exchange rates of 
participating reagents are not known. It was noted [114] that the ratio of the rate 
constants for outer-sphere reactions of [Cr(H20)6]2+ and [V(H20)6]2+, &[Cr^2o)6]2+/ 
y^V(H o) ]2+> was constant with a value of approximately 0.020, and that a mechanism 
could be assigned on this basis. The relationship may be recast [115] in a more 
useful form (eq. (2.47)) derived empirically from the outer-sphere reactions of 
cobalt(III) oxidants of the type [Co(NH3)5L]2+ where L is an organic ligand. Reduc¬ 
tion potentials cannot be determined for these complexes since the reduced forms 

are labile and rapidly dissociate. 

log %(H20)6]2+ - 1-1 log %>(h2o)6]2+ + 1.85 (2.47) 
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A word of caution, however, is required in that a similar relationship, eq. (2.48), is 
found when both reductants undergo a similar inner-sphere mechanism [116]. The 
distinguishing feature of the outer-sphere mechanism is the coefficient of the loga- 

rithm, which should be close to unity. 

log V(H2o)6]2+ = 0-4 log £[Cr(H20)6]2+ + °-22 (2.48) 

Clearly the fact that both ions are capable of reaction by both outer-sphere and 
inner-sphere mechanisms presents a complication and a better outer-sphere standard 
is [Ru(NH3)6]2+ (eq. (2.49) and (2.50). The Marcus relationship can be modified to 
predict the relationship between the rates of reactions of two reductants (eq. (2.51)). 

«AB 

[Co(NH3)5X]2+ + [M(OH2)6]2+ -> (2.49) 

^AC 

[Co(NH3)5X]2+ + [Ru(NH3)6]2+ -> (2.50) 

log kAC = log &ab + log {(^cc/^bb) (T^bc) (/ac//ab) ! (2.51) 

To a first approximation, the term /Ac#ab can be set equal to unity, particularly if 
the reduction potentials of the two reductant reagents are similar, and hence the 
second term in eq. (2.51) will be a constant. Where the reduction potentials and 
self-exchange rates of the two reductants differ markedly, or where they differ 
markedly in size and charge, the second term will vary. Thus the choice of a reference 
reductant is of considerable importance. Relationships of this sort have been obtained 
for a number of reductants (eqs (2.52)-(2.54)). In Fig. 2.6 are shown data for the 
reductions of a series of binuclear cobalt(III) complexes by [Cr(OH2)6]2+ and 
[V(OH2)6]2+ [117]. This analysis has been used extensively to demonstrate that 
reactions of [V(OH2)6]2+ proceed by outer-sphere mechanisms. The relationships can 
also be used to estimate outer-sphere contributions in reactions which proceed 
predominantly by an inner-sphere mechanism. For example, in the [Cr(H20)6]2+ 
reduction of [Co(NH3)502CCF3]2+ which takes place predominantly by an inner- 
sphere mechanism, the outer-sphere contribution to the rate is predicted to be 3.8% 
of the total by comparison with the rate for [Ru(NH3)6]2+ [118]. 

log £[Rucnh3)6]2+ - 105 log £[V(h2o)6]2+ + 0.48 (2.52) 

log £[rU(nh3)6]2+ = 105 log %Uaq]2* + 0.96 (2.53) 

log £[Ru(NH3)6]2+ = 1-05 log £[Cr(H20)6]2+ + 2.3 (2.54) 

More recently, rate ratios have been used in the critical evaluation of rate data for 
the reduction of [Co(NH3)6]3+ for which self-exchange rate data were suspect [75]. 
For a variety of outer-sphere reactions, the rate is approximately 10 times the rates 
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for the corresponding reactions of [Co(en)3]3+ establishing that the self-exchange 
rate is approximately 2 x 10"7 NT1 s"1 at 25.0°C, four orders of magnitude faster 
than the rate determined by Stranks [119] but more in line with more recent 
determinations [74], 

log *([Cr(H20)6]2 + ) 

Fig. 2.6. Plot of log k([V[V (H20)6]2+) against k([Cr(H20)6]2+) for reduction of a number of 

binuclear cobalt(IIl) complexes from the data in Ref. [117]. Note that it is preferable to use a 

substitution inert ion such as [Ru(NH3)6]2+ for these rate comparisons to avoid ambiguities 

with a reference reaction which may be inner-sphere. 

2.7 PHOTOINDUCED ELECTRON TRANSFER 

Irradiation of solutions of [Ru(bpy)3]2+ with 530 nm light produces the triplet 
metal-ligand charge transfer excited state, [*Ru(bpy)3]2+, which is long lived with 
a lifetime, t0, in aqueous solution on the order of 6.6 x 10-7 s [120]. The addition 
of photochemical energy to [Ru(bpy)3]2+ changes the thermodynamic driving force 
for reactions, including electron transfer, and gives the excited state a unique chem¬ 
istry of its own. In this case, the geometry of the excited state is similar to that of 
the ground state and decay of the excited state is sufficiently slow to allow the new 
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chemical reactivity to be probed. For example, the ground-state molecule is a poor 
reductant but on excitation to [*Ru(bpy)3]2+, this situation is dramatically changed 
[121, 122], 

The energy of the excited state above the ground state can be calculated from the 
average of the energy for the singlet to triplet absorption (549 nm) and emission 
(610 nm) to be 2.12 eV Consequently the reduction potential for eq. (2.55) is -0.84 
V [123], obtained by the sum of the driving forces for eqs (2.56) and (2.57). As a 
result of the fact that the ground and excited states have similar geometry, the 
self-exchange rate for [Ru(bpy)3]3+/[*Ru(bpy)3]2+ is very fast, on the order of 
lxlO9 M_1 s-1 [123]. The excited state is a more powerful reductant than 
[Cr(H20)6]2+ and extensive studies of the oxidative quenching of [*Ru(bpy)3]2+ have 
been carried out. However, considerable care is required in assigning mechanisms. 

[Ru(bpy),]5t + e- — [*Ru(bpy)j]2+ (2.55) 

[Ru(bpy)j]J+ + e“ — [Ru(bpy),]2* (2.56) 

[Ru(bpy)3]2* — [*Ru(bpy)3]2* „ (2.57) 

The excited state is not only a good reductant, but the excess energy may be lost 
by other quenching mechanisms. [*Ru(bpy)3]2+ is also a moderately powerful oxidant 
and so reductive quenching may also compete [124]. In addition, quenching by 
energy transfer mechanisms can be important where the quenching species has 
excited states of appropriate energy [125]. The reduction potentials are presented 
schematically in Scheme 2.2. 

*[Ru(bpy)3]2+ 

hv 

[Ru(bpy)3]3+ 
1.24 V . -1.28 V 

[Ru(bpy)3]2+ [Ru(bpy)3]+ 

Scheme 2.2. 

Most emphasis in this section is placed on oxidative quenching of [*Ru(bpy)3]2+ 
and a general mechanism for this process is presented in Scheme 2.3 with [Co(sep)]3+ 
as a sample oxidant [126], As with more conventional electron transfer reactions, 
the first step in the mechanism is the diffusion together of the reactants to form an 
encounter complex, kx. In this complex, two things may happen. There may be 
energy transfer, k3, ultimately regenerating the ground-state reactants, or electron 
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transfer, k2, may occur to give the products {[Ru(bpy)3]3+, [Co(sep)]2+|, still trapped 
in their solvent cage. It must be realized that these products trapped in the solvent 
cage have a strong thermodynamic driving force to undergo back reaction, k4, to 
regenerate the reactants. However, depending on the relative rates of k4 compared 
with the rate at which the products can diffuse apart and escape from the cage, 
some free electron transfer products will result. In turn, these will react with solvent, 
with other components of the solution, or with each other. One common additive 
in solution is H2edta2- which undergoes a facile reaction with [Ru(bpy)3]3+ to give 
[Ru(bpy)3]2+ and H2edta“, thereby generating a solution of the reductant, in this case 
[Co(sep)]2+. 

[*Ru(bpy)3]2+ + [Co(sep)]3+ {[*Ru(bpy)3]2+,[Co(sep)]3+ }J=^= {[Ru(bpy)3]3+,[Co(sep)]2+} 

[Ru(bpy)3]2+ + [Co(sep)]3+ {[Ru(bpy)3]2+,[Co(sep)]3+} [Ru(bpy)3]3+ + [Co(sep)]2+ 

Scheme 2.3. 

Quenching rates are close to the diffusion limit but can be corrected by eq. (2.58) 
where kx is the diffusion rate of approximately 2 x 109 M_1 s_1 for a +3 ion reacting 
with [*Ru(bpy)3]2+ at 0.2 M ionic strength, and kqc = Kxk2 + Kxk3 is the corrected 
quenching rate constant. With the [Co(sep)]3+, the rate constants for quenching exceed 
the rates expected on the basis of Marcus Theory [123] for electron transfer so that 
it may be concluded that a significant energy quenching contribution is present. 

(2.58) 

To separate the energy and electron transfer components, the quantum yield of the 
electron transfer products must be determined and this is given by eq. (2.59) where 
/ is a correction factor for excited states unquenched by [Co(sep)]3+ and 
ica e = k5/(k4 + k5) is the fraction of electron transfer products that escape from the 
cage6 in which they were formed. It is estimated that k_5/k5 = 0.5 M_1 [127]. A 
number of electron transfer rate constants are presented in Table 2.10. 

^Ru(ni),Co(II) ~/q k +/c ^cage 
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Table 2.10. Rate constants for reduction and oxidation by [*Ru(bpy)3]2+ 

at 25.0 °C 

Oxidant It 
(M) 

k 
(M-1 s"1) 

Ref. 

[Fe(H20)6]3+ 0.5 2.7 x 109 128 

[Ru(NH3)6]3+ 0.5 2.7 x 109 129 

[Co(bpy)j]3* 1.0 2.27 x 109 130 

[Co(phen)3]3+ 1.0 2.18 x 109 130 

[Cr(bpy)3]Jt 0.5 2.5 x 109 131 

[Co(sep)]3+ 0.15 3.4 x 107 132 

[Co(sar)]3+ 0.15 3 x 106 132 

Reductive quenching 
[Ru(NH3)6]2+ 0.5 2.4 x 109 124 

[Fe(CN)6]4- 0.5 3.5 x 109 124 
[EUaq]2+ 0.5 2.8 x 107 124 

While both oxidative and reductive electron transfer mechanisms are found to be 
the exclusive quenching mechanisms with a number of important reagents, energy 
quenching mechanisms are prevalent with some of the more sluggish oxidants. In 
particular the percentages of the total quenching process which proceed by electron 
transfer for [Co(sep)]3+, [Co(en)3]2+ and [Co(NH3)6]3+ are 23%, 11%, 45% respec¬ 
tively [132, 133]. 

Other excited state reagents which have been examined extensively are the 2E d-d 
excited state, [*Cr(bpy)3]3+ and its derivatives [99, 134] and [*Cu(dmp)2]+. 
[*Cr(bpy)3]3+ is a useful oxidant with a reduction potential of 1.44 V (eq. (2.60)) 
[135], and has proved to be valuable for studies of [Cr(bpy)3]2+ in subsequent dark 
reactions. [*Cu(dmp)2]+ is a reductant [136, 137], Also of considerable interest are 
excited-state porphyrin species which have been used to study reactions in biological 
systems. Further details of these reactions are presented in section 4.8. 

[*Cr(bpy)3]3+ + e" — [Cr(bpy)3]2+ (2.60) 

[*Cu(dmp)2]+ + e~ — [Cu(dmp)2]2+ (2.61) 

2.8 NON-AQUEOUS MEDIA 

A good number of investigations of self-exchange rates are now available for non- 
aqueous media. This extends the variety of reagents particularly to include reactions 
where one of the reagents is uncharged, and consequently electrostatic repulsion is 
less important. Nevertheless, salt effects due to ion-pairing effects with background 
electrolytes are more prevalent in non-aqueous media. Generally ion pairing reduces 
the reactivity of reagents, and considerable care is required in the application of 
Marcus Theory. 
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Selected self-exchange rates are presented in Table 2.11. The bulk of studies are 
performed in dipolar aprotic media, principally acetonitrile. For some reagents com¬ 
parisons have been possible between different solvents and, although systematic 
approaches are not widespread, a few systems have been studied in some detail and 
are discussed in section 2.11. 

Table 2.11. Selected self-exchange rates in non-aqueous media at 25.0°C 

Reductant Solvent k 
(M-1 s’1) 

AHX 
(kJ moF1) 

AS* 
(J K 

AF* 
1 mol-1) (cm3 moF1) 

Ref 

[Ru30(0Ac )6(py)3]+/° CH2C1/ 1.1 x 10* 18 -29 138 

[Mn(CNC6H4CH3)6]2+/+ 0.1, cd3cn* 3.0 x 107 10 -67 139 

[Mn(CNCH3)6]2+/+ 0.1,CD3CN* 2.1 x 107 7.5 -82 -2.4 140 

[Mn(CNC(CH3)3)6]2+/+ 0.1,CD3CN* 6.5 x 104 22.6 -77 -10.2 140 

[Mn(CNC6Hn)6]2+/+ 0.08, CH3CN 4.38 x 105 14.2 -88 -17.4 141 

[Mn(bpy02)3]3+/2+ 0.1, CH3CN 80 142 

[Fe(Cp)2]+^ 0.15, CH3CN 7.5 x 106 24 -38 -7 143,144 

[Co(Cp)2]+/0 0.15, CH3CN 3.8 x 107 145 

[Co(P(OMe)3)4]0/ 0.07, THF .9 x 103 28 -76 146 
[Ru(hfac)3]^ 0.05, CH3CN 5.0 x 106 =25 147 

Volume of activation data cast interesting light on the reactions. Theory, described 
in section 2.12, predicts that in the self-exchange reactions of [Mn(CNCH3]6]2+/+ 
and its derivatives AV* values should be of the order of-5 cm3 mol-1, decreasing 
slightly as the ligand bulk increases. This is quite different from the observed trend 
which appears to be related to the flexibility of the ligands. Ligands with increased 
flexibility can distort to form a more compact electron transfer precursor complex, 
allowing for closer interaction of the donor and acceptor orbitals on the metal centers. 
This observation suggests that electron transfer is very sensitive to the Mn-Mn 

distance [148]. 
Where the Marcus relationship can be used, it holds reasonably well in non-aqueous 

media. It must be remembered that the reduction potentials of the complexes are 
solvent dependent and hence the driving force for each reaction must be known 
under the experimental conditions. A number of cross-reaction rate constants and 
activation parameters are presented in Table 2.12. The positive value for AV% for the 
reaction of [Cr(CNdipp)6]2+ with [Co(dpg)3(BPh)2] should be noted. Normally for 
electron transfer reactions AF* is negative and in this case the unusual value is 
thought to be due to solvent release in attaining the transition state. 

Table 2.12. Cross-reaction rates in non-aqueous solvents at 25.0°C 

Oxidant and Reductant Solvent &ab AH* AS* AF* Ref. 
(M-1 s’1) (kJmol'1) (JK~* mol'1) (cm3 tnof1) 

[Co2(CO)8] [Re(CO)5r THF 

[Mn2(CO)10] [Re(CO)5F THF 

[Cp2Mc2(CO)«] [Re(CO)s]_ THF 

[FefbpyFJ3' [Os(bpy)3]2+ CHjCN 

13 149 

1.4 149 

20 149 

1.3 xlO5 , 150 
(continues) 
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Table 2.12. (continued) 

Oxidant and Reductant Solvent *AB 

(M-1 s'1) 

AHX 

(kJ mol-1) 

AS* 

(JK“ 

AF* 

1 mol1) (cm3 mol-1) 

Ref. 

[Co(dmg)3(BF)2]+ [Fe(Cp)2] CH3CN 1.63 x 104 35 —46 -9 151,152 

[Co(dmg>3(BC6H5)2r [Fe(Cp)2] CH3CN 4.6x1 O’ -4 152,153 

[Cr(CNdipp)6]2+ [Co(dpg)3(BPh)2] CH3CN 1.24 x 105 34 -33 10.8 154 

A fascinating development has been the study of electron transfer self-exchange 
and cross-reaction rates in the gas phase by Fourier transform ion cyclotron resonance 
[155]. In this experiment a resonance current due to isotopically pure cation is 
dissipated when other isotopic forms of the neutral species are introduced into the 
sample chamber of the spectrometer. The rate of loss of the signal is directly related 
to the rate of electron transfer between the gas phase components. Results are most 
easily considered by comparing the electron transfer rate with the gas phase capture 
rate constant which yields a measure of the efficiency of the electron transfer within 
a gas phase encounter. This parameter is presented in Table 2.13. The low efficiency 
in the case of [Mn(Cp)2]+/1° is thought to be due to a substantial change in structure 
between the oxidized and reduced states. 

Table 2.13. Electron transfer efficiencies of gas phase encounters 

Reaction Efficiency Ref. 

[Cr(Cp)2]*« 0.48 156 
[MnfCpfe]^ 0.013 156 
[Fe(Cp)2]+/0 0.27 156 
[Fe(Cp)2]*'° 0.14 157 
[Co(Cp)2]+/0 0.78 156 
[Co(Cp)2]+/0 0.74 157 
[Ni(Cp)2]^ 0.65 156 
[Ru(Cp)2]+'*1 0.25 156 
[Cr(CO)6]+/0 0.15 156 

2.9 STEREOSELECTIVITY IN ELECTRON TRANSFER 

A key question which arises in any discussion of outer-sphere electron transfer 
reactions is the relative proximity and orientation of the reactants during the time 
at which the electron is transferred. It has been implied from earlier discussions that 
the reactants are in intimate contact and that relative orientation is of little conse¬ 
quence but as yet no hard evidence for these points has been introduced. Attempts 
have been made to answer these questions by examining whether an optically active 
oxidant A-[Aox] reacts at different rates with the A-[Bred] and A-[Bred] forms of a 
reductant (eqs (2.62) and (2.63)). It is thought that detection of significant stereo 
selectivity in the reaction indicates that the reactants are in intimate contact and 
from analysis of steric and electronic effects, orientation information might be 
obtained [158]. 
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(2.62) 

A-[Aox] + A-[Bred] —> A -[Ared] + A-[Box] (2.63) 

The detection of stereoselectivity is not trivial and has provided a significant 
challenge. Some of the problems which arise can be seen in studies carried out on 
the reaction between A-[Co(phen)3]3+ as a chiral oxidant and rac-[Cr(phen)3]2+ as a 
racemic reductant [159], In this instance, the oxidant can be resolved but the reductant 
is too labile for resolution and, consequently, direct measurement of differences in 
the rates cannot be attempted. However, if there are differences in the rates for A- 
and A-[Cr(phen)3]2+, the substitution inert kinetic product, [Cr(phen)3]3+, might be 
expected to be optically active. In addition, if the" chiral induction is small, product 
analysis is inherently more sensitive than kinetic methods because the errors on rate 
constants tend to be rather large [160]. 

Reaction of an equimolar mixture of A-[Co(phen)3]3+ and rac-[Cr(phen)3]2+ does 
not lead to chiral induction in the [Cr(phen)3]3+ product [161]. The rate of the 
electron transfer reaction is very fast, 2 x 108 M_1 s-1 (eq. (2.64)) [162], whereas 
racemization of [Cr(phen)3]2+ (eq. (2.65)), is quite slow, 0.12 s_1 [163], so that equal 
amounts of both A- and A-[Cr(phen)3]3+ are produced. In other words for detection 
of optical activity in the kinetic product, the racemic reagent must remain a racemic 
mixture throughout the course of the reaction. The experiment can be changed to 
accommodate this requirement by using a large excess of rac-[Cr(phen)3]2+ over the 
oxidant so that any change in the concentrations of A- or A-[Cr(phen)3]2+ will be 
negligible. Unfortunately, under these conditions, racemization of optically active 
[Cr(phen)3]3+ will take place by the rapid self-exchange reaction (eq. (2.66)), which 
has a rate constant of 1 x 109 M_1 s_1 [164], 

A-[Co(phen)3]3+ + rac-[Cr(phen)3]2+ —> A-[Co(phen)3]2+ + 

+ (rac-[Cr(phen)3]3+ (2.64) 

A-[Cr(phen)3]2+ ^ A-[Cr(phen)3]2+ (2.65) 

A-[Cr(phen)3]3+ + rac-[Cr(phen)3]2+ — A-[Cr(phen)3]2+ 

+ rac-[Cr(phen)3]3+ (2.66) 

[Cr(phen)3]2+ is a poor probe for the detection of electron transfer stereoselectivity. 
Since it is important that the racemic reagent be labile and that the kinetic product 
should have a low self-exchange rate with the racemic form, reagents such as 
[Co(edta)]2-/_ and [Co(en)3]3+/2+ are ideal for this purpose and have been used 
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extensively as stereoselectivity probes [158]. A number of results of these studies 
are listed in Table 2.14. The results are quoted as the enantiomeric excess of the 
dominant isomer in the product. In general, the stereoselectivity is small and would 
be difficult to detect by kinetic methods, amounting to 10-20% difference in rate 
constants. A 10% AA enantiomeric excess corresponds to kAA/kAA = 55/45 or 1.22. 
Nevertheless kinetic determinations have been made in suitable instances, and where 
comparisons are possible, they show good agreement with the results of product 
analysis [165]. Although small, the stereoselectivity is significant and it can be 
concluded that the reactants are in intimate contact during the reaction. In addition, 
the stereoselectivity is very sensitive to the structure of the reactants. 

Table 2.14. Stereoselectivity in outer-sphere electron transfer reactions at 

25 °C 

Reaction 
(M) 

k 
(M-1 s'1) 

Stereoselectivity Ref. 
(% ee) 

[Co(edta)]' + [Co(en)3]2+ 1.0 5.3 9% AA 160 
[Co(edta)]' + [Co(sep)]2+ 0.1 6 x 104 17% AA 166 
[Co(edta)r + [Co((±)-chxn)3-lel3]2+ 

[Co(ox)3r + [Co(en)3]f 
0.1 
0.1 3.9 x 102 

24% AA 
8% AA 

166 
167 

[Co(ox)3f + [Co(sep)]2+ 0.1 21% AA 167 
[Co(ox)3]3 + [Co((±)-chxn)3-lel3]2+ 0.1 38% AA 167 
[Co(ox)3r + [Co(phen)3]2+ 0.017 15.8 24% AA 28 
[Co(phen)3V,+ + [Co(4,7-Me2phen)3f+ 0.1 2xl03 15% AA 55 
[Ru(bpy)3f + [Co(edta)]' <1% AA 160 
[Co(edta)]' + [*Ru(bpy)3]2+ 7% AA 168 

Information on the interactions comes from comparisons of stereoselectivity in 
the electron transfer reactions with stereoselectivity in ion-pair formation between 
analogues for the reactants. These ion pairs model the interactions which are expected 
in the formation of the electron transfer precursor complex. For example, the ion 
pair formed between [Rh(ox)3]3_ and [Ru(phen)3]2+ serves as a model for the 
precursor complex in the reaction between [Co(ox)3]3~ and [Co(phen)3]2+ (eq. (2.67)) 
[28]. Conductivity studies reveal that KosAA = 206 M~‘ while KosAA = 195 M_1, 
giving chiral recognition KAA/KAA = 1.05, smaller but with the same preference as 
the chiral induction in the electron transfer process where £Aa/^aa = 1.7. NMR 
investigations have been used to provide structural information on the ion-pairs and 
it is proposed that there is a dominant interaction along the C3 axes of the complexes 
(Fig. 2.7). 

Kos ket 

[Co(ox)3]3-+ [Co(phen)3]2+ — {[Co(ox)3]3-, [Co(phen)3]2+} 

[Co(ox)2]2- + [Co(phen)3]2+ + ox2- (2.67) 

Stereoselectivity has also been detected in reactions between like-charged reagents 
where no strong ion-pairing interaction is to be expected. The evidence is strong 
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that the reagents come into intimate contact and the implication is that orientation 
plays a significant role in electron transfer. 

Fig. 2.7. Proposed orientation derived from nmr and other studies for the precursor in the 

reaction between [Co(ox)3]3“ (shaded) and [Co(phen)3]2+, [28], 

2.10 THEORETICAL DETAILS 

The remarkable success of Marcus Theory focuses attention on the self-exchange 
rates as characteristic quantities which express the dynamics of electron transfer, 
independent of driving force. There are some exceptions to this success, particularly 
among the metal aqua ions, but there does not seem to be any pronounced dependence 
on the electronic stucture of the metal ions or on the nature of the ligands. As 
indicated previously, adherence to the Marcus relationship for a reagent requires that 
the activation processes involved in electron transfer are independent of reaction 
partner. It does not necessarily imply that all the reactions are adiabatic, merely that 
the degree of adiabaticity is the same for the cross-reactions as it is for the self-ex¬ 
change reaction. However, in itself this behavior argues strongly for adiabatic char- 
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acter since it unlikely that all cross-reactions examined will have a consistent degree 
of non-adiabaticity. In order to explore this argument and to rationalize the range 
of self-exchange rates in Tables 2.7 and 2.9, it is necessary to examine the electron 
transfer process in greater detail. 

Within the series in Tables 2.7 and 2.9 there is a considerable variation in the 
self-exchange rates covering almost 20 orders of magnitude, and this variation shows 
some trends with the electronic structures of the reactants. Some understanding of 
the molecular basis for these trends is possible within the framework of classical 
dynamics with minor additions from quantum theory [4], This semi-classical ap¬ 
proach is by no means the only way to examine the trends which are observed and 
other detailed statistical and quantum mechanical treatments are. now available [169— 
171], However, at present their application is more limited and the simpler treatment 
has the distinct advantage that it works relatively well for reactions at ambient 
temperatures. At lower temperatures, quantum mechanical effects such as tunneling 
are much more important. 

Consider the model for electron transfer presented in eqs (2.68) and (2.69) where 
there is initial formation of a precursor complex followed by the electron transfer. 
The rate constant for the reaction can be written as in eq. (2.70). In this expression, 
k0 is the diffusion rate constant and ket is the rate constant for electron transfer 
within the precursor given by eq. (2.71), where \)eff is the effective nuclear frequency, 
Kel the electronic factor, and AG* is the activation barrier. For completeness, another 
factor T, a tunneling factor, is added to the pre-exponential term. As noted in section 
1.11, the tunneling factor originates from a quantum mechanical effect in which the 
reactants proceed to products by tunneling through the activation barrier for the 
reaction with less energy than it takes to go over the barrier. In most instances, at 
ambient temperatures, it is close to unity but for reactions with large barriers, it can 
become important. The various factors affecting the rate will now be examined in 
some detail. It must be remembered that the precursor assembly comprises of a 
variety of different structures at different distances and orientations and that each 
configuration will have its own value for the quantities t>efT, Kel, V, and AG*. However, 
for simplicity, a single ‘averaged’ configuration will be considered and quantities 
related to this will be evaluated. 

k0 

[Aox] + [Ared] — {[Ared],[Aox]} (2.68) 

to 

{[Ared],[Aox]} -> [Ared] + [Aox] (2.69) 

k = KkJ(k-0 + ket) (2.70) 

ket = v)eff Kel r expi-AGVRT) (2.71) 
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2.11 THE ACTIVATION BARRIER AG* 

Far from the diffusion limit, the activation barrier for the self-exchange process 
within the precursor assembly, AG* is given by A/4, and reflects the changes in the 
reactants and the solvent which are necessary to attain the compromise geometry of 
the transition state, Fig. 2.8. It is essential to separate A into a component Am, derived 
from the reorganization of the bond lengths and angles within the precursor complex 
assembly, and a component, Aout, reflecting the rearrangement of solvent as the 
charge is transferred (eq. (2.72)). 

Fig. 2.8. Changes in the inner-coordination sphere, A,a, indicated by the different sizes of the 

reagents, and the outer-coordination sphere, 70Ut, indicated by the reorientation of the solvent, 

which are necessary to attain the compromise geometry of the transition state. 

Contributions to the inner-sphere term, A^,, arise from the reorganization of the 
complexes to overcome the Frank-Condon barriers associated with the differences 
in equilibrium bond lengths for the oxidized and reduced forms. For efficient electron 
transfer, the activated complex has an intermediate geometry and the activation 
energy can be approximated as a simple harmonic potential (eq. (2.73)), where 
/red and fi* are force constants for the ith vibrations of the reduced and oxidized 
species, dTed and dox are the equilibrium bond distances for the species and dx is the 
bond distance appropriate for the transition state in the reaction. There will also be 
contributions from angle deformations but these generally are less energetically 
important. 

Ajj, = 1/2 I>ed (d red - dx)j + 1/2 (d ox - dx)} (2.73) 

The major changes in structure are generally found in the metal-ligand bond length 
and metal-ligand bond stretches vary with oxidation state. For example, the Co—N 
stretch in [Co(NH3]6]2+ is 357 cm-1 and for [Co(NH3)6]3+ it is 494 cm-1 and the 
force constants can be estimated from normal coordinate analysis. 

A significant problem with the application of eq. (2.73) is that the geometry of 
the transition state must be known to partition the bond length change between the 
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two oxidation states. This can be overcome by using the approximation (eq. (2.74)), 
where f is a reduced force constant (2 JTd /ox/(/red +/°x)) for the z'th inner-sphere 
vibration of each reactant complex and (dred - dox)t is the corresponding difference 
in equilibrium bond length for the two oxidation states. Some representative 
estimates for reduced force constants are 170 N m_l ([Co(NH3)6]3+/2+), 220 N m 1 
([Ru(NH3)6]3+^+), 200 N m"1 ([Fe(H20)6]3+/2+), 100 N m_1 ([Co([9]aneS3)2]3+^+)- 

Xin=l/2Jjf(dred-dox)J (2.74) 

Although the magnitude of the inner-sphere component is dependent on all structural 
changes between the two oxidation states, the largest change is generally recorded 
in the metal-ligand bond lengths and this is generally the sole structural change 
which is considered. More sophisticated methods using molecular mechanics to 
examine all the important bond length and bond angle deformations have also been 
reported but the method is not in general use [172]. Additionally, experimental 
measurement of Xin can be made from photoemission experiments [173, 174], 

In Table 2.15, the metal-ligand bond length changes for a number of complexes 
are listed. Some of these have been obtained from x-ray structures of the oxidized 
and reduced complexes in the solid state; others have been obtained from 
EXAFS [175, 176] data directly on species in solution. In instances where both 
types of measurements have been carried out, there is good agreement between the 
methods. 

Table 2.15. Correlation of bond-length changes with electron transfer rate 
constants 

Reaction Ad0 
(A) 

k&A 

(M'1 s"1) 
Ref. 

[Fe(H20)6]3+'2+ 0.13 1.1 44 
[Co(OH2)6]3+/2+ 0.21 5 44 
[Cr(OH2)6]M+ 0.20 <1.9 x 10"5 44 
[V(OH,)2]m+ 0.13 1 x 10~2 177, 178 
[Ru(OH2)6]3+/2+ 0.09 20 179, 180 
[Co(en)3]3+/2+ 0.21 7.7 x 10‘5 72 
[Ru(en)j]M* =0.05 3.1 x 104 90 
[Co(NH3)6]3+/2+ 0.22 2 x 10“8 75 
[Ru(NH3)6]3+/2+ 0.04 6.6 x 103 91 
[Co(sep)]3+/2+ 0.17 5.1 56 
[ Co([9] aneN 3 )2]3+/2+ 0.18 0.19 181 
[Ni([9]aneN3)2]3«* 0.09 1.2 x 104 182, 183 
[Fe([9]aneN3)2]3+/2+ 0.04 4.6 x 103 184-186 
[Co([9]aneS3)2]3+/3+ 0.07 1.3x 104 

(continues) 
80,81 
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Table 2.15 (continued) 

Reaction Ad0 
(A) 

hi 
(M"1 s"1) 

Ref. 

[Mn(sar)]3+/2+ 0.11 39 63 
[Fe(sar)]3+/2+ 0.04 7 x 105 63 
[Ni(sar)]3+/2+ 0.09 4 x 103 63 
[Ru(sar)]3+/2+ 0.01 6 x 105 78 
[Co(sar)]3+/2+ 0.19 2.1 54 
[Co(phen)3]3+/2+ 0.19 12 55 
[Co(bpy)3]3+/2+ 0.19 5.7 28 
[Co(bpy)3]2+/+ -0.02 5.7 187 
[Ru(bpy)3]3+/2+ 0.00 4 x 108 188 
[Fe(phen)3]3+/2+ 0.00 1.3 x 107 68 
[Fe(bpy)3]3+/2+ 0.00 3 x 108 189 
[Cr(bpy),)3+/3+ 0.10 1 x 109 190 
[Ni(bpy)3]3+/2+ 0 12 ' r.5 x 103 191-193 
[Co(terpy)2]3+/2+ 0.13 4 x 102 44 
[Fe(CN)6]3_/4“ 0.03 2 x 104 70 
[Ru(CN)6]w4“ 0.04 8.3 x 103 20 

Data for several series of compounds where structural data are available for both 
oxidized and reduced forms are listed. For each type of structurally similar complexes 
such as [M(bpy)3]3+/2+ or [M(sar)]3+/2+, the data show a good correlation between 
the magnitude of the self-exchange rate and the structural rearrangement involved. 
Particular attention should be focused on the series of ruthenium complexes with 
amine donor atoms. In this series the Ru—N bond distance varies little between the 
oxidized and reduced forms and consistently the rates are faster than for structurally 
similar complexes with other metal ions. For this series, the approximation can be 
made that = 0 and hence that the rate of the electron transfer process will be 
largely dependent on K(yut. 

For structurally similar complexes, some idea of the applicability of eq. (2.74) 
can be obtained. For example, the rate constant for the [M(sar)]3+/2+ self-exchange 
can be written as eq. (2.75) and approximated as eq. (2.76) provided the 
pre-exponential factors are substantially constant for this series of complexes. 
Plots of (KJART) obtained from eq. (2.76) against (<fcd - d°x)2 for several series are 
shown in Fig. 2.9, and there is a plausible correlation despite the crudity of the 

model. 

In War)] = In^oUeffTKe!) - (KJART) - (KJART) (2.75) 

In &[M(Sar)] = In £[RU(sar)] - (KJART) (2.76) 
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Fig. 2.9. Plot of (X^RT) obtained from eq. (2.76) against (dred - dox)2 for 

[M([9]aneN3)2]3+/2+ and [M(sar)]3+/2+, open circles; and[M(phen)3]3+/2+ and [M(bpy)3]3+/2+, 

closed circles. The correlations are not particularly well defined. Differences in slope for the 

two sets of compounds indicate differences in the force constants associated with the 

distortions. 

For the [M(bpy)3]3+/2+and [M(sar)]3+/2+series, there are excellent correlations re¬ 
vealing no dependence on the different metal ion electronic structures involved and 
although the force constants vary within each series, this does not appear to be of 
great importance. However, for the [M(H20)6]3+/2+series, the correlation is much 
poorer. 

The self-exchange rates for reactions of ruthenium amine complexes where hm is 
small show a trend, decreasing with decreasing ligand bulk. In part, this might be 
ascribed to the electrostatic repulsion between the ions in the formation of the 
precursor complex but correction for this in a plot of log(k/K0) against 1 la (Fig. 
2.10), where a is the radius of the complex, shows that the general trend is maintained. 
The complexes considered have the same charges in the oxidized and reduced forms 
and hence the interaction with solvent will be dependent on a~x. As with inner-sphere 
reorganization, the outer coordination sphere composed principally of solvent dipoles 
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must also rearrange prior to the electron transfer process. A value for the outer-sphere 
term, A.^,, can be estimated from a classical electrostatic treatment for the movement 
of charge in a medium of continuous dielectric constant and is given by eq. (2.77). 

XOUI = (Ae)2 (l/2aA + l/2uB - \/r){MDop - \/Ds (2.77) 

a 

Fig. 2.10. Plot of \og(kJK0) against 1 /a for ruthenium amine complexes; (1) [Ru(bpy)3]3+/2+, 

(2) [Ru(phen)3]3+/2+, (3) [Ru(NH3)2(bpy)2]3+/2+, (4) [Ru(sar)]3+/2+, (5) [Ru(NH3)4(bpy)]3+/2+) 

(6) [Ru(en)3]3+/2+, (7) [Ru([9]aneN3)2]3+/2+, (8) [Ru(NH3)5py]3+/2+, (9) 

[RufNH3)5('isonic)]3+/2+, (10) [Ru(NH3)6]3"/2+, from Refs [57] and [93]. 

In this expression, the properties of the solvent are rather crudely represented by 
(1/A* - l/Ds) where Ds is the static dielectric constant, and Dop is the optical 
dielectric constant equal to the square of the refractive index. The term (l/Dop - 1 /Ds) 
takes account of the slower frequency response of solvent orientation and vibration 
to instantaneous movement of charge, reflected in Ds, and the much faster response 
of the solvent electronic polarization, reflected in Dop. The expression eq. (2.77) is 
valid for moderately well separated ions where r > (aA + aB)/2. However, the com¬ 
monly held view of electron transfer involves intimate contact between the reactants. 
Modification of eq. (2.77) to account for close contact leads to considerable com¬ 
plications [194] and, in practice, the simplicity of eq. (2.77) leads to its widespread 
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application. Despite these limitations, eq. (2.77) has the same functional dependence 
on the radius of the ions as is observed in the experimental data. 

A key test of the expression for Xout is the prediction of the solvent dependence 
of the self-exchange rate. A plot of log£AA against (1 /Dop - \/Ds) for the self-exchange 
rate of [Cr(C6H6)2]+A) in different solvents is shown in Fig. 2.11. The slope gives a 
value of 6.4 A for the radius, aA, of the complex, when aA =aB and r-2aA [195, 
196]. Unfortunately for a number of bimolecular systems, correlation of the rate 
with (l/Z)op- 1IDS) is poor even when the effects of precursor formation are taken 
into account. In some instances the correlation is in the opposite sense from that 
predicted [141]. Other approaches have been attempted. Part of the problem appears 
to be that specific interactions between the solvent and solute are not taken into 
account properly [197-199]. There has been an attempt to replace the expression 
with an empirical fit to the Taft parameters. These take account of the acidity, basicity 
and polarizability of the solvent [200], but the correlations are empirical and have 
little predictive value at present. Despite this failure of theory to predict the rate 
dependencies on solvent accurately, there is sufficient evidence to merit continued 
use of eq. (2.77). 

Fig. 2.11. Plot of log kf^ against (l/£>op - 1/DS) for the slef-exchange of [Cr(C6H6)2]+/0 in a 

number of different solvents, from Ref. [196], 
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2.12 ACTIVATION PARAMETERS AND ISOTOPE EFFECTS 

At this point some consideration can be given to the computation of values for 
activation parameters. There is no well-defined prescription for the prediction of 
AH1 and AS1 for outer-sphere electron transfer [3]. It must be recalled that the rates 
for self-exchange reactions are generally first-order in both reactants so that the 
activation parameters are composite and reflect both precursor association and the 
electron transfer within the assembly (eqs (2.78) and (2.79)). 

AHt = AHZs+Ati$t (2.78) 

A& = AS°os + ASl (2.79) 

Qualitatively, it has been pointed out that for reactions between ions of similar 
charge, AH°s and AS°s are expected to be small and negative for formation of the 
assembly due to an increase in electrostricted water. For the electron transfer within 
the assembly, the activation process involves bond stretching and solvent rearrange¬ 
ment so that AH& should be positive and directly related to the Frank-Condon barrier, 
depending on the magnitude of the structural rearrangement involved. It is expected 
that AS| should be negative because the transition state has a higher charge and 
therefore is significantly more ordered than the reactants. Thus overall, AHx should 
be small and positive while AS1 is negative and this is borne out by experiments. 

The volume of activation, AV\ can be calculated from eq. (2.80) [31, 201, 202], 
where A F*ol measures the coulombic interaction on formation of the transition state, 
apL, is the contribution from solvent reorganization, AF^ is the contribution from 
changes in the metal-ligand bonds and AF^ is a Debye-Hiickel term dealing with 
changes in activity as a result of interactions with other ions in solution. 

A Vx = A Ffol + A FL + A Vl + A F^ (2.80) 

The relative contributions from the various terms are collected in Table 2.16 for a 
number of reactions in aqueous solution where AF* measurements have been made 

experimentally. 

Table 2.16. Calculated and experimental values for A F* (cm3 mol ‘) 

A>1, AF* 
r in A*1„ A^t Ref. 

[Fe(H20)6]3+/2+ -7.1 -5.7 +0.5 +3.8 -8.5 -11.0 66 

[Co(en)3]3W -8.1 -6.6 +0.6 +4.4 -9.5 -20.0 73 

[Co(sep)3]3+/2+ -6.1 -4.9 +0.6 +3.8 -6.6 -6.4 76 

aRef. [31], *65 °C. 

The agreement is mixed. A F*, is generally a minor term and the activation volumes 
are dominated by solvation terms, particularly A Fj)Ut. A significant disagreement 
between AFlxpt and AF*ak suggests that the reactions are not determined solely by 
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Frank-Condon effects and hence that contributions from the electronic factor may 
be important [203]. 

Hydrogen/deuterium isotope effects have been examined for a number of outer- 
sphere electron transfer reactions including the [Fe(H20)6]3+/2+ exchange [204] and 
the reduction of [Co(NH3)6]3+ by [Cr(bpy)3]2+ [164]. It is concluded that the effect 
is small, consistent with a dominant role for metal-ligand bond stretching in the 
activation process. Calculation of the isotope effects at ambient temperatures provides 
good agreement [205, 206]. 

2.13 THE PRE-EXPONENTIAL FACTORS 

Up to this point no account has been taken of the pre-exponential factors in eq. 
(2.71), and indeed from a practical point of view these factors are revealed in 
deviations from the simple model for dealing with Xm and Xout. The effective nuclear 
frequency, ueff, is the frequency with which the activated complex breaks down to 
give products. It is generally in the range 1012 s-1 to 1014 s-1 [4], Where X^ is large, 
internal rearrangements will dominate the activation process and the effective nuclear 
frequency will correspond to some combination of internal breathing modes of the 
complexes, typically around 400 cm-1 for a M—N bond stretch, corresponding to 
oeff — 1013 s_1. Where internal rearrangements are less important, reorientation of 
solvent dipoles will dominate the energetics of the process. The relative contributions 
are weighted according to eq. (2.81). 

(2.81) 

Sutin has developed a useful model for examining the effective frequency for barrier 
crossing [46], The molecular motions are separated into a low frequency (approxi¬ 
mately 10'2 s"1) component from the solvent, and a high frequency intramolecular 
component from the reactants (Fig. 2.12). As the reactants proceed to products along 
the dotted line corresponding to the pathway of steepest descent from the activated 
complex, the low frequency mode is relatively more important in the initial stages 
of the reaction, whereas close to the transition state the high frequency mode is 
more important. 

In instances where the activation energies are modest, solvent dynamics can play 
an important role in determining the barrier crossing frequency [207-209], The 
solvent mode is inversely related to the longitudinal solvent relaxation time, tL, as 
shown in eq. (2.82). 

(2.82) 
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For water, tL! - 1.9 x 1012 s ', but this is reduced considerably in less polar media, 
and the effects of solvent dynamics have now been investigated extensively for 
[Fe(Cp)2]+4) and [Co(Cp)2]+/0 [145, 210, 211]. 

Solvent configuration 

Fig. 2.12. Separation of molecular motions into a low-frequency component from the solvent 

and a high-frequency intramolecular component from thereactants. The dotted pathway gives 

the lowest energy route from the precursor potential energy well to the successor potential 

energy well, from Sutin, N.; Brunschwig, B.S.; Creutz, C.; Winkler J.R. Pure Appl. Chem. 

1988, 60, 1819 with permission. 

The electronic factor, Kel, has has no amenable classical approximation and deter¬ 
mination of this parameter requires measurement or calculation by quantum 
mechanical treatment. However, as a starting point for the discussion of the electronic 
factor or electronic transmission coefficient, the metal complex reactants can be 
considered as hard spheres which come into contact in the precursor ion pair with 
sufficient orbital overlap to allow electron transfer with unit probability (kc1 = 1). 
This is the adiabatic limit where the electron travels smoothly from the reactant 
surface to the product surface, (Fig. 2.13), and represents a limiting form of the 
Landau-Zener expression (eq. (2.83)), where the electronic frequency, \ieI, is much 
greater than the effective nuclear frequency, vefr. 

2(1 - exp(-\>ei/2\)eff)) 

2 - exp(-\)el/2\)efr) 
(2.83) 

The electronic frequency is related to the extent of the overlap between donor and 
acceptor orbitals (eq. (2.84)), and can be estimated by calculation of the electronic 
matrix coupling element HAB = <vj/A|//|v|/B> where \|/A and v|/B are the wavefunctions 
for the donor and acceptor orbitals respectively. 

2 H\ AB 

-4-} (Aout + ^in)^ J 
3>el = h 

(2.84) 
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Fig. 2.13. Reaction coordinate diagram for a self-exchange reaction in the adiabatic limit where 

coupling between the precursor surface P and the successor surface S is weak. AGaa = 0 and 

&gaJc ^aa/4. 

The magnitude of the coupling has a strong dependence on the relative orientations 
of the complexes, as can be readily appreciated from consideration of Fig. 2.14. 
Results of such calculations and of estimates using alternative methods are available 
for a few systems (Table 2.17). Details of spectroscopically derived coupling con¬ 
stants are presented in section 4.2. 

Also presented in Table 2.17 are values for the nuclear tunneling factors, T, 
estimated from eq. (2.85) [5]. Tunneling is appreciable at ambient temperatures only 
where the barrier heights are large. Interestingly, there is a compensation between 
the reduction of the electronic transmission coefficient and the tunneling factor which 
makes experimental evidence for this latter parameter hard to obtain. 
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apex-apex 

Fig. 2.14. The effects of reactant orientation on orbital overlap. Two orientations for an 

octahedral metal complex are illustrated. In the edge-edge orientation, the edges of the 

octahedra come in contract. While n-o* changes are forbidden, k-k changes are favored over 

a*-a* changes. In the apexapex orientation, the apices of the octahdra come in contact. Again 

rt-a* changes are forbidden, but this time a*-o* changes are favored over k-k changes. Other 

mutual orientations will favor o*-k. 

Table 2.17. Values for transmission coefficients and tunneling constants 

for metal ion self-exchange reactions at 25 °C 

Reaction Ad (A) r K Ref. 

[Fe(H20)6]3+/2+ 0.14 3.2 1 x 10"2 44 

[Ru(H20)6]3+/2+ 0.01 1.5 179 

[Ru(NHj)6]m* 0.04 1.0 1.0 44 

[Co(NH3)6]3+*+ 0.22 7.0 1 x 10“4 44 

[Ru(bpy)j]M+ 0.00 1.0 1.0 44 

[Co(bpy)3]3+/2+ 0.19 5.0 1 x 10"3 44 
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With this framework one can begin to understand features of the self-exchange 
rates for metal ion complexes and to approach the manifestation of electronic and 
structural effects on electron transfer rates from an experimental point of view. 

2.14 ELECTRONIC AND STRUCTURAL EFFECTS 

The available structural and self-exchange rate data for ruthenium amine complexes 
indicate that internal rearrangement during the electron transfer process is minimal 
and hence Xm = 0. These complexes therefore provide an important benchmark for 
comparisons with other metal ion species. The self-exchange rates span a considerable 
range from 103 M_1 s-1 for [Ru(NH3)6]3+/2+ to 109 M-1s-1, close to the diffusion- 
controlled limit, for [Ru(bpy)3]3+/2+, and there is a good correlation with the size of 
the reagent which suggests that Xout dominates the reaction energetics. The reactions 
are generally considered to be adiabatic with Kel * 1.0 and the small structural 
rearrangement involved means that tunneling is unimportant. There is no evidence 
that increasing the bulk of the ligands decreases the probability for electron transfer, 
even though the donor and acceptor orbitals are predominantly metal-centered. This 
raises the point that direct overlap between metal-centered orbitals is not essential 
for adiabatic electron transfer. Suitable overlap may be maintained by delocalization 
over ligand orbitals, especially the n orbitals of oligopyridine ring systems. However, 
there is some evidence that extensive modification of the ligand periphery with 
insulating substituents can lead to a decrease in Kel [212]. 

[Co(NH3)6]3+ (low spin d6) [Co(NH3)6]2 + (high spin d7) 

J_ J_ a* _ _ 
i-' 2L 1 1L „ iL ll h 

i ir if if if TT 

[Co(NH3)6]2 f (high spin d7) [Co(NH3)6]3+ (low spin d6 

Fig. 2.15. Schematic diagram of the d orbitals of [Co(NH)3)6]3+/2+ showing the multiple 

electronic changes required in the self-exchange process. 
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In contrast to the behavior of the ruthenium(III)/(II) reagents, the corresponding 
cobalt(III)/(II) reagents present a more complex problem. The self-exchange rate for 
[Co(NH3)6]3+/2+ (kAA = 2x10 7 M_1 s-1 at 25.0°C) [74] is ten orders of magnitude 
slower than that for [Ru(NH3)6]3+/2+ and has provided one of the most studied 
problems in electron transfer chemistry. At the root of the problem is the fact that 
electron transfer from high-spin cobalt(II) 4T (n5o*2) to low-spin cobalt(III) *A (a*6) 
is spin-forbidden (Fig. 2.15). In fact this is a misnomer, the forbiddenness derives 
from the fact that electron transfer involves movement of three electrons [213, 214], 
The major mechanisms whereby this process can become allowed involve either 
thermal population or spin-orbit coupling with the 2E (tc6o*') excited state of 
cobalt(II). Computation shows that the 2E state requires a significantly shorter Co—N 
bond length (2.09 A) than 4T (2.19 A). The excited state may be thermally populated 
as the bond contracts while the reagent approaches the geometry appropriate for the 
transition state for the reaction (2.14 A). This provides a facile mechanism for 
electron transfer [215], This explanation is unlikely since the 2E lies too high in 
energy above the ground state for the two state surfaces to cross [216], The alternative 
mechanism involves quantum mechanical mixing of the 2E excited state with the 
ground state by spin-orbit coupling, and this provides a pathway of slightly lower 
energy [217-219], The calculations reveal that the reaction is mildly non-adiabatic 
with Kel = 10-4 and that the coupling between the donor and acceptor orbitals shows 
a strong dependence on orientation. Apex-apex alignment of the reactants which 
gives overlap between the donor a* and acceptor o* orbitals is strongly preferred 
[220], 

Although the spin-state change presents little intrinsic barrier to the electron 
transfer process, changes in spin state have important structural consequences. The 
structural differences between [Co(NH3)6]3+ and [Co(NH3)6]2+ are much larger than 
those in the corresponding ruthenium complex. Hence Xhl is much larger and is the 
dominant factor in determining the activation barrier. It has also been pointed out 
that large structural changes, with the attendant changes in vibrational frequencies, 
result in substantial changes in vibrational entropy which contribute to AS* [221], 

It must be emphasized that there is little experimental evidence for non-adiabaticity 
in reactions involving [Co(NH3)6]3+/2+ [75], In part this is the result of the compen¬ 
sating increase in tunneling which results from the substantial structural barrier. A 
series of interesting observations by Endicott and coworkers on the outer-sphere 
reduction of a series of cobalt(III) complexes by [Co(sep)]2+ and [Ru(NH3)6]2+ 
provides some of the most convincing evidence for non-adiabaticity in reactions of 
cobalt(III) complexes [222-224], The reactions must necessarily be outer-sphere and 
a constant ratio for the rates ksep/km is expected (section 2.6). However, the experi¬ 
mental data reveal that this ratio varies over a wide range (Table 2.18), and the 
result has been interpreted to indicate that there is a change in the electronic coupling 
between the donor and acceptor orbitals. Reductions by [Ru(NH3)6]2+ are adiabatic 
but those by [Co(sep)]2+ are not. The ratio, ksc?/km, expected for adiabatic reaction 
by both reductants is around 40 and so the retardation factor which 
approximates to Kel for the series can be estimated. The trend is explained by an 
increase in intermolecular ligand-metal charge transfer between the reductant and 
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the ligands coordinated to cobalt(III) along the series (NH2C6Hn) > (NH2C6H5) 
(NH2C6H4N02). This ligand-metal charge transfer lowers the energy of an electron 
transfer pathway involving spin-orbit coupling with a triplet excited state of the 

precursor complex. 

Table 2.18. Rates of reduction of cobalt(III) complexes by [Ru(NH3)6]2+ 

and [Co(sep)]2+ at 25.0 °C, p = 0.20 M 

Oxidant Jr ^sep 
(M-1 s-1) 

Km 
(M-1 s"1) 

^sep K 

[Co(en)2(NH2C6Hn)Cl]2+ 0.82 45 0.018 0.00045 
[Co(en)2(NH2C6H5)Cl]2+ 3.3 56 0.06 0.0015 
[Co(en)2(NH2C6H4N02)Cl]2+ 92 81 1.1 0.025 
[Co(NH3)5(NH2QH,,)]w 0.14 0.07 2 0.05 
[CoOtH3)s(NH2C6Hs)]5* 0.60 0.11 5.5 0.14 
[Co(NH3)5(NH2C6H4N02)]3+ 2.1 0.14 15 0.4 
[Co(NH3),]3+ 0.15 0.006 25 0.6 

Similar observations have been made [225-227] in comparisons of the reductions 
of [Co(phen)3]3+ with [Ru(NH3)6]2+ and [Co(sep)]2+ where outer-sphere ion pair 
formation between [Co(phen)3]3+ and reducing anions enhances the coupling between 
donor and acceptor, a superexchange mechanism, and results in an increase in rate 
[228]. The effect is most obvious in the significantly non-adiabatic reaction between 
the two cobalt complexes. Specific anion effects have been noted in other reactions 
involving [Co(phen)3]3+/2+ [15]. 

Within the group of cobalt complexes, there is a considerable variation in self¬ 
exchange rate. Particular attention is drawn to the difference in self-exchange rate 
between [Co(en)3]3+/2+, (7.7 x 1(T5 M-1 s-1) and [Co(sep)]3+/2+, (5 M-1 s-1). Both 
complexes involve similar low-spin-high-spin changes. Molecular mechanics calcu¬ 
lations reveal [214, 229] that the preferred Co—N bond length by the rigid cage 
structure, 2.10 A, lies intermediate between the values for the Cora—N (1.99 A) 
and Co11—N (2.16 A) bonds and the relief of strain in attaining the activated complex 
lowers the activation barrier to electron transfer [56, 230], This strain within the 
complex is reflected in a smaller change in bond length between the two oxidation 
states, again consistent with a lower barrier to electron transfer in the 
[Co(sep)]3+/2+ complex. 

There are a number of complexes for which the cobalt(II) is in the low-spin 2E 
state and these show larger self-exchange rates. Examples are [Co(terpy)2]3+/2+, 
[Co([9]aneS3)2]3+/2+, and [Co(azacapten)]3+/2+ for which self-exchange rates range 
from 102 M_1 s_l to 105 M“' s~‘. Again, this is reflected in the structural changes 
involved in the electron transfer process (Table 2.15). In Fig. 2.9 a plot of 
{AG* - Aout} against At2 is shown for a range of cobalt complexes, including those 
for which the cobalt(II) state is high-spin and low-spin. The correlation is 
excellent even though the variation in force constants is not taken into consideration 
[80]. 
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Fig. 2.16. Plot of -(AG^a - Xout) against A(dred - d ox)2 for a series of cobalt(III/II) amine 

complexes; (1) [Co(NH3)6]3+*+, (2) [Co(en)3]3+^+, (3) [Co(bpy)3]3+/2+, (4) [Co(bpy)3]2+/+, 

(5) [Co([9]aneN3)2]3+/2+, (6) [Co(phen)3]3+/2+, (7) [Co([9]aneS3)2]3+/2+, (8) [Co(sep)]3+/2+, 

from Ref. [80]. 

Self-exchange rate data for metal ions other than cobalt(III)/(II) and ruthe- 
nium(III)/(II) are insufficient in variety to support much comment. The rates follow 
the structural changes involved in the electron transfer process. It is notable that 
most nickel(III)/(II) self-exchange rates are in the range 103—104 M-1 s~' while those 
for iron(III)/(II) tend to be somewhat higher. 

Balzani and coworkers [129, 231] have proposed a more general method for 
examining deviations from adiabatic behavior in reactions of metal complexes. The 
equation for the cross-electron transfer reaction rate (eq. (2.86)) is recast in general 
steady-state form as eq. (2.87). The electron transfer rate constant, ket, can be 
approximated as eq. (2.88) with i)efr = kT/h, the universal frequency of activation 
rate theory [49] so that eq. (2.87) can be rewritten as eq. (2.89). 

k0 ke t k_0 

[Aox] + [Bred] — {[Aox],[Bred]} — {[Ared],[B0X]} = 

k-o k_e, k0' 

[Ared] + [Box] (2.86) 
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^ab - 

kQ 

k_nk. oA—et 

ko k% t 

(2.87) 

ket = — (KcOab exp(-AG*/Rr) (2.88) 

^AB “ 

1 + + 
K0' 

kT/h(Kcl)AH exp(-AGX/RT) ^o^ab 

(2.89) 

The activation free energy, AG*ab, is approximated as eq. (2.90), though the more 
conventional Marcus expression, eq. (2.24), can also be used. 

AG*ab=AG + 
^AA + ^BB 

8 In 2 
In 1 +exp 

( SAG In 2 ^ 

^AA - ^ BB P 

(2.90) 

In order to use eq. (2.90) in the analysis of reactivity, rate data with a homogeneous 
series of reactants spanning a range of potentials are required. Reagents such as 
[M(bpy)3]3+/2+ and [M(phen)3]3+/2+ where M is Fe, Ru, Cr and Os are ideal since 
the self-exchange rates are very similar, kAA ~ 1 x 109 M_1 s_1, and (k^)^ ~ 1.00. 
The assumption is made that (kc1)ab « V((Kel)AA (Kel)BB), and fits to experimental 
data are used to determine (k^es, the degree of adiabaticity in the self-exchange 
reaction of the reagent under study. Data for reactions of [Ru(NH3)6]3+/2+ show an 
excellent fit with (k^Obb = 1.0 and the reaction with [Fe(H20)6]3+/2+ is mildly non- 
adiabatic with (Kel)BB ~ 10-3 although comparable fits can be obtained with 
(Kei)BB - 1 0 (Fig- 2.17). However, for other reagents notably [Euaq]3+/2+, there is a 
considerable discrepancy with (Kel)BB « 10~7. This approach has been criticized [232] 
as it assumes that the non-adiabaticity arises exclusively from the self-exchange 
process. There is poor agreement between the self-exchange rate calculated from the 
derived parameters and the experimentally determined value. Despite these limita¬ 
tions, the treatment highlights particular redox couples such as those for 
[Euaq]3+/2+ where substantial deviations from adiabaticity can be expected. It must 
be stated that comparisons of experimentally observed and Marcus-calculated rate 
constants give comparable information. 

One of the most important classes of reagents where significant deviations between 
experimentally observed and Marcus-calculated rate constants are found is 
the metal aqua complexes, [M(H20)6]3+/2+. Rates calculated by Marcus Theory are 
consistently larger than those obtained experimentally, particularly at large driving 
forces [1, 98]. This is reflected in comparisons of the experimental self-exchange 
rate data in Table 2.7 and the Marcus-calculated data in Table 2.9, particularly for 
[Fe(H20)6]3+/2+ and [Co(H20)6]3+/2+ where the values differ by 3 and 13 orders of 
magnitude, respectively. There have been several reasons advanced for this discrep¬ 
ancy. One is that the mechanisms for the self-exchange reactions are not exclusively 
outer-sphere but have considerable inner-sphere character [66]. Against this is the 
considerable evidence presented in Chapter 3 that H20 will not function as a bridge 
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in inner-sphere reactions since it is of insufficient basicity. The discrepancies are 
largest for [Co(H20)6]3+/2+, and to a lesser extent [Fe(H20)6]3+/2+ and this observation 
has prompted the proposal that an inner-sphere water-bridged mechanism competes 
only where the metal is strongly oxidizing and the barrier for metal-ligand bond 
homolysis is low [103]. There are alternative explanations. The metal aqua ions will 
be more strongly coupled to solvent water by hydrogen bonding and this may offer 
substantial differences between self-exchange reactions where both reactants are 
strongly hydrogen bonded and cross-reactions where this is absent [199]. Effects of 
hydrogen bonding have been treated by including a specific term for hydrogen 
bonding, XH, in the ^organizational energy (eq. (2.91)) [198]. However, a functional 
form for XH has not been elucidated. Nevertheless, statistical mechanical calculations 
point to some special stability for hydrogen bond-bridged outer-sphere transition 

states [233, 234] 

\ = K + K. + *h <2-91) 

Fig. 2.17. Plot of log second-order rate constant (corrected for differences in encounter 

distance, charge product and ionic strength) against driving force for reaction 

[M(phen)3]3+^+ and [M(bpy)3]3+/2+ with [Ru(NH3)6]2+ closed triangles; [Ru(NH3)6] + open 

triangles; [Fe (H20)6]2+ closed circles; and [Fe (H20>6]3+ open circles. The solid lines represent 

fits to eq. (2.89). 
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If this explanation is correct, outer-sphere cross-reactions between metal aqua 
complexes should show significantly better agreement with the predictions of Marcus 
Theory than cross-reactions with reagents which cannot form hydrogen bonds. Un¬ 
fortunately data for this sort of correlation are rather difficult to obtain since 
base-catalyzed inner-sphere pathways tend to compete and the reactions are subject 
to substantial medium effects. A comparison of some available data is presented in 
Table 2.19, and included in the table are rate constants calculated from the Marcus 
expression’ For [Fe(H20)6]3+/2+ and [Co(H20)6]3+/2+ the self-exchange rates used in 
the calculations are the calculated values of 1 x 10 3 M 1 s 1 and 1 x 10 M 
s"1 respectively. Much poorer agreement results from use of the experimental self¬ 
exchange rates. This would seem to argue against a specific role for hydrogen 
bonding in explaining the specific discrepancy in reactions involving the aqua ions 
and an inner-sphere component in these reactions seems likely. 

Table 2.19. Observed and calculated rate constants for reactions between 

aqua ion complexes at 25.0°C 

It 
(M) 

^expt 

(M-1 s 1) 
^calc 

(M-1 s"1) 
Ref. 

[Co(H20)6]3+ + [Fe(H20)6]2+ 1.0 5.0 x 10 4 235 

[Co(H20)6]3t + [V(H20)6J2+ 3.0 9x 105 2x 106 236 

[Co(H20)6]3+ + [Cr(H20)6]2+ 3.0 1.3 x 104 7x 103 236 

[V(H20)6]3+ + [Cr(H20)6]2+ 3.0 0.20 2 x 10~5 237 

[Fe(H20)6]3+ + [Cr(H20)6]2+ 1.0 5.7 x 102 6.8 x 10 238 
[Fe(H20)6]3+ + [V(H20)6]2+ 1.0 1.8 x 104 3 x 104 235 
[Fe(H20)6]3+ + [Ru(H20)6]2+ 1.0 2.3 x 103 1 x 103 239 
[Ru(H20)6]3* + [V(H20)6]2t 1.0 2.8 x 102 2 x 103 239 

The data in Table 2.19 are presented in Fig. 2.18 along with the experimental and 
Marcus-derived self-exchange rate data for the metal aqua ions. Agreement for both 
sets of data is excellent for rate constants greater than approximately 1 M_1 s~‘. 
Below this value, agreement is poor and it seems probable that other mechanisms, 
most likely inner-sphere, may be operative. Much depends on the position of a 
proton! 

There is one particular well studied redox reagent which shows very poor agree¬ 
ment with the predictions of Marcus Theory and where there is no consistency in 
the evaluated self-exchange rates. This is the [Euaq]3+/2+ system. Only an upper limit 
of 3 x 105 MH s-1 at 40 °C and 2 M ionic strength for the self-exchange rate has 
been experimentally determined [240]. It has been argued that the rate should be 
no lower than that for [Fe(H20)6]3+^+ since both and Xout should be smaller on 
account of the larger size of [Ea,q]'+^+ and that the low value points to non- 
adiabaticity. This is explained by poor overlap between the 4f donor and acceptor 
which are shielded by the 5s and 5p orbitals [241], Values for the self-exchange rate 
evaluated from cross-reaction data range from 10-4 M“' s-1 to 1(T7 M-1 s"1. However, 
a self-exchange rate of approximately 10“5 M"1 s_1 is generally accepted. Similar 
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situations exist for the [Uaq]4+/3+ couple where a self-exchange rate of approximately 

[l244]!ldiYJ-“P[2e4d5][242, ^ [97]’ [U02-,2*'+ ["3]’ 

Fig. 2.18. Plotoflog^Ag)^ against log(TAB)calc calculated from Marcus Theory for reactions 

of a series of metal-aqua ion complexes. Closed circles represent cross-reaction rates, open 

circles represent self-exchange rates. The solid line has a slope of unity. Note that the correlation 

is good for data with kexp > 1 M 1 s’ 'but below this value the experimentally determined rates 

are faster than those calculated fpr outer-sphere mechanisms leading to speculation that 

inner-sphere pathways are operating. 

2.15 ELECTRON TRANSFER INVOLVING LARGE STRUCTURAL CHANGES 

It has been pointed out that in a number of outer-sphere reactions, particularly those 
involving cobalt(III)/(II), the structural changes associated with the change in oxi¬ 
dation state can be substantial. However, in all these cases, the inner-coordination 
sphere remains substantially intact. There are complexes such as [Co(edta)]_/2_ where 
there is a change in coordination as a result of the electron transfer process. The 
ligand is sexidentate in [Co(edta)]", but on reduction one of the carboxylate arms 
is substituted by solvent, [Co(edta)(OH2)]2_ [246], This change in coordination can 
have a profound effect on the energetics of electron transfer [85]. 
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Large structural changes are perhaps most readily examined in complexes with a 
predominantly square-planar geometry which lose or gain H20 in the course of 
oxidation or reduction. There is a considerable amount of data on ligands which 
provide strong square-planar ligand fields in d8 nickel(II) and copper(III) complexes 
with very weakly bound axial ligands. On oxidation of nickel(II) to nickel(III) or 
reduction of copper(III) to copper(II), distorted tetragonal geometries with more 
strongly bound axial ligands are preferred. 

Outer-sphere reactions of the copper(III) peptide complexes are generally well- 
behaved and there is good agreement between self-exchange rates measured directly 
[59] and those derived with the Marcus linear free energy relationship, despite the 
change in axial coordination during the electron transfer process. The self-exchange 
rates are of the order of 104-106 M_1 s-1 [247, 248]. Activation parameters are also 
in good agreement with the predictions of Marcus Theory. 

[249], 

There is one exception [249], In the reduction of the complex [CuH_3G4]~ with 
the anionic copper(I) reagent [Cu(dpsmp)2]3-, (eqs (2.92)-{2.93)), limiting first-order 
behavior is detected (eq. (2.94)), with kx = 18 s_1 and k_x/k2 = 2.3 x 105 M"1, when 
the reaction is examined under pseudo-first-order conditions with an excess of the 
reductant. However, the reaction remains second order in the presence of an excess 
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of [[CuH_3G4]“] (Fig. 2.19). A mechanism involving a limiting first-order activation 
process on copper(III), possibly the addition of axial solvent, is proposed but it 
should be noted that inner-sphere reactions can be competitive with outer-sphere 
reactions with these oxidants [250-253]. 

kx 

[CuH_3G4]- = [*CuH_3G4]~ (2.92) 
k_x 

k-2 

[*CuH_3G4]- + [Cu(dpsmp)2]3- —» [CuH_3G4]2_ + [Cu(dpsmp)2]2-(2.93) 

-d[[Cu (dpsmp )2]3 ] = k\A:2[[Cu(dpsmp )2]3 ][[CuH_3G4] ] 

dt k_i+ k2 [[Cu(dpsmp )2]3~] 

With nickel(III) complexes, the behavior is more complex. Directly measured 
self-exchange rates [52] and those determined from cross-reactions with dissimilar 
nickel(III) complexes [254] are higher by a factor of 104—107 than those determined 
by reactions with well-defined outer-sphere reagents such as [Ru(NH3)6]2+, where 
the apparent self-exchange rate is = 0.1 fvT1 s_1 [52], This is another instance, like 
the [Co(H20)6]3+/2+ system, where water bridging is proposed. Again, the metal 
complex is strongly oxidizing. In contrast, reactions of the tetra-aza macrocyclic 
species such as [Ni[14]aneN4]3+ are well-behaved [255, 256] and there is good 
agreement with the Marcus relationship [51]. The situation is similar with the 
corresponding [Co([14]aneN4)(H20)2]3+/2+ case [103]. 

The [CUaq]2+ ion has a reduction potential of 0.15 V and is a modest oxidant. 
Aqueous [Cuaq]+ ion is thermodynamically unstable with respect to disproportionation 
but may be produced in acidic media as a metastable species [257]. Both the 
tetragonal oxidized and tetrahedral reduced forms are very labile but outer-sphere 
behavior can be examined in reactions with appropriate inert oxidants or reductants 
and a self-exchange rate around 2 x 10~4 M”1 s_1 has been calculated with use of 
the Marcus relationship [111, 258]. This low reactivity coupled with the high sub¬ 
stitution lability and the coordination change on electron transfer ensures that inner- 
sphere mechanisms are favored unless they can be prevented. The self-exchange rate 
measured directly in concentrated HC1 solutions is 5x 107 M-1 s_1 [259] and is 
almost certainly an inner-sphere reaction. 

Early work on the outer-sphere reactions of copper complexes centered on reactions 
of [Cu(bpy)2]2+/+, [Cu(phen)2]2+/+ and its derivative [Cu(dmp)2]2+/+. Again, both 
oxidation states are labile and while the oxidized form is flattened tetrahedral, 
[Cu(phen)2]2+ [260], or five-coordinate, [Cu(dmp)2(OH2)]2+ [261], the copper(I) ions 
are much closer to a regular tetrahedral geometry [262, 263]. Reduction potentials 
(Table 2.20) reflect the tendency of the ligands to favor the lower coordination 
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geometry of the copper(I) state. The lability of the complexes presents some problems 
in studying reactions, and conditions of excess chelating ligand must be used. For 
example in the reduction of [Cu(dmp)2]2+ by [Ru(NH3)5py]2+, the general rate law 
is of the form of eq. (2.95), consistent with the mechanism in eqs (2.96)-(2.100) 
[258]. In practice, the dependence of the reaction rate on the concentration of [dmp] 
indicates that the bis complex, k2, is the sole reductant. 

Table 2.20. Reduction potentials for 
copper(II) complexes in aqueous 

solution at 25 °C 

Complex E° (V) 

[Cii3q]2+/+ 0.15 
[Cu(phen)2]2+/+ 0.17 
[Cu(bpy)2]2+/+ 0.12 
[Cu(dmp)2]2+/+ 0.61 
[Cu(dpsmp)2]3 7 0.59 

d[[Cu(dmp)2n _ Kxkx [dmp] + KxK2k2 [dmp]2 

1 + Kx [dmp] + KxK2 [dmp]2 

[CUaqJ^ + dmp [Cu(dmp)]2+ (2.96) 

K2 

[Cu(dmp)]2++ dmp [Cu(dmp)2]2+ (2.97) 

h 
[Cu(dmp)2]2+ + [Ru(NH3)5py]2+ —» [Cu(dmp)2]+ + [Ru(NH3)5py]3+ 

(2.98) 

h 
[Cu(dmp)]2++ [Ru(NH3)5py]2+ —> [Cu(dmp)]+ + [Ru(NH3)5py]3+ (2.99) 

fast 

[Cu(dmp)]+ + dmp = [Cu(dmp)2]+ (2.100) 

Self-exchange rates evaluated from reactions which are assigned an outer-sphere 
mechanism in which the copper(I) forms are oxidized are higher than those evaluated 
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from reactions in which copper(II) forms are reduced (Table 2.21), leading to the 
conclusion that this is a coupled reaction in which the geometry changes play an 
important role in determining the preferred reaction pathway. The self-exchange rate 
for [Cu(dmp)2]2+/+ has been measured directly [88] and has a value of 2.0 x 105 M_1 
s"1, in good agreement with estimates based on the geometric mean of the self-ex¬ 
change rates from cross reactions [264] and electrochemical measurements [265]. 

Table 2.21. Rate and activation parameters for reduction and oxidation of 
copper complexes 

Reaction F 
(M) 

k 
(M-1 s-1) 

AH1 
(kJ mol-1 

AS1 
) (J K-1 mol-1) 

kAA 
(M-1 s-1) 

Ref. 

[Cuaqf + [RuCNHsispy]34 1.0 4.6x10 2 x 10“4 258 

[Cuaqf + [Ru(NH3)5isn]3+ 1.0 5.4 xlO2 2x10 4 258 

[Cuaq]+ + [Ru(NH3)4bpy]3+ 1.0 3.8 x 103 2x 10 258 

[Cuaqf + [RuCNHsispy]3" 
[Cuaq]+ + [Ru(phen)3]3+ 

1.0 

1.0 

4.4 x 10 

1.2 xlO9 

2x 10 

1 x 10~5 

258 

266 

[Co(sep)]2+ + [Cuaq]2+ 0.5 5.0 5 x 10 111 

[Cu(dmp)2]+ + [IrCl6]2" 0 .1 • M x 10 9x 10s 249 

[Ru(NH3)5py]2+ + [Cu(dmp)2]2+ 0.1 5.5 x 105 21.6 -64 4x 10 258 

[Ru(NH3)sisn]2+ + [Cu(dmp)2]2+ 0.1 4.6 x 10 22.6 -59 4 xlO4 258 

[Ru(NH3)4bpy]2+ + [Cu(dmp)2]2+ 

[Co(phen)3]2+ + [Cu(dmp)2]2+ 

0.1 

0.1 

3.9 x 105 

8.8 x 104 

23.7 

43.1 

-58 

-6 

4x 104 

4.4 x 104 

258 

267 

[Cu(phen)2]+ + [Co(acac)3] 0.25 7.56 x 102 33 -79 268 

[Cu(phen)2]+ + [Co(edta)] 0.25 4.48 x 102 31 -88 268 

[Cu(phen)2]+ + [Co(edta)]- 0.5 3.12 x 102 26 -113 5 xlO7 269 

[Cu(bpy)2]+ + [Co(edta)]~ 0.5 2.59 x 102 19 -134 4 xlO6 269 

Rate-limiting behavior detected in the reduction of the [Cu(dmp)2]2+ derivative, 
[Cu(dpsmp)2OH2]2_, with kx= 230 s"1 at pH 8.0 has been ascribed [270, 271] to 
loss of water from the five-coordinate copper(II) complex (eqs (2.101)—(2.102)). 

h 
[Cu(dpsmp)2OH2]2_ [Cu(dpsmp)2]2- + H20 (2.101) 

k_\ 

h 
[Cu(dpsmp)2]2- + [Fe(CN)6]4- —> [Cu(dpsmp)2]3- + [Fe(CN)6]3' (2.102) 

However, later work has shown [272] that this is the result of ionization of the 
coordinated water molecule with a pKa = 8.3 and that k{ > 330 s *. There is no 
evidence for a rate-limiting change of coordmation in these reactions. 

The series of copper thiaether macrocycles has attracted a great deal of interest. 
The complexes are moderately oxidizing with reduction potentials for 
[Cu[14]aneS4]2+ and [Cu[15]aneS5]2+ of 0.58 V and 0.68 V respectively at 25.0°C 
and 0.10 M ionic strength [273]. A ‘square scheme’ is used to describe the behavior 
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where the reduction of the square pyramidal [Cu[15]aneS5(0)]2+ to the thermody¬ 
namically stable form of [Cu[15]aneSs(R)]+, which is tetrahedral with a non-bonded 
sulfur donor [274] can take place through a metastable reduced five-coordinate 
intermediate, [Cu[15]aneS5(P)]+ pathway A, or a metastable oxidized tetrahedral 
intermediate, [Cu[15]aneS5(Q)]2+ pathway B (Scheme 2.4). Pathway A is favored m 
reactions of [Cu[15]aneS5]2+ with reductants, whereas pathway B is found m reactions 
of [Cu[15]aneS5]+ with oxidants, explaining the discrepancies in the self-exchange 

rates evaluated from different studies (Table 2.22). 
The self-exchange rate for [Cu[15]aneS5]2+/+ determined directly by NMR is 

2x 105 M"1 s-1 with AHl = 14.0 kJ mol-1 and AS^-103 J K 1 mol 1 [275]. This^ 
value is similar to the self-exchange rate evaluated from reduction of [Cu[15]aneS5]2+ 
by [Co(Me4[ 14]tetraeneN4)(OH2)2]2+ and implies that the pathway involving the 
metastable copper(I) species (A in Scheme 2.4) is preferred. 

Scheme 2.4. 

Table 2.22. Rates of electron transfer reactions of copper thiaether 

complexes in aqueous methanol at 25.0°C 

Reaction R k AH* AS* *AA Ref. 

(M) (M"1 s'1) (kJ mol-1) (J K"1 mol"1) (M"1 s"1) 

[Cu[14]aneS4]+ 

+ [Fe(4,7-Me2phen)3]3+ 

0.1 9.9 x 106 33.9 2.5 2.2 276 

[Cu[15]aneSs]+ 
+ [Fe(4,7-Me2phen)3]3+ 

0.1 4.6 x 107 19.7 -29 7.5 x 103 276 

[Co(Me4[ 14]tetraeneN4)(OH2)2]2+ 
+ [Cu[14]aneS4]2+ 

0.1 7.0 1.6 x 103 276 

[Co(Me4[ 14]tetraeneN4)(OH2)2]2+ 
+ [Cu[15]aneS5]2+ 

0.1 5.88 x 102 3.5 x 105 276 

This is an example of ‘gated’ electron transfer where the pathway used is dependent 
on the properties of the reaction partner. The dynamics of this type of process have 
been considered in detail [277, 278]. It is concluded that reactive product interme¬ 
diates (pathway A for reduction and pathway B for oxidation) will participate under 
all reaction conditions but that reactive reactant intermediates (pathway B for reduc- 
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tion and pathway A for oxidation) will participate only where the driving force is 
small such as in a self-exchange process. This is in substantial agreement with the 
experimental findings. 

Fig. 2.20. Ortep views of the [Cu'ipy^DAPf, A, and [Cun(py)2DAP]2+, B, cations showing 
the retention of the coordination environment around the metal center, from Goodwin, J. A.; 
Stanbury, D. M.; Wilson, L. J.; Eigenbrot, C. W.; Scheldt, W. R. J. Am. Chem. Soc. 1987,109, 

2979, with permision 
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More recently efforts have been extended to examine the copper(II)/(I) couple in 
ligands where the coordination number remains invariant between copper(II) and 
copper(I). A variety of five-coordinate ligands have been devised. While the coor¬ 
dination number remains invariant, there are substantial changes going from a trigonal 
environment with two additional but weaker donors in the reduced form to a square 
pyramidal structure in the oxidized form (Fig. 2.20) [279]. The substitution rate of 
the pyridine arm in [Cu(py)2DAP]+ is quite rapid, 310 s"1, but it is likely that the 
reactions are outer-sphere in nature [280]. Self-exchange rates are presented in Table 
2.23, and limited cross-reaction data are in reasonable agreement. 

Table 2.23. Self-exchange rate constants for copper(II)/(I) in non-aqueous 
solvents 

Reaction Solvent 

(M_1 s-1) 

E° 

(V) 

^AA 

(M-1 s-1) 

AH* 

(kJ mol-1) 

AS* 

(JK-1 

Ref. 

mol-1) 

[Cu(TAAB)]2+/+ CD3OD 5x10^ 60 

[Cu(2,2,-(Im)2biph)2]2+/+ CH3CN 0.11V <1 x 102 281 

[Cu(py)2DAP]2+/+ 0.05, CH3CN -0.136Va - 1.7 xlO3 279 

[Cu(imidH)2DAP]2+/+ 0.038,CH3CN -0.269 Va <13 x 102 280 

[Cu(5-MeimidH)2DAP]2+/+ 0.025,CH3CN 3.5 x 104* 16.2 -103 282 

Electron transfer reactions involving metal ions in higher oxidation states are 
frequently coupled to changes in the degree of hydrolysis of the complex and form 
a particularly important class of electron transfer processes with large structural 
changes. Some of the most widely studied examples of single-electron transfer 
reactions involve [V02aq]+/[V0aq]2+ and [Ti0aq]2+/[Ti(H20)6]3+. The coupling of elec¬ 
tron and H+ transfer in these reactions is of particular importance and key attention 
must be paid to the pH dependence of the rate and the elucidation of H+ dependent 
pathways. 

One of the simplest examples of this behavior is the outer-sphere reduction of 
hydrolyzed metal aqua complexes such as [Co(H20)5OH]2+ and [Fe(H20)50H]2+. 
These species normally prefer inner-sphere pathways but outer-sphere reactions can 
be induced with appropriate choice of reductant. Reactions of the thermodynamically 
more powerful hexa-aqua-oxidants compete, but the sluggish outer-sphere behavior 
of [Co(H20)6]3+ allows investigations of reactions of [Co(H20)5OH]2+. Reductions 
of [Coaq]3+ in aqueous acid solution by the outer-sphere reductants 
[Ni([9]aneN3)2]2+ and [Ni([10]aneN3)2]2+ show two pathways, one independent of 
[H+] corresponding to reaction of [Co(H20)6]3+ and the other [H+]_l dependent and 
corresponding to outer-sphere reduction of [Co(H20)5OH]2+. This latter pathway 
shows a large solvent isotope effect but reaction with the N-D complex occurs at 
the same rate as the N-H reductant indicating that H+ coupling is unlikely. A 
self-exchange rate of approximately 3 M”1 s"1 has been evaluated for 
[Co(H20)5OH]2+/+ with a reduction potential of 1.44 V [283], 
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A substantial rearrangement in the coordination sphere is required in the reduction 
of \y02(0H2)4]+ (eq. (2.103)), which has a potential of 1.03 V in 1.0 M HC104. 
The protic equilibria for vanadium(V) and vanadium(IV) (eqs (2.104) and (2.105)) 
give a value of 0.76 V for the potential for the acid-independent reduction of 
[VO(OH)(OH2)4]2+. 

[V02(OH2)4]+ + 2 H+ + e~ — [VO(OH2)5]2+ (2.103) 

[VO(OH)(OH2)4]2+ — [V02(OH2)4]++ H+ ATa = 30 M (2.104) 

[VO(OH2)5]2+ — [VO(OH)(OH2)4]+ + H+ Ka = 8.5 x 10-7 M (2.105) 

The kinetics of outer-sphere reduction of vanadium(V) by [Os(bpy)3]2+ are repre¬ 
sentative and show an acid dependence (eq. (2.106)) consistent with the mechanism 
(eqs (2.107)-(2.109), with rate constants 2.7 M-1 s-1 and 225 M-1 s-1 at 1.0 M 
ionic strength [284]. 

d[[Os(bpy)3]2+] 
[[V02(0H2)4]+][[0s(bpy)3]2+] (2.106) 

Ka 

[VO(OH)(OH2)4]2+ == [V02(0H2)4]++ H+ Ka = 4.5 M (2.107) 

[V02(0H2)4]+ + [Os(bpy)3]2+ -> [V02(0H2)4]2+ + [Os(bpy)3]3+ (2.108) 

[VO(OH)(OH2)4]2+ + [Os(bpy)3]2+ [VO(OH)(OH2)4]+ + [Os(bpy)3]3+ 

(2.109) 

Oxidation of [VO(OH2)5]2+ by [Ni(bpy)3]3+ follows the rate law (eq. (2.110)), with 
rate constants 61 M-1 s-1 and 3.6 x 106 M_1 s"1 for pathways (2.112) and (2.113) 
respectively at 1.0 M ionic strength. It is noteworthy that the most facile pathway 
in both reactions involves coupling to a single proton where the structural rearrange¬ 
ment required is smallest. A self-exchange rate for [VO(OH)(OH2)4]+/2+ is calculated 
to be approximately 10“3 M~‘ s-1 from a range of outer-sphere rate data [285-287]. 

d[[Ni(bpy)3]3+] 
•k\ [[VO(OH2)5]2+][[Ni(bpy)3]3+] (2.110) 

Ka 

[VO(OH2)5]2+ ^ [VO(OH)(OH2)4]+ + H+ Ka = 8.5 x 10~7 M (2.111) 



104 The outer-sphere mechanism [Ch. 2 

[VO(OH2)5]2+ + [Ni(bpy)3]3+ -> [VO(OH2)5]3+ + [Ni(bpy)3]2+ (2.112) 

h 
[VO(OH)(OH2)4]+ + [Ni(bpy)3]3+ [VO(OH)(OH2)4]2+ + [Ni(bpy)3]2+ 

(2.113) 

A similar situation exists in the reactions of [TiOaq]2+ and [Ti(H20)6]3+. The 
reduction potential of [TiOaq]2+ is -0.016 V in 1.0 M HC1 (eq. (2.114)) [288], and 
is strongly pH-dependent owing to the change in the state of hydrolysis of the metal 
ion. The hydrolysis constants for both oxidation states are not known but reasonable 
estimates set the reduction potentials of [Tiaq]4+ and [Ti(H20)50H]3+ at +0.07 V and 
+0.1 V respectively [289]. Outer-sphere mechansims have been assigned from linear 
free energy relationships [290], and cross-reactions of [Ti(H20)6]3+ with outer-sphere 
oxidants show a two-term rate law (eq. (2.115)), consistent with the mechanism in 
eqs (2.116)—(2.118), where Ka ~ 2.3 x 10-3 M and in this case kx = 3.4 x 105 M_1 
s-1 and k2 - 1.7 x 107 M-1 s_1 respectively. Estimates for the self-exchange rates are 
>1(T2 M_1 s"1 and >3 x KT4 respectively for [Ti(H20)50H]3+^+ and [Tiaq]4+/3+ and 
there is general consistency for a number of studies [288, 291], 

[TiOaq]2+ + 2 H+ + e~ [Ti(H20)6]3+ (2.114) 

> [[Ti(H20)6]3+]T[[0s(bpy)3]3+] (2.115) 

K* 

[Ti(H20)6]3+ — [Ti(H20)50H]2+ + H+ (2.116) 

k\ 

[Os(bpy)3]3++ [Ti(H20)6]3+ —» [Os(bpy)3]2++ [TiOaq]2++ 2H+ (2.117) 

h 
[Os(bpy)3]3+ + [Ti(H20)50H]2+ —> [Os(bpy)3]2+ + [TiOaq]2+ + H+(2.118) 

In these reactions, several generalities can be uncovered. Firstly, the dominant path¬ 
ways for both oxidation and reduction tend to be those in which transfer of the 
electron is coupled to the smallest number of protons. The available evidence is that 
electron transfer from the metal center is quite distinct from H+ transfer from the 
ligand and that electron transfer precedes H+ transfer in the sequence of reaction 
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steps. The lack of close coupling between the two processes may be related to the 
thermodynamic driving force which is favorable for both electron and H+ transfer. 

A rather different but particularly important case is illustrated by the compropor- 
tionation reaction of [Ru(bpy)2(py)OH2]2+ with [Ru(bpy)2(py)0]2+ (eq. (2.119)) [292, 
293]. Electron transfer is thermodynamically favorable by 0.1 IV, but only when 
coupled to the transfer of H+ [294], The rate is first-order in both 
[[Ru(bpy)2(py)OH2]2+] and [[Ru(bpy)2(py)0]2+] and the second-order rate constant, 
k (eq. (2.120)), shows a strong dependence on pH consistent with the mechanism 
(eqs (2.121)—(2.123)), where %,o = 2.15 x 105 M-1 s-1, kQH = 2.5x 104 M-1 s-1 
and pATb = 3.20. An inner-sphere mechanism can be discounted on the basis of the 
product analysis but the reaction is much slower than might be expected for a simple 
outer-sphere process. 

[Ru(bpy)2(py)OH2]2+ + [Ru(bpy)2(py)0]2+ — 2 [Ru(bpy)2(py)OH]2+ 

(2.119) 

&OH + ^H20^t/[OH ] 

1+MOH'] 
(2.120) 

Kh 

[Ru(bpy)2(py)OH2]2++ OH- == [Ru(bpy)2(py)OH]2+ (2.121) 

hip 

[Ru(bpy)2(py)0H2]2++[Ru(bpy)2(py)0]2+ = 2 [Ru(bpy)2(py)OH]2+ 

(2.122) 

^OH 

[Ru(bpy)2(py)0H]++[Ru(bpy)2(py)0]2+ ^ [Ru(bpy)2(py)OH]2+ 

+ [Ru(bpy)2(py)0]+ (2.123) 

A study of the reaction kinetics in D20 is most revealing (Fig. 2.21). Both pathways 
show a solvent isotope effect but while k^/kD for the kQH pathway is 1.5, ku/kD for 
the dominant reaction, &h2o> is 16.1. In this case a mechanism in which electron 
transfer precedes H+ transfer can be ruled out since the initial electron transfer would 
be thermodynamically disfavored by at least 0.55 V and should therefore have a rate 
constant of no more than 3 x 103 NT1 s"1. The mechanism proposed involves simul¬ 
taneous transfer of an electron and H+; a hydrogen atom transfer reaction with a 

transition state as shown in eq. (2.124). 
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Ru^O- -H—O—Run 

I 
H 

(2.124) 

Fig. 2.21. pH dependence (open circles) andpD dependence (closed circles) of therate costant 

for the comproportionation reaction between [RuIV(bpy)2(py)(0)]2+ and 

[RuII(bpy)2(py)(OH2)]2+ at p. = 0.10M (Na2So4) and 25°C, from Ref. [293], 

Although the reaction is termed hydrogen atom transfer, there is no formation of 
free H . The reduction potential of H+ is estimated to be -2.31 V and the energetics 
of the reaction clearly preclude any involvement of this process. What is happening 
is that there is a very strong coupling between H+ and electron transfer. 

A keener appreciation of this coupling can be obtained by considering the two- 
dimensional reaction coordinate plot or More O’Ferral diagram (Fig. 2.22) [295]. In 
this figure, electron transfer is depicted from left to right and H+ transfer top to 
bottom. The reactants are at the upper left comer and the products at the bottom 
right. At the upper right comer, the high energy product of electron transfer without 
the associated H+ transfer is located, while at the lower left comer, the high energy 
product of H+ transfer without electron transfer is located. A consecutive electron 
transfer followed by H+ transfer would take the pathway involving the upper right 
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comer as an intermediate, whereas the preferred, coupled H+ and electron transfer, 
the atom transfer, is depicted by the diagonal and represents a lower energy pathway. 

[Ru"(bpy)2(py)(OH2)]2 + 

+ [Rulv(bpy)2(py)0]2 + 
[Rum(bpy)2(py)(OH2)]3 + 
+ [RuIM(bpy)2(py)0] + 

[Ru"(bpy)2(py)(OH)]+ (A£ > [RuIM(bpy)2(py)(OH)]2 + 
+ [Rulv(bpy)2(py)OH]3+ + [Rum(bpy)2(py)OH]2 + 

Fig. 2.22. More O’Farral plot for the coupled electron and H+ transfer in the reaction of 

[RuIV(bpy)2(py)(0)]2+ with [Ru!I(bpy)2(py)(OH2)]2+. Horizontal changes represent electron 

transfer while vertical changes represent H+ transfer. The upper-right and lower-left reagents 

are thermodynamically at much higher energy than either the reactants or the products and the 

atom transfer pathway, represented by the dashed diagonal, is the preferred mechanism. 

Like electron transfer, H+ transfer reactions follow strong a linear free energy 
relationship, the Bronsted relationship, which can be derived in a manner similar to 
that for electron transfer in section 2.4 [296, 297]. In this instance, the driving force 
is measured by the difference in pKa values between the H+ donor and the H+ 
acceptor. The pathway followed in Fig. 2.22 will depend on the free energy differences 
for electron transfer and H+ transfer, and the degree to which atom transfer partici¬ 
pates will be directly related to these changes. There is a series of reactions shown 
in Table 2.24 where the thermodynamic products require both H+ and electron transfer 
with differing driving forces. No large isotope effects are detectable, which suggests 
that they are best described as outer-sphere electron transfer reactions with coupled 
H+ transfer. However, the rates for reaction are in excess of those calculated for the 
thermodynamically less favorable simple electron transfer by the Marcus relationship, 
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and the ratio log(£expt/ftcalc) is linearly related to AEltom - A£°iectron, suggesting that 
atom transfer provides a contribution to the rate. 

Table 2.24. Rates for coupled H+ and electron transfer at 25°C, p = 0.1 M 

as a function of the driving force for simple electron transfer, AZTeiectron, 

and the H+ coupled process, AE°Uom [298, 299] 

Reaciton A£electron 

00 

A£atom 

00 

^expt 

(M-1 s"1) 

^calc 

(M-1 s_1) 

[Nim(Me2LH)]2+ + [Fen(Me2LH)]+ 

—> [Ni"(Me2LH2)]2+ + [Fenl(Me2L)]+ 0.07 0.38 3 x 106 5 x 104 

[Ninl(Me2L)]+ + [Fen(Me2LH)]+ 

—> [NiII(Me2LH)]2+ + [Feln(Me2L)]+ -0.15 0.27 8x 105 2x 103 

[Nirv(Me2L)]2+ + [Nin(Me2LH2)]2+ 

—> [Ninl(Me2LH)]2+ + [Ni,n(Me2LH)]2+ -0.42 0.13 4x 102 4 x 102 

At this point, with the coupling of atom and electron transfer, it is appropriate to 
consider the inner-sphere mechanism. 

QUESTIONS 

2.1 The rate constant for reduction of [Co(edta)]" by [Ru(NH3)5bpy]2+ is 195 M-1 s_1 
at 25.0°C and 0.10 M ionic strength. Addition of P-cyclodextrin, a cyclic sugar 
which forms an inclusion complex with aromatic residues, affects the rate con¬ 
stants as shown in the figure. Provide an explanation for the data. 
(Johnson, M . D.; Reinsborough, V C.; Ward, S. Inorg. Chem. 1992, 31, 1085- 
1087.) 

V 
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2.2 Use the data in Tables 2.7 and 2.9 to predict rate constants for electron transfer by 
an outer-sphere mechanism for the following reactions: 

[Fe(dipic)2]' + [Co(bpy)3]2+ —» 

[Ru(bpy)3]3+ + [Co(sar)]2+ —> 

[Co([9]aneS3)2]3+ + [Ru(en)3]2+ 

2.3 The rate constant for the reduction of [Co(edta)]- by [Co(sep)]2+, [Fe(edta)]2-, and 
[Ru(en)3]2+ are 8.3 x 104 M_1 s_1, 4.4 M-1 s_1 and 9 x 103 M-1 s_1 respectively at 
25 °C and 0.10 M ionic strength. Assuming an outer-sphere mechanism, calculate a 
self-exchange rate for [Co(edta)]_/2_ with data from Tables 2.7 and 2.9, using (a) eq. 
(2.26), and (b) eq. (2.28) with electrostatics corrections. (Hint: an iterative proce¬ 
dure is required. In general, one iteration is sufficient.) 

2.4 Use the second-order rate constants in the table to discuss mechanisms for the 
reduction of the cobalt(III) complexes by [Co(en)3]2+ and [Cr(bpy)3]2+. 

Table. Second-order rate constants (M 1 s ') at 25.0°C and 0.10 M ionic strength 

Oxidant 

Reductant 

[Cr(bpy),]2* [C^en),]2* 

[Co(ox)j]J~ — 390 

[Co(gly)(ox)2]2 — 20 

[Co(edta)] 2.0 x 106 18 

cz's(p)-[Co(edda)(ox)]“ 1.1 x 105 0.87 

C, -c£s(N)-[C o(gly)2(ox)]- 1.7 x 105 1.50 

cA(a)-[Co(edda)(ox)] 2.1 x 105 0.37 

C2-c*s(N)-[Co(gly)2(ox)r 2.4 x 105 0.44 

Pians(N)-[Co(gly)2(ox)] 1.65 x 105 0.28 

[Co(ox)2(en)]~ 8.5 x 104 0.16 

[Co(en)2(ox)]+ 1.0 x 103 0.0011 

(Warren, R. M. L.; Tatehata, A.; Lappin, A. G. Inorg. Chem. 1993,32, 1191-1196.) 

2.5 Discuss the following statement: 
‘Experimental evidence for non-adiabatic behavior in bimolecular outer-sphere 
electron transfer reactions is difficult to obtain as a result of nuclear tunneling. 

2.6 Dielectric continuum theory has proved to be of considerable importance in de¬ 
scribing the effect of changing solvent on charge transfer processes. Indicate what 
limitations there might be on the application of this theory to (a) self-exchange 



110 The outer-sphere mechanism [Ch. 2 

reactions involving charged complexes, and (b) cross-reactions between dissimilar 

complexes. 

2.7 Describe the experimental criteria necessary for the detection of stereoselectivity in 
outer-sphere electron transfer reactions. Indicate two ways in wich stereoselectivity 
in the reaction between [Co(edta)]~ and [Co(sep)]2+ might be investigated. Note 
that the cobalt(II) complex, [Co(sep)]2+, ca be isolated in eantiomeric forms. 
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3 
The inner-sphere mechanism 

3.1 INTRODUCTION 

The reduction of [Co(NH3)5C1]2+ by [Cr(H20)6]2+ takes place with a second-order 
rate constant of 6.0 x 105 M_1 s-1 (25.0°C, p = 0.10 M, pH= 1) [1] which is faster 
than the rate of substitution of Cl- on [Co(NH3)5C1]2+ but slower than the normal 
rates of substitution on the labile [Cr(H20)6 ]2+. More importantly, the initial iden¬ 
tifiable oxidized product is a substitutionally inert kinetic product, [Cr(H20)5Cl]2+. 
The thermodynamic product, [Cr(H20)6]3+, is formed very much more slowly from 
this species [2, 3]. Tracer studies in the presence of radioactive 36C1“ reveal that 
>99% of the chloride incorporated into the product arises from the 
[Co(NH3)5C1]2+ oxidant. It is therefore deduced that the electron transfer reaction 
also involves transfer of a Cl" ion, and that at some point along the reaction 
coordinate, a precursor intermediate, [(NH3)5ComClCrn(H20)5]4+, is formed in which 
the Cl- bridges the two metal centers (eq. (3.1)). After the electron transfer (eq. 
(3.2)), in the acidic conditions, the successor complex decomposes by cleavage of 
the more labile Co11—Cl bond to yield the chromium(III) containing kinetic product 
(eq. (3.3)). 

k\ 
[Co(NH3)5 Cl]2+ + [Cr(H20)6]2+ — [(NH3)5ComClCrn(H20)5]4+ (3.1) 

k-\ 

h 
[(NH3)5ComClCrII(H 20)5]4+ -> [(NH3)5CoIIClCrin(H20)5]4+ (3.2) 

[(NH3)5CoIIClCrin(H20)5]4+ — [Cr(H20)5 Cl]2+ + [Co(H20)6]2+ 

5NH4 (3.3) 

This is an ideal example which has all the essential requirements of an inner-sphere 
mechanism where electron transfer takes place through some bridging atom or group 
of atoms. It is particularly well defined because the product [Cr(H20)5Cl]2+ is 
isolable. In the presence of an excess of the reductant [Cr(H20)6]2+, a competing 

v 
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reaction, eq. (3.4), has a rate constant of 9 NT1 s"1 (at 0°C) [4] and fortunately also 
proceeds by an inner-sphere mechanism with transfer of a Cl" ion, otherwise the 
chloro complex would be more difficult to isolate. Incorporation of the small amount 
of Cl“ into the product proceeds by a related pathway in which [Cr(H20)536Cl]+ 
is the reductant. 

[Cr(H20)5Cl]2+ + [Cr(H20)6]2+ [Cr(H20)5Cl]2+ + [Cr(H20)6]2+ (3.4) 

The [Cr(H20)6]2+ ion is very special in that it has a high substitution 
lability (k ~ 109 s') and a low rate for outer-sphere self-exchange resulting in a 
strong preference for an inner-sphere pathway. The added advantage of detection of 
kinetic products has enhanced the use of this reagent in the study of inner-sphere 
reactions. Even when kinetic products are too short-lived for detection, provided 
other criteria for inner-sphere reaction are met, mechanistic assignment can be 
relatively straightforward. 

3.2 BRIDGING LIGANDS 

Inner-sphere reactions are generally suggested by the following criteria: 

(i) When the rate of electron transfer is equal to or slower than the rates of substitution 
of the reactants. This is a corollary of the requirement for outer-sphere reactions, 
that a reaction must be outer-sphere if it takes place faster than the rate of substitu¬ 
tion at the metal centers. However, outer-sphere reactions are found with labile 
reactants. 

(ii) When the rates do not fit with the common tests for an outer-sphere mechanism 
such as the Marcus relationship. In general the reactions must be faster than 
predicted by the Marcus relationship. However, as has been observed, outer-sphere 
reactions need not conform to the Marcus relationship and a number of inner- 
sphere reactions show relationships similar to those for outer-sphere reactions. 

(iii) The presence of a suitable bridge on one of the reactants. Minimal requirements are 
that the bridging group must have an available lone pair of sufficient basicity to 
coordinate to the labile coordination position of the reaction partner. 

Transfer of an electron and a chloride ion is formally equivalent to chlorine atom 
transfer. However, chlorine atom formation can be excluded on energetic grounds. 
The reduction potential of Cl in aqueous solution is estimated to be approximately 
2.44 V, whereas the cobalt(III) complex has a potential around 0 V As will be seen, 
transfer of the bridging group is not a requirement for the inner-sphere mechanism, 
but the coupling between electron transfer and bridge formation is an important 
component of the mechanism. This can be understood by consideration of the orbitals 
involved in the electron transfer process (eq. (3.5)). Along the umque z-axis, the 
electron is transferred from a dz2 orbital (a*) on chromium(II) to the dz2 
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orbital (a*) in cobalt(III) which is involved in the bonding to the bridging atom. 
The electron is transferred as a result of the orbital overlap (resonance transfer), 
which is modified by the presence of the bridge orbital. The energy of the electron 
donor orbital is directly related to the strength of the Co—Cl binding interaction, 
and so electron transfer will be strongly coupled to the Co—Cl stretch. Further, the 
group trans to the bridge will also have a major effect on the energy of the orbital. 
Weakening the Co—trans ligand bond will favor electron transfer. Strong field 
ligands raise the energy of the orbital and inhibit electron transfer, weak field ligands 
enhance the electron transfer [5], Thus in addition to the Frank-Condon barriers to 
transfer of the electron, discussed in Chapter 2, special consideration must be given 
to formation of the bridge and the lowering of the transition state energy by the 
interaction of the metal-centered and bridge orbitals. Isotopic substitution of I4N by 
i5N in [Co(NH3)5C1]3+ has a minimal effect on the rate [6]. 

(3.5) 

Co — Cl-Cr 

The inner-sphere mechanism is complex and each of the steps — formation of the 
precursor complex, electron transfer within the precursor complex, and decomposition 
of the successor complex — can be rate-limiting. However, like outer-sphere reac¬ 
tions, inner-sphere reactions most commonly conform to a simple second-order rate 
law (eq. (3.6)). 

Rate = k [[Co(NH3)5Cl]2+][[Cr(H20)6]2+] (3.6) 

In this case, the rate constant is slower than the rate expected for substitution at 
[Cr(H20)6]2+ and it may be concluded that the rate-limiting step is the electron 
transfer itself, although in some faster reductions by [Cr(H20)6]2+ the rate is thought 
to approach the diffusion-controlled limit for reaction between two cationic species, 
approximately 107 M 1 s-1. Application of the steady-state approximation to the 
mechanism gives k = kxk2/(k_x + k2) which reduces to Kxk2 when kx » k2. It is unlikely 
that stoichiometric quantities of the binuclear intermediate will be formed in this 
reaction since both of the reacting species are positively charged and Kx is not 
expected to be large (no greater than 1). Similar rate laws and mechanisms are 
proposed for the reactions with other bridging groups, and examples are presented 
in Table 3.1. 
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Table 3.1. Rate constants and activation parameters for reduction of 

cobalt(III) complexes by [Cr(H20)6]2+ at 25.0°C_ 

Oxidant R 
(M) (NT1 s'1) 

AHl 
(kJ mol-1) 

AS1 
(J K-1 mol *) 

Ref. 

[Co(NH3)5F12+ 

[Co(NH3)5C1]2+ 

[Co(NH3)5Br]2+ 

[Co(NH3)5l]2+ 
[Co(NH3)5OH]2+ 

[Co(NH3)sOH]2+ 

[Co(NH3)5CN]2+ 

[Co(NH3)5SCN]2+ 

[Co(NH3)5S€N]2+ 

[Co(NH3)5NCS]2+ 

[Co(NH3)sN3]2+ 

[Co(NH3)502CH]2+ 

[Co(NH3)502CCH3)2+ 

[Co(NH3)502CC(CH3)3]2+ 

[Co(NH3)502CCH2C1]2+ 

[Co{NH3)502CCHC12]2+ 

[Co(NH3)502CCF3]2+] 

[Co(NH3)s02CCH2NH3]V 

[Co(NH3)502CCH2N(CH3)3]V 

[Co{NH3)502CCH2CH2NH3li- 

[Co(NH3)5NHCHO]2+ 

[Co(NH3)502CNH2l2+ 

[Co(NH3)50C(S)NHCH3]2+ 

[Co(NH3)5SaO)NHCH3]2+ 

0.1 

0.1 

0.1 

0.1 

1.0 

1.0 

1.0 

1.0 

1.0 

1.0 

1.0 

1.6 

1.0 

1.0 

1.0 

1.0 

0.2 

1.0 

1.0 

1.0 

1.0 

1.0 

1.0 

1.0 

2.5 x 105 

6.0 X 105 

1.4 x 106 

3.0 X 106 

1.5 xlO6 

<0.1 

3.6 x 10(R)a 

8.0 X 104(A)fl 

1.9 x 105(R)a 

1 

1 

1 

1 

7 

7 

8 

9 

9 

19(R)fl 29 -121 10 

= 3 x 105(R)fl 10 

7.2 '*35 -113 11 

0.35 34 -138 11 

0.007 46 -130 11 

0.12 37 -138 11 

0.075 34 -151 11 

0.017 39 -146 11 

0.064 32 -159 12 

0.016 32 -172 12 

0.098 
13 

1.74 50 -71 14 

2.42 48 -78 15 

16 
68 

6.5 X 104 
16 

it attack (see text). a(R) signifies remote and (A) signifies adjacent attack (see text). 

p„r the reactions with halide bridges, there is a trend in reaction rate with I > Br 
> Cl > F which parallels the ordering of these reagents with outer-sphere reductan s 

and reflects the thermodynamic driving force. This ordering ls °V.n ^onV^with 
Tier for the hal.de complex reductions. The reaction o Co(NH,)sOH2] 

[Cr(H20)6]2+ conforms to a two-term rate law (eq. (3. )) L J- 

drrCo(NH3)sOH2]3+] _ 

d t 
= \k + ^-\ [[Co(NH3)5OH2]3+] [[Cr(H20)6]2+] (3.7) 

[H+]J 

reaction of [Co(NH3)5 J ns°r () 3 M) r 171 and in the acidic conditions 
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for water acting as a bridging ligand is not well established. While a measurable 
rate is obtained for the [Co(NH3)5OH2]3+ pathway in NaC104-HC104 media [18], it 
becomes negligible in LiC104-HC104 media and is most likely a medium effect. 
Evidence [19] from product analysis that H20 is transferred in this reaction must 
therefore be reinterpreted. However, the substitution of 180 for 160 in the reaction 
causes the rate to be lowered by a factor of 1.046 which indicates significant Co—O 
bond stretching in the reaction [20], It can be deduced that the requirements for the 
bridging atom are that it has a lone pair of electrons of sufficient basicity available 
for donation to the incoming metal center. The basicity of the lone pairs on cobalt- 
bound water is too low to coordinate to the incoming chromium(II) center. 

Examples of inner-sphere reactions are not confined to a monatomic ligand bridge. 
The thermodynamically unfavored isomer [Cr(H20)5NC]2+ is formed in the reduction 
of [Co(NH3)5CN]2+ by [Cr(H20)6]2+, evidence that the electron can be transferred 
through two atoms [21]. In the reaction of [Co(NH3)5SCN]2+ with [Cr(H20)6]2+, two 
products, [Cr(H20)5SCN] 2+ and [Cr(H20)5NCS]2+ are detected [9], The former 
product results from attack by the reductant (bridge formation) on the S-atom 
adjacent to the cobalt(III) center while the latter product results from attack at the 
remote N-atom. Both bridge-forming atoms have available a lone pair for coordination 
to the reductant. Interestingly, reduction of [Co(NH3)5NCS]2+ by [Cr(H20)6]2+ results 
in [Cr(H20)5SCN]2+ as the sole product [10]. Remote attack is required because the 
coordinated nitrogen has no available lone pair for bridge formation. 

Reactions with carboxylate complexes of the type [Co(NH3)502CCH3]2+ are also 
accompanied by transfer of the bridge group to give [Cr(H20)502CCH3]2+ as product 
[11]. The rate law (eq. (3.8)) reveals inhibition by H+ as a result of protonation of 
the bound carboxylate with Kz = 0.25 M at 25.0°C. Rate constants for the dominant 
pathway, ku for a series of substituted carboxylate complexes are substantially slower 
than those for the halogens. Electron-withdrawing substituents such as chlorine and 
fluorine retard the rates and there is evidence for steric retardation also, but the 
effects are relatively small. The product may be the result of adjacent attack on the 
bound carboxylate oxygen or remote attack on the unbound carbonyl oxygen (eq. 
(3.9)). The fact that the reaction of [Co(NH3)502CCH3]2+ is inhibited by protonation 
suggests competition of [H+] with the binding of [Cr(H20)6]2+. 

-d[[Co(NH3)5Q2CCH3]2+] 

dr 

k]+k2Ka[ H+] 

1 +*a[H+] 
[[Co(NH3)502CCH3]2+][[Cr(H20)6]2+] (3.8) 

& 
O 

remote 

(3.9) 

ft 
^ adjacent 



Sec. 3.2] Bridging ligands 125 

The question of the position of attack has been answered to some extent [22, 23] 
m reactions of the acetate-bridged binuclear complex (eq. (3.10)), which shows no 
inner-sphere reactivity, supporting the proposal that attack takes place on the carbonyl 
oxygen atom. However, it is conventional to refer to attack at either the bound 
carboxylate oxygen of the unbound carbonyl as adjacent attack to avoid confusion 
with remote attack through attached organic units. The effect of increasing the charge 
on the oxidant has been elucidated by comparisons of complexes of the type 
[Co(NH3)502CCH2CH3]2+ with those of the type [Co(NH3)502CCH2NH3]3+ [13]. 
Rate differences are quite small, generally less than an order of magnitude decrease 
in rate for the more positively charged complex. 

OH 
[(NH3)3Co'f —Co('NH3)3]3+ 

(3.10) 

Special note should be taken of the reduction of the formamido complex, 
[Co(NH3)5NH2CHO]3+ [14], The rate law indicates that formation of the conjugate 
base is required for electron transfer to give the O-bonded product, 
[Cr(H20)5(0CHNH2)]3+. Deprotonation of the amide enhances conjugation with the 
amide oxygen, the point of inner-sphere coordination to the reductant, and it is 
concluded that inner-sphere electron transfer cannot take place through a coordinated 
amino group. Reductions of the isomer [Co(NH3)5OCHNH2]3+ and of the urea 
complex [Co(NH3)5OC(NH2)2]3+ are outer-sphere, but the carbamate complex, 
[Co(NH3)502CNH2]2+, involves an inner-sphere pathway to give an O-bonded rather 
than an N-bonded chromium(III) product [15]. Comparisons have been made of the 
O- and S-bonded thiocarbamate complexes, [Co(NH3)5OC(S)NHCH3]2+ and 
[Co(NH3)5SC(0)NHCH3]2+ [16], Both take place by inner-sphere mechanisms and 
give the same S-bonded chromium(III) product. In [Co(NH3)5OC(S)NHCH3]2+, the 
point of attack is considered to be the S-atom giving the product directly, whereas 
with [Co(NH3)5SC(0)NHCH3]2+, attack at the O-atom is most likely, followed by 
rapid isomerization of the product, although adjacent attack at the S-atom cannot 
be ruled out. The rate enhancement in the S-bonded complex is thought to be the 
result of a trans-effect where the trans Co—N bond is lengthened, thereby lowering 
the energy of the acceptor orbital. 

Patterns of reactivity in these inner-sphere reactions are difficult to interpret 
because the rate constant is a composite quantity and reflects both the strength of 
precursor association and the effectiveness of the bridge in promoting electron 
transfer. Stabilization of the electron transfer precursor complex by chelate formation 
is effective in enhancing the overall rate. In Table 3.2, rate constants for a number 
of reductions involving chelate formation are given. Where the chelating group is a 
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carboxylate, the reaction rate is acid dependent with a rate law given by eq. (3.11) 
where k = 1 x 102 M-1 s_1 and £' = 4.0 x 102 s"1 for [Co(NH3)502CC02H]2+. 

_ d[Co(III)] = j k + [[Co(Nh3)5o2CC02H]2+] [[Cr(H20)6]2+] (3.11) 
dt [ [H+] J 

The Ka of the carboxylate is 8.7 x 10~3 M, substantially lower than that for the free 
acid so that the rate for reduction of the protonated carboxylate complex, k, is little 
enhanced over that for acetate ion. However, the rate for the deprotonated species, 
k'/Ka, is two orders of magnitude faster. A chelated precursor complex, (3.12), is 
proposed. Notice that the electron transfer takes place through the adjacent bridge. 

VQ'- 
£r(H20)4]4+ (3.12) 

[(NH3)5Co—O'^^O' 

» > % 

In the reactions of the alanine complex, although the reaction product is 
[(H20)5Cr02CCH2NH3]3+, indicating that a bridged ligand complex is formed, the 
reaction is likely to be outer-sphere, the so-called bridged outer-sphere mechanism 
(eq. (3.13)), since the coordinated amine has no lone pair for bridge formation and 
electron transfer through the saturated ligand backbone is unlikely [24], Similar 
conclusions are reached in the reactions of the cyanoacetate complex 
[(NH3)5CoNCCH2C02]2+ [16]. 

H2N 

1 1 
[(NH3)5Co Cr(H20)5]4+ 

(3.13) 

Table 3.2. Rate constants and activation parameters for reduction of 

Cobalt(III) complexes capable of chelation by [Cr(H20)6]2+ at 25.0°C 

Oxidant k AHX AX1 Ref. 
(M) (NT1 s"1) (kJ mol"1) (J KT1 mol-1) 

[Co(NH3)502CCH2OH]2+ 1.0 3.06 38 -109 25 
[Co(NH3)502CC02H]2+ 1.0 1.0 x 102 26 
[Co(NH3)502CC02]+ 1.0 4.6 X 104 10 -84 26 
[Co(NH3)502CCH2N(CH2C02)2] 1.0 1.5 X io10a 27 
[Co(NH3)502CCH2NHCH2C02]2]+ 1.0 9.2 X 106 28 
[Co(NH3)502CCH2NHCH2C02Hr+ 1.0 4.3 X 10'2 28 
[Co(NH3)5NH2CH2C02H]j+ 1.0 1.2 X 10~3 24 
[Co(NH3)5NH2CH2C0212+ 
[(NH3)5CoNCCH2C02]2+ 

1.0 

1.0 

2.5 

2.1 52. -64 

24 

29 

aNominal rate: the reaction is acid dependent and protonated species may be the major reactants. 
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Effects of non-bridging ligands have been examined for a number of complexes 
and results are presented in Table 3.3. These data are difficult to interpret because 
the driving force for the reaction varies with changing the coordination of the oxidant. 
The reaction rates show fairly small variations although changing the tram ligand 
from NH3 to Cl~ causes a rate enhancement, consistent with a reduction in the ligand 
field. Activation parameters are unusual with small and even negative AHx values 
that are ascribed to a favorable enthalpy of formation of the precursor complexes. 
The data are limited [29], 

Table 3.3. Rate constants and activation parameters for non-bridging 
group effects in chloride bridged electron transfer 

Oxidant P 
(M) 

k 

(M-1 s-1) 
AHx 

(kJ mol-1) 
AS* 
(J K-1 mol-1) 

Ref. 

cw-[Co(en)2(NH)3Cl]2+ 0.1 2.5 x 105 -8 -172 30 

cjs-[Co(en)2Cl2]+ 0.1 7.7 x 105 -25 -213 30 

rrans-[Co(en)2Cl2]+ 0.1 5 x 106 -33 -222 30 

c(s-[Co(en)2FCl]2+ . . ,0,1 . 9 x 105 ... -42 -272 30 

3.3 DOUBLE BRIDGE FORMATION 

In the case where the m-ligand is also capable of bridge formation, a double 
ligand bridge is possible and a number of important examples are presented in Table 
3.4. In the diazido-case, the doubly bridged product, ds-[Cr(H20)4(N3)2]+ and the 
singly bridged product are detected in the ratio 0.6 : 1 at 0°C. Reduction of the 
diformato-complex, czs-[Co(en)2(02CH)2]+, is inhibited by H+ with a rate law shown 
in eq. (3.14), where Kz = 0.44 NT1. Product analysis reveals both cis- 
[Cr(H20)4(02CH)2]+ and [Cr(H20)5(02CH)]2+ again indicating the presence of a 
doubly bridged pathway and a singly bridged pathway in the ratio 3:1. The corre¬ 
sponding rra«s-[Co(en)2(02CH)2]+ gives a singly bridged pathway and reacts an order 

of magnitude more slowly with k = 10.2 M-1 s_I. 

-d[c/s-[Co(en)2(02CH)2]+] 

dr 

=-^-[[Cr(H20)6]2+] [cMCo(en)2(02CH)2]+] (3.14) 
1 +*a[H+] 

The chelated product, [Cr(H20)4(ox)]+, is found in the reduction of 
[Co(NH3)4(ox)]+ and [Co(ox)3]3“ and it is proposed that a symmetric double bridge 
is formed (eq. (3.15)). Although a singly bridged pathway followed by rapid ring 
closure in the resulting monodentate product is also possible, sufficient examples of 
these chelated double-bridged structures have been noted to suggest that ring closure 

is not a factor. 
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[(NH3)4c/ jT Yr(H20)4]3+ (3.15) 

In all the instances of double bridging, attack by the reductant occurs at groups 
remote from the cobalt(III) center. The expected double bridge product, 
[Cr(OH2)4Cl2]+, is not detected in the reduction of cw-[Co(NH3)4C12]+, and only 
[Cr(OH2)5Cl]2+ is isolated. However, this does not necessarily rule out double bridge 
formation since the rate of hydrolysis of [Cr(OH2)4Cl2]+ exceeds the rate of electron 
transfer. There are no documented examples of double bridge formation with two 
single atom bridges but the reasons for this are not well understood [19, 31]. 

Table 3.4. Rate and activation parameters for reactions which show 
double bridges 

Oxidant 

(M) 

k 

(NT1 s-1) 

AHX 

(kJ moF1) 

A 5* 
(J K-1 moF1) 

Ref. 

cis-[Co(NH3)4(N3)2]+ 1.0 >103 32 

cis- [Co (en)2 (N3 )2]+ 1.0 >103 32 

ci5- [Co (en)2 (O2 CH)2 ]+ 1.0 434 15.5 -146 33 

[Co(NH3)4(ox)]+ 1.0 2 x 105 34 

[Co(ox)3j 1.0a 4.0 x 106 35 

a20°C. 

It is also possible for a single bridge to form part of a chelate ring on the oxidant 
(Table 3.5). In the first three entries of the table, the carboxylate forms the bridging 
group and the products show monodentate coordination of the ligand through the 
carboxylate group. Rates are similar to those observed for non-chelated carboxylate 
groups. In [Co(en)2(SCH2C02)]2+, the product is monodentate, bonded through the 
sulfur which forms the bridging group and significant rate enhancement results. 

Table 3.5. Electron transfer reactions where the bridge is part of a 

chelating ligand at 25.0°C 

Oxidant 

(M) 

k 

(M~* s-1) 

AH1 

(kJ moF1) 

AS* 

(J K-1 moF1) 

Ref. 

[Co(en)2(NH2CH2C02)]2+ 1.0 2.2 37 -133 36 

[Co(NH3)4(NH2CH2C02)]2+ 1.0 6.4 30 -130 37 

[Co(en)2(OCH2C02)]2+ 1.0 9.9 X 102 38 

[Co(en)2 (SCH2 CO2)]2+ 1.0 >2 x 106 38 

Thus far the reactions which have been examined have been restricted to reductions 
of cobalt(III) complexes by [Cr(H20)6]2+. There is no direct detection of precursor 
complex formation but the mechanism is well established from product analysis. 
Precursor complex formation is inferred from unusual activation parameters and in 
some rate law variations [39], Reductions of other oxidant series by [Cr(H20)6]2+ 
have been examined, and these provide some valuable insights and some differences 
in trends. 
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3.4 DEPENDENCE ON OXIDANT 

In Table 3.6 are presented the rate and activation parameters for reduction of 
complexes of chromium(III). Reactions of [Cr(NH3)5Cl]2+ and its derivatives with 
[Cr(H20)6]2+ are equivalent to the chromium(II)-catalyzed aquation of the complex. 
However, the product is [Cr(H20)5Cl]2+ and can be distinguished from the 
[Cr(NH3)5(OH2)]2+ obtained by the uncatalyzed reaction. The rates parallel in great 
measure the reactions of the corresponding [Co(NH3)5C1]2+ complexes. However, 
they are much slower and the trends are much larger, supporting the idea that in 
the corresponding reactions with [Co(NH3)5C1]2+, the rates approach substitution 
control. For example, with halide bridges, the rate constants for [Cr(NH3)5X]2+ 
reduction span a factor of 2x 103 while those for [Co(NH3)5X]2+ reduction span a 
factor of only 10. Non-bridging ligand effects in particular are also much more 
pronounced. A special place is reserved for reactions of [Cr(H20)5X]2+ with 
[Cr(H20)6]2+. These involve no net chemical reaction and are the equivalent of an 
inner-sphere self-exchange process discussed in section 3.8. Rates have been deter¬ 
mined by isotope-exchange methods. 

Table 3.6. Rate and activation parameters for the reduction of 

[Cr(NH3)5X]2+ and [Cr(H20)5X]2+ by [Cr(H20)6]2+ at 25.0 °C 

Oxidant 

£ 

[Cr(NH3)5F]2+ 
[Cr(NH3)5Cl]2+ 
[Cr(NH3)5Br]2+ 
[Cr(NH3)5I]2+ 
cw-[Cr(NH3)4(H20)Cl]2+ 
tra«s-[Cr(NH3)4(H20)Cl]2+ 
[Cr(NH3)3(H20)2Cl]" 
[Cr(NH3)2(H20)3Clf 
[Cr(NH3)(H20)4Cl]2+ 
[Cr(H20)5Cl]2+ 
[Cr(H20)5Clj2+ 
[Cr(H20)5F]2+ 
[Cr(H20)5NCS] 
[Cr(OH2)5Br]2+ 
[Cr(OH2)5OH]2+ 
[Cr(OH2)5OH2]2+ 

i2+ 

[Cr(H20)4(N3)2] i2+ 

M- 
(M) 

k 

(M~‘ s'1 
AHx 

(kJ mol-1) ■e
s 

>
 

Co
 

i 

3 

Ref. 
i 

1.0 2.7 X 10"3 56 -125 40 

1.0 5.1 X 10"2 46 -96 40 

1.0 3.2 X 10“' 36 -138 40 

1.0 5.5 40 

1.5 1.3 X 10”' 44 -117 41 

1.5 1.3 38 -117 41 

1.5 2.2 39 -109 41 

1.5 6.9 36 -113 41 

1.5 1.9 X 101 33 -113 41 

1.5 3.3 X 101 41 

1.0“ 9.0 42 

1.0 2 x 10-2 42 

1.0 1.2 x 10~4 42 

1.0 >60 42 

2.3 43 

= 0 43 

0.5° = 60* 44 

ao°c. 
* doubly bridged. 

With ruthenium(III) oxidants, the reduced from, ruthenium(II), is less labile than 
cobalt(II) or chromium(II) and this introduces some mechanistic differences. In the 
reaction of [Cr(H20)6]2+ with [Ru(NH3)5C1]2+, the rate law shows deviations from 
second-order behavior (eq. (3.16)) with K = 70 M-1 and k = 3.2 x 104 M 1 s *, 
indicating the formation of a reaction intermediate in equilibrium with the reactants 

(eqs (3.17)—(3.18)) [45], 
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d[[Ru(NH3)5Cl]2+] J k[C r(II)] 
| [[Ru(NH3)5C1]2+] (3.16) 

dr [1 +K[Cr(II)] 

[Ru(NH3)5Cl]2++[Cr(H20)6]2+ — [(NH3)5RuClCr(H20)6]4+ (3.17) 

[(NH3)5RuClCr(H20)6]4+ —» [Ru(NH3)5(OH2)]2++[Cr(H20)5Cl]2+(3.18) 

At first sight this reaction appears to provide an ideal system for the study of 
electron transfer within a binuclear intermediate. However, the intermediate bi- 
nuclear complex is ascribed the formulation of a successor complex, 
[(NH3)5RuIIClCrIII(H20)6]4+, rather than of a precursor since the magnitude of the 
formation constant is much larger than expected for the precursor. Spectroscopic 
characterization of the intermediate which differs significantly from the reactants is 
also in agreement with this assignment of oxidation states. Electron transfer is rapid, 
commensurate with the rate of formation of the binuclear species and the limiting 
first-order rate is the decomposition of the successor complex. The ruthenium(II) 
center is inert; however, it is the Ru—Cl bond which cleaves and the reaction 
proceeds with transfer of the chloride ion, showing that this is indeed the successor 
complex and that an alternative mechanism in which the intermediate serves as a 
dead-end complex and electron transfer takes place by an outer-sphere reaction can 
be ruled out. Examples of rate parameters for inner-sphere reductions of a number 
of ruthenium(III) complexes are presented in Table 3.7. Note that in these reactions 
with the change in the rate-limiting step, the order of reactivity for the halide bridge 
has changed. This feature, the so-called abnormal order, has attracted much attention 
in terms of its mechanistic significance [46, 47], Interpretation of the data for 
reduction of [Ru(NH3)5OH2]3+ deserves some comment. While it appears that this 
represents an inner-sphere reaction with H20 as a bridging group, a mechanism in 
which decomposition of a binuclear hydroxy-bridged intermediate is acid catalyzed 
is preferred. 

Table 3.7. Rate and activation parameters for the reduction of 

ruthenium(III) complexes by [Cr(H20)6]2+ at 25.0°C 

Oxidant n 
(M) 

k 

(M~' s-1) 
AH1 
(kJ mol~’) 

AS* 

(J K l mol 

Ref. 

[Ru(NH3)5C1]2+ 0.11 3.5 X 104 5.4 -138 48 
cw-[Ru(NH3)4C12]2+ 0.10" 7.2 X 104 45 
tra«5-[Ru(NH3)4Cl2]2+ 0.10 1.3 X 102 45 
[Ru(NH3)5Br]2+ 0.11 2.2 X 103 11.7 -142 48 
[Ru(NH3)5l]2+ 0.11 2.5 X 102 48 
[Ru(NH3)50H213+ 

[Ru(NH3)sOH]2+ 
0.10 

0.10 
£ 5.0 x 102 

3.5 X 106 
48 

48 
[Ru(NH3)502CCF3]2+ 0.12 1.6 X 103 5.4 -163 48 
[Ru(NH3)502CCH3]2+ 0.12 3.2 X 104 4.2 -142 48 
[Ru(NH3)502CH]2+ 

a ts asc % 1 
0.12* 1.7 X 105 48 

b io°c. 
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Careful analysis of the products of the reduction of [IrCl6]2- by [Cr(H20)6]2+ 
reveals that this reaction takes place by parallel outer-sphere and inner-sphere path¬ 
ways (eqs (3.19) and (3.20)), with koS/kiS = 2.45 [49, 50]. A significant outer-sphere 
rate is not surprising since the electron transfer reaction has a large driving force 
and the rate of the outer-sphere reaction calculated by the Marcus expression is 
approximately 109 M 1 s ', comparable with the rate of substitution of anions at the 
chromium(II) center. 

^os 

[IrCl6]2- + [Cr(H20)6]2+ -> [IrCl6]3- + [Cr(H20)6]3+ (3.19) 

^is 

[IrCl6]2- + [Cr(H20)6]2+ -» [Cl5IrmClCrn(H20)5] (3.20) 

The kinetic product of the inner-sphere pathway,'tCl5IrClCr(H20)5], can be isolated 
and has been shown to decay by both Ir—Cl (40%) and Cr—Cl (60%) bond cleavage 
roughly in proportion to the expected rates of hydrolysis of the metal centers. The 
result of this is that some of the reaction proceeds with transfer of the ligand and 
some does not. 

In summary, the high substitution lability of [Cr(H20)6]2+ and low rate of self¬ 
exchange for outer-sphere electron transfer combine to make the inner-sphere mecha¬ 
nism dominant in the chemistry of this reagent. There are many subtleties in the 
mechanism, effects of chelation and the formation of double bridges. The evidence 
for the mechanism, principally from analysis of the kinetic products, is definitive. 
Rate laws are less informative and rate comparisons are of limited use since in many 
instances the rates approach the substitution limit. However, there are a few criteria 
which allow suggestion of inner-sphere reactions from rate comparisons: the low 
reactivity of OH2 bridges compared with OH- bridges, the high rate of reactivity 
with NJ bridges compared with NCS- bridges. Other metal ion complex reductants 
show inner-sphere mechanisms but it is not always possible to obtain such definitive 
evidence for an inner-sphere mechanism and these rate comparisons become more 
important in the assignment of mechanism. 

3.5 AQUA-ION REDUCTANTS 

The [V(H20)6]2+ ion is a frequently used reagent whose behavior contrasts signifi¬ 
cantly with that of [Cr(H20)6]2+ It has moderate reducing power, E = -0.26V and 
low substitution lability, approximately 102 s-1 for water exchange, characteristic of 
a 7t3 electronic configuration. This latter aspect appears to dominate inner-sphere 
reactivity since reactions which are faster than the substitution rate must follow an 
outer-sphere mechanism. For reactions which occur at rates slower than 40 M“‘ 
s'1 [51], ambiguities in the mechanism exist, and since the self-exchange rate for 
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the outer-sphere process is much higher than for chromium(III)/(II), mixtures of 
outer-sphere and inner-sphere pathways are frequently proposed. The product vana- 
dium(III) complexes are labile with a characteristic solvent exchange rate of ap¬ 
proximately 102 s'1 and so detection of kinetic products, though possible, is not 
common. Assignment of mechanism is generally based on deviations from the 
correlation of rates with those for [Ru(NH3)6]2+ as reductant, a test for outer-sphere 
mechanism, and on the reaction rates being slower than the expected rate of substi¬ 
tution. Rates of reactions of [V(H20)6]2+ with a number of oxidants are presented 
in Table 3.8 together with their mechanistic assignments. 

Table 3.8. Rates of reduction by [V(H20)6]2+ at 25.0°C 

Oxidant 

(M) 
k 
(M-1 s-1) 

AH1 
(kJ mol-1) 

AS* 

(J K-1 
Designation 

1 mol-1) 
Ref. 

[Ru(NH3)5C1]2+ 0.11 3.0 X 103 15.9 -125 OS 48 

[Ru(NH3)5Br]2+ 0.11 5.1 X 103 15.9 -142 OS 48 

[Ru(NH3)5OAc]2+ 0.5 1.3 X 103 OS 48 

[Co(NH3)5F]2+ 1.0 2.6 OS 10 

[Co(NH3)5C1]2+ 1.0 7.6 . d OS 52 

cis- [Co (en)2 Ch ]+ 1.0 10.1 OS 52 

tra/is-[Co(en)2Cl2]+ 1.0 128 OS 52 

[Co(NH3)5Br]2+ 1.0 25 OS 10 

[Co(NH3)5I]2+ 1.0 1.2 X 102 OS 10 

[Co(NH3)5OAc]2+ 1.0 1.15 48.5 -7.9 IS? 11 

[Co(NH3)502CH]2+ 1.0 3.63 58.1 -54 IS? 11 

ci5-[Co(en)2(N3)2j+ 1.0 33 IS 53 

[(NH3)5Co(oxH)]‘+ 1.0 1.0 X 102 IS 26 

[(NH3)5Co(ox)]+ 1.0 4.6 X 104 9.6 -84 IS+OS 26 

[(en)Co(ox)2] 1.0 1.08 x 102 38.9 -75 IS+OS 54 

[Co(ox)3]3- 1.0 2.04 x 104 9.2 -132 IS+OS 54 

[Cr(H20)5NCS]2+ 3.0 4.41 X 10-5 96.6 -4 IS 55 

[Cr(H20)5SCN]2+ 3.0 16.2 51.9 -48 IS 55 

Reductions of ruthenium complexes such as [Ru(NH3)5C1]2+ clearly exceed the 
rates commonly expected for substitution at [Y(H20)6]2+ and are assigned an outer- 
sphere mechanism. A plot of log kv against log kRu is shown in Fig. 3.1. There is 
a good correlation for the outer-sphere data and the reactions of [Co(NH3)5C1]2+ and 
derivatives are assigned an outer-sphere mechanism on this basis [10]. The reduction 
of [Cr(H20)5SCN]2+ shows a rate which is close to rates of substitution at 
[V(H20)6]2+ and has been shown to be inner-sphere with the detection of 
[V(H20)5NCS]2+ as a transient product. In the case of reduction of [Cr(H20)5NCS]2+, 
the rate is much slower than the substitution rate and is tentatively assigned as 
inner-sphere where there is rate-limiting electron transfer on the basis of comparisons 
with the rates of the corresponding reductions by [Cr(H20)6]2+ [55]. Note that for 
inner-sphere reactions, AHx is larger and ASx less negative than for outer-sphere 
reactions and more in line with parameters for substitution. 

In a few other instances it has proved possible to design experiments where the 
vanadium(III) kinetic product of inner-sphere electron transfer has sufficient lon¬ 
gevity for detection. Reduction of ds-[Co(en)2(N3)2]+ by [V(H20)6]2+ leads to the 
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formation of a transient [y(H20)5N3]2+, absorbing at 350 nm, and the subsequent 
aquation of this complex is sluggish (10 s-1) [53]. Similarly the chelate product, 
[V(H20)4(ox)]+, has been detected in the inner-sphere reduction of 
[(NH3)5Co(oxH)]2+, [(en)Co(ox)2]_, and [Co(ox)3]3- [26, 54], In the latter two reac¬ 
tions, [V(H20)6]3+ is also detected as an initial reaction product consistent with 
parallel inner-sphere and outer-sphere pathways (eqs (3.21)—(3.22)). The proportions 
of the inner-sphere pathways are limited by substitution at the [V(H20)6]2+ center. 

^is 

[Co(ox)3]3" + [V(H20)6]2+ [Co(ox)2] + [V(H20)4(ox)]+ (3.21) 

&OS 

[Co(ox)3]3" + [V(H20)6]2+ -> [Co(ox)3]4- + [V(H20)6]3+ (3.22) 

Fig. 3.1. Plot of log k([y(H20)6]2+) against log k([Ru(NH3)6]2+) for the reduction of complexes 
shown in Table 3.8. Open circles are assigned an outer-sphere mechanism for both reagents. 
In the case of the closed circles the [V(H20)6]2+ reactions are faster than predicted for 
outer-sphere reaction and have some inner-sphere character. Note that the inner-sphere rates 

2 -1 
must be less than « 10 s 
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Where the rates for inner-sphere reductions by [V(H20)6]2+ lie in the range 1 -40 
M'1 s'1, the activation parameters are generally similar to those for substitution at 
[V(H20)6]2+. However, for reactions slower than the substitution-controlled rate, 
electron transfer is rate-limiting, and there is no requirement for activation parameters 

to reflect those for substitution. 
The reagent [Fe(H20)6]2+ is a poor reductant and is very labile with a solvent 

exchange rate of approximately 106 s'1. Like [V(H20)6]2+, the oxidized form, 
[Fe(H20)6]3+, is significantly less labile than [Fe(H20)6]2+ with a solvent exchange 
rate of approximately 102 s'1 and detection of kinetic products is possible although 
isolation is not. Representative rate data are presented in Table 3.9. Reduction of 
[Co(NH3)5F]2+ and derivatives is assigned an inner-sphere mechanism on the basis 
of large rate discrimination between [Co(NH3)5N3]2+ and [Co(NH3)5NCS]2+ [56], 
and on the basis of the observation that the inverse order of reduction of the halide 
complexes is followed [57]. Volumes of activation have also been determined for a 
number of the reactions with [Fe(H20)6]2+ as reductant [58, 59]. The values are 
positive, consistent with the exclusion of solvent in the precursor complex formation. 

Table 3.9. Rate constants and activation parameters for reduction by 

[Fe(H20)6]2+ at 25.0 °C 

Oxidant 1* 
(M) 

k 

(M 1 s'1) 
AHx 

(kJ mol'1) 
AS* 

(J K'1 
At4 

1 mol ') (cm3 mol '), 
Ref. 

[Co(NH3)5F]2+ 1.0 6.6 X 10'3 57 -96 11 56 
[Co(NH3)5C1]2+ 1.0 1.35 X 10"3 52 -125 9 56 
[Co(NH3)5Br]2+ 1.0 7.3 X 10“4 56 -117 6 56 
[Co(NH3)5OAc]2+ 1.0 >5 x 10~5 56 
[Co(NH3)5NCS]2+ 1.0 >3 x 10~5 56 
[Co(NH3)5N3]2+ 1.0 8.8 X 10'3 63 -74 12 60 
[Co(NH3)5SCN]2+ 1.0 1.2 X 10"1 61 
[Co(ox)3]3' 1.0 33 62 
[Co(en)(ox)2]~ 1.0 3.15 x 10'3 66 -76 54 
[Co(en)2(ox)]+ 1.0 2.28 X 10'5 80 -65 63 
[Co (dien)(en)Cl]2+ 1.0 6.0 x 10“6 64 
[Co(tetren)Cl]2+ 1.0 < 1 x 10'8 64 
cis-[Co (en)2(NH3)Cl]2+ 1.0 1.8 X 10~5 65 
m-[Co (en)2pyCl]2+ 1.0 7.9 X 10'4 66 
cw-[Co(en)2(NCS)Cl]+ 1.0 1.7 X 10'4 65 
cw-[Co (en)2Cl2]+ 1.0 1.6 X 10"3 65 
c£s-[Co (en)2(H20)Cl]2+ 1.0 4.6 X 10'4 65 
trans -[Co (en)2(NH3)Cl]2+ 1.0 6.6 X 10'5 65 
trans -[Co (en)2 (NCS )C1]+ 1.0 1.3 X 10“4 65 
trans -[Co (en)2CI2]+ 1.0 3.2 X 10'2 65 
trans -[Co (en)2BrCI]+ 1.0 3.6 X 10'2 65 
trans -[Co (en)2(N3)Cl]+ 1.0 6.2 X 10'2 65 
trans -(Co (en )2(H20)C1]2+ 1.0 2.4 x 10'1 65 

The reaction with [Co(NH3)5SCN]2+ gives [Fe(H20)5NCS]2+ as a transient absorbing 
maximally at 460 nm, confirming an inner-sphere mechanism [61]. Similar conclu¬ 
sions have been reached with the detection of [Fe(H20)4(ox)]+ in the reduction of 
[Co(ox)3]3 , which is likely to be formed from a doubly bridged transition state. The 
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reactions involving [Fe(H20)6]2+ are not in general substitution-controlled and show 
a strong dependence on non-bridging ligands [65, 66], and this constitutes one of 
the most important studies of this effect. Although the reduction of trans- 
[Co(en)2(OH2)Cl]2+ is the only one in which an inner-sphere mechanism has been 
proved [62], all these reactions are thought to proceed by a chloride bridge with the 
exception of rra«.s-[Co(en)2(N3)Cl]+, which prefers an azide bridge. There are trends 
in the data which are more marked with changing the trans ligand than with changing 
the cis ligand. Chelation slows the rate [64], and there is a correlation with ligand 
field strength (eq. (3.23)), which may reflect the thermodynamic driving force. 

en < NH3 < SCN" < Cl" < Br" < H20 (3.23) 

The electron exchange reaction for [Fe(H20)6]3+/2+ is strongly catalyzed by Cl" 
[67]. The dominant pathway for this catalysis involves the reduction of [Fe(H20)5Cl]2+ 
by [Fe(H20)6]2+ which has a rate constant of 57.6 M"1 s"1 at 25.0°C and 3.0 M 
ionic strength. Comparison of this value with the rate for the [Fe(H20)6]2+-catalyzed 
aquation of [Fe(H20)5Cl]2+ (eq. (3.24)), 33.4 NT1 s~', leads to the conclusion that 
the electron transfer proceeds substantially by an inner-sphere mechanism with 
transfer of the Cl~-bridge. Further remarks on inner-sphere pathways in the reactions 
of aqua-metal ion complexes is found in section 3.8. 

[Fe(H20)sCl]2t + [Fe(H20)6]2* = [Fe(H20)6]J+ + [Fe(H20)sCl]+ (3.24) 

In a now classic experiment, advantage was taken of the sluggish electron transfer 
reactivity and the substitution lability of [Fe(H20)6]2" to design an experiment to 
detect precursor complex formation [68]. The idea involves stabilization of the 
precursor by chelation to [(NH3)5Co02CCH2N(CH2C02)]. The spectra of solutions 
of the intermediate show absorption characteristics of the reactants only and a 
structure (3.25) is proposed. 

■>2+ 

(3.25) 

Electron transfer most likely takes place through the bound carbonyl, but an alter¬ 
native bridged outer-sphere mechanism is also possible. In the corresponding reduc¬ 
tion by [Cr(H20)6]2+, the reactions are very rapid and the product is fully chelated 

consistent with inner-sphere reaction [27]. 
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Studies with the reductant [Ti(H20)6]3+ present some experimental difficulties 
since the ion is slowly oxidized by [C104]“, one of the more important weakly 
coordinating counter-ions used in kinetic studies so that experimental data are mostly 
accumulated in Cl", CF3SOj, or CH3QH4SO3 media. Reductions by titanium(III) 
show some unusual features which merit comment. In reactions with [Co(NH3)5C1]2+, 
the rate law indicates a dominant pathway involving an [H+]-1 dependence (eq. 
(3.26)), for which k = 0.48 M-1 s-1 and Kh = 4.6 x 10-3 M [69]. The latter value 
is similar to the thermodynamically determined hydrolysis constant for 
[Ti(H20)6]3+, 6.9 x 10~3 M, and the proposed mechanism is given in eqs (3.27)— 
(3.28). 

-d[[Co(NH3)sCl]2+] *qh Kh[U+]~l 

to 1 + Kb[U+]~l 
[[Co(NH3)5Cl]2+][[Ti(H20)6]3+]T (3.26) 

[Ti(H20)6]3+ ^ [Ti(H20)50H]2+ + H+ (3.27) 

^OH 

[Co(NH3)5C1]2++ [Ti(H20)50H]2+ 

[Co(H20)6]2+ + [TiOaq]2+ + 5 NH4 + CH (3.28) 

A similar rate law is observed in the reduction of [Co(NH3)5N3]2+ but in this 
instance Kh = 0.075 M, an order of magnitude larger than the hydrolysis constant 
[70], The discrepancy with the thermodynamic value points to the involvement of 
an inner-sphere steady-state intermediate in the reaction. Two possibilities exist 
(3.29M3.30) and (3.31M3.32). 

kx 
[Co(NH3)5N3]2++[Ti(H20)6]3+ ^ [Co(NH3)5N3Ti(H20)4(OH)]4++ H+ 

k2 

[Co(NH3)5N3Ti(H20)4(OH)]4+ -> [Co(H20)6]2+ + 5 NH4 + HN3 + [TiOaq]2+ 

, k2 
[Co(NH3)5N3]2++[Ti(H20)5OH]2+ — 

k- 3 

&4 

[Co(NH3)5N3Ti(H20)4(OH)4+ + H+ 

(3.30) 

[Co(NH3)5N3Ti(H20)4(OH)]4+ 

(3.31) 

[Co(H20)6]2+ + 5 NH4 + HN3 + [TiOaq]2+ + H+ (3.32) 
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The latter mechanism is unlikely since there is no reason to protonate the intermediate 
as the final titanium product is an oxo species [47]. Thus the reactions of [Ti(H20)6]3+ 
reveal evidence within the [H+] dependence of the rate law for the formation of 
precursor complexes. This fortunate occurrence allows some distinction between 
inner-sphere and outer-sphere mechanisms. Otherwise free energy relationships must 
be employed. A listing of rate constants and acidity dependencies is presented in 
Table 3.10 for a number of reductions by titanium(III). 

Table 3.10. Rate constants and mechanistic details of reactions of 

[Ti(H20)6]3+ at 25.0°C 

Oxidant 

(M) 
*Ti3+/H+ 

(s 1) 
*TiOH 2+ 

(XT1 s-1) 

*Ti3+ 

(M 1 s-1) 
Kh Ref. 

[Co(NH3)5C1]2+ 1.0 0.48 4.6 X 10" 3 69 

czs-[Co(en)2Cl2]+ 1.0 0.75 0.002 4.6 X 10“3 69 

trans -[Co(en)2Cl2]+ 1.0 2.8 0.009 4.6 X 10“3 69 

[Co(NH3)5N3]2+ . .0.5 . 47 / <*. 7.5 X 10"2 70 

[Co(NH3)5OAc] 2+ 1.0 1 x 10~2 3.5 X 10"3 69 

[Ru(NH3)5C1]2+ 1.0 12 5 x 10“3 71 

[Ru(NH3)sNCS]2+ 2.0 840 72 

[Ru(NH3)50Ac] 2+ 2.0 700 0.21 73 

[Ru(NH3)4(ox)]+ 2.0 36000 0.13 73 

[Co(ox)3]3_ 1.0 1.9 X 103 74,75 

[Ru(ox)3]3 1.0 53 x 102 76 

Reduction of [Ru(NH3)5C1]2+ has been identified [71] as outer-sphere in nature 
but other ruthenium(III) oxidants including [Ru(NH3)5OAc]2+ [73], [Ru(NH3)5NCS]2+ 
[72], and [Ru(NH3)4(ox)]+ [73] show evidence for inner-sphere behavior with inhi¬ 
bition by H+ (eq. (3.33)). The rates do not show a close correlation with a linear 
free energy relationship based on comparisons of outer-sphere reactions of 
[Ti(H20)50H]2+ and [Ru(NH3)6]2+ [77-79] and are assigned an inner-sphere mecha¬ 
nism. The detailed mechanism (eqs (3.34M3.35)) involves protonation of the oxidant 
which reduces reactivity. Activation parameters for the reaction are substantially 
different from the normal values for outer-sphere reactions and reflect the fact that 
the rate of formation of the precursor complex is rate-limiting. Electron transfer is 

particularly enhanced by bridging oxalate. 

-d[[Ru(NH3)5OAc]2+] = kK _ [[Ru(NH3)50Ac]2+][[Ti(H20)6]3+] (3.33) 
d t K+ [H+] 

[Ru(NH3)5OAc] 2+ + H+ := [Ru(NH3)5OAcH]3+ (3.34) 
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k 

[Ru(NH3)5OAc]2++ [Ti(H20)6]3+ —> [Ru(NH3)5OAc]+ + [TiOaq]2+ (3.35) 

Mechanisms for reactions of the three reductants [Cuaq]+, [Euaq]2+ and [Uaq]3+ are 
more difficult to decipher because the pattern of outer-sphere behavior is not well 
established. However, all three reductants have low self-exchange rates, high rates 
of substitution and behave in a manner which is very similar to that of 
[Cr(H20)6]2+, where inner-sphere reactions are preferred. There is little prospect for 
detection of inner-sphere products even as transients, and mechanistic assignments 
are made on the basis of rate comparisons. Rate data for the reagents are presented 
in Table 3.11. The major differences are that the [Uaq]3+ reactions are much faster 
than those for [Euaq]2+ and are affected by the greater charge. There is a much 
greater range of rates for [Cuaq]+ compared with [Cr(H20)6]2+ which reflects the 
fact that the latter are close to the substitution limit. 

Table 3.11. Rate constants for the reduction of selected oxidants by 

[Cuaq]+, [Euaq]2+ and [Uaq]3+ at 25.0°C 

Oxidant *a(Cu(I)) [80] 
(M“‘ s'1) 

AEu(II)) [10] 
(M 1 s'1) 

*a(U(IIT» [81] 

(M'1 s'1) 

[Co(NH3)5F]2+ 1.11 2.6 X 104 5.40 X 105 
[Co(NH3)5C1]2+ 4.88 X 104 3.9 X 102 3.24 x io4 
[Co(NH3)5Br]2+ 4.46 X 105 2.5 x 102 1.42 x io4 
[Co(NH3)5N3]2+ 1.50 X 103 1.9 X 102 1.08 

O
 

X
 

[Co(NH3)5NCSJ2+ 

[Co(NH3)5OH]2+ 
» 2 
3.8 x 102 

« 0.7 18.2 
C 

[Co(NH3)5OAc] 2+ 1.8 x 10'1 1.50 x 104 

a0.20 M ionic strength. 

*1.0 M ionic strength. 

eKinetic ambiguity. 

3.6 ANIONIC REDUCTANTS 

In the preceding studies of reactions of the labile metal aquo-ion reductants, there 
is good evidence for bridge formation in the inner-sphere mechanism. The reaction 
energetics are complicated by substitution processes involved in precursor complex 
formation and successor complex decomposition such that those for the electron 
transfer process are ill-defined. Measurements on well defined inner-sphere electron 
transfer reactions are lacking and while there is some kinetic detection of the 
precursor, stability constants are low and quantitative study has not been possible. 
Complex formation may be more favored with the use of anionic reductants, and 
two reagents have been used extensively. The [Co(CN)5]3_ ion is five-coordinate in 
solution with K6= KT'-KT4 M'1 (eq. (3.36)) and the potential of 
[Co(CN)5(OH2)J2 is strongly reducing. Reactions with complexes such as 
[Co(NH3)5F]2+ show competition between inner-sphere pathways involving 
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[Co(CN)5]3 , and outer-sphere pathways involving [Co(CN)6]4", with a rate law of 
the form of eq. (3.37) [82], Rate constants are presented in Table 3.12. The inner- 
sphere nature of the former pathway can be deduced from the detection in the 
reduction of [Co(NH3)5CN]2+ of'the N-bonded product, [Co(CN)5(NC)]3_, as a 
reactive transient which rapidly isomerizes to [Co(CN)6]3-, the thermodynamic prod¬ 
uct with'a half-life of 0.8 s [83]. Interestingly, where [Co(NH3)5NCS]2+ gives the 
expected product of remote attack, the isomeric species [Co(NH3)5SCN]2+ shows no 
evidence for [Co(CN)5NCS]3_, preferring instead adjacent attack to give the ther¬ 
modynamically favored product [Co(CN)5 SCN]3~, and contrasting with the corre¬ 
sponding reaction with [Cr(H20)6]2+ [84]. 

[Co(CN)5]3~ + CN“ ^ [Co(CN)6]4- (3.36) 

-d[[Co(NH3)5F]2+] 
-^-"= Uis + Aos[CN-] } [[Co(CN)5]3-][[Co(NH3)5F]2+] 

(3.37) 
. * * / 

^is 

[Co(NH3)5F]2+ + [Co(CN)5]3_ 

[Co(CN)5F] 3~ + [Co(H20)6]2+ + 5 NH4 (3.3 8) 

^os 

[Co(NH3)5F]2+ + [Co(CN)6]4~ -> 

[Co(CN)6]3- + [Co(H20)6]2+ + 5 NH4 + F~~ (3.39) 

Table 3.12. Rate constants for the reduction of cobalt(III) complexes by 

[Co(CN)5]3" 

Complex F k\s kos Ref. 

(M) (M-1 s-1) (M'2 s-1) 

[Co(NH3)5C1]2+ 0.2 = 5 x 107 82 
[Co(NH3)5F]2+ 0.2 1.8 x 103 1.7 x 104 82 
[Co(NH3)5N3]2+ 0.2 1.6 x 106 <8 x 10s 82 
[Co(NH3)5NCS]2+ 

[Co(NH3)5OH]2+ 

0.2 
0.2 

1.1 x 106 
9.3 x 104 

<5 x 105 
< 5 x 104 

82 
82 

[Co(NH3)5OAc1 2+ 

[Co(NH3)5CN]2+ 

0.2 < 1 x 102 1.1 x 104 82 
0.2 2.9 x 102 4.5 x 103 83 

[Co(NH3)5SCN]2+ 0.1 >108 <2x 109 84 

The reagent [Fe(CN)5OH2]2~ is a poor reductant with a reduction potential esti¬ 
mated as 0.54 V [85]. Attempts to use the reagent to study inner-sphere reactions 
by taking advantage of the high affinity of the reductant for OS(Me)2 (eq. (3.40)) 
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lead to the formation of an inner-sphere complex but decomposition involves sub¬ 
stitution and not electron transfer [86]. 

[(NH,)sCoOS(CH,)2]3++ [Fe(CN)5(OH2)]3- = 

[(NHj)sCoOS(CH3)2Fe(CN)s] (3.40) 

A related reaction is the reduction of [Fe(CN)6]3~ by [Co(edta)]2_, which takes 
place rapidly to give a transient, identified by spectroscopy and magnetic suscepti¬ 
bility measurements as a successor complex (eq. (3.41)) [87]. The reductant is labile 
and the structure proposed for the intermediate involves dissociation of one of the 
chelate rings to provide a site for substitution by a CN- bridge from the oxidant. 
Rate constants are ^ = 8x 104 M_1 s-1 and £_] = 96 s_1 at 25.0 °C and 0.66 M ionic 
strength [88], Decomposition of the intermediate has a rate of 5.4 x 10“3 s-1 [89], 
giving the substitution inert products, [Co(edta)]“ and [Fe(CN)6]4~ [90], This obser¬ 
vation sheds considerable light on the mechanism of the decomposition reaction. 
The oxidation of [Fe(CN)6]4- by [Co(edta)]- is thermodynamically unfavorable but 
can be driven to completion by the addition of ascorbate ion. The reaction (eq. 
(3.42)) has a second-order rate constant &_2 = 0.21 M_1 s_1 at 25.0°C and 0.6 M 
ionic strength, this is too slow to represent substitution of coordinated cyanide into 
the inner-coordination sphere of [Co(edta)]-, and it is concluded that the reaction is 
outer-sphere. Consequently the inner-sphere successor complex represents a ‘dead¬ 
end’ complex in the overall outer-sphere reaction and the decomposition of the 
transient involves dissociation to reactants followed by outer-sphere electron transfer. 
The rate of the outer-sphere reaction can be calculated from the reduction potentials 
to be 4.5 M-1 s-1, four orders of magnitude slower than the inner-sphere reaction. 

(3.41) 

(3.42) 

Similar mechanisms are found with other reactions involving [Co(edta)]2-, and 
while it has proved to be an effective inner-sphere reductant [91, 92], outer-sphere 
mechanisms are often preferred [93]. 

3.7 STEREOSELECTIVITY IN INNER-SPHERE ELECTRON TRANSFER 
REACTIONS 

Stereoselectivity provides a further probe of the inner-sphere electron transfer mecha¬ 
nism. As a result of the specificity of the inner-sphere transition state, stereoselec¬ 
tivities in inner-sphere reactions might be anticipated to be larger than those for 
corresponding outer-sphere reactions. However, the mechanisms are more complex. 
A series of inner-sphere reductants which are both chiral, as a result of stereospecific 
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binding of a chiral pentadentate ligand, and labile, as a result of the available sixth 
coordination position on iron(II), have been developed [94], Stereoselectivities are 
modest and comparable with those in outer-sphere reactions (Table 3.13). The re¬ 
duction of [Co(ox)3]3- by [Co(en)3]2+ follows two pathways: an outer-sphere pathway 
(eq. (3.44)) where [Co(en)3]2+ is the reductant, and an inner-sphere pathway (eq. 
(3.45)) where [Co(en)2]2+ is the reductant. Stereoselectivities in the latter pathway 
are very small [95], most likely as a result of the large (approximately 5.5 A) 
separation between the chiral centers. The stereoselectivity is sensitive to the position 
of methyl substituents on the 1,2-diaminoethane ligands, and the sense of the 
discrimination can be understood by consideration of hydrogen bonding in the 
assembly of the precursor complex [96]. Much larger stereoselectivities are noted 
with the more rigid [Co(bpy)2]2+ and especially with the [Co(phen)2]2+ reductants 

[97]. 

[Co(en)2]2++ en ^ [Co(en)3]2+ (3.43) 

, .*os 

[Co(ox)3]31* + [Co(en)3]2+ —> [Co(en)3]3+ + [Co(ox)2]2" + ox2- (3.44) 

% 
[Co(ox)3]3~ + [Co(en)2]2+ —> [Co(en)2(ox)]+ + [Co(ox)2]2- (3.45) 

Table 3.13. Inner-sphere electron transfer stereoselectivities at 25.0°C 

Oxidant Reductant 

[Co(bamap)OH] 
[Co(ox)3r~ 
[Co(ox)3]3 
[Co(ox)3]3 
[Co(ox)3]3 
[Co(ox)3]3 

[Fe(alamp)] 
[Co(en)2j 
[Co(N,N-Me2 en)2 ] 
[Co(7V,7V'-Me2en)2] 
[Co(bpy)2]2^ 
[Co(phen)2j + 

2+ 

2+ 

n k kAA/ksA Ref. 

(M) (NT1 s-1) 

0.10 61 0.55 94 

0.10 3300 1.03 95 

0.10 — 0.91 96 

0.10 — 1.17 96 

0.017 160 1.47 97 

0.017 94 4.4 97 

3.8 THEORETICAL ASPECTS 

Inner-sphere reactions show considerable complexity and the development of a useful 
theoretical framework for discussion of mechanistic details has been much slower 
than for outer-sphere reactions. On the positive side, there is a detailed picture of 
the transition state for the reaction which is not available in outer-sphere reactions. 
To balance this, bond making, bond breaking, precursor complex stability and 
successor complex stability are all variables which may have a profound effect on 
the rate besides the dynamics of the electron transfer itself, determined primarily by 
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Frank-Condon factors as in outer-sphere reactions. In comparing data, therefore, it 
is essential to establish the rate-determining step in the overall process. The usefulness 
of linear free energy relationships is much more limited, but where electron transfer 
is rate limiting and the details of the mechanisms are similar, some comparisons 

can be made [98-101]. 
The great facility of the self-exchange process in understanding outer-sphere 

electron transfer reactions has no exact counterpart in the inner-sphere process 
because there is an unique bridging atom or group. However, a pseudo-self-exchange 
process can be defined with AG°~0 as shown in eq. (3.46) for the reaction of 

[Cr(H20)50H]2+ with [Cr(H20)6]2+. 

[Cr(H20)50H]2+ + [*Cr(H20)6]2+ ^ [*Cr(H20)50H]2+ + [Cr(H20)6]2+ 
(3.46) 

This reaction is the [H+]-1 catalyzed pathway in the self-exchange process and it 
is subject to a proton ambiguity when studied under conditions of pH far from the 
pKa values for [Cr(H20)6]3+ and [Cr(H20)6]2+. The alternative to eq. (3.46) is the 
reaction of [Cr(H20)6]3+ with [Cr(H20)50H]+ and this is less likely since hydrolysis 
in [Cr(H20)6]2+ is much less favored. Pathways of this sort are not restricted to OH" 
bridges. In the presence of many halides and pseudo-halides, the reactions show 
evidence for halide ion catalysis. As indicated in section 1.9, a cautionary note is 
required in interpreting such dependencies since pathways involving both 
[Cr(H20)5Cl]2+ and {[Cr(H20)6]3+,Cr} are possible and only the former species 
gives the appropriate pseudo-exchange reaction. Selected values for pseudo-exchange 
rates are presented in Table 3.14. 

Table 3.14. Pseudo-self-exchange rates for aqua-ion complexes at 25°C 

X |i E° 

(M) (V) 

k 

(M-1 s-1 

AHx 

(kJ mol-1) 

AS* 

(J K-1 mol-1) 

AVt 

(cm3 mol *) 

Ref. 

[Cr(H20)5X]2+/[Cr(H20)6]2+ 
OH 1.0 -0.69 0.69 43 
Cl 1.0a 9 42 
F 1.0 2 x 10-2 42 
NCS 1.0 1.2 X 10-4 42 

[Fe(H20)5X]2+/[Fe(H20)6]2+ 
OH 0.1 (Li) 0.36 1.36 X103 28 -92 +0.8* 102,103 
Cl 3.0 58 67 

[Co (H20)sX]2+/[Co (H20)6j 
OH 1.0 1.44 7.0 x 102 75 -5 104 

[Fe(H20)5X]2+/[Cr(H20)6]2+ 
OH 1.0 (Na) 3.3 x 106 105 
Cl 1.0 (Na) 2 x 107 105 
OH 1.0 (Li) 4.4 X 106 19 -54 106 
n3 1.0 (Li) 2.9 X 107 106 
NCS 1.0 (Li) 2.8 X 107 106 
NCO 1.0 (Li) 2.2 X 105 106 

[Co(H20) 5X]2+/[Cr(H20)6]2+ 
OH 3.0 (Li) 3.3 X 106 < 107 

(continues) 
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X n E° 

(M) (V) 
k 

(M-1 s_1 
AHx \SX AVl 

(kJ mol ’) (J K 1 mol *) (cm3 mol-1) 
Ref. 

[Co(H20)5X]2+/[Fe(H20)6]2+ 
OH 3.0 (Li) 1.4 X 10s 108 

[Co(H20)5X]2+/[Mn(H20)6]2+ 
OH 3.0 (Li) 2.3 X 104 108 

[Y(H20)5X]2+/[Cr(H20)6]2+ 

OH 3.0 (Na) 3.7 x 102 109 

VC b2°C, 0.5 M 

In principle one can apply a Marcus-type relationship to an inner-sphere electron 
transfer reaction (eq. (3.47)) by defining the corresponding pseudo-self-exchange 
processes (eqs (3.48) and (3.49)) [110]. 

^AXB 

Aox-X + Bred = Ared + Box-X (3.47) 

&AXA 

A°*-X + A'Ki = Ared + A'ox-X (3.48) 

^BXB 

Box-X + B,rcd = Bred + B'ox-X (3.49) 

The relationship with free energy is given by eq. (3.50) in exactly the same manner 
as in section 2.4 for outer-sphere reactions. However, the major assumption involved, 
that the structural reorganization required to attain the transition state by a reagent 
in the cross-reaction is the same as that required for the pseudo-self-exchange, is 
much more difficult to justify for an inner-sphere reaction than for an outer-sphere 
reaction. In inner-sphere reactions, the overlap of the metal-centered orbitals involved 
in the electron transfer is modified by the orbitals on the bridge, and the extent of 
this interaction will depend on the nature of the reaction partner. Moreover, the 
inner-sphere precursor stability constant is much more difficult to estimate than the 
outer-sphere ion association, which is calculable by modifications of the Fuoss 
equation. There is not an abundance of information to test a relationship such as 
eq. (3.50) for inner-sphere reactions. A number of [H+]_1-catalyzed cross-reactions 
between metal aqua-ion complexes have been reported (Table 3.14). The reduction 
of [Co(H20)5OH]2+ by [Fe(H20)6]2+ has a rate constant of 3 x 105 M_1 s_I but the 
rate predicted by eq. (3.50) is 2x 109 M"1 s_1 [106]. It is quite clear that the 
specificity of the inner-sphere interactions precludes any generalized linear free 

energy relationship. 

AGaxb = V^AGaxa + AGbxb) + V^AQScb 
f j +_AGxxb ^ 

4 (AGJxa + AGbxb)^ \ 
(3.50) 
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Other, more specific aspects of the inner-sphere mechanism have been addressed. 
One is the role of precursor and successor complex stability which is also related 
to the free-energy change for the electron transfer process within the reaction 
assembly. Consider the comparison of the rates in a typical inner-sphere electron 
transfer reaction, the reductions of [Co(NH3)5F]2+ and [Co(NH3)5I]2+ by 
[Cr(H20)6]2+ (eq. (3.51)). This combination follows the ‘normal order’ with regard 
to the effectiveness of the halide bridge in promoting electron transfer with k\ > 
kp, the order also followed in outer-sphere reactions. The second-order rate constant 
is kx = Kxxk2X where KIX is the precursor association constant and k2X is the electron 
transfer rate constant. 

k-\ 

[Co(NH,)5F]2*+[Cr(H20)6]2+ = 
kx 

^2 

[(NH3)5ComFCrn(H20)5]4+ 

[(NH3)5ConFCr ni(H20)5]4+ (3.51) 

h_ _ ^ii^2i 

kj: Kffkjp 
(3.52) 

A simple comparison of the rate constants, (eq. (3.52)), may reflect differences 
in Kxx or k2X and is especially difficult to interpret because there are differences in 
the thermodynamic driving forces for the reactions. Haim [46] has attempted to 
clarify a parameter to compare the rates by defining a quantity, Q, which represents 
the relative stabilities of the electron transfer transition states with fluoride and iodide 
bridges (eq. (3.53)). The assumptions of transition state theory are used to obtain 
Q from the reaction rates, and the common point for comparison, which takes some 
account of the differences in driving force for the reactions, is the ion 
[Co(NH3)5OH2]3+, since values for KiX in eq. (3.56) are 0.12, 0.35, 1.11, and 25 
M-1 respectively for I-, Br“, Cl-, and F“ [111]. 

Qw 
{[(NH3)5CoFCr(H20)5]4,-}J + r — )[(NH3)sCoICr(H20)5]4t}»+F“ 

0IF - 
^11^21^31 

^1F^2F^3F 

ATiF&2F 

[Co(NH3)5F]2+ + [Cr(H20)6]2+ = {[(NH3)5CoFCr(H20)5]4+}t 

(3.53) 

(3.54) 

(3.55) 

^3F 
[Co(NH3)5OH2]3+ + F- — [Co(NH3)5F]2+ + H20 (3.56) 

The value for Qxr, in this instance is 6.4 x 10 2. Negative values for log Q are found 
where both oxidant and reductant are hard nonpolarizable Lewis acids but positive 
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values are found when at least one of the reagents is a soft polarizable Lewis acid 
such as [Co(CN)5] . It is apparent that at least two factors are required to explain 
the accumulated data: a term measuring the relative affinity of the halide for the 
transition state, and a measure of the electron permeability through the bridge. 

This latter quantity is emphasized in an alternative approach. It has been found 
useful to define the inner-sphere advantage for a reaction by comparing the outer- 
sphere self-exchange process (eq. (3.57)) with an inner-sphere pseudo-self exchange 
(eq. (3.58)) [112-114], For both these reactions AG = 0 and the inner-sphere advan¬ 
tage is given by x = (4A*)- 

[Cr(H20)6]3+ + [*Cr(H20)6]2+ — [Cr(H20)6]2+ + [*Cr(H20)6]3+ (3.57) 

[Cr(H20)5Cl]2+ + [*Cr(H20)6]2+ — [Cr(H20)6]2+ + [*Cr(H20)5Cl]2+ (3.58) 

Data for chromium give x ^ 106 whereas for the corresponding iron case, % = 10, 
revealing that inner-sphere reactivity is greatly dependent on the electronic structure 
of the donor and acceptor. The amount of data of this sort which is available is not 
large and rates for cross-reactions such as those in eqs (3.59) and (3.60) can be 
incorporated by correcting rates for outer-sphere and corresponding inner-sphere 
reactions [115] to AG = 0 with a Marcus-type relationship (eq. (3.61)). Such correc¬ 
tions can be justified at least for small driving force differences since linear free 
energy relationships of this sort are found between comparable inner-sphere pro¬ 
cesses. 

[Co(H20)6]3+ + [Ni([14]aneN4)]2+ — [Co(H20)6]2+ + [Ni([14]aneN4)]3+ 

(3.59) 

[Co(H20)5C1]2+ + [Ni([14]aneN4)]2+ — [Co(H20)6]2+ 

+ [Ni([14]aneN4)Cl]2+ (3.60) 

kAn ~ V(*aa*bbKab) (3.61) 

This approximation give (V^)ag-»o which may then be used for comparison 
purposes. Values of (V*os)ag-»o are presented in Table 3.15 for a number of reactions. 
There is a strong dependence on the nature of the bridging group with Xn3; > 
JCci - > Xch which parallels the homolytic bond dissociation energy [116]. In addition, 
for a given electronic configuration of the reactants, the inner-sphere advantage falls 
within fairly narrow limits which reveal the effects of electronic structure on reac¬ 

tivity. 
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Table 3.15. Inner-sphere advantage for reactions with chloride bridges 

Reactants Orbital 
symmetry 
donor/acceptor 

(kis/kos)AG^0 Reactants Orbital 
symmetry 
donor/acceptor 

(£js/^os)aG—>0 

V(III)/V(II) tz/tz = 10 Co(III)/Ni(II) a/a 103—106 

V(III)/Cr(II) n/a = 104 Ni(III)/Co(II) a/a 103—104 

Cr(III)/Cr(II) a/a = 107 Co(III)/Cu(II) 5/a 10 

Fe(III)/Fe(II) tz/tz = 10 Ni(III)/Ni(II) a/a 10-103 

Co(III)/Fe(II) iz/a £103 Cu(III)/Ni(U) a/5 » 1 

Co(III)/Co(II) a/a o
 

o
 

Fig. 3.2. Reaction coordinate diagram for inner-sphere electron transfer. The barrier for 
activation is lowered relative to the barrier for outer-sphere reaction by formation of the three 
center inner-sphere bridge which represents a strong interaction between the reactants. The 

y°nrned,a W10® “ related t0 ^ homo\ytic bond dissociation energy {Aox- 
}->{A ,X,B } which represents the activation process at the limit of weak interaction, 

where the two parabolas intersect. 
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A simple picture of the reaction is presented in Fig. 3.2. In this case the potential 
energy function is represented by homolytic bond dissociation in the precursor, P, 
and the successor, S, complexes since this corresponds to the major structural 
rearrangement during the course of the electron transfer. The energy of the transition 
state is determined by consideration of the stability of the bridged intermediate, 
dominated by a three-center bonding arrangement and involving dz2 orbitals on the 
two metal centers and an appropriate orbital from the ligand radical fragment. To a 
first approximation, where the donor and acceptor orbitals on the metal centers do 
not both have a symmetry with respect to this three-center bonding arrangement, 
poor orbital coupling results and there is little inner-sphere advantage [117, 118]. 
Thus where the donor or acceptor orbitals have n (dxy, d^, dyz), or § (dx2_y2) symmetry, 
the inner-sphere advantage is small. Where the symmetry is o, there is a correlation 
with the electron occupation of the three-center bonding scheme with a decrease in 
the rate advantage corresponding to filling of the antibonding orbital. 

3.9 ELECTRON TRANSFER THROUGH ORGANIC STRUCTURAL UNITS 

The realization that electron transfer takes place through bridging units which are 
composed of several atoms opens a prospect for study of remote inner-sphere electron 
transfer through various organic bridges. Early studies provided results which implied 
that these bridges would have interesting properties [98, 119-121], but definitive 
proof that electron transfer takes place through an organic bridge was first obtained 
[122] in the reduction of the isonicotinamide complex (eq. (3.62)), by 
[Cr(H20)6]2+ where the identified kinetic product is the carbonyl-bound species (eq. 
(3.63)). Under conditions of excess [Cr(H20)6]2+, the initial product subsequently 
reacts, also by a remote inner-sphere electron transfer mechanism, to an equilibrium 
mixture with the pyridine bound complex (eq. (3.64)) prior to complete hydrolysis. 

[(NH3)5CoN^^-CONH2]3+ 
(3.62) 

O-Cr(H20)s]4+ 

[HNCM 
nh2 

(3.63) 

[(H20)5CrN^^-C0NH2]3+ (3.64) 

It is deduced that the carbonyl-bound species (eq. (3.63)) is the initial product of 
the electron transfer reaction and not a rearrangement product, and that it reflects 

the transition state for this process (eq. (3.65)). 

5+t 
(3.65) [(NH3)5CoN( 

^0-Cr(H20)5] 

NHo 
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Interestingly, in the reduction of the amide-bound complex (eq. (3.66)), attack at the 
adjacent carbonyl oxygen is preferred over remote attack at the pyridine nitrogen, 
and electron transfer through the organic bridge is not involved. The rate constant, 
7.8 x 10-2 M_1 s"1 (25.0°C, p= 1.0 M), reflects this mechanistic difference [123]. 

(3.66) 

The results of studies of a number of reactions which are thought to involve 
remote attack through organic units are presented in Table 3.16 [124], In many 
instances, the immediate reaction product is subject to hydrolysis and cannot be fully 
characterized. For example, in the reduction of the species in eq. (3.67), hydrolysis 
of the immediate product (eq. (3.68)),is rapid (24 s-1) [125]. In such cases, an 
inner-sphere remote mechanism can be inferred from rate comparisons with com¬ 
peting outer-sphere and adjacent inner-sphere pathways since the latter leads to 
different products. In some instances with symmetric ligands such as fumarate, (eq. 
(3.69)), it is not possible to deduce from product analysis whether remote or adjacent 
attack takes place, and more convoluted arguments must be considered [126]. 

(3.67) 

(3.68) 

[(NH3)5 Co02C 

C02]+ 
(3.69) 
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Table 3.16. Rate constants and activation parameters for reduction by 

[Cr(H20)6]2+ through organic structural units at 25.0°C 

Oxidant 

[(NH3)5CoN^-CONH2]3+ 

[(NH3)5CoN^» 

CONHJ3* 

[(H20)5CrNf=:V-C0NH2]3+ 

[(NH3)5Co02C 

[(NH3)5Co02C 

[(NH3)5Co02C- ^ 

[(NH3)5CoNf=))-CN]3* 

(N]2+ 

CHO]2+ 

CHO]2+ 

[(NH3)5CoNC ■o 
3+ 

[(NH3)5RuN| ))-C0NU2] 

[(NH3)5RuN( 

CONH2]3+ 

[(NC)5CoN( -CN]2- 

13+ 

[(NC)5ConQn]2- 

[(CN)5CoN^^—conh21 2- 

tt 
(M) 

k 
(M 1 s-1) 

AH1 
(kJ mol-1) 

AS1 
(J K-1 mol-1 

Ref. 

) 

1.0 17.4 16 -167 122 

1.0 0.003 42 -130 122 

1.0 1.8 24 -159 122 

3.0 1.5 x 103 120 

1.1 53 11 -176 125 

1.2 2.6 x 102 127 

1.0 1.24 x 102 0.8 -201 124 

1.0 > 1.6 X 104 124 

0.1 3.92 x 105 0 -192 128 

1.0 3.92 x 105 0 -192 128 

2.30 x 104 4.6 -146 128 

1.0 28 129 

1.0 1.5 x 103 129 

1.0 19 129 
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The remote pathway is detected only where the competing outer-sphere pathways 
are sufficiently slow. In the reduction of the nicotinamide complex (eq. (3.70)), 
product analysis reveals that only 71% of the reaction proceeds by the inner-sphere 
pathway. The remainder of the complex is reduced by outer-sphere reduction with 
a second-order rate constant 1.4 x 10-2 M's1 giving [Cr(H20)6]3+ as the initial 

product. 

[(NH3)5CoN| 

CONHJ 3+ 

(3.70) 

By contrast, in the isonicotinamide case, the outer-sphere pathway is not competitive. 
This difference in reactivity lies with the pattern of conjugation in the pyridine ring 
(eq. (3.71)). The presence of low-lying orbitals capable of accepting an electron is 
evidenced by the reduction potentials of nicotinamide, E° = -0.83 V, and isonicoti¬ 
namide, £° = -0.41 V in 1M HC104 at 25.0°C [130], 

/=\ 0Cr(H20)5]5'1 
[(NH3)5Co=N W 

nh2 

(3.71) 

Linear free energy relationships such as those developed by Gould [99, 100, 131] 
have been important in establishing the importance of the outer-sphere pathway in 
a number of reactions, particularly those with reductants such as [V(H20)6]2+ and 
[Euaq]2+, but also in reactions with [Cr(H20)6]2+ as reductant. For example, in the 
reduction of the complex in eq. (3.72), the rate calculated by eq. (2.54) for the 
outer-sphere pathway is 2.7 x 10“2 M_1 s'1, much smaller than the observed rate 
constant, 4.7 x 104 M_1 s'1. The ligand shows no groups suitable for an inner sphere 
adjacent mechanism, and hence a remote inner-sphere mechanism is deduced. 

[(NH3)5CoNfj 

(3.72) 

Some of the best examples of this mechanism involve pyridine ligands since the 
coordinated pyridine has no site available for a competitive adjacent attack. In some 
cases, however, the ligands are carboxylate-bound and competition from carbonyl 
attack is possible. Unusual acid catalysis is observed in reactions where the ligand 
is carboxylate-bound [119, 125], This is not fully understood but a plausible expla- 
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nation is that protonation of the carbonyl oxygen atom increases the overlap (con¬ 
jugation) between the ligand and the metal center (eq. (3.73)). 

HO /= 

[(NH3)5CoO 
CHO] 3+ 

(3.73) 

The rate constants for the reductions provide an important key to the mechanism 
of electron transfer in these systems. In the reactions with simple inorganic bridging 
groups and with some organic groups by adjacent routes, the rate constants show a 
very strong dependence on the nature of the oxidant metal and its ligand environment. 
Rate variations from 2.6 x 106 M-1 s_1 to approximately 90 M'1 s_l are found for 
the [Cr(H20)6]2+ reductions of [Co(NH3)5Cl]2+ and [Cr(H20)5Cl]2+ respectively, a 
factor of approximately 105, which is typical of reactions taking place by so-called 
resonance transfer, outlined in sectioh 3.8. By contrast, in the corresponding reduc¬ 
tions by remote attack on the isonicotinamide complexes in eqs (3.62) and (3.64), 
the rates are very similar (Table 3.16), varying by only a factor of ten [122]. This 
has led to the proposal that the electron transfer takes place by a different mechanism 
involving rate-limiting reduction of the coordinated ligand, and generally known as 
the chemical mechanism. Further evidence that the metal center is less directly 
involved in the rate-limiting step comes from the isotope effect on the rate [132], 
Comparisons of the rates of reduction of [Co(NH3)5C1]2+ and its deuterated coun¬ 
terpart [Co(ND3)5C1]2+ by [Cr(H20)6]2+ reveal an isotope effect £H/£D = 1.5, the result 
of changes in the N—H bonds on reduction of the cobalt(III) center. The isotope 
effect in the case of the isonicotinamide complex (eq. (3.62)), and its ammine-deu- 
terated counterpart is much smaller (1.1), since there is less involvement of the 
cobalt reduction in the rate-limiting step. 

Not all complexes which react by a remote outer-sphere mechanism through an 
organic bridge show evidence for the involvement of a coordinated radical. Reduction 
of [Ru(NH3)5(isonicotinamide)]3+ (eq. (3.74)), by [Cr(H20)6]2+ yields the chromium- 
bound successor complex expected for a remote attack [128]. However, the reaction 
is more rapid than reduction of eq. (3.62) or eq. (3.64), which appears to rule out 
rate-limiting reduction of the coordinated ligand. In this case electron transfer is 
direct to the metal center through the ligand by resonance transfer. The difference 
between the ruthenium and the cobalt reactions can be rationalized by consideration 
of the symmetry of the ligand orbitals and the acceptor orbitals on the metal center 
[133]. In the case of [Co(NH3)5 (isonicotinamide)]3+ and [Cr(OH2)5 (isonicoti¬ 
namide)]3*, the acceptor orbitals on the metal are of o* symmetry and result in 
poor overlap with the n symmetry orbitals on the ligand center. Consequently, the 
electron is trapped on the ligand orbitals and reduced ligand is an intermediate in 
the reaction. In the case of [Ru(NH3)5(isonicotinamide)]3+, the acceptor orbital on 
the metal is of n symmetry and while the electron transfer may take place through 

the ligand, reduced ligand is not formed. 
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(3.74) 

The evidence points to two quite distinct mechanisms for remote attack through 
organic bridging groups. Regardless of the mechanism, all of the bridging groups 
have a chromophore with an electron pair of sufficient basicity available for coor¬ 
dination to the reductant. In addition, the ligands are unsaturated, and the remote 
electron pair is in conjugation with the metal center. The symmetry of the acceptor 
orbital on the metal center dictates whether electron transfer will take place by 
resonance transfer, smoothly from the donor to the acceptor, or by the chemical 
mechanism involving the intermediacy of the reduced bridging group. Where the 
symmetry of the metal acceptor matches the n symmetry of the ligand orbitals, 
resonance transfer through the organic bridge is permitted. Where there is a mismatch 
in symmetry, the inner-sphere pathway is disadvantaged and outer-sphere pathways 
become important. In instances where there is a suitable orbital on the ligand which 
is of sufficiently low energy that the ligand chromophore is reducible, inner-sphere 
electron transfer by the chemical mechanism is competitive. 

In most instances a chemical mechanism has been implicated by rate comparisons. 
However, direct evidence for the involvement of ligand radical species in these 
reactions has been obtained in the reduction by [Cr(H20)6]2+ of the pyrazine oxidant 
(eq. (3.75)) [134], 

(3.75) 

Two intermediates are detected in the reaction. The first of these, formed within the 
time of mixing of the reactants (k >106 M 1 s !) has an absorption maximum at 
640 nm and flow EPR studies reveal a signal characteristic of an organic radical 
with g = 2.003 and hyperfine coupling to two nitrogen atoms (Fig. 3.3) [135], The 
structure proposed is eq. (3.76). Subsequent transfer of the electron to the metal 
center with a rate constant of 450 s_1 yields the second intermediate, a chelated 
inner-sphere product (eq. (3.77)). 

Fig. 3.3. Epr spectrum of the complex in eq. (3.76). The nine-line spectrum indicates coupling 
to two inequivalent nitrogen atoms, g= 2.003 from Spiecker, H., Wieghardt, K. Inorg. Chem. 

1977,16, 1290 with permission. 
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OConi(NH3)5]4+ 

NC^(H20)4 

(3.76) and (3.77) 

V“(H20)4p 

Further light on electron transfer from coordinated radicals to a metal center has 
been obtained from pulse radiolysis studies on eq. (3.78) which combine the readily 
reducible nitrobenzene chromophore with the sluggish reactivity of a cobalt(III) 
center [136], 

[(NH3)5Coin02C—N02]2++ C02- -[(NH3)5Coni02C—N02]2+ 

(3.78) 

[(NH^Co^C—<Q>-N02]+ 

The intermediate has an absorption spectrum characteristic of a nitrobenzene radical 
and the decay by intramolecular electron transfer to cobalt(III) is slow, indicating 
the poor orbital overlap between the n orbital on the ligand and the acceptor orbital, 
o*, on the metal center (Table 3.17). Examination of the position of the nitro-group 
on the aromatic ring suggests that the electron transfer rate is determined by the 
electron spin density adjacent to the bound carboxylate group. A similar rate is found 
with intramolecular electron transfer in the binuclear complex (eq. (3.79)) [137]. 

eq. (3.79) 
OH 

[(NH3)3Co<OH>Co(NH3)333+ 

no2 

3.3 x 103 

Table 3.17. Intramolecular electron transfer rate constants form 

coordinated ligand radicals at 25 °C 

Complex _k(s~*)_A//*(kJmol ') 

[(NH3)5Co'iio2c-^^-no2]2+ 2.6 x 103 

[(NH3)5Coln02C-^^ 1.5 x 102 

N02]2+ 

4.0 x 10- 

~ 40, 

[(NH3)5Com02C |2+ 
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The key component of the chemical mechanism is the ready reducibility of the 
ligands and studies of nicotinic and isonicotinic acid reduction have also been carried 
out [138, 139]. Although the net reactions involve the transfer of two electrons to 
the ligands, the mechanisms of reduction of the free ligands by species such as 
[Euaq]2+, [Cr(H20)6]2+ and [V(H20)6]2+ have been shown to involve single electron 
transfer. Interestingly, whereas isonicotinic acid and picolinic acids are readily re¬ 
duced, the nicotinic acid is much less reactive. Free radicals can also participate in 
the electron transfer process. Reduction of [Co(en)3]3+ by [EUaq]2+ is slow but has 
been found to be catalyzed by the addition of isonicotinamide. In fact by appropriate 
choice of radicals, electron chains can be constructed [140, 141]. Analysis of the 
catalytic reaction provides a useful method for the determination of rate constants 
for reduction of the ligand by [Euaq]2+, and selected values are presented in Table 
3.18. Note that for the third and fourth entries in the table, the rate of reduction of 
coordinated isonicotinamide radical is comparable to that of the free isonicotinamide 
species [142]. 

Table 3.18. Rate constants for production of radicals and coordinated radi¬ 

cals by [Euaq]2+ at 25.0 °C 

k (M-1 s"1) Ref. 

O-002” 
14 

143 

nO-conh2 
2.0 

143 

C^NH]2+ 
[H2N(CH2)30 

3.7 
130 

)hONH]4+ 
[(NH3)5CoNH2(CH2)30 ^=4 

4.4 
130 

The rate of reduction of eq. (3.80) by [Cr(H20)6]2+ is 6.6 x 102 M"1 s"1 at 
25.0°C and 1.2 M ionic strength. The product is the carboxylate-bound chromium(III) 
but the rate is much faster than expected for adjacent attack. Electron transfer through 
the organic bridge is precluded by the methylene group which interrupts the conju¬ 
gation; however, stabilization of the precursor by charge transfer (eq. (3 81)) is 
possible. 



Sec. 3.10] Intramolecular electron transfer 155 

conh2 

[(NH3)5Co02CCH2-N< Cr(H20)5]5+ 

WP (3.80) and (3.81) 

[(NH3)5CoO 

This work has been extended to include the binuclear cobalt(III) oxidant (eq. (3.82)), 
where adjacent attack is not possible. Again rate enhancement as a result of outer- 
sphere intramolecular electron transfer between cobalt(III) and the coordinated radical 
occurs in the isonicotinamide derivative, k = 86 M-1 s-1(25.0°C, p = 1.0 M), but not 
in the nicotinamide derivative, k = 1.03 x 10-1 M"1 s_1, where ligand reduction is 
more difficult [144], 

OH 
[(bm3)3Cc^OH>Co(NH3)3]^ 

(3.82) n n 

H2NCCr 

3.10 INTRAMOLECULAR ELECTRON TRANSFER 

To this point, evidence for precursor complexes in inner-sphere electron transfer 
reactions has come indirectly from kinetic and activation parameters. Direct obser¬ 
vation of precursor species and the ability to measure rates of intramolecular electron 
transfer has not been evident and most transients which are detected are either 
successor complexes or ‘dead-end’ species. The exception is the reduction of 
[Co(NH3)502CCH2N(CH2C02)2] by [Fe(H20)6]2+ where the precursor is stabilized 
by chelation and electron transfer is sluggish. Even in this case the mechanism of 
electron transfer is not clear and a bridged outer-sphere pathway is possible. Studies 
designed to optimize the detection of inner-sphere precursor complexes with 
[Co(CN)5]3- and [Fe(CN)5(H20)]3_ as reductants with simple oxidants have also 
proved disappointing. However, this latter approach has achieved considerable success 
when combined with organic bridging groups and intermediates are formed in 
stoichiometric quantities. 

When [Fe(CN)5(H20)]3- reacts with [Co(NH3)4(4,4'-bpy)]3+ (eq. (3.83)), a complex 
electron transfer reaction takes place [145]. There is spectroscopic evidence for the 
formation of a precursor complex (eq. (3.84)), with a metal to ligand charge transfer 
band at 505 nm (e505 = 6 x 103 M-1 cm-1), and analysis of the products shows 
formation of the expected inner-sphere product (eq. (3.85)). The rates of formation, 
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k, = 5.5 x 103 M_1 s"1 and dissociation, = 4.5 x 10-3 s \ yield a precursor complex 
4 / 

formation constant of 1.2 x 10 . 

[(NH3)5CoNl !n]3+ + [Fe(CN)5(H20)]3- 
(3.83) 

[(NH3)5CoN^—^^Fe(CN)s] (3 84) 

[(CN)sFeN^^—<Ql-J]2' (3 85) 

The electron transfer kinetics are complicated by the dissociation reaction and by 
interference from the product, [Fe(CN)5(4,4'-bpy)]2~, which oxidizes the precursor 
complex. Addition of ascorbate to reduce this species and pyridine to form 
[Fe(CN)5py]3_ minimizes this problem. Studies of intramolecular electron transfer 
rates in inner-sphere reactions have now been reported for an extensive series of 
reagents, and the data are presented in Table 3.19. 

The intramolecular electron transfer rates in complexes bridged by the pyrazine 
and bipyridine derivatives reveal some interesting trends. The rates are relatively 
slow, leading to the conclusion that they involve transfer through the organic bridge. 
The donor orbitals have the same n symmetry as the bridge orbitals, but the acceptor 
orbitals on the cobalt(III) have a* symmetry, resulting in the low rate. For those 
bridging ligands where the conjugated re-system is maintained, there is a reduction 
in rate as the length of the bridge increases. Further comment on this aspect will 
be reserved for Chapter 4, where intramolecular electron transfer is discussed in 
detail. 

The effects of conjugation on the rates are of considerable interest. They can be 
correlated with metal-ligand charge transfer spectra of the intermediates. These 
spectra represent charge transfer from the [Fe(CN)5]— to pyridine and are shifted 
to lower energy when the [Co(NH3)5]— group is in conjugation with the iron-bound 
pyridine ring, but no shift occurs when the pyridine rings are linked by —CH2—, 
—CH2CH2—, and —CH2CH2CH2—. While a single —CH2— group interrupts the 
electron transfer, for —CH2CH2— the rate increases. This is most likely the result 
of a switch in mechanism from a through-bridge inner-sphere mechanism to bridged 
outer-sphere (eq. (3.86)) where the oppositely charged ends of the molecule are 
attracted electrostatically. Sufficient bridge flexibility is required for this to take 
place. In support of this assertion, a comparison can be drawn between the rate of 
intramolecular electron transfer in the inner-sphere precursor with intramolecular 
electron transfer in the outer-sphere ion pair (eq. (3.89)) which has a rate constant 
of 3.12 x 10~3 s~‘ at 25.0°C and 0.077 M ionic strength [156], 
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[(NH3)5ConQ>— 

[(CN)5FcnQ>- 
(3.86) 

[(NH3)5CoNI ]3+ [(CN)5FeNI IN]3' (3-87) 

O. 
Vo 

[(NH3)3Co-0 
ho^ oh; 

[(NH3)3Co-0 bCp2 -Co(NH3)3] 
(HO OH 

-Co(NH3)3] 

4+ 
(3.88) 

OH 
3+ (3.89) 

,[Fe(dipic)2]2‘ 

Similar conclusions are drawn with the complex (3.88), where the rate can be 
compared with the rate of intramolecular electron transfer in the reaction in eq. 
(3.89), 3.71 x 1(T3 s-1 at 25.0°C and 0.10 M ionic strength [155]. This recurring 
theme that outer-sphere electron transfer rates are comparable with the corresponding 
inner-sphere electron transfer rates leads to an assertion that both processes can be 
treated similarly from one point of view to theory except where there is strong 
coupling in the inner-sphere case. As with outer-sphere reactions, activation parame¬ 
ters, particularly AV%, are consistent with a decrease in the amount of electrostricted 
water as the complexes rearrange prior to electron transfer [149], 

The reduction of the pyrazine derivatives is photocatalyzed. Irradiation of the 
metal-ligand charge transfer band transfers the electron from the [Fe(CN)5]— to the 
pyrazine ligand (eq. (3.90)), and interestingly AV\ for the photocatalyzed electron 
transfer is much smaller, indicating that transfer of the electron to the cobalt(III) 
involves little change in electrostricted water. 
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,/iv 

[(CN)5Feu-N^N-Co”(NH3)5] (3.90) 

In these studies of inner-sphere intramolecular electron transfer, there has been 
some ability to examine the effect of changing the electronic structure of the metal 
ions, but the scope of this is limited. Attempts to examine similar reactions with 
other metal ion reductants such as [Ru(NH3)50H2]2+ fail because outer-sphere elec¬ 
tron transfer is competitive with the rate of complex formation [157], Fortunately 
there have been many clever methods devised to obtain data of this sort, and these, 
together with a more detailed look at the electron transfer process, form the subject 
of Chapter 4. 

QUESTIONS 

3.1 The rate law for the reduction of [Co(NH3)5€l]2+ by excess [Fesolv]2+ in DMF 
solution and 25.0 °C is of the form: 

d[[Co(NH3)sCl]2+l _ k [[Co(NH3)sCl]2+][[Fesolv]2+] 

dt 1 + K [[Fesolv]2+] 

where k= 1.87 x 10~2 M'1 s'1 and K- 16.1 M'1. Suggest a mechanism for the 
reaction. In other solvents, DMSO and H20, second-order behavior is found, and 
rate and activation parameters for all three solvents are presented in the table. 
Provide an explanation for these data. 

Solvent k (M-1 s'1) AH1 (kJ mol'1) AS1 (J K'1 mol'1) 

DMF 1.87 x 10'2 87 13 

DMSO 9.7 x 10'3 90 16 

H20 1.6 x 10'3 63 -96 

(Beckham, K. R.; Watts, D. W. Aust. J. Chem. 1979, 32, 1425-1431.) 

3.2 The rate law for reduction of the iron(III) siderophore complexes, ferrichrome (Fc), 
by [V(H20)6]2+ is: 

- ^ = * [[V(H20)6]2+][Fc] 
at 

where k = 25 M'1 s'1 at 25 °C and 1.0 M ionic strength. Activation parameters are 
AH*= 16 kJ mol'1, A&= -167 J K'1 mol"1. Propose a detailed mechanism for this 
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reaction, outlining the criteria which are used to assess inner-sphere and outer- 

sphere processes for [V(H20)6]2+- 
The corresponding reaction with [Cr(H20)6] + has a more complex rate law. 

_ dIM =-£JH+] +A-[[Cr(H20)6]2+][Fc] 
dr 1 + &c[[Cr(H20)6]2+] 

where = 5.5 x 104 M~2 s~\kh = 203 M_1 s"1, and£c = 188 M'1. Again propose a 
mechanism for the reaction and compare this with the reaction for [V(H20)6] +. 
(Kazmi, S. A.; Shorter, A. L.; McArdle, J. V. lnorg. Chem. 1984,23,4332-4341.) 

3.3 The rate laws for reduction of [Co(ox)3]3“ and [Co(pic)3] by [Fe(pic)3]~ and 

[Fe(pic)2] are of the form: 

d[[Co(pic)3]] 

dr 
= {Jfci[[Fe(pic)3]“] + ^2[[Fe(pic)2]]} [[Co(pic)3]] 

Rate constants are presented in the table. 

Reaction h (M 1 s ‘) k2(Wl s"1) 

[Co(ox)3]3- + [Fe(pic)3r 3.4 
[Co(pic)3] + [Fe(pic)3] 3.5 
[Co(ox)3]3- + [Fe(pic)2] 160 

[Co(pic)3] + [Fe(pic)2] 200 

Use these data and the known properties of the oxidants and reductants (Table 2.9 
and Question 1.5) to argue on behalf of inner-sphere or outer-sphere mechanisms 
for the reactions. 
(Lannon, A. M.; Lappin, A. G.; Segal, M. G. J. Chem. Soc., Dalton Trans. 1986, 
619-624.) 

3.4 The following data refer to heterogeneous rate constants for the reductive dissolu¬ 
tion of Fe203 by a number of well-characterized metal ion complexes under a 
variety of conditions. Use the information to classify the preferred mechanism for 
reduction of Fe203 in terms of inner-sphere and outer-sphere pathways. 

Reductant Rel. Rate 

[Cr(H20)6]2+/C10; < 10"4 
[Cr(H20)6]2+/HCl 1 
[Cr(bpy)j]2+ 25 
[V(H20)6]2t/a0i 50 

[V(pic)3]- > 100 

(Segal, M. G.; Sellers, R. M. J. Chem. Soc., Chem. Commun. 1980, 991-993.) 
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3.5 Explain the following observations: 
(a) Rate constants for the [Cr(H20)6]2+ reductions of [(NH2)5CoNCS]2+ and 

[(NH3)5CoSCN]2+ are 19 M"* 1 11 s"1 and 8 x 104 M"1 s"1 respectively at 25°C. 
(b) The rate law for the reduction of [(NH3)5Co02CC02H]2+ by [Cr(H20)6]2+ is of 

the form: 

d[[(NH3)5Co02CCQ2H]2+] 

dr 
= {a + b[ HT1} 

[[Cr(H20)6]2+][[(NH3)5Co02CC02H]2+] 

3.6 The rate law for the partial aquation of [Cr(histamine)(H20)2(ox)]+ catalyzed by 
[Cr(H20)6]2+ gives [Cr(H20)4(ox)]+ as product and follows the rate law shown: 

d[[Cr(histamine )(H20)2(ox)]+] a [[Cr(H20)6]2+][[Cr(histamine )(H20)2(ox)]+] 

<*' ~ - l+ft[[Cr(H20)6]2+] 

where a = 1.93 x 10“2 M"1 s"1 and b = 3.2 M"1 at 25°C and 1.0 M ionic strength 
with AHl= 37 kJ mol"1, AS*= -154 J K"1 mol-1, and AH= 24 kJ mol"1, AS = 88 J 
K"1 mol"1, respectively. Provide an explanation 
(Hussain, I.; Chatlas, J.; Kita, P. Polish J. Chem. 1991,65,1577—1583.) 

3.7 Cite two experimental observations which provide proof for remote attack in 
inner-sphere electron transfer reactions, outline any difficulties which arise in 
interpretation, and provide a summary of the criteria which are required for such 
mechanistic pathways. 
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4 

Intramolecular electron transfer 

4.1 INTRODUCTION 

In Chapters 2 and 3 it was seen that careful choice of the reagents for bimolecular 
electron transfer by both outer-sphere and inner-sphere mechanisms allows direct 
observation of the rate of intramolecular electron transfer within the precursor 
assembly. This is important because the rate can be related directly to the predictions 
of theory without the complications which arise from the energetics of bringing the 
two reactants together. Further, the basic theory outlined in Chapter 2 is, for the 
most part, adequate for describing the intramolecular process in both outer-sphere 
and weakly coupled inner-sphere reactions. The barriers to electron transfer are 
basically the same: inner-sphere and solvent reorganization to attain the activated 
complex geometry. However, instances where intramolecular electron transfer can 
be observed unambiguously in these bimolecular systems are not common since the 
systems are rather inflexible and impose limits on the structural trends which can 
be examined. Fortunately, the problem of the direct measurement of intramolecular 
electron transfer rates can be approached from other directions, most notably by 
assembling, prior to the induction of electron transfer, the required binuclear structure 
with both metal centers either fully oxidized or fully reduced. This rather obvious 
strategy has some serious constraints in that initial reduction or oxidation of the 
binuclear species must produce a kinetic rather that a thermodynamic product if a 
subsequent intramolecular process is to be detected. The equivalent of the self-ex¬ 
change process is the situation where both components of the binuclear species are 
identical and hence no subsequent electron transfer can be detected by conventional 
methods. However, the products of the initial oxidation or reduction are mixed- 
valence species for which theory is sufficiently advanced to allow intramolecular 
electron transfer information to be gleaned from spectroscopic measurements. These 
mixed-valence species are not restricted to systems where both ends of the molecule 
are identical and so they also provide information on intramolecular processes where 
the free energy change is not zero. 

V 
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4.2 OPTICAL ELECTRON TRANSFER 

Mixed-valence complexes have been classified according to the strength of the 
interaction between the metal centers [1], In Class I mixed-valence compounds, the 
interaction is very weak and the properties of the mixed-valence species are those 
of the discrete, unperturbed metal centers. This can be the result of an insulating 
bridge which prevents communication between the centers of asymmetry in the 
environment. An example of this is the ion [(NC)5FeCNFe(CN)5]5_ where the am- 
bidentate cyanide bridge results in stabilization of iron(II) at the C-bonded end and 
iron(III) at the N-bonded end [2], In Class III mixed-valence compounds, the inter¬ 
action is very strong and the metal centers are identical. In between these two 
extremes are Class II systems where the metal centers are almost identical and the 
unpaired electron is localized but weakly coupled. These latter systems correspond 
most closely to the model which has evolved in Chapter 2 for electron transfer. 

Fig. 4.1 shows the reaction coordinate for electron transfer in a symmetric, weakly 
coupled, localized system, identical to the intramolecular self-exchange process il¬ 
lustrated in Fig. 2.8. The vertical or intervalence transfer transition between the 
reactant and product surfaces has energy Eop arid since the upper energy function 
takes a value X when x = 0, detection of this transition in the absorption spectrum 
of the complex gives a direct measure of X and hence AG1 for the thermal electron 
transfer process (eq. (4.1)). This value of X should reflect the reorganization of the 
donor and acceptor and the reaction medium required for electron transfer [3]. 

---1-- 
0 1 

Fig. 4.1. Reaction coordinate diagram for optical electron transfer in a symmetric, weakly 

coupled, localized system. The nergy of the optical transition from the precursor to the 

successor is 7. 
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Eop = \ = 4AG* (4.1) 

Further detailed information about the nature of the interaction between the two 
metal centers can be obtained from the spectroscopic parameters. The bandwidth at 
half-intensity, Au1/2, is related to the band maximum, omax, by eq. (4.2) which aids 
in the correct identification of the absorption band. In addition, the oscillator strength, 
f determined from the molar extinction coefficient for the band, e,rLax, is related to 
the distance, r, between the metal centers and the degree of delocalization of the 
electron in the ground state, represented by a2 in eq. (4.3). The value of a2 can be 
calculated by recasting this relationship as eq. (4.4) and is directly related to the 
electronic coupling between the metal centers, //AB, eq. (4.5) [4], 

A\)1/2 = (2310 omax)1'2 (4.2) 

/= 4.6 X 10~9 Au1/2 Ejnax = 1.085 X 10-5 OC2 t2 (4.3) 

a2 = 4.24 x 10"4 £max Al)l/2 
\) ' wiriax ' ' ^ 

(4.4) 

AB t)max OC (4.5) 

One of the most widely celebrated mixed-valence compounds is the Creutz-Taube 
ion, prepared by the reaction of two equivalents of [(NH3)5Ru(H20)]2+ with pyrazine 
(eq. (4.6)) [5]. The complex can be oxidized in two distinct one-electron steps with 
reduction potentials 0.98 V and 0.59 V (vs n.h.e.) in aqueous solution at 25.0°C 
(eq. (4.7)). 

2 [(NH3)5Ru(H20)]2+ + nQn ^ [(NH3)5RuN0NRu(NH3)5)- (4 6> 

[(NH3)5Ru(pz)Ru(NH3)5]6f + e" — [(NH3)5Ru(pz)Ru(NH3)5]5+ 

[(NH3)5Ru(pz)Ru(NH3)5]5+ + e" = [(NH3)5Ru(pz)Ru(NH3)5]4+ (4.7) 

[(NH3)5Ru(pz)Ru(NH3)5]6+ + [(NH3)5Ru(pz)Ru(NH3)5]4+ 

2[(NH3)5Ru(pz)Ru(NH3)5]5+ (4.8) 

The equilibrium constant for comproportionation, Kcom (eq. (4.8)), of the mixed-va¬ 
lence species is 4 x 106 which suggests that there is a significant interaction between 
the two centers. A weak interaction, required to obtain information on the electron 
transfer process from the spectroscopic parameters, would be expected to have a 
comproportion equilibrium constant much closer to the statistical value of 4. The 
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mixed-valence complex [(NH3)5Ru(pz)Ru(NH3)5]5+ does possess a unique asymmet¬ 
ric spectroscopic feature at 1570 nm with an extinction coefficient of 
5.5 x 103 M-1 cm-1 which was initially assigned as the intervalence transfer transition 
of a Class II compound. It is absent in the spectra of the fully oxidized and fully 
reduced complexes. However, Ao1/2 is very much smaller than predicted by eq. (4.2) 
for a Class II compound and the absorption maximum of this band is solvent-inde¬ 
pendent [6] which also suggests that the Creutz-Taube ion is better considered as 
an example of a Class III mixed-valence compound. However, related complexes 
(Table 4.1) do show characteristics of Class II mixed-valence species, and these will 
now be discussed. 

The complex [(NH3)5Ru(4,4,-bpy)Ru(NH3)5]5+, where the metal centers are sig¬ 
nificantly farther apart than in the Creutz-Taube ion, shows an intervalence transfer 
band at 1030 nm in D20 which is affected by changing solvent as predicted by eq. 
(2.77) (Fig. 4.2). The reduction potentials of the two metal centers are 0.41 V and 
0 33 V, much closer together than with the Creutz-Taube ion, indicating that com¬ 
munication between the centers is diminished. As a consequence, comproportionation 
is much more important with Kcom = 23. As the distance between the metal centers 
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is increased, the energy of the transition increases, though the coupling HAB is less 
sensitive. This is behavior expected where the outer-sphere reorganization XQ is 
important, and while the model used in eq. (2.77) does not adequately 
describe the behavior in a quantitative fashion [13], the qualitative picture 
is consistent with adiabatic electron transfer. Similar observations are true for 
[(bpy)2C1Ru(pz)RuCl(bpy)2]3+ and related systems reported in Table 4.2 [9], 

With the value for AG\ the rate for thermal electron transfer can be estimated 
from eq. (2.18) [3, 14]. In the case of the complex, eq. (4.9), where the separation 
between the centers is around 11 A, a comparison can be made with the pseudo¬ 
self-exchange rate for related binuclear reaction in eq. (4.10). The reaction has 
AG° = 0 and k = 4.9 x 107 M-1 s_1 in dilute acetonitrile solution, at 25.0°C and 
p = 0. 

[Ru(phen)2pyCl]2+ + [Ru(bpy)2pyCl]+ ^ [Ru(phen)2pyCl]+ + [Ru(bpy)2pyCl]2+ 

(4.10) 

The mechanism of the bimolecular reaction involves formation of a precursor as¬ 
sembly where the metal-metal distance is calculated to be around 13 A (eqs (4.11)— 
(4.12)), and when account is taken of the stability of the electron transfer precursor 
species with K0 estimated as 0.6 M_1, ket - 8 x 107 s_1 in good agreement with the 
value determined for the mixed-valence complex. 

[Ru(phen)2pyCl]2+ + [Ru(bpy)2pyCl]+ ^ {[Ru(phen)2pyCl]2+,[Ru(bpy)2pyCl] + } 

(4.11) 

{[Ru(phen)2pyCl]2+,[Ru(bpy)2pyCl]+} ^ {[Ru(phen)2pyCl]+,[Ru(bpy)2pyCl]2+] 
(4.12) 

{[Ru(phen)2pyCl] +,[Ru(bpy)2pyCl]2+ } ^ [Ru(phen)2pyCl]+ + [Ru(bpy)2pyCl]2+ 

(4.13) 

Coupling between the metal centers is interrupted by the presence of saturated 
alkyl linkages between metal-bound pyridine in the bridges, suggesting that a con¬ 
jugated system is essential for efficient electron transfer. The resulting low extinction 
coefficients make detection of the intervalence transfer band very difficult. The series 
of [(NH3)5Ru(SC„S)Ru(NH3)5]5+ complexes (n = 1-3) has been investigated and the 
small extinction coefficients suggest that electronic coupling is very weak so that 
these reactions fall into the realm of non-adiabatic electron transfer with Kel« 1. 
The rate constants are calculated from the spectroscopic parameters with the use of 
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an electronic tunneling model, representing a change in mechanism from the adiabatic 
reactions considered to this point [15]. Further consideration of electronic tunneling 
is presented in section 4.4. There is an exponential decrease of the rate with increasing 
separation between the metal centers. Additional experimental complications are 
observed in this very weakly coupled system. The mixed-valence complexes are 
generated by the addition of a strong oxidant to the fully reduced complex. Not only 
is there a dependence of the on the reduction potential of the oxidant [16], but 
there is a strong ionic strength dependence [17]. 

Intervalence transfer spectra are also detected in non-symmetric mixed-valence 
complexes where there is a thermodynamic preference for localization of the electron 
on one center. This situation is illustrated in Fig. 4.3, where the energy of the vertical 
transition is given by eq. (4.14), and Eex is a correction required if the product is 
in an electronically excited state. 

Fig. 4.3. Intervalence electron transfer for a non-symmetric mixed valence complex. The energy 

of the optical transition from the precursor to the successor surface is X + AG°. 

Eop = X + AG° (+ Eex) (4.14) 

A number of experimental parameters are presented in Table 4.2. Values for AG° 
are difficult to determine directly and are generally estimated from models for the 
individual components. For example, the complex [(NC)5Fera(pz)Rum(NH3)5]+ shows 
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two reduction processes at 0.72 V and 0.49 V corresponding to formation of 
[(NC)5Fen(pz)Rura(NH3)5] and [(NC)5Fen(pz)RuII(NH3)5]~ respectively. The driving 
force for the reduction to the thermodynamically unstable mixed-valence form 
[(NC)5Fem(pz)Run(NH3)5] can be estimated from the reduction potential of 
[(NC)5Com(pz)Rura(NH3)5]+, which is 0.64 V. In other systems, potentials are esti¬ 
mated from monomeric analogues. 

Table 4.2. Spectroscopic parameters for symmetrical mixed-valence 
complexes 

AE° umax e Ref. 

(V) (cm-1) (M-1 cm-1) 

4+ 

''0.42 1040 

[(bpy)2ClRunN^^—(QNRuni(NH3)5]4+ 

0.40 1440 

[(NC)5FeII(pz)RuIII(NH3)5] 0.24 730 

[(NC)5Run(pz)Rum(NH3)5r — 1464 

[(NC)5FeII(pz)RuIII(NH3)5]- 0.52 1020 

5.3 xlO-2 18,19 

>3 x 10-2 18,19 

— 20,21 

2.8 x 103 22 

3.0 x 103 23 

[(bpy)2ClRunN^NRum(NH3)5] 

Recently the rates of electron transfer, ket, after photoexcitation of the metal-metal 
charge transfer, have been directly measured for [(NC)5FenCNRum(NH3)5]- and 
[(NC)5RunCNRum(NH3)5]- (eq. (4.15)) [24, 25]. The back electron transfer occurs 
on a very fast timescale, less than 0.5 ps, before thermal equilibration of the excited 
state can occur and opens up a new and revealing area for research. 

hv 

[(NC)5FenCNRum(NH3)5]- = [(NC)5Fera<^Run(NH3)5]- (4.15) 

^et 

Intervalence transfer bands are also found in outer-sphere ion pairs such as 
{[Fe(CN)6]3-,[Ru(NH3)5py]2+} [26], where the ions are of opposite charge, or under 
conditions of high concentration, {[Fe(CN)6]3-,[Fe(CN)6]4-} [27]. It is found that 
the electronic coupling, HAB, for the ion pairs is comparable with bridged analogues 
and in the case of {[Fe(CN)6]3-,[Ru(NH3)5py]2+}, the relative insensitivity of the 
interaction to changing the metal in the cyano complex to rutheium and osmium 
suggests that ligand orbitals mediate the interaction. These comparisons with the 
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corresponding thermal processes give a more complete picture of the interactions 
between the ions. 

4.3 CHEMICALLY INDUCED INTRAMOLECULAR ELECTRON TRANSFER 

The preparation of the mixed-valence binuclear complex (eq. (4.16)) by direct 
reaction of [(NH3)5Co(isonic)]2+ with [(NH3)5Ru(OH2)]2+ is not possible because 
outer-sphere electron transfer exceeds the rate of substitution. However, an alternative 
strategy to the design of binuclear compounds of this type where thermally activated 
intramolecular electron transfer can be detected was developed by Isied and Taube 
[28]. The lability of the ruthenium complex is enhanced in rra/w-[Ru(NH3)4S02Cl]+, 
which reacts with [(NH3)5Co(isonic)]2+ to give the fully oxidized sulfato-complex 
after treatment with HC1 and H202 (eq. (417)). 

[(NH3)5Co02C—^^NRu(NH3 )5]4+ (4.16) 

[(NH3)5Co02C “02t (1) complexation 
+ trans-[Ru(NH3)4S02Cl]+ 

(2) HC1 H202 

[(NH3)5Co02C—^^NRu(NH3)4(S04)] 3+ 

(4.17) 

In both acidic and neutral solutions, the thermodynamic product of one-electron 
reduction results in the release of the labile cobalt(II) and advantage can be taken 
of the greater kinetic reactivity of the [(NH3)5RuN-] end to outer-sphere electron 
transfer compared with [-OCo(NH3)5] to prepare the kinetic product (eq. (4.18)). 
Reaction with [Ru(NH3)6]2+ is outer-sphere and results in the desired intermediate. 
It should be noted that the coordinated sulfato group on ruthenium(II) is relatively 
labile (k~ 0.3 s~') and in the reactions is lost prior to electron transfer to give the 
aqua ion, (eq. (4.19)). Decay of this aqua intermediate to the thermodynamic products 
is shown to be an intramolecular process (eq. 4.20)), and the rate and activation 
parameters for this and a number of related reactions are shown in Table 4.3. 

[(NH3)5Com02C—^^NRuni(NH3)4(SQ4)]3+ + [Ru(NH3)6]2+ 

—— [(NH3)5Coin02C—^^NRun(NH3)4(S04)]2+ + [Ru(NH3)6]3+ (4.18) 
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[(NH3)5Com02C—<QNRun(NH3)4(S04)]2+ —► 

[(NH3)5Coin02C—<QnRuii(NH3)4(H20)]4+ (4.19) 

[(NH3)5Com02C—^^NRun(NH3)4(H20)]4+ 

b [(NH3)5Coii02C—<QNRuin(NH3)4(H20)]4+ fc 
products 

(4.20) 

There is an added complication in these reactions because the ruthenium(III) product 
released in the intramolecular electron transfer serves as an oxidant for the interme¬ 
diate. Experimentally this can be overcome by the use of initial rates for the reaction 
or by scavenging the ruthenium(III) with a large excess of ascorbate ion for reduction 
to ruthenium(II) and a ligand such as nicotinamide which will bind rapidly to the 
reduced form [29], 

There are a number of conclusions which can be drawn. Although the rates show 
a dependence on bridging groups which largely parallels the trends found with 
limiting inner-sphere bimolecular rate constants and intervalence transfer data (sec¬ 
tions 3.10 and 4.2) the dependence is not large. The presence of a saturated linkage 
in the bridge decreases the rate of intramolecular electron transfer and may indicate 
non-adiabatic behavior; however the effect is much less than the reduction in coupling 
found for intervalence transfer. This raises a question involving the nature of the 
rate-limiting step, which may be the intramolecular rate constant, kx, or may involve 
a contribution from dissociation of the immediate product Kxk2. The strength of the 
evidence points to the former interpretation [31]. Changes in the reduction potential 
of the ruthenium center, effected by a change in the ligand trans to the bridge, 
should be fully reflected in the product Kxk2 but the actual dependence on the rate 
is much smaller and closer to the square root dependence predicted by the Marcus 
relationship for electron transfer. 

An increase in the distance between the metal centers results in a rate decrease 
as found with the other investigations, and there has been considerable discussion 
of the source of this dependence. A plot of AG* for the intramolecular electron 
transfer rate constants in the species [Com-Run] against X derived from the inter¬ 
valence transfer bands is shown in Fig. 4.4 [33]. The correlation is very good and 
processes may be considered adiabatic with changes in ?iout, the solvational term, 
eq. (4.21), representing the major contributor to the dependence on r, the distance 
between the donor and acceptor metal complex chromophores. However, it must be 
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remarked that the changes in rate are predominantly reflected in AS* and a significant 

non-adiabatic contribution cannot be ruled out. 

Kut = (A eY 
a\ _ 1 
2 + 2 r 

V 

( 1 

D, op 

_n 
Ds 

J 

(4.21) 

£,t (kJ mol'1) 

Fig. 4.4. Plot of activation AG* for intramolecular electron transfer in [(H20)(NH3)4Run-L- 

Com(NH3)5]s+ against the energy, £it, of the intervalence-transfer band in [(NH3)sRun-L- 

Run'(NH3)5]5+ for six bridging ligands, from Ref. [33]. 

4.4 LONG-RANGE ELECTRON TRANSFER 

In an extension of the approach to study of intramolecular electron transfer outlined 
in section 4.3, Isied and coworkers have used a variety of peptide spacers to increase 
the distance between the reaction centers [34,35]. The intramolecular electron transfer 
rates are readily detected (Table 4.4) and decrease as the distance between the reaction 
centers increases. However, only the oligoprolyl residues have significant rigidity to 
prevent competition from a bridged outer-sphere electron transfer mechanism. The 
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preferred conformation in solution of the oligoprolyl chain is a trans-helical structure 
and trans/cis isomerization is relatively slow with r1/2 « 100 s. 

The electron transfer rate constant decreases significantly as the number of prolyl 
residues increases from one to two. A further increase in the number of prolines 
might be expected to provide a further reduction in rate. However, the increased 
flexibility on the longer peptide chain allows the bridged outer-sphere mechanism 
to compete with the very slow intramolecular electron transfer, and the measured 
rates reverse the trend. This change in mechanism is reflected in the activation 
parameters. 

The driving force in these reactions is estimated to be +0.5 V, and the electron 
transfer is driven only by the subsequent aquation of the cobalt(II) product. Larger 
rates as a consequence of a more favorable driving force would allow less competition 
from the bridged outer-sphere mechanism, the rate of which is governed by the rate 
of trans/cis isomerization of the oligoproline spacer. A number of other electron 
donor and acceptor complexes have been used with considerable success and for the 
reactions with the largest driving forces, electron transfer over as many as nine 
proline residues has been observed [36], Pulse radiolysis is used to initiate these 
faster reaction processes. The results of some of these studies are presented in Table 
4.5. 

With the [Com-Osn] complexes, interference from the different conformational 
isomers is again observed when the number of proline residues exceeds two. With 
the [Ruffl-Osra] reactions, initial pulse radiolytic reduction by C02 or 
(CH3)2COH~ is distributed almost equally between the thermodynamic product and 
the kinetic product (Scheme 4.1). 

Scheme 4.1. 



T
ab

le
 4

.4
. 

R
at

e 
an

d
 a

ct
iv

at
io

n
 p

ar
am

et
er

s 
fo

r 
el

ec
tr

o
n

 t
ra

n
sf

er
 t

h
ro

u
g

h
 o

li
g

o
p

ep
ti

d
e 

sp
ac

er
s 

fo
r 

[C
o 

-R
u
 

] 
at

 2
5

.0
°C

 

C
o

m
p

le
x
 

k 
A

//
* 

A
S*
 

R
ef

. 

(s
-1

) 
(k

J 
m

ol
-1

) 
(J

 K
-1

 m
ol

-1
) 



T
ab

le
 4

.4
 (

co
n

ti
n

u
ed

) 

(c
on

ti
nu

es
) 



T
ab

le
 4

.4
 (

co
nt

in
ue

d)
 

v 



T
ab

le
 4

.5
. 

R
at

e 
an

d
 a

ct
iv

at
io

n
 p

ar
am

et
er

s 
fo

r 
in

tr
am

o
le

cu
la

r 
el

ec
tr

o
n

 t
ra

n
sf

er
 f

o
r 

[C
oi

n
-O

sn
] 

an
d
 [

R
um

-O
sn

] 
co

m
p
le

x
es

 a
t 

(c
o

n
ti

n
u

es
j 



T
ab

le
 4

.5
. 

(c
on

ti
nu

ed
) 

¥ 

(c
o
n
ti

n
u
es

) 



T
ab

le
 4

.5
. 

(c
o

n
ti

n
u

ed
) 

(c
o

n
ti

n
u

es
) 



T
ab

le
 4

.5
. 

(c
on

ti
nu

ed
) 

V 



Sec. 4.5] Non-adiabatic electron transfer 193 

Intramolecular electron transfer to the thermodynamic product, &!, can be detected 
in this latter species for up to four proline residues. The rates decrease by over eight 
orders of magnitude as the distance between the metal centers increases from 9A 
to 21A (Fig. 4.5). Interpretation of this distance dependence must be viewed with 
care. In section 4.3 electron transfer over distances up to approximately 12A were 
adequately described by an adiabatic model where the distance dependence of the 
rates results from solvent rearrangement. However, in the present case, weaker 
electronic coupling is also a factor and separating these two components is not a 
trivial problem. It forms the basis for the next section. 

4.5 NON-ADIABATIC ELECTRON TRANSFER 

In Chapter 2, the expression derived for the intramolecular rate constant indicated 
a dependence on the the electronic transmission coefficient, k^, an effective fre¬ 
quency, Deff, and the Frank-Condon activation barrier, AG* = (k + AG°)2/4X, as shown 
in eq. (4.22). In the adiabatic regime, Kel = 1 and the effective frequency is a nuclear 
vibration which carries the reactants to the products. However, in the non-adiabatic 
regime where electronic coupling between the donor and acceptor is very weak, the 
electronic transmission coefficient assumes greater importance. 

Distance (A) 

Fig. 4.5. Plot of lnket against metal-metal distance for intramolecular electron transfer in 

[(NH3)5OsIIILRuIII(NH3)5]4+. L = iso(pro)„, n = 0 to 4, from Ref. [38], 
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ket = Deff Kel exp(-AGV RT) (4.22) 

An expression for the electronic transmission coefficient, Kei, is given in eq. (4.23), 
and is a function of the ratio \)el/2t>eff where t)eff is the frequency of the nuclear 
vibration which carries reactants to products and oel is the electronic frequency 
determined by the rate at which the electron hops between electronic surfaces. In 
the adiabatic regime, \)ei » uefr such that kc1 = 1 but when the electronic coupling, 
//ab, is small, as found for example from the intervalence transfer spectro¬ 
scopic measurements for compounds of the type, [(NH3)5RuSCnSRu(NH3)5]5+, 
Dci « t)eff so that Kei « 1 and the reactions are non-adiabatic (eq. (4.24)). The 
rates are determined by the rate of electronic hopping and not by the nuclear motion. 

Kel 
2(1 - exp(—-oei/2\)eff)) 

(2 - exp(-'Oel/2t)eff)) 
(4.23) 

2//? 
1/2 

Ucl = - 
AB K 

(Xout + Xm)RT[ 
(4.24) 

The electronic coupling shows a strong dependence on distance (eq. (4.25)), where 
r is the distance between the metal centers and rQ is some minimal distance where 
the reaction is adiabatic [39]. Thus the factor Kel\)eff will decrease in a similar manner 
with distance from the value expected for an adiabatic process and can be approxi¬ 
mated by 1013exp[-p (r-r0)]. The rate expression is then eq. (4.26). 

Hab = H\b exp[-P(r - r0)] 

Kt = 10,3exp[-P(r- r0)] exp(-AGX/RT) 

(4.25) 

(4.26) 

An exponential dependence of the rate on the distance between the metal centers 
can be expected, and for the compounds [(NH3)5RuSC„SRu(NH3)5]5+, such a plot 
is shown in Fig. 4.6. 

The complicating feature is the dependence of the component of the Frank-Condon 
barrier, A,out, on distance (eq. (4.21)), and separation of this dependence from the 
effects of decreased electronic coupling presents a considerable problem. Some 
enlightenment can be found by the realization that X will contribute only to the 
distance dependence of AH* if the static and dynamic dielectric constants, Ds and 
^op> independent of temperature and AS° = 0 for the reaction, resulting in the 
approximate relationships in eqs (4.27) and (4.28) [40], 

A//* ~ -RT\n Kri 

AA* = -R In Kc, 

(4.27) 

(4.28) 

The distance dependence of A//* and AA* can be examined for the complexes in 
Table 4.5 with oligoprolme spacer groups (Fig. 4.5). The distance dependence of 
the solvent rearrangement as measured by AH* is significantly larger than that for 
the decrease m electronic coupling, measured by AS*. A value of (3 obtamed from 
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these studies is 0.65 A-1. It should be noted that in electron transfer in weakly 
coupled photoinduced electron transfer in systems with saturated organic spacers, a 
value of P = 0.9 A is obtained, and it is observed that the coupling is more dependent 
on the number of bonds separating the donor form the acceptor than a direct measure 
of distance [41]. Theoretical calculation of the electronic coupling in the oligoproline 
complexes gives comparable results when the whole bridge [42] is compared with 
the product of couplings evaluated for individual subunits [43]. It can be concluded 
that although the reduction in electronic coupling contributes to the distance depend¬ 
ence of the electron transfer rate, Frank-Condon factors associated with rearrange¬ 
ment of the reaction medium are dominant even at distances up to 20 A. 

Fig. 4.6. Plot of lnket calculated from the energies of intervalence electron transfer 

specta against metal-metal distance for intramolecular electron transfer in 

[(NH3)5RuSCnSRu(NH3)5]5+, n= 1 to 3 from Ref. [12]. 

4.6 REACTIONS OF METALLOPROTEINS 

The most extensively studied examples of electron transfer reactions in weakly 
coupled systems are those involving small metalloproteins. A variety of small met¬ 
alloproteins are involved in electron transfer processes in biological systems and 
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these are the focus of this attention. Much has been learned about the mechanisms 
of electron transfer of these systems from studies of reactions with small metal ion 
complexes of the type discussed to this point. The field is extensive and delves 
deeply into the realms of biochemistry; however, some aspects are very relevant to 
the subject of this chapter. In this section, the characterization and bimolecular 
reaction chemistry of two protein types is considered, in order to lay the groundwork 
for section 4.7, devoted to an examination of intramolecular processes. 

Fig. 4.7. Ribbon diagram of the polypeptide chain of oxidized cytochrome c showing the site 

of the exposed heme edge, the heme atoms are detailed in bloack, from Ref. [46], 
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The cytochromes are an important class of electron transfer proteins found in both 
plant and animal sources [44, 45], The most common example is cytochrome c, 
with a molecular weight of 11 700; the reduction potential of the protein from horse 
heart is 0.26 V Structural data for the proteins are available (Fig. 4.7) and reveal 
some differences in structure at the tertiary level between the oxidized and reduced 
forms [46]. At pH 7.0, the oxidized protein has a net +7 charge, owing to the 
presence of a large number of lysine residues on the surface. The protein contains 
the heme group (Fig. 4.8), with an imidazole and a methionine ligand coordinated 
axially, and the iron center shuttles between the low spin +3 and +2 states. About 
4% of the heme ligand of this prosthetic group is exposed at the protein surface. 
NMR line broadening methods have been used to determine a self-exchange rate 
for the protein of 103—104 M-1 s -1 [47], Comparison of this value with data for 
the low spin [Fe(phen)3]3+/2+ self-exchange, which is 107 M-1 s-1, leads to proposal 
that the difference may be attributed to a steric factor. Electron transfer takes place 
only at exposed heme edge which accounts for approximately 0.06% of the total 
surface area of the protein. 

Cys-1 7 

Fig. 4.8. Schematic view of the heme group from cytochrome c. 

Electron transfer reactions of cytochrome c generally show simple kinetic behavior, 
first-order in both reagents, and second-order rate constants are presented in Table 
4.6. The reactions show medium effects caused by the specific association of anions, 
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particularly phosphate, to the surface of the protein, and the best studies avoid this 
by using cacodylate as buffer [48], Ionic strength dependencies have been investigated 
extensively. The Debye-Hiickel expression (eq. (1.59)), does not provide an adequate 
description of the behavior and more complex models are required to take account 
of the fact that the protein is significantly larger than the metal complexes with 
which it interacts and that the charge distribution is inhomogeneous [49, 50], Attempts 
to use Debye-Huckel-type expressions which incorporate localized charge distribu¬ 
tions have also met with limited success [51]. Both analyses suggest that electron 
transfer involves metal ion complexes associated with particular localized sites on 

the protein. 

Table 4.6. Second-order rate constants for reactions of cytochrome c, pH 

7.0,25.0 °C 

Oxidant Reductant ft 

(M) 

k 

(NT1 s 1) 

Ref. 

[Fe(CN)6]3- cyt c(II) 0.10 9.3 x 106 52 

[Co(ox)3]3- cyt c(II) 0.5 5.5 53 

[Co(phen)3]3+ cyt c(II) 0.1 1.5 x 103 54 

[Ru(NH3)5py]3+ cyt c(II) 0.1 6x 103 55 

[Fe(cp)]+ cyt c(II) 0.1 6.2 x 106 56 

cyt c(III) [Ru(NH3)6]2+ 0.1 3.8 x 104 57 

cyt c(III) [Fe(edta)]2- 0.1 2.6 x 104 58 

Localized sites have been pinpointed by elegant studies in which the effect on the 
electron transfer rate constants of modifying individual lysine residues on the surface 
of the protein as a 4-carboxy-2,6-dinitrophenyl derivative (eq. (4.29)) [52], These 
substituents reduce the positive charge and provide a steric interaction. Results of 
studies in the oxidations of cyt c by [Fe(CN)6]3“ and [Co(phen)3]3+ are presented in 
Table 4.7. It is clear that modifications at residues 72 and 13 which are close to 
the exposed heme edge (Fig. 4.9) have the most dramatic effect. 

(4.29) 

V 



Sec. 4.6] Reactions of metalloproteins 199 

Table 4.7. Rate constants for reactions of modified cyt c 

10 3 rate for modified residue 

Oxidant Native lys-60 lys-87 lys-72 lys-13 

[Fe(CN)6]3- 9300 8100 7800 3900 3300 

[Co(phen)3]3+ 1.5 1.7 1.9 3.6 4.4 

3- 

Fig. 4.9. The exposed heme edge of cytochrome c, showing the binding sites of [Cr(CN)6] 

There are two binding sites close to the heme crevice, one encompassing Met-80, Phe-82, Ile-85 

and heme methyl-3, Site 3, and one encompassing Thr-19, His-26 and Val-28, Site 2. A third, 

less well defined binding site at the rear of the molecule is close to Phe-36 and Met-65, Site 1. 

Lysine residues thought to be involved in these binding sites are also shown. From Ref. [59]. 
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Fig. 4.10. Ribbon diagram showing the polypeptide backbone of oxidized plastocyanin from 

Ref. [65]. The copper binding site is delineated in black and the negative patch comprising 

Asp-42, Glu-43, Asp-44, Glu-59 and Glu-60 is n oted. 

Further information on the sites of association of the metal complexes on the 
surface of the protein have been obtained with ‘H NMR studies in which paramag¬ 
netic analogues are used to broaden signals from specific amino-acid residues close 
to the point of binding. For [Cr(CN)6]3~ three areas are mapped, corresponding to 
sites 1, 2, and 3 (Fig. 4.9) [59]. Site 3 shows the strongest binding and encompasses 
lysines 72 and 13. Other reagents associate with a different distribution of sites [60]. 
This difference in reaction sites is evident in other ways. While reactions of cyt c 
with [Fe(CN)6]3_ are pH independent, reactions with cationic oxidants such as 
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[Co(phen)3]3+ show a 30% rate reduction over the pH range 8 to 5 as a result of 
protonation of histidine 33. When the imidazole nitrogen of the residue is conjugated 
with diethyl pyrocarbonate, the pH effect disappears [61]. 

Although the detailed mechanisms of electron transfer to and from cytochrome c 
are complex, application of Marcus Theory with electrostatic corrections gives 
reasonably good agreement between observed and calculated values [44], This may 
be the result of a single site for electron transfer, the exposed heme edge, which 
means that all the reactions have similar steric and electrostatic requirements. Not 
all reactions of metalloproteins are as well behaved. Reactions of the blue copper 
protein plastocyanin in particular show discrepancies of many orders of magnitude 
in Marcus correlations [62] and some consideration of the reasons for this are 
outlined next. 

The blue copper protein plastocyanin is found in both plant and bacterial sources 
where it functions as an electron transport agent [63, 64], The protein has a molecular 
weight of 10 500 and contains copper(II) in the intensely blue or oxidized form; this 
can be reduced to a colorless copper(I) form with a reduction potential of 0.37 V 
at pH 7.0 and 0.10 M ionic strength. Crystal structure data are known for both 
oxidation states (Fig. 4.10), and for the reduced form as a function of pH [65, 66], 
The protein is in the form of a barrel of seven [3-pleated sheets with the copper at 
one end, shielded from the solvent by histidine-87, which functions as a ligand. The 
other ligands of the prosthetic group are histidine-37, cysteine-84 and methionine-92 
in a distorted tetrahedral arrangement (Fig. 4.11). In the reduced protein, histidme-87 
dissociates on protonation with pKa 5.7 [67], leading to an increase in the reduction 
potential. The oxidized protein has a net charge of -6 at neutral pH, the result of 
a number of aspartate and glutamate residues on the protein surface. Distribution of 

His-87 

Fig. 4.11. The prosthetic group of plastocyanin. 



202 Intramolecular electron transfer [Ch. 4 

the charges is very inhomogeneous and there is a significant negative patch on the 
protein connected to the copper center by a channel of hydrophobic residues. 

Outer-sphere electron transfer reactions of plastocyanins have been extensively 
investigated and show a number of complications. With positively charged oxidants 
in excess the reaction rate shows evidence for limiting first-order behavior, Fig. 4.12 
[68]. The preferred interpretation requires two pathways: a dominant pathway in¬ 
volving formation of a precursor complex between the protein and the oxidant (eqs 
(4.30)—(4.31)), and a minor parallel pathway which is independent of this complex 
(eq. (4.32)) [69]. 

Fig. 4.12. Plot of pseudo-first-order rate constant £obsd against [[Co(phen)3]3+] for the reaction 

of spinach plastocyanin, PCu(I), with [Co(phen)3]3+, atpH 7.5,25 °C, g = 0.10M (NaCl), from 

Ref. [68], 

^0 

PCu(I) + [Co(phen)3]3+ = {PCu(I),[Co(phen)3]3+} (4.30) 

{PCu(I),[Co(phen)3]3+} —> PCu(II) + [Co(phen)3]2+ (4.31) 
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h 
PCu(I) + [Co(phen)3]3+ -» PCu(II) + [Co(phen)3]2+ (4.32) 

d[PCu(II)] 

d t 

f K0ket [[Co(phen)3]3+] [ ^ 

{ 1 + ^T0 [[Co(phen)3]3+] 2 
[[Co(phen)3]3+] [PCu(II)] (4.33) 

The rate law (eq. (4.33)) is consistent with the dependence in Fig. 4.12, and for 
[Co(phen)3]3+, ^O = 340 M~\ ket = 5.7 s~‘, and *2 = 5.1 x 102 M-1 s"1 at 25°C and 
0.10 M ionic strength. At low [[Co(phen)3]3+], the reaction is competitively inhibited 
by [Cr(phen)3]3+ (eq. (4.34)), where Ki = 360 M-1 is the binding constant for the 
inhibitor (eq. (4.35)), and a number of other highly charged redox inert complexes 
such as [Pt(NH3)6]4+, (Fig. 4.13). Interestingly the ratio (K0ket)/k2 is the same for 
the different inhibitors but does vary with the nature of the oxidant (Table 4.8). 

Fig 4 13 Effect of [Pt(NH3)6]4+ on the second order rate constant for the oxidation of PCu(I) 

parsley plastocyanin by [Co(phen)3]3+ atpH 5.8, 25°C, p = 0.10 M (NaCl), from Ref. [69], 
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(4.34) 

(4.35) 

Table 4.8. Percent reaction by K0ket and k2 pathways for reductions of 
plastocyanins 

Oxidant %K0ket %k2 Ref. 

[Co(phen)j]3+ 75 25 69 

[Fe(CN)6]3- 0 100 69 

[Fe(cp)2]+ 28 72 70 

K0ket [[Co(phen)3]3+] ,3+1 
^obsd = 1—„ „„ . . —ir + h [[Co(phen)3J ] 

1 + K\ [[Cr(phen)3]3+] 

Ki 

PCu(I) + [Cr(phen) 3]3+ — {PCu(I),[Cr(phen)3]3+} 

Fig. 4.14. Variation of second-order rate constant with pH at 25 °C for the oxidation of PCu(I) 

spinach plastocyanin by [Co(phen)3]3+, p = 0.10 M (NaCl). Simulated curves indicate the 

relative influence of proto nation of His-87 at the active site (a) and protonation of the negative 

patch (b). From Ref. [72]. 
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The inhibitor, [Cr(phen)3]3+ is paramagnetic and induces line broadening in tyro- 
sine-83 which is close to the negative patch, thereby identifying the probable site 
of reaction for the inhibitable pathway [71]. When [Fe(CN)6]3_ is used as the oxidant, 
no inhibition is observed and NMR studies with [Cr(CN)6]3~ reveal a site of inter¬ 
action close to histidines 37 and 87, which are active site ligands. It is suggested 
that electron transfer takes place at two sites on the protein surface, a direct pathway 
at the ligands adjacent to the binding site and an inhibitable pathway through the 
remote binding site at the negative patch. The relative contribution from each site 
is dependent on the charge on the oxidant. Protons also inhibit the oxidation of 
plastocyanin. While this may be expected on the basis of the protonation of the 
copper(I) site with pKa = 5.5, the kinetic data for the reduction of [Co(phen)3]3+ 
show inhibition at much higher pH (Fig. 4.14). This may be treated as the addition 
of two protons, one at the negative patch which destroys the cation binding site 
(pATa = 5.8), and leads to approximately 60% inhibition, and the other at the active 
site which renders the reduction thermodynamically unfavorable [72], The reverse 
reaction shows a cation binding site (pATa = 5.1) consistent with this explanation [73]. 

The mechanistic picture which emerges is complex and it is little wonder that the 
application of Marcus Theory to reactions of plastocyanins is limited [53]. That there 
are two independent pathways for electron transfer is by no means unambiguous. 
An alternative explanation in which binding by the cationic reagent, whether it be 
[Co(phen)3]3+, [Cr(phen)3]3+, or H+ at the remote site, merely reduces the reactivity 
of the protein is also consistent with the facts, and this ‘dead-end’ complex mecha¬ 
nism has been considered by other workers [74], Both pathways have the same 
thermodynamic driving force and there appears to be no significant kinetic advantage 
associated with electron transfer through the remote site [75], In spite of these 
ambiguities, the studies provide a source of limiting intramolecular electron transfer 
rate constants through complex media, behavior noted with a number of other proteins 
[76]. Overwhelmingly M* for the intramolecular electron transfer is strongly negative, 
contrasting with studies in small molecule systems. 

4.7 LONG-RANGE ELECTRON TRANSFER INVOLVING 
METALLOPROTEINS 

The intramolecular rates obtained from the bimolecular kinetic studies are subject 
to randomness in that the spatial relationship between the donor and acceptor is not 
well defined since it is the result of non-covalently bonded electrostatic outer-sphere 
interactions. A much better defined system results if the redox agent is bound 
covalently to the protein surface. Electron transfer over well-defined distances can 
be determined. The first example of this approach took advantage of the substitution 
lability of the aqua ligand in [Ru(NH3)5OH2]2+ and the affinity of the chromophore 
nitrogen donors to attach [Ru(NH3)5-]2+ to histidine-33 of horse cytochrome c. It 
has been shown that addition of the ruthenium center to the protein does not result 
in a significant change in the protein conformation, and the reduction potentials of 
both centers are close to those found in the free species, 0.26 V for Fem/n and 0.13 
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Fig. 4.15. Plot of absorbance against time monitored at 550 nm for the reduction of (a) 

horse-heart cytochrome c by C02-, (b) (NH3)5Ru-His-33-modified horse-heart cytochrome c 

by C02-, studied by pulse radiolysis. The latter experiment shows a biphasic process indicated 

by the dashed line. The fast step corresponds to direct reduction of the heme center while the 

slower process involves initial reduction of covalently bound ruthenium and reduction of the 

heme center by intramolecular electron transfer, from Isied, S. S.; Worosila, G.; Atherton, S. 

J. J. Am. Chem. Soc. 1982,104,7659, with permission. 

V for Rum/U. Reaction of the covalently bound fully oxidized system [(NH3)5Rumhis- 
33-cyt c(Fem)] with the strong reductants [*Ru(bpy)3]2+ [77, 78] and COj [79] results 
in a reaction trace (Fig. 4.14) which is biphasic with a fast decay consistent with 
direct intramolecular reduction of the heme center to give the thermodynamic product, 
[(NH3)5Rurahis-33-cyt c(Fen)], directly and the slower intramolecular reaction from 
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the kinetic product, [Run(NH3)5his-33-cyt c(Fem)], where ruthenium(III) is initially 
reduced. It should be noted that the intramolecular reaction rate is independent of 
the concentration of modified cyt c present, indicating that competition from inter- 
molecular reactions of the type in eq. (4.39) can be ignored. There is some depend¬ 
ence of the intramolecular rate constant on the nature of the reducing species but a 
value of 53 s-1 for the reaction in which COJ is the reductant at 25 °C, pH 7.0 in 
0.1 M phosphate buffer and 0.1 M hydrogen carbonate has been most recently 
reported [80]. Activation parameters are AHX= 15 kJ mol-1, AS* = -163 JK"1 
mol-1, and &VX=-\1.1 cm3 mol-1, comparable to values obtained for other weakly 
coupled systems [80, 81]. 

[(NH3)5RuIIIhis-33-cyt c(Fem)] + C02 —> 

[(NH3)5Rumhis-33-cyt c(Fen)] + C02 (4.36) 

[(NH3)5Rumhis-33-cyt c(Fem)] + C02 —> 

[(NH3)5Runhi$-33-cyt c(Fera)] + C02 (4.37) 

[(NH3)5Ru nhis-33-cyt c(Fem)] —> [(NH3)5Rumhis-33-cyt c(Fen)] (4.38) 

[(NH3)5[Rumhis-33-cyt c(Feffl)] + [(NH3)5Runhis-33-cyt c(Fem)] —> 

[(NH3)5[Rumhis-33-cyt c(Fen)] + [(NH3)5RuInhis-33-cyt c(Fem)] (4.39) 

Interpretation of this result is not at all straightforward. It must be demonstrated 
that the reaction does indeed represent long-range electron transfer and not some 
rate-limiting conformational process due to the assembly. This point can be clarified 
by examination of the effect of the driving force on the rate of electron transfer. If 
the rate is determined by some conformational change, it should be independent of 
the driving force for the reaction. There is now an extensive body of information 
available on driving force effects in the cyt c system obtained by taking advantage 
of the fact that replacement of Zn for Fe in the heme center allows reactions of the 
excited state zinc porphyrin to be investigated (eq. (4.40)), and under suitable 
circumstances, the subsequent thermal reaction can also be investigated (eq. (4.41)) 
[82]. The triplet excited state of zinc substituted cytochrome c, cyt c(*Znn), lies 1.7 
eV above the ground state and has a substantial lifetime [83] which makes it ideal 
for photoinduced electron transfer studies [84]. It acts both as an oxidant in 
[(NH3)5Runhis-33-cyt c(*Znn)] and as a reductant in [(NH3)5Rurahis-33-cyt c(*Znn)]. 
Studies have also been carried out by modification of the ruthenium derivative. The 
results of the different reactions and their driving forces are presented in Table 4.9. 

k\ 

[(NH3)5Rumhis-33-cyt c(*Znn)] ^ [(NH3)5Runhis-33-cyt c(Znn)+] 

k2 

(4.40) 
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k\ 

[(NH3)5Runhis-33-cyt c(Znn)+] 

ki 

[(NH3)5 Rumhis-3 3 -cyt c(Znn)] 

(4.41) 

Table 4.9. Rate constants for intramolecular electron transfer within cyt c 
derivatives 

Protein E° 

(V) 

k 

(s~‘) 

AH1 

(kJ mol *) 

AS1 

(J K"1 mol"1) 

Ref. 

[(NH3)5Runhis-33-cyt c(FeHI)] 0.18 3.0 x 101 8 -180 78 

[(NH3)sRunhis-33-cyt c(FeI!I)] 0.18 5.3 x 101 15 -163 80 

[(NH3)5RuIIhis-33-cyt c(*ZnH)] 0.36 2.4 x 102 9 -171 84 

[(NH3)5Rumhis-33-cyt c(*Znn)] 0.70 7.7 x 105 7 -113 84 

[(NH3)5Runhis-33-cyt c(Znn)+] 1.01 1.6 x 106 — — 84 

[(NH3)4(isn)Runhis-33-cytc(*Znn)] 1.05 2.9 X 106 <2 -126 85 

[(NH3)4(py)RuInhis-33-cyt c(*Znn)] 0.97 3.3 x 106 9 -92 85 

[(NH3)4(isn)Runhis-33-cyt c(ZnU)+] 0.66 2.0 x 105 <2 -146 85 

[(NH3)4(py)Runhis-33-cyt c(Znn)+] 0.74 3.5 x 105 <2 -142 85 

[(bpy)2(Im)Rulnhis-33-cyt c(Fen)] 0.74 2.6 x 106 — — — 

The analysis of these data in terms of eq. (4.22) is shown in Fig. 4.16 where log 
ket is plotted against AG° for the series of reactants. While Xout and the contributions 
to from the ruthenium complexes are expected to be substantially constant 
(Chapter 2), the reorganization at the porphyrin differs for cyt c(Fen) (X = 1.2 eV), 
cyt c(Zn ) (X = 1.19 eV), and cyt c(*Znn) (X = 1.10 eV) [87]. The electronic coupling 
//ab is approximately 0.03 cm-1 in the iron-porphyrin system and approximately 
0.12 cm in the zinc system. These values are much smaller than those found in 
the long-range electron transfer in the oligoproline complexes. 

Further light on this long-range electron transfer has been shed by studies with 
ruthenated derivatives of the heme-containing oxygen transport protein myoglobin 
[87]. Again analysis involves driving force studies with zinc-substituted derivatives 
and a summary of the results is presented in Table 4.10. In attempting to understand 
the effect on HAB of changing the distance between the oxidant and the reductant 
one must first address the question of how to measure the distance. To this point' 
metal center to metal center distance has provided an adequate measure of the 
separation of the reaction centers, however, it is clear that rc, the distance at which 
electron transfer is adiabatic, is finite. The convention has been adopted that r is 
taken as the metal and its immediate ligand shell, which includes the whole porphyrin 

K IdlT aPP ble' ThC di8tanCe r is then the closest distance between these 
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Table 4.10. Rate constants for electron transfer in myoglobin derivatives 
[88]  

Distance (A) £(s ') 

[(NH3)5Rumhis-48-Mb(*Znn)] 12.7 7.2 x 104 

[(NH3)5Rurahis-81 -Mb(*Znn)] 19.3 1.5 x 102 

[(NH3)5Rumhis-116-Mb(*Znn)] 20.1 3.0 x 101 

[(NH3)5Rumhis-12-Mb(*Znn)] 22.0 1.4 x 102 

Fig. 4.16. Dependence of log ket for intramolecular electron transfer on AG° in His-33 

ruthenium modified Zn cytochrome c. The solid line is the best fit to eq. (4.22) using the 

parameters X= 1.2eV and tfAB = 0.12 cm h Photoinduced reactions are shown as closed 

circles, recombination reactions as open circles. From Ref. [87]. 

It is interesting to note that for myoglobin which has no natural electron transfer 
function X is larger than with the cytochromes despite a similar porphyrin core. A 
similar conclusion has been reached in studies involving mtermolecular electron 
transfer r89]. There is a distance dependence with p = 0.79A . However, HAb is 

much smaller than values obtained for reactions over comparable distances where 
the reactant centers are linked by a continuous series of bonds. The strong dependence 
on the nature of the intervening medium reveals that electronic coupling is promoted 
by a continuous series of bonding interactions. In these long-range electron transfer 
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reactions of the ruthenated proteins, the peptide backbone provides the only con¬ 
tinuous series of covalent bonds between the reactants and the number of bonds is 
not related to r, the closest distance of approach. Detailed calculations are now able 
to pinpoint likely pathways for the electron based on through bond, hydrogen bond 
and through space interactions with limited success [90]. 

In conclusion, the factors which affect electron transfer in biological systems have 
received a great deal of attention and this is reflected in the detail with which the 
experimental results can be interpreted. It is significant that Chapters 2, 3, and 4 
have dealt primarily with the simplest of charge transfer process, electron transfer. 
In Chapter 5 more complex processes will be encountered involving transfer of 

charge in multiple units. 

QUESTIONS 

4.1 Discuss two examples of behavior which require an explanation in terms of non- 
adiabatic electron transfer. 

4.2 Plant ferredoxins have molecular weight ~ 10 500 and contain a {2Fe-2S} active 
site which cycles between the Fe™ and FemFen states with a reduction potential of 
approximately -0.40 V. Pseudo-first-order rate constants for the oxidation of a 
reduced ferredoxin from spinach by [Co(NH3)6]3+ and [Cr(phen)3]3+ at 25.0°C and 
0.10 M ionic strength are presented in the table. 

Pseudo-first-order rate constants at pH 8.0. 

[Co(NHj)<;]3* (M) [Cr(NH3)6]3+ (M) [Cr(phen)j]3+ (M) ^obsd ($ ) 

2.4 x 10“4 4.87 
3.0 x 10"4 2.5 x 10-4 2.90 
3.0 x 10~4 5.0 x 10"4 2.84 
3.0 x 10~4 1.0 x 10“3 2.09 
3.0 x 10-4 2.0 x 10"3 1.47 
3.0 x 10"4 4.0 x 10‘3 0.95 
4.9 x 10~4 7.33 
9.9 x 10"4 10.4 
1.98 x 10-3 14.6 
3.93 x 10~3 16.5 
4.87 x 10“3 17.4 

2.5 x 10^ 2.45 
5.0 x 10-4 4.42 
1.0 x 10~3 7.1 
2.0 x 10“3 9.8 
4.0 x 10“3 12.2 
5.0 x 10"3 13.3 

v' 
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Determine rate laws for the reactions which account for the concentration depend¬ 
encies, suggest mechanisms and speculate whether these reactions are likely to 
obey the Marcus relationship. 

(Lloyd, E.; Tomkinson, N. P.; Sykes, A. G. J. Chem. Soc., Dalton Trans. 1992, 
753-756.) 

4.3 The self-exchange rate for [Fe(TPP)(MeIm)2]+'° (TPP = tetraphenyl porphyrin, 
Melm = 1 -methylimidazole) is 8 x 107 at -21 °C in CD2C12 solution. Discuss the 
relevance of this observation for reactions of the cytochrome c. 
(Shirazi, A.; Barbush, M.; Ghosh, S.; Dixon, D. W. Inorg. Chem. 1985, 24, 2495- 
2502.) 
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5 
Multiple electron transfers 

5.1 INTRODUCTION 

In this final chapter, the focus of the discussion changes from simple electron transfer 
to more complex reactions where multiple electron transfer is involved. Many of the 
concepts are the same. The distinction between processes which involve substitution 
as an essential component of the charge transfer and processes which do not remains 
valid. However, anion and cation transfer provide a direct link with the more 
conventional concepts of substitution mechanisms. The chapter begins with an ex¬ 
amination of multiple electron transfer between metal ion complexes where different 
mechanistic types are introduced. These mechanistic types are expanded in a dis¬ 
cussion of electron transfer reactions involving metal ion complexes and non-metallic 
substrates and finally some of the complexities inherent in reactions between non- 

metallic species are explored. ... 
The transfer of more than one electron or its equivalent in a reaction involves 

mechanisms which are intrinsically more complex than those involved in the transfer 
of a single electron. Changes in oxidation state by two or more units result in large 
structural changes and frequently in changes in coordination number for the species 
involved. For example, oxidation of [V(H20)6]2+ by one electron leads o 
rV(H,Okl3+ which has a similar six-coordinate structure, but oxidation by two 
electrons leads to [V0(H20)4]2+, which is predominantly square pyram^l with one 
oxo ligand Changes in coordination number during the course of an electron transfer 
reaction carry with them a requirement that substitution processes are also involved. 
There is frequently such close coupling between transfer of an electron and the 
substitution process that it is difficult to distinguish whether substitution precedes 
or succeeds electron transfer or whether they are synchronous and if so whether 
they are better described as atom, anion or cation transfer processes. Questions such 

as these will arise frequently in this chapter. 
A distinction must be raised at this point between reactions which are comple¬ 

mentary such as the reaction between [T1.,]J* and [U„]4+, (eq. (5.1)) where more 
than* one Electron is transferred but the sto.chrometry is 1 :1 [1] and those wh,ch 
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are non-complementary such as the reaction in eq. (5.2) where the stoichiometry 
differs from 1 : 1 [2], In both reactions, [Tlaq]3+ acts as a net acceptor of two electrons. 

[Ty3*+[u„]4+ [Ti„r+kuoa,]2* (5.1) 

[Tl„]J* + 2[Fe(H20)6]2* [Tlaq]4 + 2 [Fe(H20)6]3+ (5.2) 

The complementary reaction, eq. (5.1), can proceed in a single bimolecular ele¬ 
mentary step involving transfer of two electrons, or in a more complex series of 
reactions. However, the non-complementary reaction, eq. (5.2), must take place by 
a more complex mechanism involving a minimum of two elementary steps with the 
formation of reaction intermediates. Whilst unravelling the intricacies of complex 
mechanisms can be challenging, the increased complexity of the experimental rate 
law greatly enhances the amount of mechanistic information available. In addition 
to the rate law, product analysis and the detection of reaction intermediates either 
by direct spectrophotometric observation or by chemical reaction can provide sig¬ 
nificant information. Consequently, a knowledge of the chemistry of intermediate 
species is very important. 

In order to explore the complexities of reactions involving multiple electron 
transfer, a few examples will be considered to illustrate different facets of behavior 
rather than any attempt made to present comprehensive coverage [3, 4], The first 
two examples involve metal ion complexes where a two-electron change is involved 
and the intermediate oxidation state is thermodynamically unstable with respect to 
disproportionation. The reactivity patterns differ because of differences in the nature 
of the lability of the reagents. While multiple electron transfer can be exhibited by 
reagents where the intermediate oxidation state is thermodynamically stable, this 
behavior is much less common and electron transfer in single units prevails. Reactions 
where multiple electron transfer is accompanied by transfer of a bridging group are 
also considered and the implications of these as atom or group transfer processes 
are discussed. 

5.2 REACTIONS OF THALLIUM(III)/(I) 

The main group metal ion reagent [Tlaq]3+ is a powerful two-electron oxidant. In 
1.0 M HC104, the potential of eq. (5.3) is 1.25 V [5], Whereas [Tlaq]3+ is susceptible 
to hydrolysis with p£h values of 1.14 and 2.61 (eqs (5.4) and (5.5)), which means 
the [T10Haq]2+ is the dominant species in moderately acidic solution, the lower 
oxidation state, [Tlaq]+, shows no evidence for hydrolysis in the acidic pH range [6]. 
As with most main group metals, substitution rates are generally high for both 
oxidation states so that the assignment of inner-sphere and outer-sphere mechanisms 
is problematic. 

[Tlaq]3+ + 2e- — [Tlaq]+ (5.3) 

v 
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[Tlaq]3+ X [TIOH„]2+ + H* (5.4) 

[T10Haq]2+ X [(Tl(OH)2)aq]+ + H+ (5.5) 

The complementary reduction of [Tlaq]3+ by [Uaq]4+ obeys a simple two-term rate 
law which is first-order in both reactants and independent of the reaction products 
(eq. (5.6)) in strongly acidic media, where the subscript T refers to total concentration 
of the reagent [7]. Scheme 5.1 represents the simpler of two mechanisms which are 
possible according to the rate-law. Electron transfer takes place by parallel pathways 
which involve single two-electron steps (eq. (5.7)). 

-d[[Uaq]4+] ^[[UJ^IITl.,]”],. , 

it [H+] [H+]2 1 ' ’ 

[Tlaq]3++ [Uaq]4+ -9 [TIJ^KUO,).,]2* (5.7) 

Scheme 5.1. 

The energetic requirements of this situation are illustrated by Fig. 5.1. If the 
reaction is considered to be outer-sphere in nature, a large Frank-Condon barrier 
can be anticipated since the changes in geometry and coordination involved in 
reaction (5.7) are large. Simultaneous transfer of more than one electron in a single 
step by an outer-sphere mechanism is not necessarily a forbidden process; however, 
competing mechanisms can intrude. Two of the more common competitive mecha¬ 
nisms are also illustrated in Fig. 5.1. The reaction can proceed by an inner-sphere 
mechanism where there is strong electronic coupling between the donor and acceptor 
states as the result of formation of a bridge between the two centers. In fact this is 
the likely mechanism in this instance. The domination of terms in the rate expression 
with inverse acid dependencies is a consequence of the changes in protonation of 
the reagents during the electron transfer process and may also be indicative of the 
formation of inner-sphere hydroxo bridges. Alternatively, electron transfer may be 
by sequential one electron transfers (Scheme 5.2). 

[Tlaq]3*+[Uaq]44 X [Tlaq]2+ + [(U02)aq]+ (5.8) 
k-\ 

h 
[Tlaq]2*+[(U02)aqr -> [TIJ* + [(U0,)aq]24 (5.9) 

[Tlaq]3++[(U02)aqr -> [Tlaq]2t + [(U02),q]2* (5.10) 

(Tlaq]24 + [Uaq]4+ -4 [Tlaqr+[(U02)aq]+ (5.11) 
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2 [Tl„]2+ -4 [Tlaq]+ + [Tig5* (5.12) 

2[(U02)„r-> [(U02)g2*+[Ug4* (5.13) 

Scheme 5.2. 

The mechanism in Scheme 5.2 is also consistent with the rate law in eq. (5.6). 
However, this rate law represents only one limiting form, where kx in eq. (5.8) is 
rate-determining. Single-electron transfer results in the production of the thermody¬ 
namically unfavorable oxidation states [Tlaq]2+ and [(U02)aq]+, and while structural 
rearrangement is presumably less important than for the two-electron change, the 
energetics for a rate-determining single-electron outer-sphere process are also very 
unfavorable (Fig. 5.1). Complications can arise from the presence of the intermediate 
oxidation states and a chain mechanism where the reaction (5.8) is the initiation 
step, reactions (5.10) and (5.11) are the propagation steps, and reactions (5.9), (5.12), 
and (5.13) are termination steps, is possible. The chain mechanism is expected to 
result in more complex kinetic behavior and to be susceptible to interruption by 
scavengers for the chain carriers. A knowledge of the chemistry of the intermediate 
oxidation states is therefore desirable for detailed mechanistic studies. 

In spite of these arguments which favor Scheme 5.1 as the mechanism, there 
remains ambiguity in the nature of the rate-limiting step. In a limiting case in Scheme 
5 2 where the initial electron transfer, ku is rate-limiting and k2 exceeds the rate at 
which the products {[Tlaq]2+,[(U02)aq]+} can diffuse apart, the second electron trans¬ 
fer will take place within the same solvent cage as the initial transfer. No free 
single_electron oxidized or reduced products are produced and the reaction is indis¬ 
tinguishable from the two-electron mechanism in Scheme 5.1. Note, however, that 
the energetic requirements for the two mechanisms differ. Those for Scheme 5.2 
should reflect the energetics of single-electron transfer, and as such should be 

predictable using the Marcus relationship. 
Whereas a complementary reaction can occur in a single step since it involves 

the assembly of only two molecular species, clearly the non-complementary process 
cannot since at least three species must be assembled. The reduction of [Tlaq] by 
rFe(H20)6]2+ shows complex behavior. The kinetics of this reaction have been in¬ 
vestigated in HC104 and show a marked inhibition by [Fe(H20)6] + following the 

law (p.n f5 15Y>. T21. The rate law is consistent with a rate-limiting step involving 

Schemed.3, and the rate constants are kx = 1.39 x 10 2 M 1 s 1 and k_x/k2 - 

x 10"2 in 1.0 M HCIO4 at 25.0°C [8]. 

[Tllq],+ + 2[Fe(H20)6]2* -» [Tig* + 2[Fe(H20)6]5* (5.14) 
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M2[[TUw][[Fe(H20)<j212 (515) 

[[Fe(H,Ol6]u] + *2[[Fe(H20)6]2*] 

kx 

[Tl,q]J+ + [Fe(H20)6]2t = [Tl„]2* + [Fe(H20)6]3+ (5.16) 

k-, 

h 
[T!aJ2+ + [Fe(H20)6]2+ [Tl.,r+[Fe(H20)6])* (5.17) 

Scheme 5.3. 

The acidity dependence of kx indicates that it is a composite term, kx = {KUXI(KM 
+ [H+])}{/:,' + K^kx 7[H+]}, where kx and kx" are 1.4 x 10“2 M_1 s-1 and approxi¬ 
mately 4 M_1 s-1 for reactions of [T10Haq]2+ and [Tl(OH)2aq]+ respectively. The 
term k_x/k2 also has an acidity dependence which suggests the hydrolyzed complexes 
are the dominant reactants in both k_x and k2 [2], The absence of pathways involving 
unhydrolyzed complexes suggests that the reactions may be inner-sphere with hy¬ 
droxy-bridged intermediates. 

There is an alternative mechanism for the non-complementary reduction of 
[Tlaq]3+ which avoids the formation of Tl2+. In Scheme 5.4, the initial step is a 
two-electron process yielding [Feaq]4+ as a transient, and the rate law (eq. (5.20), 
derived by the application of the steady-state approximation to this species, should 
show a term inhibitory in [Tlaq]+. 

[Tig,+ + [Fe(H20)d2*=[Tl„r + [Fe„r (5.18) 

[Fe„]4+ + [Fe(H20)6]2+ -> 2[Fe(H20)<JJ+ (5.19) 

Scheme 5.4. 

-dlfTlJ*] _ *|fr2[[TU3*][[Fe(H2Q)6]2t]2 

d< MtTUJI + *2[[Fe(H20)6]2*] ' , 

The two mechanisms shown in Schemes 5.3 and 5.4 can be distinguished on 
the basis of rate law and clearly Scheme 5.3 is correctly identified in the 
reduction of [Fe(H20)6]2+ by the term inhibitory in [Fe(H20)6]3+ rather than 
[Tlaq]+. However, under conditions where £2[Fen] > £_,[Fera] for Scheme 5.3 or 
&2[Fen] » £-i[[Tlaq]+] for Scheme 5.4, the rate laws are indistinguishable. In such 
cases, distinction between the mechanisms can be made on the basis of scavenging 
the reactive intermediates and the effect which this has on the reaction products. 
For example, [Tlaq]3+ oxidizes [V(H20)6]3+ to give predominantly [VOaq]2+ (eq. 
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(5.21)), and the rate law shows no inhibitory terms [9,10]. The second-order rate 
constant, 350 NT1 s-1 at 0.5°C and in 1.0 M HC104 is much more rapid than the 
reaction with [Fe(H20)6]2+. However, rapid induction of one equivalent of 
[Fe(H20)6]3+ results from the addition of each equivalent of [V(H20)6]3+ to 
[Tlaq]3+ , indicating that the reactive intermediate, [Tlaq]2+, is formed in the reaction 
(eqs (5.22M5.23)). 

fast 

[T1„]3* + 2[V(H20)6]3+ — [Tlaq]+ + 2 [VO,,]2* (5.21) 

[T1 „]3+ + [V(H20)e]3+ —> [Tl„]2* + [VO,,]2* (5.22) 

[Tl,„]2++[Fe(H20)6]2t —> [Tl„]*+[Fe(H20)d3* (5.23) 

It is possible to rule out an alternative mechanism in which a complementary 
two-electron reaction is followed by comproportionation to give the [VO]2+ product 
since the comproportionation reaction is an order of magnitude too slow to participate 
in the overall reaction. [VOaq]2+ is oxidized only slowly by [Tlaq]3+ (eq. (5.24)), 
but note that reaction with [Tlaq]2+ is more rapid, and induction of the minor product 
[(V02)aqr is observed in the presence of added [VOaq]2+ as noted in the case of 

added [Fe(H20)6]2+ [11]. 

slow 

[Tlaq]3+ + 2 [VOaq]2+ -> [Tlaq]+ + 2 [(V02)aq]+ (5-24) 

The mechanism in Scheme 5.4 has been proposed for the reduction of [Tlaq] by 
[Cr(H20)6]2+ [12], The reaction is too fast to allow kinetic studies but the chro- 
mium(III) product is identified as a bis p-hydroxy-dimer (eq. (5.25)), rather than 
monomeric [Cr(H20)6]3+, which is found in the reaction with one-electron oxidants 

such as [Fe(H20)6]3+. 

[[Tlaa]3+ + [Cr(H20)6]2+ —> [Tlaq]+ + [(H20)4Cr(p-0H)2Cr(0H2)4]4+ 
(5.25) 

Since chromium(III) is inert to substitution on the timescale of the electron transfer 
process, the dimeric and monomeric forms do not interconvert rapidly and 
[(H20)4 Cr(p-OH)2Cr(OH2)4]4+ must result from the comproportionation reaction 

(eq. (5.27)), involving substitution at labile [Cr(H20)6] +. 

[Tlaq]3+ + [Cr(H20)6]2+ == [Tlaq]+ + [CrOaq]2+ (5-26) 

[CrOaq]2+ + [Cr(H20)6]2+ ~^ [(H20)4Cr(|i-0H)2Cr(0H2)4]4+ (5.27) 
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The oxidation of [V(H20)6]2+ is also thought to be a complementary two-electron 

process with formation of [VOaq]2+ [10]. 
Electron transfer behavior of thermodynamically unstable intermediates such as 

[Tlaq]2+ can be examined independently. Rapid generation of [Tlaq]2+ is possible by 
either flash photolysis or pulse radiolysis with -OH radicals (eq. (5.28)), and studies 
involving this reagent have given considerable insight in understanding the chemistry 
of the [Tlaq]3+/+ change [8, 13]. The rate of the reaction between [Tlaq]2+ and 
[Fe(H20)6]2+, k2 in eq. (5.17), is determined to be 6.7 x 106 M-1 s-1 in 1.0 M HC104. 
From this value, it can be calculated that k_\ = 3.4 x 105 M 1 s 1 and hence that 
Kx (=V*-i) = 4.1 x 10~8 (eq. (5.16)), corresponding to a difference in the reduction 
potential between [Fe(H20)6]3+/2+ and [Tlaq]3+/2+ of 0.44 V In 1.0 M HC104, the 
reduction potential of [Tlaq]3+/+ is 1.26 V from which the potential for [Tlaq]2+/+ can 

be calculated to be 2.22 V. 

[Tlaq]+ + OH -> [Tlaq]2+ (5.28) 

The evaluation of the reduction potential of [Tlaq]2+ has provided a key for the 
interpretation of the mechanism of the self-exchange process between [Tlaq]3+ and 
[Tlaq]+ (eq. (5.29)). This is a formal two-electron process and the rate law is first-order 
in each reagent with a second-order rate constant of 4x 10~3 M-1 s-1 at 25.0°C in 
1.0 M HC104 [14-16], The reaction is very sensitive to the reaction medium and 
there is some question regarding the [H+] dependence (eq. (5.30)), which is inter¬ 
preted in terms of two pathways, one involving [Tlaq]3+ and the other [T10Haq]2+. 
However, the major question whether the mechanism involves [Tlaq]2+ or not can be 
answered. The equilibrium constant for the comproportionation reaction (eq. (5.31)), 
is 4xl0-33, and since the rate constant for the comproportionation reaction is 
2x 109 M_1 s-1 [17], the rate constant for the exchange reaction proceeding by 
[Tlaq]2+ is 8 x 10~24 M_1 s"1, too slow to participate in the observed reaction. The 
mechanism is a two-electron process and since the ions are labile on the timescale 
of the redox process, an inner-sphere reaction is most likely. 

[Tiaq]3++[*Tiaqr—[*Tiaq]3++[Tiaqr (5.29) 

Rate = kx [[Tlaq]3+ ][[*Tlaq]+] + 
h [[Tlaq]3+][[*Tlaqn 

[H+] 
(5.30) 

[Tlaq]3+ + [Tlaq]+^2[Tlaq]2+ (5.31) 

In conclusion, the reactions of the [Tlaq]3+/+ system reveal evidence for both one- 
and two-electron processes. The distinction between these two processes is blurred 
since two-electron transfer may occur by two consecutive one-electron events without 
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the detection of the intermediate state. The high substitution lability of the ions in 

both oxidation states prevents comments about group transfer. In the next section 

this latter question is explored for reactions where the oxidation states are inert to 
substitution. 

5.3 REACTIONS OF PLATINUM(IV)/(II) 

Platinum(II) complexes such as [Pt(NH3)4]2+ are substitution-inert low-spin d8 square- 

planar complexes whereas platinum(IV) complexes such as [Pt(NH3)4Cl2]2+ prefer a 

substitution-inert low-spin d6 six-coordinate geometry. The intermediate oxidation 

state, platinum(III) is thermodynamically unstable, and the substantial geometry 

change between the two thermodynamically stable oxidation states focuses interest 

on electron transfer mechanisms. 

The kinetics of the formal two-electron self-exchange process between [trans - 

Pt(en)2Cl2]2+ and [Pt(en)2]2+, monitored [18] by 36C1 isotope methods show that the 

rate is catalyzed by chloride ion (eq. (5.32)), with'A: = 15 M-2 s_1 at 25.0°C and 

0.01 M ionic strength. Rates determined by 195Pt, l4C exchange give similar values. 

Rate = k [[/ra/w-Pt(en)2Cl2]2+] [[Pt(en)2]2+] [Cl-] (5.32) 

The rate law suggests a mechanism in which a [[Pt(en)2]2+,C1 ] adduct reacts by an 

inner-sphere pathway involving a bridging Cl" from the platinum(IV) complex (eqs 

(5.33a)-{5.33b)). 

[Pt(en)2]2+ + Cl-^[[Pt(en)2]2+,Cl-] (5.33a) 

[trans-*Pt(en)2Cl2]2+ + [[Pt(en)2]2+,C1"] -> [trans-Pt(en)2Cl2]2+ 

+ [*Pt(en)2]2+ + Cl" (5.33b) 

The bridge is transferred in the reaction, and the transition state in eq. (5.34) is 

proposed. The axial interactions of the platinum(II) are weak and it is unclear when 

bond formation takes place. One consequence of the mechanism is that the reactions 

are subject to steric effects; the corresponding reaction of the Me4en complexes is 

negligibly slow. 

Cl- Cl- ■Cl (5.34) 
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Reactions of cw-[Pt(en)2Cl2]2+ with [Pt(en)2]2+ and of [Pt(NH3)5Cl]3+ with 
[Pt(NH3)4]2+ are also slow. These latter reactions are not self-exchange processes 
but result in trans-[Pt(en)2Cl2]2+ and fra«.y-[Pt(NH3)4Cl2]2+ respectively and follow 
a similar halide-ion-catalyzed rate law. Reduction involves cleavage of a trans Pt—N 
bond which is energetically less favorable than cleavage of the Pt—halide bond [19]. 
Rate data are presented in Table 5.1. 

Table 5.1. Rate and activation parameters for the reduction of 

platinum(IV) by Platinum(II) at 25.0°C 

Reaction it k A//* AS* Ref. 
(M) (M-1 s-1) (kJmor1) (JKT1 moF1) 

/ran5-[Pt(NH3)4Cl2]2+ [Pt(NH3)4]2+Cl 1.0 4xl02 18 

cw-[Pt(NH3)4Cl2r [Pt(NH3)4]2+Cl 1.0 1.5x10 18 
[Pt(NH3)5Cl]3+ [Pt(NH3)4]2+Cl 1.0 4x 10 2 18 
Pt(NH3)sI]^[ [Pt(NH3)4]2+1 0.016 3.9 xlO2 25 -121 19 
[Pt(NH3)5I]3+ [Pt(NH3)4]2+BF 0.016 F2xl04 33 -63 19 
[PtCNH^sI]^ [Pt(NH3)4]2+Cl 0.016 5.6 xlO2 46 -42 19 
[PtCNH^sBr]33 [Pt(NH3)4]2+BF 0.32 12 . 42 -79 19 
[Pt(NH3)5Cl]3+ [Pt(NH3)4]2+Cl 0.32 1.2x 10 3 75 -54 19 

It seems likely that these complementary reactions do not involve platinum(III), 
but it is difficult to decide whether they are best described as inner-sphere processes 
with the transfer of two electrons through a halide bridge or as outer-sphere processes 
with halogen cation transfer. Energetically the latter would appear to be unlikely and 
whereas equatorial substitution on the square-planar platinum(II) complexes is slug¬ 
gish, the weak association of ligands in the axial positions can be rapid so that an 
inner-sphere two-electron transfer is preferred. Note however, that platinum(III) has 
been invoked to explain inhibition by one-electron transfer reagents in the self-ex- 
change between [PtCl6]2- and [PtCl4]2- which is also catalyzed by Cl- [20], 

Non-complementary reductions of [fra/w-Pt(en)2Cl2]2+ by single equivalent reduc- 
tants show a variety of mechanisms. The reaction of [Pt(NH3)5Cl]3+ with [Cr(H20)6]2+ 
is rapid and results in the formation of equal amounts of [Cr(H20)5Cl]2+ and 
[Cr(H20)6]3+ in acidic solutions, whereas at higher pH, the latter product is dimin¬ 
ished and appreciable amounts of the dimer [(Cr(OH)2Cr)aq]4+ are formed [21]. The 
mechanism involves an inner-sphere transfer of two electrons through a Cl- bridge 
to give a transient chromium(IV) complex, [CrClaq]3+, which subsequently reacts 
with [Cr(H20)6]2+ to give the tell-tale dimeric species (eqs (5.35)-(5.37)). 

[Pt(NH3)5Cl]3+ + [Cr(H20)6]2+ -> [Pt(NH3)4]2+ + [CrClaq]3+ + NH3 (5.35) 

fast 

[CrClaq]3+ + [Cr(H20)6]2+ [(H20)5CrClCr(H20)5]5+ (5.36) 

[(H20)5CrClCr(H20)5]5++[Cr(H20)6]2+ products (5.37) 
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Interestingly the mechanism of reduction by [V(H20)6]2+ is quite different [22], The 
reaction is acid independent and there is no formation of [VOaq]2+ which would 
otherwise be detectable under the conditions of the experiments. Single electron 
transfer is proposed with the formation of transient platinum(III) intermediates which 
subsequently react with [V(H20)6]2+ (eqs (5.38)—(5.39)). The reaction rates show a 
correlation (eq. (5.40)) with those for the corresponding reactions of [Ru(NH3)6]2+ 
which proceed by a similar mechanism involving outer-sphere electron transfer (Fig. 
5.2). The slope of the correlation is close to that predicted by the Marcus relationship 
for outer-sphere reactions and this is the suggested mechanism. In partial confirma¬ 
tion, for [PtCl6]2~ as oxidant, the second-order rate constant exceeds the normal rate 
of substitution at [V(H20)6]2+. Rate constants for one-electron reduction of the 
platinum(IV) complexes are presented in Table 5.2. 

Fig. 5.2. Correlation of the rate constants fc([VH20)6]2+) and A([Ru(NH3)6]2+) for reductions 
of platinum (IV) complexes at p = 1.00 M (LiC104) (open circles) and 0.10 M (LiC104) (closed 

circles), from Ref. [22]. 

[Pt(NH,)5Cl]3+ + [V(H20)6]2+ -» [Pt(NH,)5Cl]2++[V(H20)6]3t (5.38) 
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Pt(NH3)5Cl]2+ + [V(H20)6]2+ -> 

[Pt(NH3)4]2+ + [V(H20)6]3+ + NH3 + Cl' (5.39) 

log £[v(h2o)6]2+ = 0.89 log &[ru(nh3)6]2+ _ 1-68 (5.40) 

Table 5.2. Rate constants and activation parameters for the one-electron 

reduction of platinum(IV) at 25.0°C. 

Reaction 
(M) 

k 
(M’1 s 1) 

AHX 
(kJ mol ') 

AS1 
(J K"1 mol 

Ref. 

[Pt(NH3)5Cl]3+ [Cr(H20)6l2+ 1.0 5x 104 23 

[Pt(NH3)5Cir [V(H20)6]2+ 1.0 0.61 41 -105 24 
[Pt(NH3)5Br]3+ [V(H20)6]2+ 1.0 6.0 31 -120 22 

trans-[Pt(NH3)4Cl2] [V(H20)6]2+ 1.0 28.3 45 -61 22 

[PtCl6]2" [V(H20)6]2: 1.0 1.23 x 104 19 -100 24 
[Pt(NH3)5Cl]3+ [Ru(NH3)6]2+ 0.1a 17.7 24 
[Pt(NH3)5Br]3+ [Ru(NH3)6]2+ 0.1" 1.8 xlO2 22 

/rans-[Pt(NH3)4Cl2] [Ru(NH3)6]2+ 0.1° . 244 x 103 22 
[Ptci6]2- [Ru(NH3)6]2+ 0.1a 7.9 x 106 22 

a 15°C. 

The rate law for the oxidation of [Pt(en)2]2+ by [IrCl6]2~ is complex (eq. (5.41)), 
and shows strong inhibition by [IrCl6]3- confirming that it proceeds by consecutive 
one-electron steps (eqs (5.42)-{5.43)) [25]. The halide dependence of the major 
pathway suggests that the initial reactant is the ion pair [[Pt(en)2]2+,Cr], and that 
there is no transfer of Cl" from the oxidant. 

-d[[IrCl6]2-] _ 2^^[[Pt(en)2]2+][[IrCl6]2-]2[Cr]2 

& k.x [[IrCl6]3-] + £2[[IrCl6]2-][Cr] 

k-\ 

[Pt(en)2]2+ + [IrCl6]2- + Cl" [Pt(en)2Cl]2+ + [IrCl6]3~ 

kx 

(5.41) 

(5.42) 

k2 

[Pt(en)2Cl]2+ + [IrCl6]2- + Cl- -> [Pt(en)2Cl]2++ [IrCl6]3" (5.43) 

Interestingly, a slightly different mechanism is revealed by the rate law (eq. (5.44)), 
for the anionic reductant [PtCL,]2- [26], Again, the initial step, formation of plati¬ 
num^) is rate-limiting, but in this case the first-order dependence on [Cl-] indicates 
that significant amounts of a reactive ion pair between [PtCl4]2- and Cl“ are not 
present (eq. (5.45)). The second electron transfer involves incorporation of free halide 
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ion with the intermediate platinum(III) complex and is followed by rapid formation 
of [PtCl6]2" product (eqs (5.46)-(5.47)). 

-d[[IrCl6]2~] _ 2A:^2[[PtCl4]2-][[IrCl6]2-]2[Cn 

dt ^-i[[IrCl6]3-] + ^[[IrCl6]2-][Cn (5-44) 

k\ 

[PtCl4]2- + [IrCl6]2- [PtCl4]- + [IrCl6]3- (5.45) 

k-1 

ki 

[PtCl4]“ + [IrCl6]2- + Cl- -> [PtCl5]-+[IrCl6]3- (5.46) 

fast 

[PtCl5]- + Cl- [PtCl6]2" (5.47) 

Interesting insight into the energetics of these reactions is provided by 
a study of the oxidation of [Pt(NH3)4]2+ by [Fe(CN)6]3~ which is first-order 
in both reactants and results in the mixed-valence trinuclear complex 
[(CN)5FenCNPtIV(NH3)4NCFen(CN)5]4_ by an inner-sphere mechanism [27]. The 
product exhibits an intervalence transfer band at 470 nm in aqueous solution and 
the reaction can be reversed photochemically by excitation into this band. Initial 
excitation gives [(CN)5FeraCNPtm(NH3)4NCFen(CN)5]4- which can further react. 
Analysis of the band shape together with estimates of the reduction potentials for 
the metal centers gives a value for X, the ^organizational energy, of 175 kJ mol-1 
which is large but consistent with substantial stuctural reorganization at the platinum 
center [28]. 

In the reactions of both thallium and platinum, single-step two-electron transfer 
pathways are noted. In the case of platinum, these are shown to involve transfer of 
a bridging ligand, and may be inner-sphere in nature since the platinum(II) is 
coordinatively unsaturated. It is likely also that the thallium reactions are inner-sphere 
since pathways involving inverse [H+] dependencies, consistent with hydroxy-bridged 
intermediates, predominate, although there is no proof for transfer of the bridging 
ligand. Both series of reactions are adequately described within the framework 
developed in Chapters 2 and 3 as electron transfer processes, albeit with the added 
complication that in some instances two electrons are involved. The energetics of 
these processes are difficult to probe, in part because the reactions are complex but 
also because driving forces differ from reaction to reaction. The exceptions are the 
self-exchange reactions since for those AE° = 0;, however data for two-electron 
self-exchange reactions are limited. 
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5.4 OXO-ION REAGENTS 

An important group of multiple-electron transfer reagents in aqueous solution is 
formed by higher oxidation state species which exist as oxy anions and cations as 
a result of extensive hydrolysis. Reduction potentials for some of the more common 
reagents are presented in Table 5.3, and discussion will center on the chemistry of 
chromium(VI), which is a three-electron reagent. This example is chosen because 
the intermediate oxidation states chromium(V) and chromium(IV) are thermody¬ 
namically unstable in the absence of stabilizing ligands. The chemistry of some of 
the other species where intermediate oxidation states are thermodynamically stable 
has been discussed in Chapters 2 and 3. 

Table 5.3. Reduction potentials for oxo-ion reagents in acid solution at 

25.0°C [5] 

Half-reaction E° (V) 

[TiOaq]2+ + 2 H+ + e~ ^[Tiaq]3+ + H20 0.10 
[(V02)„]+ + 2H**e-= [VOaq]2+ + H20 1.00 
[VOaq]2+ = [Vaq]3+ + H20 0.34 
[HCr04r + 7 H+ + 3e~ ==^[Craq]3+ + 4 H,0 1.38 
[HCr04]~ + 2H+ + e'^ [H3Cr04] =0.55 
[Mn04]~ + 8 H+ + 5e“ — [Mnaq]2+ + 4 11,0 1.51 
[Mn04]“ + e" ^ [Mn04]2~ 0.56 
[Mn04]2- + e~ = [Mn04]3_ 0.27 
[Ru04r + e"=^[Ru04]2" 0.59 
KUO2),q]2" + e-=[(U02)a,]4' 0.16 
[(U02)aq]2+ + 4 H+ + 2e" — [Uaq]4+ + 2 H20 0.27 

The reduction of chromium(VI) is a three-electron process which involves a sub¬ 
stantial change in coordination around the metal center (eq. (5.48)). Intermediate 
oxidation states are known but they are thermodynamically unstable with respect to 
disproportionation. Estimated reduction potentials are 1.34 V and 2.10 V in acid 
solution for the [Craq]5+/4+ and [Craq]4+/5+ changes so that chromium(IV) state is the 
least stable oxidation state [29], 

[HCr04]- + 7 H+ + 3e" — [Cr(H20)6]3+ (5.48) 

The chemistry of [HCr04]~ is dominated by the protic equilibria (eqs (5.49) and 
(5.50)), and dimerization to form [Cr207]2- (eq. (5.51)) so that in dilute aqueous 
acid, [HCr04] is the dominant species. The ion is moderately labile. 

[H2Cr04] — [HCr04]- + H+ Xal = 0.21 

[HCr04]- ^ [Cr04]2- + H+ = 1.04 x 1 O'6 

[HCr04r =£: [Cr207]2" + H20 Kd = 98 M_1 

(5.49) 

(5.50) 

(5.51) 
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Non-complementary reduction of [HCr04] by reagents which are incapable of 
inner-sphere electron transfer such as [Fe(bpy)3]2+ show rate laws which are first 
order in each reagent and are subject to acid catalysis (eq. (5.52)) with k2 dominant 
[30, 31]. The initial step, formation of chromium(V), is rate-limiting and the acid 
catalysis reflects the greater reduction potential for the protonated oxidant since there 
is a net addition of seven protons in the overall reaction. The proposed mechanism 
is given in eqs (5.53)-(5.56). 

d[[Fe(bpy)3]2+] 
df - {*o + k\[H+] + k2[H+]2} [[HCr04] ] [[Fe(bpy)3]2+] (5.52) 

[HCr04]- + [Fe(bpy)3]2+ -> [HCr04]2- + [Fe(bpy)3]3+ (5.53) 

*i 

[H2Cr04] + [Fe(bpy)3]2+ —» [H2Cr04]-+ [Fe(bpy)3]3+ (5.54) 

h 
[H2Cr04] + [Fe(bpy)3]2+ + H+ -> [H3Cr04] + [Fe(bpy)3]3+ (5.55) 

fast 

[H,Cr04] + 2 [Fe(bpy)3]2+ + 5 H+ [Cr(H20)6]3* + 2 [Fe(bpy)j]J+(5.56) 

With reductants which contain ligands such as CN~ and Cl-, capable of bridge 
formation, the rate laws indicate that the initial production of chromium(V) is 
rate-determining and the [H+] dependencies are similar [30]. In the reaction of 
[Fe(CN)6]4-, however, product analysis reveals the formation of a binuclear product 
[(CN)5FeCNCr(H20)5] which must result from inner-sphere reduction of chro- 
mium(IV), since substitution at [Cr(H20)6]3+ is sluggish. With [IrCl6]3-, the product 
is [Cr(H20)6]3+ but the participation of inner-sphere steps cannot be eliminated 
because the overall reaction is slow [32], 

More labile one-electron reductants, such as [Fe(H20)6]2+, show a second-order 
dependence on the reductant (eq. (5.57)), revealing that the rate-limiting step is 
reduction of chromium(V) to chromium(IV) under conditions of low reductant con¬ 
centrations (eqs (5.58)-(5.59)) [31]. Again the acidity dependence signifies acid 
catalysis and it can be deduced that the chromium(V) species has the formula 
[H3Cr04]. It has been suggested that the major coordination change in going from 
four-coordinate chromium(VI) to six-coordinate chromium(III) occurs between chro- 
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mium(V) and chromium(IV) and that, while this latter step is faster than the initial 
reduction of chromum(VI) for outer-sphere reactions, for inner-sphere reactions, 
where the chromium(V) is bound to a labile metal ion, this coordination change is 
not facilitated. This has been borne out in studies of chromium(V) and chromium(IV) 
stabilized in 2-ethyl-2-hydroxybutanoate complexes (eq. (5.60)), where the self-ex- 
change rate for the chromium(V/IV) change is at least six orders of magnitude 
smaller than that for chromium(IV/III) [33-36]. 

-d[[HCrQ4]-] _ t|t,[[HCiQ4n[[Fe(H;0)(.];t]z[H']i 

d( *_,[[Fe(H20)6]3+] + *2[[Fe(H20)<;]2+][H+] 

k\ 

[HCr04]- + [Fe(H20)6]2+ + 2H+ = [H3Cr04] + [Fe(H20)6]3+ (5.58) 

, *-i 

k2 

[H3Cr04] + [Fe(H20)6]2+ + H+ -> [(Cr^O,)^] + [Fe(H20)6]3+ + 2H20 

(5.59) 

(5.60) 

An important class of reactions involves reduction with reagents where the oxidized 
product retains an oxo ligand. There are both one-electron reagents such as 
[v°]2+ and two-electron reagents such as [Uaq]4+ . In these reactions, a common 
distinguishing feature is a reduced dependence on [H+]. The reduction by [VO]2+ is 
independent of [H+] with the rate law in eq. (5.61) indicating that reduction of 
chromium(V) is rate-limiting [37-39]. In the proposed mechanism, there is a match 
in the number of H+ lost by the reductant and the number of H+ gained by the 
oxidant in the initial step (eq. (5.62)). In an elegant experiment where [V02]+ is 
scavenged by the addition of [V(H20)6]3+, the initial step k\ becomes rate-limiting 
and the rate law is simplified to eq. (5.65), confirming that the sequence of steps 
is similar to that observed in the reaction with [Fe(H20)6]2+. 

-d[[HCrQ4] ] k\ £2[[HCrO 4]_] [[VO ]2+]2 
d/ M[vo2n (5.61) 
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kx 

[HCr04]- + [VO]2+ + H20 [H3Cr04] + [V02]+ (5.62) 

h 
[H3Cr04] + [VO]2++ H+ [(C^OA,] + [V02]++ H20 (5.63) 

fast 

[(Cr^O^] + [VO]2+ -> products (5.64) 

-d[[HCr04]“] 
= ^[[HCr04]7][[V0]2+] (5.65) 

dt 

The balance of [H+] in the rate law, indicates that the proton demand for protonation 
or deprotonation of the oxo-ligands is satisfied. The facilitation of reactions of this 
sort by [H+] catalysis has been noted in section 2.15. However, the reactions may 
take place by direct transfer of the oxo-ligand from the oxidant to the reductant, 
most probably in an inner-sphere process. This is not oxygen atom transfer since a 
one-electron process requires transfer of O'. Isotopic tracer studies have revealed a 
formal O atom transfer [40] with the two-electron reductant [Uaq]4+ , and again the 
rate law has a reduced [H+] dependence with a dominant term in [H+]-1 (eq. (5.66) 
[41, 42], Uranium(V) is not formed in the reaction and at least one of the oxygens 
of [U02]2+ is derived from the oxidant so that a transition state as shown in eq. 
(5.67) can be proposed. 

M + -^4 [[Uaq]4+] [[HCr04n 
-d[[HCr04n 

(5.66) 

(5.67) 

This pattern of reactivity is found in many reactions involving oxo ions. It is the 
two-electron analogy of the one-electron inner-sphere reaction with group transfer 
and can be viewed in those terms as transfer of 02~ from the oxidant to the reductant 
concomitant with the transfer of 2e" from the reductant to the oxidant. Alternatively, 
it can be thought of as O atom transfer. Consideration of the energetics of the 
reactions clearly indicates that formation of isolated O atoms is not possible and it 
is better to think of the O atom as stabilized by coordination to the metal centers. 
The detailed energetics of these reactions have been difficult to probe, predominantly 
because they are very complex processes and trends from structural modifications 
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are difficult to maintain without gross changes in mechanism. This situation is 
changing as simpler ‘atom-transfer’ reactions are examined in detail. 

5.5 ATOM TRANSFER’REACTIONS 

The range of two-electron self-exchange processes has been augmented by the 
processes presented in eqs (5.68) and (5.69). These self-exchange reactions involve 
a formal change of two electrons explicitly accompanied by transfer of an atom or 
group, and the intermediate oxidation state is thermodynamically unstable. 

[CpM(CO)3r+[CpM(CO)3X] —> [CpM(CO)3X] + [CpM(CO)3]" (5.68) 

[(Cp)2M] + [(Cp)2MX]+ -> [(Cp)2MX]+ + [(Cp)2M] (5.69) 

The rates for the processes have been investigated mainly by NMR methods in 
acetonitrile solution and are first-order in both reagents. Rate constants (Table 5.4) 
are considerably in excess of the normal rates of substitution at both metal centers 
so that the classical inner-sphere mechanism involving formation of a bridge common 
to the inner-coordination spheres of both reactant metal can be ruled out. Although 
the one-electron self-exchange rates involving the radical species are rapid inner- 
sphere processes [43], a stepwise mechanism with two single-electron transfer steps 
can be excluded on thermodynamic grounds. 

Table 5.4. Rate and activation parameters for the self-exchange rates of 
atom transfer reactions 

Reaction k 
(M-1 s 1) 

AH* 
(kJ moF1) 

AS* 
(J K'1 mol-1) 

AV* 
(cm3 moF 

Ref. 

’) 

[CpCr(CO)3]" + [CpCr(CO)3H] 1.8 x 104 20.5 -95 44 
[CpMo(CO)3] + [CpMo(CO)3I] 1.5 x 104 26.8 -75 45 
[CpMo(CO)3]~ + [CpMo(CO)3Br] 16 50.6 -50 45 
[CpMo(CO)3r + [CpMo(CO)3Cl] 9.0 x 10-2 79.1 0 45 
[CpMo(CO)3]~ + [CpMo(CO)3H] 2.5 x 103 22.2 -106 44 
[CpW(CO)3]~ + [CpW(CO)3I] 4.5 x 103 31.4 -70 45 
[CpW(C.O)3]“ + [CpW(CO)3Br] 1.5 63.2 -29 45 
[CpW(CO)3] + [CpW(CO)3Cl] 2.1 x 10“3 74.0 -46 45 
[CpW(CO)3]“ + [CpW(CO)3H] 6.5 x 102 21.7 -117 44 
[CpMo(CO)3] + [CpMo(CO)3CH3] =1 x 10 5 45 
l(Cp)2Ru] + [(CP)2RuI]+ 7.4 x 103 28.0 -36.4 -7.7 46 
[(CP)2Ru] + [(Cp)2RuBr]+ 1.6 x 103 34.3 -65.7 -2.9 46 
l(Cp)2Os] + [(Cp)2OsI]+ 1.8 x 104 31.4 -56.1 -7.6 46 

These reactions can be considered as X+ transfers (eq. (5.70)), combined le" and 
X atom transfers (eq. (5.71)), or 2e" and X" transfers (eq. (5.72)), as shown for the 
reaction of [CpMo(CO)3]“ with [CpMo(CO)3Cl] where X - Cl. Details of the 
mechanisms are not well understood; however, an attempt has been made to probe 
the energetics with use of Scheme 5.5 [45], 
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[CpCo(CO)3Cl] [CpCo(CO)3r (5.70) 

[cPco(co)3ci] [cPco(co)3r (5.71) 

[CpCo(CO)3Cl] [CpCo(CO)3]' (5.72) 

The reactants form a weakly interacting outer-sphere complex (eq. (5.73)), and the 
energetics of the electron transfer process are determined by stretching of the Mo—Cl 
bond until the Cl atom is equidistant between the two metal centers, at which point 
electron transfer takes place. The transition state is a tautomer comprising both 
structures in eq. (5.75). The isovalent state {[CpMoI(CO)3-" Cl ••• CpMoI(CO)3]}~ 
is of higher energy but can be admixed to the transition state, contributing to a 
lower activation energy (Fig. 5.3). Activation volume data obtained in a number of 
solvents suggest that there is also a significant solvent reorganization involved with 
the charge transfer process [46]. 

[CpMo(CO)3Cl] + [CpMo(CO)3]- 

{[CpMo(CO)3Cl],[CpMo(CO)3]}- (5.73) 

{[CpMo(CO)3Cl],[CpMo(CO)3]}" —» 

{[CpMo(CO)3- Cl],[CpMo(CO)3]}" (5.74) 

{[CpMo(CO)3... Cl],[CpMo(CO)3]}- 

{[CpMo(CO)3 ], [Cl • • • CpMo(CO)3]}- (5.75) 

{[CpMo(CO)3],[Cl- • • CpMo(CO)3]}" -> 

{[CpMo(CO)3],[CpMo(CO)3Cl]}~ (5.76) 
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{[CpMo(CO)3],[CpMo(CO)3Cl]}- = 

[CpMo(CO)3]"+ [CpMo(CO)3Cl] (5.77) 

Scheme 5.5. 

The reaction involving [CpMo(CO)3]7[CpMo(CO)3H] shows an isotope effect 
kH/kD = 3.7 when [CpMo(CO)3]7[CpMo(CO)3D] is used and this is consistent with 
rate-limiting H or H+ transfer. A transition state with a symmetric Mo-”H--Mo 
arrangement yields a calculated kH/kD of 3.4. 

The description of these reactions as cation transfer processes serves to underscore 
the gradation between electron and atom transfer. Probing the sequential arrangement 
of these processes is of considerable importance in presenting a fuller description 
of the reactions. Mechanistic differentiation has proved elusive. Isotope effects have 

x 

Fig. 5.3. Reaction coordinate diagram for the atom transfer reaction between 

[CpMo (CO)3Cl] and [CpMo (CO)3]“. The reaction coordinate is the stretching of the Mo-Cl 

bond and the ^intersection of the two parabolas is described by the tautomer {Mon-Cl- 

Mo <—> Mo -Cl-Mo Admixing of the isovalent state {Mo'-Cl-Mo1}* with this state 

contributes to a lower activation energy. 
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been useful, as have correlations with bond energies, but there are many gaps in 
the data and more studies are required. 

5.6 THE ROLE OF ADDUCT FORMATION IN NON-COMPLEMENTARY 
REACTIONS 

In the examples of non-complementary reactions presented in sections 5.2-5.5, some 
reference has been made to the role of inner-sphere processes in facilitating multi¬ 
ple-electron transfer. Further examples of this behavior are to be found in the 
remaining sections of the chapter. Besides this stoichiometric effect in controlling 
reactivity, adduct formation also plays an energetic role. Difficulties in assessing 
this role have been encountered in the examination of inner-sphere mechanisms in 
Chapter 3. However, there is one particular case involving non-complementary 
reactions which has led to a limited understanding of a significant class of these 
reactions. 

The class of reactions to which this discussion can be applied are those where a 
two-electron reagent, generally the reductant, has a very unstable intermediate oxi¬ 
dation state and where adduct formation with a single-electron oxidant produces an 
intermediate with discrete spectroscopic properties of a charge transfer nature. Com¬ 
plexes of this sort are particularly prevalent in sluggish redox interactions involving 
organic and organometallic substrates. The mechanistic implications of electron 
transfer have assumed an important role in organic chemistry and there are many 
parallels with the work described in this book but the subject cannot be treated with 
any detail here. The reader is referred to reviews elsewhere for information on these 
reactions [47, 48]. 

The initial step in the irreversible oxidation of [SnMe2Et2] by [Fe(phen)3]3+ in 
acetonitrile solution is the formation of a cation radical (eq. (5.78)), which sub¬ 
sequently decays with loss of either -Et or -Me (eq. (5.79)). This reaction is thought 
to be outer-sphere in nature since the rates for a variety of compounds, [SnR,], 
show a Marcus-type correlation with the ionization potentials, /, for the reductants, 
and these can be directly related to the reduction potentials (Fig. 5.4) [49], Reduction 
potentials for the cation radicals in solution are not known but are expected to be 
quite large so that the first step in the reaction is very endoenergetic [50, 51]. 

k 

[Fe(phen)3]3+ + [SnMe2Et2] —> [Fe(phen)3]2+ + [SnMe2Et2]+ (5.78) 

^Et 

—► [SnMe2Et]+ + -Et —> —» 

—► [SnMeEt2]+ + -Me —> -> 

^Me 

[SnMe2Et2]+— (5.79) 
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2_ t 
Fig. 5.4. Contrasting behavior of the dependence of the rates for [IrCl 6] (closed circles), and 

[Fe(phen)3]3+ (open circles) oxidations of alkylmetals on the ionization potentials of alkyl- 

metals, a measure of the thermodynamic driving force for the reactions. The slope of the 

[Fe(phen)3]3+ correlation is -0.5. From Ref. [49]. 

The behavior with [IrCl6]2- is quite different. Firstly the product analysis 
indicates that the reaction selectivity, S (= kEt/kMc), is 11 rather than 27 found for 
[Fe(phen)3]3+, so that the reactivity of the cation radical is modified. Secondly there 
is no correlation of the rates with ionization potentials, I (Fig. 5.4). Instead the rates 
show evidence for steric inhibition. It is concluded that while the [Fe(phen)3]3+ 
reactions are outer-sphere in nature, the [IrCl6]2- reactions involve adduct formation 
and are best considered a limiting form of inner-sphere reaction. 

The energetics of this inner-sphere process can be described in eqs (5.80)-(5.82), 
by two work terms, precursor and successor respectively, and the activation energy 
for the intramolecular electron transfer. In a very endoenergetic process, such as eq. 
(5.81), the transition state is very product-like so that the reverse reaction is close 
to being activationless and the overall reaction is driven by the subsequent decom¬ 
position of the cation radical. Addition of eqs (5.80)-(5.82) gives the relationship 
between ACfi and AG° in eq. (5.83) where coAB = 0 for the interaction of [IrCl6]2- 
and a neutral molecule. 
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®AB 

[IrCl6]2- + [SnMe2Et2] sss {[IrCl6]2-,[SnMe2Et2]} (5.80) 

k 

{[IrCl6]2-,[SnMe2Et2]} -> {[IrCl6]3-[SnMe2Et2]+} (5.81) 

{[IrCl6]3" [SnMe2Et2]+} — [IrCl6]3- + [SnMe2Et2]+ (5.82) 

®BA 

AG* = AG° + (oBA * (5.83) 

The quantity (oBa depends on the strength of the interaction between the [IrCl6]3- 
and [SnMe2Et2]+ and will reflect steric factors as required of the experimental 
observations. Where the charge transfer spectra of the intermediate 
{[IrCl6]2-,[SnMe2Et2]} can be detected (eqs (5.84)-(5.85)), coab+coba* may be 
estimated by using Mulliken theory, which relates the energy of the charge transfer 
to the ionization potential of the electron donor and the electron affinity of the 
electron acceptor by a constant which includes coBA*. 

hVcr 

{[IrCl6]2-,[SnMe2Et2]} = {[IrCl6]3-,[SnMe2Et2]+}* (5.84) 

[IrCl6]3-, [SnMe2Et2]+}* = [IrCl6]3" + [SnMe2Et2]+ (5.85) 

«AB* 

By choosing the same donor and by referencing the charge transfer spectra to a 
standard acceptor for which coBA* = co°BA*, then Acoba = (coBA * - co°BA *) = 
AhVcj-AI may be used to correlate the rate data (eq. (5.86)). This very simple 
relationship relates the activation energy for the electron transfer reaction to the 
driving force and the strength of the inner-sphere interaction and is illustrated in 
(Fig. 5.5) [52]. It is this latter factor which includes the steric and other factors 
which have proved difficult to incorporate into less empirical relationships. 
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AG1-A(oba = AG° (5.86) 

The insight into the energetics of electron transfer within adducts which these 
observations provide is tempered by the applicability, which is restricted to reactions 
which are highly endoenergetic such as non-complementary processes in organic 
and organometallic chemistry. Besides a role in modifying the energetics of electron 
transfer, adducts can also provide a role in modifying the stoichiometry of the 
reaction transition state, and it is this aspect which will be amplified in the remainder 
of the chapter. 

/D (eV) 

Fig. 5.5. Rates for the [IrCl6]2“ oxidations of alkylmetals from Fig. 5.4, corrected for steric 

effects according to eq. (5.86). The line is drawn with unit slope. 

5.7 NON-METALLIC REAGENTS 

Most non-metallic reagents require a two-electron change on altering from one 
thermodynamically stable state to another, and therefore form a special set of reagents 
for multiple-electron transfer. Besides these inorganic species, there is extensive 
reduction and oxidation chemistry involving organic substrates which is beyond the 
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scope of the present treatment, although many of the trends and reactivity patterns 
are mirrored with organic substrates. 

Some common non-metallic redox couples are illustated in Table 5.5. There are 
two main types: those in which oxidized and reduced forms are monomeric, differing 
in charge or the degree of protonation, and the second type where the oxidized form 
is a dimer of the reduced form. Again, charge or the degree of protonation differs 
between the two oxidation states. Where the degree of protonation differs, the 
reduction potential is pH-dependent. 

Table 5.5. Reduction potentials of selected non-metallic redox couples in 

acidic solution at 25°C 

Reaction E° (V) 

SOj- + 4 H+ + 2e" H2S03 + H20 0.16 
Cl2 + 2e" ==: 2 Cl" 1.40 
Br2 + 2e_ ==: 2 Br" 1.09 
I2 + 2e~ = 2 T 0.62 
S20|" + 2e" = 2 SO^“ 1.96 
S2026~ + 4 H+ + 2e" ^2 H2S03 0.57 
S4o£- + 2e" = 2 S2Of~ 0.08 
(SCN)2 + 2e- =2 SCN" 0.77 

There are many parallels between reactions involving non-metallic substrates and 
those involving metal ions. For example, there are two distinct mechanisms: inner- 
sphere and outer-sphere. The preferred pathway will depend on the characteristics 
of the oxidants and reductants. Substitution occurs most frequently at the metal 
center and in such cases the inner-sphere mechanism requires that the metal be 
substitution-labile and that the substrate have donor atoms which have lone pairs 
available for coordination. If these requirements are not met then the mechanisms 
are generally outer-sphere. A reaction which takes place with a metal ion which has 
no readily accessible oxidation levels differing by two equivalents is non-comple- 
mentary and may lead to complex rate dependencies, with the formation of radicals 
as unstable intermediates. The thermodynamic fate of the radical species can have 
an important role in determining the course of the reaction. If, on the other hand, 
the metal ion has such oxidation levels, then both complementary and non-comple- 
mentary processes are possible. 

In the following section, oxidation and reduction reactions of a number of different 
non-metallic reagents with metal ion complexes will be considered. The coverage is 
not exhaustive but an attempt has been made to include examples which illustrate 
the major features and reactivity patterns. The coverage begins with reactions of 
molecular oxygen, a ubiquitous oxidant in aqueous solution which proves to be 
problematic in the handling of solutions of reductants. The chemistry of the important 
intermediate oxidation states is examined, and the reactivity patterns are developed 
with reference to other oxidizing and reducing substrates. 
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5.8 MOLECULAR OXYGEN AND HYDROGEN PEROXIDE 

Molecular oxygen has a solubility of 1.1 x 10~3 M at one atmosphere in aqueous 
solution at 25 °C. The standard reduction potential for the complete four-electron 
reduction to water (eq. (5.87)) is 1.229 V and falls with increasing pH to 0.401 V 
for the reaction in basic solution (eq. (5.88)); however, for solution studies, formal 
potentials based on 1.0 M concentrations of the gas are more useful and are 1.273 

V and 0.445 V respectively. 

02 + 4 H++ 4e" 2 H20 (5.87) 

02 + 2 H20 + 4e~ =4 OH" (5.88) 

The oxidation states intermediate between 02 and H20 are of considerable kinetic 
importance and some dicussion of the thermodynamics and kinetics of their reactions 
is essential for understanding the chemistry of 02. One-electron reduction yields the 
superoxide ion 02, with a formal reduction potential of-0.16 V (eq. (5.89)). It can 
be protonated with pKa = 4.8. 

02 + e" = 02 (5.89) 

This initial reduction is thermodynamically unfavorable, but addition of a second 
electron to give hydrogen peroxide is very favorable and is coupled to the addition 
of two H+ (eq. (5.90)). Hydrogen peroxide can be deprotonated with pKa = 11.7. 

02 + 2H+ + e"=H202 (5.90) 

Although H202 with a two-electron reduction potential of 1.76 V is a more potent 
oxidant than 02, it tends to be slow to react since addition of an electron carries 
with it a requirement for cleavage of the O—O bond. Consequently, in reactions of 
02 with many one-electron reductants, especially those which react by outer-sphere 
mechanisms such as [Cr(bpy)3]2+ and [Co(sep)]2+, the overall reaction is a two-elec¬ 
tron process (eq. (5.91)), and the rate-limiting step is the initial formation of the 
superoxide ion (eq. (5.92)) which then reacts with a second equivalent of reductant 
or disproportionates (eqs (5.93)-(5.95)). 

2 [Cr(bpy)3]2+ + 2 H+ + 02 -> H202 + 2 [Cr(bpy)3]3+ (5.91) 

[Cr(bpy)3]2++ 02 —» 02 + [Cr(bpy)3]3+ (5.92) 

[Cr(bpy)3]2+ + 02 + 2 H+ -> H202 + [Cr(bpy)3]3+ (5.93) 

H+ + 02 =?= H02 (5.94) 
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2H02 —> H202 + 02 (5.95) 

A general rate law for this reaction is given by eq. (5.96), where k is the second-order 
rate constant for the initial electron transfer. In suitable cases, superoxide ion may 
be detected directly by its characteristic EPR (gt = 2.008, gn 2.083 at 77 K) and 
absorption spectra (e245 = 2350 1VT1 cm-1), or by the effects of chemical traps such 
as tetranitromethane, but this is not common and, in general, formation of the 
intermediate can be inferred only from the rate law. Rates of a number of reductions 
of 02 by outer-sphere reagents are presented in Table 5.6. 

-d[[Cr(bpy)3]2+] 
= 2£[02] [[Cr(bpy)3]2 ] (5.96) 

Table 5.6. Rate constants for outer-sphere oxidation by 02 and derived 

self-exchange rates for the 0% reaction at 25°C 

Reductant ^AB 

(M-1 s-1) 
kflX 
(M-1 s-1) 

Ref. 

[Cr(bpy),]2t 6.0 x 105 0.8 53 
[Cr(phen)3]2+ 1.5 x 105 2.0 53 

[Ru(NH3)6]2* 6.3 x 10 8.2 54 
[Ru(NH3)4(phen)]2* 7.7 x 10-3 1.4 55 
[Ru(NH3)5(isn)]2+ 1.1 x 10"1 5,1 55 
[Ru(en),]2+ 3.6 x 10 7.7 54 

[Co(sep)]2* 4.3x10 1.2 56 

[Fe(4,7-(HO)2phen)3]2+ 5.1 x 102 57 

[Cu(phen)2]+ 5.0 x 104 58 

[Cu(bpy)2]+ 6.0 x 105 59 

The Marcus linear free-energy relationship has been applied to the rate data to 
evaluate a self-exchange rate for the 02/02 couple. A reasonably consistent value 
around 2 M-1 s-1 is obtained from the data for 02 reduction [53]. However, the 
rates of the reverse of this reaction, reduction of metal ion complexes by 02, give 
significant discrepancies in the self-exchange rate for reasons which are not ade¬ 
quately understood [60]. Other mechanisms have been noted in reactions of 02. For 
example, the reaction of 02 with [Co(sep)]2+ shows an isotope effect of 2.1 when 
the N—H protons are deuterated and a mechanism involving proton abstraction 
followed by protonation of the cobalt(III) product may be in operation [61]. 

[Co(sep)]2+ + O2 —^ [Co(H_,sep)]+ + HOJ 

J,2H+ 

[Co(sep)]3+ + H202 (5.97) 
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The reduction of H202 is thermodynamically more favorable than that of 02, with 
a formal potential of 1.763 V in acidic media (eq. (5.98)) and 0.867 V in basic 
solution (eq. (5.99)). 

H202 + 2 H+ + 2e“ = 2 H20 (5.98) 

0j + H20 + 2e" OH“ (5.99) 

Like the reduction of 02, the reduction of H202 is also dominated by single-electron 
transfer processes, but in this case reactions with substitution-inert complexes which 
may take place by outer-sphere mechanisms are very slow. A primary reason for 
this is that addition of a single electron requires cleavage of the O—O bond and is 
very thermodynamically unfavorable (eq. (5.100)). The product of this reaction is 
OH , which has an important and extensive chemistry as a powerful one-electron 
oxidant (eq. (5.101)), reacting mainly by H-abstraction mechanisms. 

H02 + H20 + e-=0H + 20H" (5.100) 

OH +e" ^OH~ £° = l‘.91V. (5.101) 

Consequently outer-sphere reduction of H202 generally represents a minor pathway 
[57]. Reaction of the powerful reductant [Cr(CN)6]4~ follows the rate law (eq. (5.102)) 
with a rate constant k0 = 3.3 x 10-2 M-1 s-1, where the bulk of the reaction occurs 
by a competing inner-sphere pathway involving [Cr(CN)5(OH2)]3_ with a rate constant 
&i = 3.6 x 103 MT1 s"1 [62]. Similarly, the reductants [Ru(NH3)6]2+ and 
[Ru(NH3)5(OH2)]2+ react very slowly and limiting kinetic behavior suggests that an 
inner-sphere mechanism with a seven-coordinate intermediate may be involved [63]. 

d[[Cr(CN)5(OH2)]3-]T 

dr 
= 2{ 

M^i[CN~] +kj 

K\ [CN“] + 1 
[H202][[Cr(CN)5(0H2)]3-]T 

(5.102) 

Reactions of 02 and H202 with labile reductants allow more complex mechanisms 
and some important studies are noted below. The reductions of [Cr(H20)6]2+ and 
[V(H20)6]2+ result in the complete reduction of 02 to H20 (eq. (5.103)). The 
mechanism which has been proposed for the [Cr(H20)6]2+ reaction involves the 
initial formation of a metal peroxo complex (eq. (5.104)), absorbing at 245 and 290 
nm, with a formation rate constant 1.6 x 108 NT1 s'1, typical of substitution at 
chromium(II). 

02 + 4[Cr(H20)6]2+ + 4 H+ -> 4[Cr(H20)6]3+ + 2 H20 (5.103) 

[Cr(H20)6]2+ + 02 —> [Cr(02)aq]2+ (5.104) 

Subsequent reactions depend on a variety of factors. Under conditions of excess 02, 
this intermediate is long-lived [64] but in the presence of excess [Cr(H20)6]2+, it 
reacts to form a |i-peroxo dimer which in turn consumes two further equivalents of 
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[Cr(H20)6]2+. The product is a dimeric complex of chromium(III) which contains 
both atoms from the 02 [65]. As a result of the dimer formation, the formation of 
02 is avoided. In contrast, the reduction of H202 by [Cr(H20)6]2+ gives predominantly 
monomeric product [66] and a radical mechanism is proposed. The initial step is 
formation of OH- radical with a rate constant of 7.06 x 104 M-1 s-1 at 1.0 M ionic 
strength followed by the rapid reaction of [Cr(H20)6]2+ with OH- k = 1 2x 1010 
M'1 s-1 [67, 68]. 

The initial step in the reaction of 02 with [V(H20)6]2+ is also adduct formation 
(Scheme 5.6), with a formation rate constant of 2.0 x 103 M-1 s_1 in 0.12 M HC104 
[69], However a more complex mechanism results since the reductant, 
[V(H20)6]2+, is capable of transfer of more than one electron. In the presence of 
excess reductant, dimer formation ensues yielding two equivalents of 
[V0(H20)4]2+ directly, while the intermediate [V(02)aq]2+ also reacts by a first-order 
two-electron decomposition to give [V0(H20)4]2+ and H202. 

[V(H20)6]2+ + o2 ^ wo^] 2+ + [yaq] 
2+ 

[y02Vaq] 4+ 

i 

' 

i 

' 

[VO(H20)4]2++ H202 2 [V0(H20)4]2+ 

(5.105) 

Scheme 5.6. 

These inner-sphere mechanisms offer pathways which avoid the formation of high- 
energy species such as OJ in the reduction of 02. Cleavage of the O—O bond is 
readily achieved in systems where oxo complexes are formed. In the reduction of 
H202, single-electron transfer and the formation of OH is a preferred pathway and 
again O—O bond cleavage is promoted by the formation of oxo complexes [68]. 

The reverse of these reactions, oxidations of H20 and H202, have also been 
investigated. Oxidation of H20 to give 02 is most efficiently carried out by powerful 
aquo-ion oxidants such as [Co(H20)6]3+ and [Mn(H20)6]3+ which react by complex 
mechanisms which are thought to be inner-sphere in nature [70, 71]. The reactions 
are kinetically complex but are inhibited by acid. Studies with the strong oxidants 
[Fe(bpy)3]3+, [Ru(bpy)3]3+, [Os(bpy)3]3+ and derivatives have also attracted much 
attention. In such reactions production of 02 is not stoichiometric and ligand oxi¬ 
dation competes [73-75]. However, the simple rate law observed in each case (eq. 
(5.106)), points to a common rate-limiting step for which mechanisms ranging from 
direct electron transfer from OH" to give OH , to deprotonation or covalent hydration 
of the imine ligand, and nucleophilic attack by OH" at the metal center have been 

proposed [76]. 



244 Multiple electron transfer [Ch. 5 

d[[Ru(bpy)3n = k [[Ru(bpy)3]3+][OH-] (5.106) 
at 

The rates exceed the rate of dissociation of the bpy ligand from the oxidant (Table 
5.7), and the latter mechanism involving formation of a seven-coordinate intermediate 
seems most plausible. Subsequent steps involve substitution of one of the bpy ligands 
or the formation of oxo complexes on further oxidation (eqs (5.107)—(5.108)) [77]. 
The minor pathway involving water oxidation is thought to involve formation of an 
oxo-bridged dimer, [(bpy)2(H20)Ru(p-0)Ru(0H2)(bpy)]4+, identified as an effective 
catalyst in the electrochemical oxidation of water [78]. The active species is the 
formal ruthenium(V) complex [(bpy)20Ru(p-0)Ru0(bpy)]4+ and studies with 180 
oxo derivatives suggest that the 02 produced in the reaction derives predominantly 

from the coordinated oxygen [79]. 

k 

[Ru(bpy)3]3++ OH" -> [Ru(bpy)3OH]2+ (5.107) 

[Ru(bpy)3]3+ + [Ru(bpy)3OH]2+ -» [Ru(bpy)30]2++ [Ru(bpy)3]2++ H+ 

(5.108) 

Table 5.7. Rate constants for the reaction of OH“ with [Ru(bpy)3]3+ and 
derivatives [76] 

Oxidant P 
(M) 

k 
(NT1 s 1) 

AHl 
(kJmoP1) 

AS* 
(J K 1 mol-1) 

[Fe(bpy)3]3+ 1.0 16 62 -17 

[Ru(bpy)3l 1.0 148 64 12 

[Os(bpy)3] ^ 1.0 4.7 65 -13 
[Fe(phen)3] 1.0 420 47 —42 
[Os(phen)3j 1.0 156 50 -35 

The stoichiometric oxidation of the intermediate state, H202, is more straightfor¬ 
ward and can be accomplished with more modest oxidants, but the mechanisms are 
thought to be predominantly inner-sphere and the rate laws show a strong dependence 
on [H+]-* [80]. That H202 can act as both oxidant and reductant with a number of 
complexes allows them to function as catalysts for disproportionation to give H20 
and 02 (eq. (5.109)), and studies of this peroxidase activity have attracted some 
interest [81], 

2 H202 —> 2 H20 + 02 (5.109) 

Outer-sphere reactions have also been examined and are much less common, occur¬ 
ring with powerful outer-sphere reagents such as [Ni(bpy)3]3+ [82]. There is no 
inhibition by [H+] in the rate law (eq. (5.110)), where k = 0.34 M_1 s"1 at 25.0°C 
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and 2.0 M ionic strength with AH* = 40 kJ mol'1 and ASl= -126 J K"1 mol'1 
suggesting the mechanism in eqs (5.111) and (5.112). 

d[[Ni(bpy)3]3+] 
" ^ = k [H202][[Ni(bpy)3]3+] (5.110) 

[Ni(bpy)3]3++ H202 —> [Ni(bpy)3]2++ 02 + H+ (5.111) 

fast 

[Ni(bpy)3]3++02 -> [Ni(bpy)3]2+ + 02 (5.112) 

Reactions with the aqua-ion oxidants such as [Co(H20)6]3+ [83], [Fe(H20)6]3+ 
[84], and c«-[Co(NH3)2(H20)4]3+ [85], exhibit the rate law shown in eq. 
(5.113) . The mechanisms are inner-sphere involving complexes of the type 
[Co(NH3)2(H20)2(OH)(02H2)]2+. However, mechanistic interpretation of these reac¬ 
tions is challenging because of the proton ambiguity which leaves the pathways 
(5.114) and (5.115) kinetically indistinguishable when the kinetics are examined over 
a limited range of [H+], 

-d[[Co(NH3)2(H2Q)4]3+] k [[Co(NH3)2(H2Q)4]3+] [H2Q2] 

dr [H+] (5H3) 

[Co(NH3)2(H20)3(0H)]2+ + H202 [Co(NH3)2(H20)2(OH)(02H2)]2+ 

(5.114) 

[Co(NH3)2(H20)4]3+ + H02 -> [Co(NH3)2(H20)3(02H)]2+ (5.115) 

Substitution-controlled reactions of H02 are thought to predominate but a great deal 
relies on the proton balance of the reagents where electron transfer is accompanied 
by the transfer of H+. In such conditions atom transfer processes may be competitive. 
A detailed study of the oxidation of H202 by [(bpy)2pyRuO]2+ involves a process 
where the disposition of protons is crucial to the thermodynamic driving force (eq. 
(5.116) [86, 87]. Reduction of the oxidant involves addition of two protons whereas 
oxidation of H202 involves loss of two protons. The rate law shows two terms (eq. 
(5.117) ), one of which is independent of acid and the mechanism (eqs (5.118)- 
(5.122)) requires two consecutive single-electron transfer reactions since 
[(bpy)2pyRuOH]2+ is detected as an intermediate and it cannot be formed by com- 
proportionation of [(bpy)2pyRuO]2+ and [(bpy)2pyRuOH2]2+ on the timescale of the 

reactions. 

[(bpy)2pyRuO]2++ H202 —> [(bpy)2pyRuOH2]2++ 02 (5.116) 
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_d[[(bpy)2pyRuO]2+] = + w[H+]) [H202][[(bpy)2pyRu0]2+] (5.117) 
at 

H202 H02 + H+ = 2.28 x 10~12 (5.118) 

k\ 

[(bpy)2pyRuO]2++ H202 —> [(bpy)2pyRuOH]2++ H02 (5.119) 

fast 

[(bpy)2pyRuO]2++ H02 —> [(bpy)2pyRuOH]2++ 02 (5.120) 

h 
[(bpy)2pyRuOH]2++ H202 —> [(bpy)2pyRuOH2]2++ H02 (5.121) 

h 
[(bpy)2pyRuO]2++ H02 —> [(bpy)2pyRuOH]++ 02 (5.122) 

The key point of interest is a large solvent isotope effect, &h2cAd2o > of 22 for the 
acid independent pathway, kh and is interpreted as evidence for atom transfer. The 
acid dependent pathway, k2, also shows an isotope effect but the magnitude is 
comparable to the thermodynamic effect (eq. (5.118)) where K^ip/K&p = 7.28. 
Similar observations have been made in the reduction of [(bpy)2pyRuOH]2+. Labelling 
studies with [(bpy)2pyRu180]2+ give no incorporation of the label in the 02 produced 
in the reaction, suggesting that a peroxy adduct is not formed. 

Reactions of cobalt(II) amine complexes with 02 form the final topic in this 
section and are important because they have provided a rich chemistry of redox 
active adducts [88, 89], In the oxidation of these species it is found that 02 reacts 
much faster with the more labile [Co(NH3)5OH2]2+ than [Co(NH3)6]2+ and that the 
initial reaction involves formation of a peroxo adduct (eq. (5.123)). Subsequent 
reaction with a second metal complex leads to the formation of a p-peroxo dimer 
(eq. (5.124)), characterized by a O—O bond distance of 1.47 A. The general 
mechanism is followed by a number of cobalt(II) species and rate data are given in 
Table 5.8. 

[Co(NH3)5OH2]2+ + 02 ^ [Co(NH3)502]2+ 

£-i 

(5.123) 
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h 
[Co(NH3)5OH2]2+ + [Co(NH3)502]2+ == [(NH3)5Co(p-02)Co(NH3)5]2+ 

k-2 

(5.124) 

Table 5.8. Rate constants for the reactions of cobalt(II) complexes with 

02 at 25°C 

Complex 

(M) 

7 7 

Ref. 

[Co(NH3)5OH2]2+ 2.0 2.5 x 104 90 
[Co(en)2(OH2)J2- 0.2 4.7 x 105 91 
[Co(trien)(OH2)2]2+ 0.2 2.5 x 104 92 
[Co(trien)(OH2)(OH)]+ 0.2 2.8 x 105 92 
[Co([14]aneN4)(H20)2]2+ 0.1 5.0 x 105 93 
[Co(Me6[14]aneN4)(H20)2]2+ 0.1 5.0 x 106 94 
[Co(Me6[l 4]aneN4)(H20)(0H)]+ 0.1 8.9 x 105 95 

In the case of the macrocycle complexes such as [Co([14]aneN4)(H20)2]2+, the two 
formation steps can be distinguished [93], and the 1:1 adduct exists in equilibrium 
with the p-peroxo complex [96], The values for k2 and k.2 are 4.9 x 105 M-1 s-1 
and 0.6 s_1 respectively at 25°C. Use of the sterically demanding macrocycle 
[Co(Me6[14]aneN4)(H20)2]2+ results in inhibition of p-peroxo formation [94], Where 
the p-peroxo complex has labile ligands in positions cis to the peroxo linkage, 
formation of additional p-hydroxy- or p-amido-bridges is possible and this can be 
detected as a slower ring closure step. These double bridged complexes have sig¬ 
nificantly higher thermodynamic stability than the singly bridged species. 

The chemistry of the p-peroxo complexes is extensive. In the presence of excess 
02 or S2Og_, the complexes can be oxidized to form p-superoxo species. Reduction 
potentials for the complexes have been measured and are generally in the vicinity 
of 1.0 V, indicating significant stabilization of the superoxo-ligand [97]. Reduction 
reactions with metal ion complexes are predominantly outer-sphere in nature and 
yield the p-peroxo complex (section 2.6). By contrast, inner-sphere mechanisms are 
preferred for reductions of the p-peroxo complexes. 

When [([14]aneN4)Co(p-02)Co([14]aneN4)]4+ is treated with acid, reactions 
of the transient [Co([14]aneN4)(H20)(02)]2+ can be examined. The 
[Co([14]aneN4)(H20)(02)]2+ is scavenged by both oxidants and reductants, and rate 
constants for a variety of outer-sphere reactions are presented in Table 5.9. Both 
oxidation and reduction are limited by p-peroxo decomposition with a limiting rate 
constant of 0.57 s_1 at 25.0°C and 0.10 M ionic strength. An estimate of 0.3 V for 
the [Co([14]aneN4)(H20)(02)]2+/+ reduction potential yields a self-exchange rate for 
the couple of approximately 103 M"1 s-1 [98]. 



248 Multiple electron transfer [Ch. 5 

Table 5.9. Rate constants for reactions of [Co([14]aneN4)(H20)(02)]2+ at 

25°C 

Reductants p (M) k (M-1 s"1) 

[Ru(NH3)6]2+ 0.1 2.3 x 105 

[Co(sep)]2+ 0.3 = 1 x 106 

[V(OH2)6]2+ 0.1 1.8 x 105 

Oxidant 

[Ru(NH3 )4 (phen)]3+ 0.1 -1 x 107 

The behavior observed in the reactions of metal complexes with 02, H202 and 
H20 represents a number of features. Firstly, outer-sphere one-electron reactions are 
observed and can be understood in terms of Marcus Theory. Secondly, outer-sphere 
reactions for these non-complementary. reactions can be very slow when the single 
electron radical is unstable or production of the radical involves large changes in 
geometry resulting in slow self-exchange rates. High-energy intermediate species 
frequently react by alternative mechanisms such as atom abstraction. Thirdly, inner- 
sphere and atom transfer mechanisms provide alternative facile pathways for 
multiple-electron transfer and bond cleavage. These observations are quite general 
and can be illustrated with examples from other oxidants and reductants. 

5.9 REACTIONS OF HALOGENS, PSEUDOHALOGENS AND RELATED 
SPECIES 

The uniting theme of the reagents in this section is that formation of the oxidized 
forms requires dimerization of the reduced forms. In this respect they are expected 
to show parallels with the behavior of H202/2H20 system. The reduction of [S208]2-, 
like the reductions of H202 requires concomitant cleavage of the peroxo O—O bond.* 
Studies of non-complementary reactions with outer-sphere reagents suggest a mecha¬ 
nism (eqs (5.125)—(5.127)) involving the radical S04 as an intermediate [99, 100], 

[Fe(bpy)3]2+ + S202g- {[Fe(bpy)3]2+,S2028-} (5.125) 

k\ 

{[Fe(bpy)3]2+,S2 Og-} [Fe(bpy)3]3+ + SO^ + S04 
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fast 

[Fe(bpy)3]2+ + SO4 —> [Fe(bpy)3]3+ + SO^“ (5.127) 

Rate constants, K0kx, for these reactions are accumulated in Table 5.10. In suitable 
cases with highly charged oxidants such as the dimeric [(NH3)5Ru(pz)Ru(NH3)5]5+, 
there is kinetic evidence for ion pair formation with K0 = 2.7 x 102 M-1 and kx = 
47 s"1 [101]. 

Table 5.10. Rate constants for the reductive cleavage of S20g by metal 

complexes at 25 °C. 

Reductant 
1A 
(M) 

K0kx 
(M"1 s"1) 

Ref. 

[Fe(bpy)3]2+ 0.03 0.41 99 
[Fe(phen)3]2+ 0.03 0.11 99 
[Fe(terpy)2]2+ 0.03' '0.51 99 
[Fe(bpy)3]2+ 0.03a 0.6 100 

[Ru(NH3)5(pz)]2+ 0.1 3.6 x 103 101 

[Ru(NH3)4(bpy)]2+ 0.1 3.6 x 103 101 

[Ru2(NH3)l0(pz)]5+ 0.1 1.3 x 104 101 

[Ru2{NH3)i0(pz)]4+ 0.1 4.3 x 105 101 

a35°C 

Application of a free-energy relationship based on Marcus Theory suggests that these 
reagents react by outer-sphere mechanisms. An estimate for the reduction potential 
for S20g-/SC>4"\S04 of 1.45 V yields a self-exchange rate for the couple of approxi¬ 
mately 10-18 M-1 s_1, not surprising in view of the large structural reorganization 
involved. An interesting issue is raised by reaction of the dimeric reductant, 
[(NH3)5Ru(pz)Ru(NH3)5]4+, which is capable of a complementary two-electron trans¬ 
fer (eq. (5.128)). The absorbance change is biphasic, indicating that 
[(NH3)5Ru(pz)Ru(NH3)5]5+ is formed but the amount of this species indicates that 
the majority of it (80%) is formed by the comproportionation reaction (eq. (5.129)), 
rather than (eq. (5.130)). Evidence from the effect of [Fe(H20)6]2+ as a radical 
scavenger also pinpoints that 80% of the reaction takes place through a complemen¬ 
tary two-electron process. However, the preferred explanation involves two consecu¬ 
tive electron transfers within a single encounter complex. 

[(NH3)5Ru(pz)Ru(NH3)5]4+ + S2Og“ —> 

[(NH3)5Ru(pz)Ru(NH3)5]6+ + 2 SO^ ( 5.128) 

[(NH3)5Ru(pz)Ru(NH3)5]4+ + [(NH3)5Ru(pz)Ru(NH3)5]6+ —» 

2 [(NH3)5Ru(pz)Ru(NH3)5]5+ (5.129) 
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[(NH3)5Ru(pz)Ru(NH3)5]4+ + S201~ -> 

[(NH3)5Ru(pz)Ru(NH3)5]5+ + SO^ + SOJ (5.130) 

Reduction of [S208]2" by [Cr(H20)6]2+ is more rapid than would be expected for 
an outer-sphere process, 2.5 x 104 NT1 s-1 at 25 °C and 1.0 M ionic strength, and 
leads to the formation of [Cr(H20)6]3+ and [Cr(H20)5(S04)]+ in equal amounts (eq. 
(5.131)). The initial electron transfer (eq. (5.132)), is inner-sphere and the subsequent 
step (eq. (5.133)) may involve outer-sphere electron transfer or H-atom abstraction 
by the reactive S04 (E° = 2.43 V) [102], Reduction by [Fe(H20)6]2+ with k = 26 
M"1 s"1 at 25°C and 0.10 M ionic strength is also thought to be inner-sphere [101]. 

[S208]2- + [Cr(H20)6]2+ 

[Cr(H20)6]3+ + [Cr(H20)4(S04)]+ + [S04]2" (5.131) 

[S208]2- + [Cr(H20)6]2+ -> [S04r + [Cr(H20)4(S04)]+ (5.132) 

[S04r + [Cr(H20)6]2+ -> [S04]2- + [Cr(H20)6]3+ (5.133) 

A further series of reactions which involves cleavage of a bond in the oxidant is 
the oxidation of metal complexes by halogens. These reactions are complicated by 
hydrolysis and adduct formation, illustrated for Br2 in eqs (5.134) and (5.135). 
Reaction kinetics show a dependence on both pH and [Br~] from which the rate 
constants for reactions of all three oxidizing species, Br2, HOBr, and BrJ, can be 
evaluated. 

Br2 + OH" HOBr + Br" (5.135) 

Br2 + Br^BrJ (5.136) 

Rate data for a number of reactions of metal complexes with halogens are presented 
in Table 5.11. 

The list includes both complementary and non-complementary processes. In some 
instances, for example [Fe(phen)3]2+ and [Co(sep)]2+, the reactions must take place 
by outer-sphere mechanisms since the rate of the electron transfer process exceeds 
the rate of substitution at the metal center. These reactions are found to follow 
linear free energy relationships as predicted by the Marcus relationship. In other 
reactions, inner-sphere mechanisms can be demonstrated. In the reactions of 
[Co(edta)]2" with Br2, the initial product is [Co(edta)Br]2" revealing that the mecha¬ 
nism is inner-sphere since substitution must take place prior to oxidation of the 
metal center to the substitution-inert low-spin d6 configuration. The relative reactivity 
of the various oxidizing species is also an important clue to mechanism. Empirically 
it is observed that HOBr is more reactive than Br2 for inner-sphere reactions. 
Reactions of the hypohalous acids are slow where an outer-sphere mechanism is 
assigned. 



T
ab

le
 5

.1
1.

 R
at

e 
co

n
st

an
ts

 a
n
d
 a

ct
iv

at
io

n
 p

ar
am

et
er

s 
fo

r 
re

ac
ti

o
n

s 
o
f 

m
et

al
 c

o
m

p
le

x
es

 w
it

h
 h

al
o

g
en

s 
at

 2
5

.0
°C

 

R
ea

ct
io

n
 

p
 

k
x

2 
A

H
l 

A
S

1 
*

x
j 

R
ef

. 

(M
) 

(M
-1

 s
_1

) 
(k

J 
m

o
l-

1)
 

(J
 

K
-1
 m

o
F

1)
 

(M
_1

 s
_1

) 

[F
e(

p
h

en
)3

]2
+ 

+
 

C
l2
 

1.
0 

2
.4
 

1
0
3
-1

0
5

 

[R
h2

(O
A

c)
4]
 

+
 

C
l2
 

1.
0 

0
.1

2
 

10
6 r-~ OO OO ON ON On 0 O OO OO 

0 0 O 0 0 O 0 »—1 0 0 iH 
»—* 1—1 »—1 1—1 *—1 1—H 1—< 1-H 

<N 
1 

m 
1 VO 

u- 
1 

»D 
1 

V) 
1 m m 0 

0 O 0 O O CM 
O 

O O O O 1—1 

X X X X X X X X X 
X 

<N «n X 1—J <N O ON 

*—i <N If (N (N 1/5 cn 

>0 

<N 
I 

no 

(N 
1 

m 
1 VO 

m 
1 r- »o> in 1 

m 
1 V© VO 

O O O O 0 O O 0 O O O O 
*—i 1-^ *—« 1*^ 1-^ —* *—* »—< 

X X X X X X X X X X X X 

vO cp O cn OO *—1 <N (N VO (N Ov 

— F <N Ov F (N in NO i-H i—I wS 

CQ 

+ 

0 0 O 0 0 0 O 0 O O O 

1 O 

c 

c 
CQ 

04 
Wh 

CQ 
04 t-H 

CQ 

04 
Wh 

03 
Ol 
1-1 

CQ 

PQ 

+ 

04 
t-i 

03 01 (-H 04 04 04 04 

+ + + 
+ 

+ + 
+ + + + + + 

L_ 1 I 1 
7Z <N 

I 
(N + <N 1-1 ►t*' "r-1 J, J, I I 

,—v X ,— , (N tS 

r-T3X)^ 

£ ^ jO _Q 'o' _Q 

J3 T? ^ p ^ o 
« o O 'u O 



252 Multiple electron transfer [Ch.5 

Three examples of complementary reactions with the halogens are considered and 
the detailed mechanisms show remarkable variation. With the labile reductant 
[Uaq]4+, the basic rate law (eq. (5.136)) shows a first-order dependence on both 
reagents and is inhibited by a term in [H+]-2 [112-114]. This strong acid dependence 
is a reflection of the proton balance in the reaction (eq. (5.137)), and is a characteristic 
of reactions of oxo anions. The reactive reductant is [U(OH)2aq]2+. 

-d[Br2] *[[U„]41 [Br2] 

d t [H+]2 

[Uaq]4+ + Br2 -> [(U02)aq]2+ + 2 Br~ + 4 H+ (5.137) 

Although species such as BrJ and HOBr participate in the reactions, there is no 
evidence for formation of intermediates and an inner-sphere two-electron transfer 
mechanism is consistent with the small variation in reaction rate when the halide is 
varied from I2 to Cl2. 

Reaction of the halogens with complexes of platinum(II) is quite different. The 
halogen is incorporated into the platinum(IV) product, a formal oxidative addition 
(eq. (5.138)). The mechanism is complex and at least two steps have been noted 
[115-118]. The first step is the rapid formation of a platinum(IV) aqua-halo 
intermediate (eq. (5.139)), and is followed by a slower anation to give trans- 
[Pt(CN)4Cl2]2_ (eq. (5.140)) [119]. A parallel pathway for HOC1 as oxidant is a 
factor of 105 slower and leads to tran5-[Pt(CN)4(OH)2]2- as the initial product. The 
mechanism of electron transfer involves simultaneous transfer of two electrons by 
an inner-sphere mechanism. In the case of HOC1 and OCl“, it is the oxygen of the 
oxidant which coordinates and is transferred in the electron transfer process, rather 
than the halide, accounting for the differences in products. 

[Pt(CN)4]2~ + Cl2 —> fra«s-[Pt(CN)4Cl2]2~ + H20 (5.138) 

[Pt(CN)4]2~ + Cl2 —> tra«5-[Pt(CN)4Cl(H20)]" + CT (5.139) 

rra«s-[Pt(CN)4Cl(H20)]- + Cl- —^ frans-[Pt(CN)4Cl2]2_ + H20 (5.140) 

An interesting example of a complementary reaction is reported observation in 
the reaction of the nickel(II) complex, [Ni(Me2L)], with Br2 [109], Under conditions 
of excess reductant where [Ni(Me2L)]+ is the thermodynamic product, the nickel(IV) 
complex [Ni(Me2L)]2+ is detected as a transient which subsequently comproportion- 
ates (eqs (5.141)—(5.142)). Reactions with BrJ, HOBr and OBr” are unimportant 
suggesting an outer-sphere mechanism. 

(5.141) [Ni(Me2L)] + Br2 —> [Ni(Me2L)]2+ + 2 Br" 

[Ni(Me2L)]2+ + [Ni(Me2L)] —> 2 [Ni(Me2L)]+ (5.142) 
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It is estimated that at least 60% of the reaction proceeds by this mechanism. Like 
the outer-sphere two-elecron mechanism proposed for the oxidation of 
[(NH3)5Ru(pz)Ru(NH3)5]4+ by S2Og~ [101], detailed analysis of the reaction ener¬ 
getics suggest that the best description involves two sequential one-electron steps 
within the same encounter complex rather than a synchronous two-electron step. 

Non-complementary reactions of the halogens have been widely studied. The 
reactions of Br2 with [Co(edta)]2- leads to the formation of [Co(edta)Br]2~ as the 
initial product, thereby proving an inner-sphere mechanism (eqs (5.143)—(5.145)) 
[110]. In the corresponding reactions with HOBr, the product is [Co(edta)(OH)]2" 
or [Co(edta)(OH2)]_ depending on the pH, again consistent with an inner-sphere 
process [107]. In this case the Br- radicals formed do not oxidize [Co(edta)]2- 
directly since [Co(edta)Br]2- is not a product under these conditions but instead 
recombine and hydrolyze to regenerate the oxidant. 

[Co(edta)]2 + Br2 ^ [Co(edta)Br2]2 (5.143) 

[Co(edta)Br2]2~ —> [Co(edta)Br]2" + Br- (5.144) 

[Co(edta)Br2]2 + Br- —> [Co(edta)Br]2 + Br2 (5.145) 

The reaction of Cl2 with [Fe(phen)3]2+ is complicated by a change in the reaction 
product from the blue [Fe(phen)3]3+ formed by an outer-sphere mechanism in acidic 
conditions to the yellow dimer [(phen)2Fe(OH)2Fe(phen)2]4+ at higher pH where 
HOC1 is the oxidant [104], Under these conditions, the rate law is given in eq. 
(5.146), where Kz is the acidity constant for HOC1. The terms kx and k2 are 
respectively the rates of outer-sphere reaction of [Fe(phen)3]2+ with HOC1 and OCL 
while the ko term is the rate of dissociation of [Fe(phen)3]2+, providing an inner-sphere 
pathway which, it is proposed, could lead to a two-electron transfer (eqs (5.147)- 

(5.149)). 

-d[[Fe(phen)3]2+] f kx [H+] +Kak2 
[HOCl]T[[Fe(phen)3]2+] (5.146) 

[Fe(phen)3]2+ = [Fe(phen)2]2+ + phen (5.147) 

fast 

[Fe(phen)2]2+ + HOC1 —» [FeIV(phen)2OH]3+ + Cl (5.148) 
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fast 

[Fe(phen)2]2+ + [Ferv(phen)2OH]3+ —> [(phen)2Fe(OH)2Fe(phen)]4+ + H+ 

(5.149) 

Oxidations of the metal cations, [Fe(H20)6]2+, [V(H20)6]2+ [120], [V(H20)6]3+, 
and [Ti(H20)6]3+ have been investigated. The bulk of the evidence in the reactions 
of X2 and XJ suggests that consecutive one-electron mechanisms are operating and 
distinction of inner-sphere and outer-sphere mechanisms can be made on the basis 
of whether the rates exceed substitution control at the metal center. In the case of 
the oxidation of [Fe(H20)6]2+ by HOC1, a dimeric product is identified as a transient 
which indicates the presence of a two-electron pathway involving iron(IV) [121]. 

Table 5.13. Rate constants and activation parameters for the oxidation of 

aqua metal ions by halogens at 1.0 M ionic strength and 25.0°C 

Reaction ■ . k 
(M-1 s-1) 

A//*., 
(kJ mol-1) 

AS1 
(JK-1 mol-1) 

Ref. 

[V(H20)6]2+ + IJ 9.7 x 102 38 -59 120 

[V(H20)6]2+ + I2 7.5 x 103 25 -88 120 

[V(H20)6]2+ + Br2 3.0 x 102 15 -109 120 

[V(H20)6]2+ + Cl2 >500 — — 120 

[V(H20)5(0H)]2+ + Br2 1.8 x 103 — . — 122 

[Ti(H20)5(0H)]2+ + Cl2 1.3 x 104 — — 123 

[Fe(H20)6]2* + Br2 0.76 — — 124 

[Fe(H20)6]2+ + Cl2 80 — — 121 

To summarize the reactions of the halogens: outer-sphere reactions involving 
single-electron transfer are found with X2 and some X3 oxidants with formation of 
the corresponding radical; but for HOX as oxidant the outer-sphere pathway is 
disfavored as the radical is too high in energy. Inner-sphere reactions of HOX are 
favored. Inner-sphere reactions involving two-electron transfer are also found. The 
mechanistic complexity appears to arise from the energetic requirements of different 
pathways. Where inner-sphere complex formation is possible, lower-energy pathways 
are the frequent result. Considerable insight into the reactions of the halogens has 
been derived from the study of the reverse of the halogen reduction, halide oxidation. 
Again there are differences between outer-sphere and inner-sphere pathways which 
appear to be governed by the energetics involved in radical formation. 

The general rate law for the outer-sphere oxidation of halides and pseudo-halides 
is illustrated for the oxidation of I" by [Os(phen)3]3+ in eq. (5.150). The reaction is 
first-order in [[Os(phen)3]3+], but the order in [I-] indicates two pathways, one with 
a simple first-order dependence on [I-], the other with a second-order dependence. 
A proposed mechanism [125] involves formation of an ion pair, {[Os(bpy)3] ,1 }, 
which can undergo intramolecular electron transfer to give I- atoms with ka = K0k\ 
or serve as a reactant in reaction with a second I- to yield the I2 radical ion with 
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kh = K0k2 (eqs (5.151)—(5.155)). The rate constants K and kh 
of related reactions are presented in Table 5.14. 

for this and a number 

-d[[Os(bpy)3n= + p-j [[Os(bpy),H (5.150) 

*0 

[Os(bpy)3]3+ + T = {[Os(bpy)3]3+,r} (5.151) 

k\ 

[Os(bpy)3]3+,r} = [Os(bpy)3]2+ + I- 

k-1 

(5.152) 

k2 

[Os(bpy)j]3+,r} + r = [Os(bpy)3]2+ + 15 

k-2 ' 

(5.153) 

h 

I- + I" == I2 

k-3 

(5.154) 

k\ 

[Os(bpy)3]3+ + II —» [Os(bpy)3]2+ + I2 (5.155) 

The driving force for the rate law term, second-order in [I-], is the greater 
thermodynamic stability of the transient radicals formed. Pulse radiolysis studies 
with II and [Os(bpy)3]2+ allow the evaluation of the reverse rates &_2 = 
1.1 x108M_1 s_1, from which reduction potentials for \2/2 I" of 1.06 V can be 
calculated [134], The reduction potential of I- is estimated to be 1.33 V (eq. (5.156)), 
and is stabilized by the addition of 1“ with a formation constant of the order of 
1 x 105 M_1 (eq. (5.157)). 

I + e" E°= 1.33 V (5.156) 

I + r^ii (5.157) 

II + e'=^2r E°= 1.06V (5.158) 

In view of the central role of the ion pair in the proposed mechanism, it is 
surprising that the pathway dependent on [I-]2 can be detected with anionic oxidants 
such as [IrCl6]2- [126], An alternative attempt [135] to rationalize these observations 
involves formation of ion pairs of the type {r,I~} (eq. (5.159)), which undergo 
outer-sphere reactions. The association constant for this species estimated by means 
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of the Fuoss expression (eq. (2.13)), is 0.035 M ', so that the reagent I2/{I ,1 } can 
be ascribed unique properties such as a reduction potential which is evaluated as 
0.94 V. 

2r^{r,r} (5.159) 

The Marcus free energy expression can be applied to these outer-sphere electron 
transfer reactions to allow evaluation of self-exchange rates for the process in eqs 
(5.160) and (5.161). The value for I /I- is 2 x 108 M_1 s_1, in line with reactions 
of other radical species whereas that for Ij/{l-,r} is 3 x 104 M_1 s-1. Electron 
transfer in this latter self-exchange process is coupled to cleavage of the I—I bond 
and at first sight the energetics involved in stretching the I—I bond from 3.10 A 
in I2 to the 4.08 A estimated for {r,I-} are prohibitive and are inconsistent with 
such a high rate. However, solvation of the incipient I- plays an important role, 
and provides partial compensation for the energy required. In Table 5.15, reduction 
potentials and self-exchange rates for a number of radical species of this type are 
presented. 

I + *r=I- + *1 - (5.160) 

i2 + {*r,*r} ={r,n + *r2 (5.161) 

Table 5.15. Reduction potentials and self-exchange rates for inorganic 
radicals [136,137] 

Reaction E° 

(V) 
^aa 

(M 1 s 1) 

I -+- e~ = r 1.33 2 x 108 

I2 + e ——12 0.21 9x 104 

Br- + e~ ^ Br- 1.92 
Br2 + e_ ^ Br2 0.58 85 
Cl- + e" =cr 2.41 
Cl2 + e" Cl2 0.70 9x 104 

SCN-+e"^SCN" 1.63 
Nj- + e - N3 1.33 ~4 x 104 

S02 + e —— S02 -0.26 = 1 x 104 

N02 + e~ = N02 1.04 1 x 10“2 

C102 + e" CIO 2 0.94 1 x 102 

C02 + e ^^C02 -1.8 I! X
 

O
 1 1
st

 

SO3 + e" == SOf“ 0.63 3 x 104 

S2O3 + e S20^ 1.30 2 x 105 

Inner-sphere reactions show a number of interesting features. Oxidation of I~ by 
[Fe(H20)6]3+ follows kinetics which suggest the importance of an inner-sphere com¬ 
plex. As with the outer-sphere reactions, the dominant pathway involves the for¬ 
mation of I2 [138]. A similar mechanism is proposed for the reactions of nickel(III) 
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macrocyclic complexes [139, 140], In the corresponding reactions of the nickel(III) 
peptide complex [141] the dominant pathway has a second-order dependence on [T] 
and a^second-order dependence on the oxidant (eq. (5.162)), indicating that an adduct, 
{[Ni H_2Aib3],I }, is formed. Subsequent reaction involves two pathways: 
kc — Kok\, where reaction with a second {[Ni^H^Aib^J-} gives products without 
recourse to any radical species and kh = A^2&3/&_2 where I2 predominates (eqs 
(5.163)—(5.166)). 

-d[[NimH_2Aib3]] , . kh 
-T.-={ kc +--—2- 

[[NinH_2Aib3]-] 
} [I"]2 [[NiraH_2Aib3]]2 (5.162) 

[NimH_2Aib3] + T — {[NimH_2Aib3],I"} (5.163) 

. - . . 
2{[NimH_2Aib3],r} -> 2 [NinH_2Aib3]- + I2 (5.164) 

k2 

{[NimH_2Aib3],r} + I" == [NinH_2Aib3]- + I2 (5.165) 

*-i 

h 
[NimH_2Aib3] + I2 —> [NinH_2Aib3]- + I2 (5.166) 

Yet another aspect to the non-complementary reaction process is observed in this 
reaction. In addition to a role in modifying the energetics of the electron transfer 
reaction, the intermediate, {[NifflH_2Aib3],I-}, assumes a role in accommodating the 
stoichiometry of the reaction, facilitating a lower energy pathway which avoids the 
formation of thermodynamically unstable radicals. Thus while outer-sphere reactions 
involving non-metallic substrates are readily inserted into the pattern of Marcus 
Theory, inner-sphere reactions provide energetically and stoichiometrically more 
favorable pathways to products. 

5.10 REACTIONS OF INORGANIC RADICALS 

The marked success found for the application of Marcus Theory to outer-sphere 
reactions between metal ion complexes and non-metallic substrates has prompted 
investigations in an attempt to characterize the intrinsic activation barriers involved 
in radical formation. There are a number of relatively long-lived radical reactants 
which involve a single-electron transfer and a small or moderate change in the 
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geometry. These include [ClO2]0/- [SO2]0/" and [NO2]0/". They have been extensively 
investigated and show some adherence to the Marcus relationship. 

Dithionite, [S204]2-, is an important and widely used reductant where reaction is 
accompanied by cleavage of the S—S bond. The potential is dependent on pH and 

is greatly enhanced in basic media. 

2 HSOJ + 2e- + 2 H+=: S20^~ + 2 H20 E° = 0.099 V (5.167) 

2 SO§- + 2e" + 2H20=S20^- + 4 OH" £° = -1.13V (5.168) 

Under conditions of excess reductant, the kinetics of reduction of metal ion complexes 
show the general two-term rate law shown in eq. (5.169) for the reduction of 
[Fe(CN)6]3_, and interpreted in terms of the mechanism (eqs (5.170)—(5.172)) [142]. 

_ dJIFeCCNkfl = m [[S254]2-]^ + 4j [[S204]2-])[[Fe(CN)6]3-] 
at 

(5.169) 

k\ 

[S204f- — 2 [S02]- (5.170) 

k_x 

ki 

[Fe(CN)6]3- + [S02]- [Fe(CN)6]3- + [S02] (5.171) 

k3 

[Fe(CN)6]3- + [S204]2- [Fe(CN)6]3- + [S204]“ (5.172) 

Under conditions of excess [[Fe(CN)6]3-], kx is rate limiting with a value 1.7 s"1 at 
25.0°C and 0.10 M ionic strength. There are parallel pathways involving reactions 
of [S204]2" and the radical [S02]~. The fate of the radical products is dependent 
on the reaction conditions and can lead to variable stoichiometries. The value of 
K\ is 1.4 x 10-9 M_1 so that the reduction potential for [SO2]0/~ is -0.7 V and 
although the reagent, [S02]~, is present at low concentrations it contributes signifi¬ 
cantly to the rate. Rate and activation parameters for a number of reactions are 
presented in Table 5.16. 
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Table 5.16. Rate constants for the reduction of metal complexes by 

dithionite at 25°C 

Oxidant 

(M) 
h 
(M"1 s-1) 

*3 
(M-1 s"1) 

Ref. 

[Co(edta)]- 0.4 1.0 x 103 <0.1 143 
[Co(ox)3]3- 0.4 1.8 x 104 <0.4 143 
[Co(terpy)2]3+ 0.4 <107 4.3 x 105 143 
[Fe(edta)] 0.4 <2 x 106 3.6 x 104 143 
[Co(nh3)6]3+ 0.95 5.3 x 106 <4 x 10"3 144 
[Co(bpy)3]3+ 1.0 2.1 x 107 145 
[Co(sep)]3+ 1.0 71 145 

Application of the Marcus linear free energy relationship leads to a value of ap¬ 
proximately 104 M-1 s-1 for the self-exchange rate constant for [SO2]~/0 which has 
been confirmed for reactions in the reverse direction where S02 is reduced by 
[Cr(bpy)3]2+ [146]. 

The volatile radical C102 is readily prepared by oxidation of [C102] and has a 
formal reduction potential of 0.94 V. The kinetics and mechanism of oxidation of 
[Fe(phen)3]2+ are reversible [147] and, together with the results of other outer-sphere 
reactions, lead to a consistent value of 160 M-1 s-1 for the [ClO2]0/~ self-exchange 
rate [148]. Similar observations lead to a value for of 8 x 10~3 for [NO2]0/“, which 
has a reduction potential of 1.04 V [127, 148], Detailed analysis of these self-ex¬ 
change rates in terms of the structural rearrangement involved in electron transfer 
for the bent triatomic indicates that the large angular deformation in [NO2]0/“ presents 
a barrier and leads to significant nuclear tunneling [148]. 

Table 5.17. Correlation of structural rearrangement with self-exchange 
rates for non-metallic radicals 

^AA 
(M 1 s"1) 

5 
angle (°) 

5 r 
(A) 

[SO2]0/- 104 9.5 0.08 

[NO2]0/- 8 x 10~3 19 0.04 

[ClO2]0/- 160 6.5 0.10 

Of related interest are reactions of species such as S03 and N03. The aqueous 
chemistry of S02 which has a solubility of 1.6 M at 20°C, involves the eqs 

(5.173)—(5.175)). 

S02 + H20 —— HS03 + H+ (5.173) 
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2HSOJ = S20+ H20 (5.175) 

Outer-sphere one-electron oxidation reactions follow the mechanism (5.176)—(5.179) 
shown for [Fe(phen)3]3+ [127, 149-152], The reduction potential for the [S03]2_A 
couple has been determined to be 0.72 V from kinetic studies on the reaction with 
[Ru(NH3)4(phen)]3+/2+ which can be examined in both forward and reverse directions. 
A consistent value for the self-exchange rate of 4 M_1 s_1 is obtained and this 
relatively low value can be explained by distortion of the pyramidal geometry [153]. 

[Fe(phen)3]3+ + S03~ —> [Fe(phen)3]2+ + SOJ (5.176) 

[Fe(phen)3]3+ + S03 —> [Fe(phen)3]2+ + S03 (5.177) 

S03 + H20 SO^~ + 2H+ (5.178) 

2 SOJ —> S2Oi" ' . ^ (5.179) 

The reaction stoichiometry is variable from 1 :2 when S04~ to 1 : 1 when S2C>6- is 
the product. In outer-sphere reactions the dominant pathways generally favor the 
formation of S04_. Inner-sphere reactions of SO2- are also important and have been 
studied extensively. In many instances, well-defined complexes are observed and 
these exert a profound effect on the course of the reaction by providing low-energy 
pathways which avoid the formation of radicals as intermediates and are unavailable 
to outer-sphere reactants. Information on such pathways can be obtained from the 
reaction stoichiometry, the balance between S^- and S04~ as products. Early work 
[154] suggested that the reaction stoichiometry was a reflection of whether the 
oxidant acted as a one-electron acceptor with S2C>6~ favored, or a two-electron 
acceptor with SO^- favored. However, for metal ion oxidants, there is also a 
dependence on the substitution lability of the reagent. In outer-sphere reactions, 
S04~ is the dominant product. The formation of S20^ is found with labile oxidants 
such as [Fe(H20)6]3+ where the reaction (eq. (5.180)) produces the product without 
formation of S03 radicals [155]. The reaction with [Fe(H20)6]3+ is very complex 
and although it does involve complexes of the type [Fe(S03)aq]+ [156-159] S03 

radicals are also produced. It may be that such pathways are favored by weaker 
oxidants [160]. 

2 [Fe(S03)aq]+ -> 2 [Fe(H20)6]2+ + S20|- (5.180) 

The sulfite ion is ambidentate and can coordinate by either O- or S-bonding. Both 
coordination modes have been observed with substitution inert cobalt(III) complexes 
where decomposition of the S-bonded complexes is significantly slower than for the 
O-bonded species [160-162]. The rate law for reaction of [Co(NH3)5(OH2)]3+ 
indicates that the redox reaction takes place by a single pathway to give SO4- as 
product (eq. (5.181)—(5.183)) [164]. 
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[Co(NH3)5(OH2)]3+ + S02 — [Co(NH3)5(OS02)]+ + 2H+ (5.181) 

[Co(NH3)5(OS02)]+ —> [Co(H20)6]2+ + 5 NH3 + S03 (5.182) 

fast 

[Co(NH3)5(OS02)]+ + SOJ —> [Co(H20)6]2+ + 5 NH3 + SO^ + S02 

(5.183) 

5.11 REACTIONS OF HALOGENATE IONS 

Formal atom transfer reactions have been noted in sections 5.5 and in a number of 
inner-sphere reactions involving non-metallic substrates. These include reactions of 
H202, Cl2 and HOC1 and they are characterized by the necessity of a change in 
geometry at the non-metallic substrate center. With the exception of ClOf-, which 
is dicussed in section 5.10, the electron transfer chemistry of the oxy-halogen acids 
and anions is also complicated by changes in coordination number about the central 
halogen atom, and consequently atom transfer processes are important. In addition, 
disproportionation and hydrolysis of the reactants and reaction intermediates provide 
their own complicating features. Such processes contribute to the participation of 
these reagents in oscillating reactions which have received considerable study, but 
detailed analysis of oscillatory behavior is beyond the scope of this section and the 
emphasis is placed on stoichiometric processes. Reduction potentials and acidity 
constants for a number of the reagents are presented in Table 5.18. Also included 
in the table are estimates of oxygen exchange rates in acid solution which give some 
idea of the labilities of the ions [165], 

Table 5.18. Reduction potentials and oxygen exchange rates for selected 

halogenate ions at 25 °C 

Half-reaction E° (V) kex (oxidant, s ') 
[CIO,]" + 2 H+ + 2e~ ^ [C103]- + H20 1.20 <io-10 
[C103r + 3 H+ + 2e" ^=[HC102] + H20 1.18 =10“3 
[HCIOJ +2 H+ + 2e“ ^ [HCIO] + H20 1.67 
[Br04]_ + 2 H+ + 2e" =^[Br03]"+ H20 1.85 <io~7 
[C103r +12 H+ + 10e” =^C12 + H20 1.42 
[Br03]-+12 H++10e~^Br2 + 6 H20 1.48 = 10-6 
[I03r + 12 H++10e'^I2 + 6 H20 1.20 

There is a general trend of increasing two-electron reduction potential as the oxidation 
state of the halogen decreases so that thermodynamically, multi-electron transfer 
processes predominate. Problems of autocatalysis and interference by lower oxida¬ 
tion state intermediates are common but can be prevented by use of appropriate 
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scavengers. For example, participation of HOC1 in reactions of [C102]- and 
[CIO}]' may be prevented by carrying out the studies in the presence of Cl-, which 
converts HOC1 to Cl2, and phenol which reacts rapidly with the Cl2. Reactions of 
a number of these oxidants show strong acid catalysis. In addition to causing an 
increase in the reduction potential of the anion, protonation of the coordinated oxygen 
provides a suitable leaving group and increases the lability of the central halogen 
atom. Thus inner-sphere mechanisms involving substitution at the halogen are 
facilitated. 

The perchlorate anion, [C104]-, is a very weak base, frequently used as an inert 
weakly-coordinating counter-ion in kinetic studies. Although it is a powerful oxidant 
it derives its inert character from the very slow substitution at the halogen. The rate 
of O-exchange with 180-labelled water is <10-10 M-1 s-1 [166]. There are a number 
of metal ions, however, which do undergo electron transfer reactions with [C104]-, 
notably titanium(III), ruthenium(II) and molybdenum(III). While reduction by 
[Ru(H20)6]2+ yields [C103]-, all the other reagents involve complete reduction to 
Cl-. Where they have been investigated, the rate laws are first-order in both reagents 
(eq. (5.184)), and the second-order rate constants are presented in Table 5.19. The 
mechanisms are thought to be inner-sphere even with [Ru(NH3)6]2+ where a seven- 
coordinate intermediate is proposed. While reductants such as [Cr(H20)6]2+ and 
[Uaq]3+ have a greater thermodynamic driving force, they are unreactive. It is notable 
that for all the reagents which do react, the electrons are removed from a polarizable 
o* orbital. 

-d[[C104]-] 
if = k [[Ru(NH3)6]2 ] [[C104]-] (5.184) 

Table 5.19. Rate constants for the reduction of [C104] at 25.0°C. 

Reductant fa 
(M) 

k 
(M-1 s-1) 

Ref. 

[Ru(H20)6]2+ 0.3 3.2 x 10-3 167 
[Ru(NHj)6]2+ 0.62 3.8 x 10-5 168 
[Ti(H20)6]!+ 1.0 2.4 x 10-5 169 
[V(H20)6]2+ 2.5° 2.8 x 10-6 170 
[V(h20)6])+ 2.5° 5 x 10-7 170 

“50°C. 

The [Br04]- ion shows chemistry similar to that of [C104]~ and has been little 
studied, but [I04]" is a much more useful oxidant on account that it exhibits an 
expanded coordination shell (eq. (5.185)), and significantly greater substitution labil¬ 
ity [171]. 

[I04]- + 2H20 [HjlOe]- 0.025 (5.185) 

[H5I06] [H4I06]- + H+ 5 x 10-4 M (5.186) 
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[FLjI06]~ [H3I06]2" + H+ 2 x 10-7 M (5.187) 

The reactions with metal complexes are predominantly inner-sphere, involving sub¬ 
stitution at the metal center or the iodine atom. For example, with [Co(edta)]2-, the 
reaction rate is substantially independent of pH and the rate law provides evidence 
for a transient [Co(edta)OI03H4]3_ with a stability constant of 2.4 M-1 [172], 
Decomposition of the transient is first-order with k = 0.1 s-1 and leads to 
[Co(edta)OH2]~ as initial product, suggesting that O-atom transfer is important. The 
oxidation of [Cr(H20)6]3+ to [HCr04]“ is thought to involve a trinuclear intermediate 
(eqs (5.188)—(5.190)), formed by substitution at iodine. The rate-limiting step is a 
two-electron transfer to give chromium(IV), which is further oxidized in a rapid 
subsequent step [173]. 

2 [Cr(H20)6]3+ + [H4IO6]~ — [(H20)5Cr-0-I04H5-0-Cr(H20)5]4+ + H+ 
(5.188) 

[(H20)5Cr-0-I04H5-0-Cr(H20)5]4+ —> 2 [Craq]4+ + [I03]“ + H+ 

(5.189) 

fast 

[Craq]4+ + [H4I06]- -> [HCr04]- + [I03]- (5190) 

Even with reductants such as [Fe(CN)6]4~ which normally react by outer-sphere 
electron transfer, the [H+] dependence of the rate indicates that the more labile 
[H4I06]“ is more reactive and an inner-sphere mechanism with coordination of 
[Fe(CN)6]4_ through a cyanide ligand to iodine is likely [174], 

The halates are more reactive, better donors and with greater lability of the 
halogen—O bond. Reduction of [C103]“ by [Cr(H20)6]2+ is acid catalyzed and 
proceeds by an inner-sphere mechanism [175, 176], The products are [Cr(H20)6]3+, 
[Cr(H20)5Cl]2+ and 30% [(H20)5Cr0Cr(H20)5]4+ dimer, consistent with formation 
of chromium(IV) as an intermediate. Tracer studies indicate that a significant 
proportion of 180 from [C11803]“ is incorporated into the chromium(III) product 
indicating atom transfer in an inner-sphere process. Reactions with [Fe(H20)6]2+ 
and [V(H20)6]2+ are inner-sphere but involve single-electron transfer [177, 178]. 
Outer-sphere reductants such as [Fe(phen)3]2+ are unreactive [179]. More extensive 
studies have been reported with [Br03]_. The general rate law (eq. (5.191)) indicates 
two pathways as illustrated for reaction with [Fe(CN)6]4- (eq. (5.192)): an acid-in¬ 
dependent term and a term in [H+]2, corresponding to reactions of [Br03] and 

[H2Br03]+ respectively (eq. (5.193)) [180], 

~d[[Fe (CN)6]4_J = 6 + ^ [h+]2) [[Br03]-] [[Fe(CN)6]4"] (5.191) 
d t 



266 Multiple electron transfer [Ch.5 

5 [Fe(CN)6]4" + [Br03]- + 6H+ —» 

5 [Fe(CN)6]4_ + 0.5 Br2 + 3 H20 (5.192) 

[H2Br03]+ = [Br03]~ + 2H+ Ka« 1 (5.193) 

It is likely that the latter reaction is inner-sphere and involves substitution at bromine. 
The small range of rate constants supports this proposal (Table 5.20). The parallel 
acid-independent term may be inner-sphere or outer-sphere depending on the lability 
of the reductant. Single-electron transfer processes prevail. 

Table 5.20. Rate constants for reduction of [Br03]~ by metal ion 

complexes at 25.0 °C 

Reductants M- 
(M) 

h 
(M-1 s"1) 

k2 
(M-3 s"1) 

Ref. 

[Fe(CN)6]“- 0.5 0.00125 0.193 181 

[Fe(bpy)(CN),]2- 0.5 0.0062- 0.227 181 

[Fe(bpy)2(CN)2] 0.5 0.03 0.755 180 

[Fe(bpy)3]2+ 0.5 <0.0042 <0.15 179 

[Fe(H20)6p 0.5 0.372 — 111 

[VOJ2* 2.0 4.9 — 182 

[IrCl6]2- 0.5 — 10 183 

With [I03] , the lability of the halogen center again dominates the reactivity 
patterns. The oxidant is quite basic (eq. (5.194)), and again acid catalysis is observed. 

HI03 [I03]- + H+-^a = 0.5M (5.194) 

The reaction with [V(H20)6]2+ with a rate constant of 360 M-1 s-1 is too fast to 
involve substitution at the metal center but may proceed by substitution at iodine 
[184], The predominant product, [V(H20)6]3+, indicates one-electron steps. A tran¬ 
sient intermediate is detected in the reaction with [Fe(H20)6]2+, where again single¬ 
electron transfer dominates [185]. Strong acid catalysis in the reactions of the inert 
reductants [Fe(CN)6]4~ and [IrCl6]3- may also indicate inner-sphere reaction with 
substitution at iodine [186, 187], 

[C102] and the other halite ions are prone to disproportionation and this places 
limits on the study of their redox processes. The principal pathways are inner-sphere. 
For example, the reaction of [Fe(phen)3]2+ is controlled by the rate of substitution 
at the metal center [179], Oxygen atom transfer has been demonstrated by tracer 
experiments in the reaction with [Uaq]4+ [188], 

To summarize, the reactions of the oxyhalogen anions are characterized by facile 
inner-sphere reactions involving substitution at the metal center or substitution at 
the halide [189]. Strong dependencies of the rate on [H+] are found, the result of 
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both thermodynamic and kinetic factors. Although most of the evidence for the 
formation of adducts is indirect, adduct formation plays a key role in determining 
the mechanism, satisfying in this case the stoichiometric [H+] demand in the reactions. 

5.12 REACTIONS BETWEEN NON-METALLIC REAGENTS 

Reactions between non-metallic reagents hold a special position in mechanistic redox 
chemistry and present some special problems. They are generally two-electron 
processes and involve significant changes in the coordination environment around 
the main group elements so that the reactions are complementary and atom transfer 
is frequently encountered. Distinct complications arise where multiple oxidation 
states are possible, and where these prevail as reaction intermediates the differences 
in reactivity lead to the occurrence of autocatalysis and autoinhibition. Radicals are 
also possible and the result is that complex kinetic behavior is frequently encountered 
and many reactions involve oscillatory behavior. As mentioned in section 5.11, 
discussion of the complex kinetics associated with these reactions is beyond the 
scope of this book and here emphasis is placed on the study of reactions which are 
better-behaved from a kinetic point of view. 

As outlined in section 5.5, in reactions where formal atom transfer occurs, there 
is ambiguity in describing the nature of the process. A single-electron transfer which 
occurs with transfer of a halide or a pseudo-halide from the oxidant to the reductant 
is formally equivalent to halogen atom transfer; two-electron transfer with transfer 
of a halide is equivalent to halogen cation transfer; and two-electron transfer with 
transfer of oxide is equivalent to oxygen atom transfer. Within the description of 
atom transfer there are also diferences in the way reactions are viewed. For example, 
the oxidation of 1“ by BrCl (eq. (5.195)), can be viewed as a redox process in which 
I(-l) is oxidized to I(+l), or as a nucleophilic attack of I- on BrCl with Cl- as 
leaving group. The difference is clearly semantic, bound with the definition of 
oxidation state. Oxidants are generally electrophiles with Lewis acid behavior 
whereas reductants are generally nucleophiles with Lewis base behavior. 

I- + BrCl —> IBr + Cl" (5.195) 

As a result of the propensity for these reactions between non-metallic reagents to 
participate in atom transfer, a number of other mechanistic criteria become important 
in addition to correlations with reduction potentials and self-exchange rates. These 
include labelling studies, isotope effects, and correlation of the rates with bond- 
strengths. The next section is devoted to illustrating some of the more important 
mechanistic patterns in reactions of reagents which are well-characterized. The area 

has been reviewed in several publications [189-191]. 
Some of the most extensively studied non-metallic oxidants are the peroxides 

[192]. In some instances radicals are encountered signifying one-electron transfer 
mechanisms which should be amenable to Marcus-type correlations, but in others 
the mechansims are much simpler and atom transfer predominates. Although reaction 
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stoichiometries can be complex, a number of oxidations by H202 show a simple 
two-term rate law shown for the reaction with I" in eq. (5.196), which is interpreted 
in terms of nucleophilic substitution at peroxide oxygen with OFT and OH2 as 
leaving groups (eqs (5.197)-<5.199)), where I" is the reductant. Rate constants for 
reactions with a number of reductants are presented in Table 5.21. 

Rate = {*i+*2[H+]}[H202][r] (5.196) 

io4-7 

HOOH2 — HOOH + H+ (5.197) 

I- + HOOH —> IOH + OH" (5.198) 

r + hooh2 —» ioh + oh2 (5.199) 

Table 5.21. Rate constants for the reactions of H2O2 at 25°C [192] 

Reductant k\ (M 1 s"1) h (M"1 s-1) 

SO]~ 0.2 — 

s2or 2.5 x 10"2 1.7 
r 0.6 10.5 
SCN~ 5.2 x 10-4 2.5 x 10-2 
no2 3 x 10~7 — 

Br_ 2.3 x 10-5 1.4 x 10“2 
cr 1.1 x 10“7 5.0 x 10~5 

The main evidence for this comes from rate comparisons where the rates of oxidation 
of a number of substrates show a good correlation with the reactivity of the reagents 
as nucleophiles at saturated carbon atoms (Fig. 5.6). In suitable cases such as the 
oxidation of N02, labelling studies indicate transfer of a single oxygen atom (eq. 
(5.200)), consistent with this formal substitution mechanism. 

H2*02 + N02 —» *0N02 + *OH“ + H+ (5.200) 

The reaction with SO2- is subject to general acid catalysis (eq. (5.201)), indicating 
that proton transfer participates in the rate-determining step and that the acid de¬ 
pendence is not solely due to a stoichiometric pre-equilibrium protonation. As a 
result, formation of an intermediate adduct, HOOS02, must be proposed with an 
acid-catalyzed decomposition [193]. 

d[HSOflT 
d t 

f^a(£2[Hl+£3[HA])j 

| k-i + £2[H+] + &3[HA] I 
[HOOH][HSOJ]t (5.201) 
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Fig. 5.6. Plot of log k\ against reductant nucleophilicity for the data in Table 5.21. 

Ka 

H2S03 — HS03 + H+ 

k\ 

HSO3 + HOOH ^ HOOSOJ 

k-1 

ki 

HOOSO2 + H+ —> H+ + HSO4 

h 
HOOSO2 + HA —> HA + HSO4 

(5.202) 

(5.203) 

(5.204) 

(5.205) 
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Corresponding oxidations by the hypohalides such as the oxidation of I- by OCl~ 
(eq. (5.206)) would appear to be very similar processes and indeed, until recently, 
it was thought that this reaction proceeded by a similar mechanism involving dis¬ 
placement of Cl~ by I" at oxygen, a formal O atom transfer [194], However, this 
reaction is also subject to general acid catalysis (eq. (5.207)), signifying that H+ is 
incorporated in the transition state. It is argued that this acid catalysis points to the 
facilitation of OH" as leaving group in the reaction and that IC1 must therefore be 
an intermediate (eqs (5.208)—(5.210)) where kxk2/k_x - 4.4 xl015M-2s-1 and 
k2 - 1.4 x 108 M-1 s-1 at 25.0°C and 0.5 M ionic strength [195]. This reaction and 
a number of others (Table 5.22) therefore proceed by Cl+ transfer rather than by O 
atom transfer. There is a trend in the rates which depends on the nucleophilicity 
of the halide towards halogen cation. 

r + ocr -» or + cr (5.206) 

U„[H+] + *HA[HA]>[OCr]p-] (5.207) 
' ' S 

kx 

ocr + H20 = HOCl + OH- (5.208) 
k-1 

h 
HOCl + I" OH" + IC1 (5.209) 

h 
1CI + 20H- —» or + cr + h2o (5.21 o) 

Table 5.22. Reactions of OCT and HOCl involving Cl+ transfer and 
associated processes 

Reaction k 
(M~2 s-1) 

Ref. 

H+ + OC1" + Br" 3.7 x 1010 196 
h+ + ocr+ r 4.4 x 1015 195 
H+ + HOCl + Br" 1.3 x 106 196 
H+ + HOCl + cr 2.8 x 104 197 
H+ + HOBr + Br~ 1.6 x 1010 198 
H+ + HOI + I" 4.4x 1012 198 
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In+the reduction of HOC1 by N02, the rate law is given by eq. (5.211) and again 
Cl transfer is proposed in the mechanism (eqs (5.212)-(5.217)) with N02C1 as an 
intermediate [199]. Labelling studies when the reaction is carried out in 18OH2 

indicate that the O atom added in NO3 comes from solvent, consistent with the 
proposal. A similar finding has been shown with oxidation of SO2" [200]. 

d[OCr] _ [NOJ] 

dt &_,[OH~]2 
(£4 + £2[N02])[0Cr] (5.211) 

OC1" + H20 HOCl + OH" (5.212) 

k\ 

HOCl + N02 N02C1 + OH" (5.213) 

k-\ , , 

h 
N02C1 + NOj = N204 + Cl" (5.214) 

k-2 

h 

N204 + OH" ^ NOJ + NOJ + H+ (5.215) 

fc4 

N02C1 ^ N02 + Cl" (5.216) 

k_4 

k5 

N02 + OH" -> NO3 + H+ (5.217) 

Halogen reduction reactions represent a further area where halogen cation transfer 
is anticipated. The hydrolysis reactions as shown for Cl2 in eq. (5.218) are believed 
to involve adduct formation as a first step (eq. (5.219)) [201], and the rates, which 
are much greater for the interhalogens than for the halogens themselves (Table 5.23), 
reflect the polarity of the complexes rather than the strength of the halogen—halogen 
bond. On the other hand, formation of the trihalides does not show a trend with 
the polarity of the halogen but is dependent on size and reflects solvation of the 
reaction products. 

Cl2 + H20 = HOCl + Cl" + H+ (5.218) 
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Cl2 + H20 -> H20C12 (5.219) 

Table 5.23. Rate constants for reduction of halogens at 25.0°C and 
0.10 M ionic strength 

Reaction k (s-1) k Ref. 

(M-1 s'1) 

C12 + h2o —> HOCl + cr + H+ 11.0a 202 

Br2 + h2o —> HOBr + Br~ + H+ 110a 202 

h + h2o —> HOI + r ■ + H+ 3.0a 202 

IC1 + h2o -> HOI + cr + H' b 2.4 x 106 203 

IBr + h2o -> HOBr + Cl- + H+ 8 x 105 204 

h + r —> i] ! 6.2 x 109 205 

IBr + r I2Br 2.0 x 109 204 

IC1 + r ■ -> I2C1 
* 

' ' 5.1 x 108 206 
"20°C. 

As noted in Section 5.4, oxidation and reduction reactions of oxyanion species 
are characterized by strong H+ dependencies which reflect the thermodynamic 
changes in the reactions. As an example, some reactions of Br03 are considered. 
In the oxidation of halide ions (eq. (5.220)), the rate law shows a dependence on 
[H+]2 (eq. (5.221)), and rate constants are presented in Table 5.24. The exact mecha¬ 
nism is not yet clear, but formation of [H2Br03]+ is unlikely and protonation of an 
intermediate adduct is considered more likely (eq. (5.222)). 

BrOj + 5 Br" + 6 H+ —» 3 Br2 + 3 H20 (5.220) 

d[BrO 3] 
- -L^Ji = [BrOj][Br-][H+f (5 221) 

Br03 + Br + 2H+ —> Br202 (5.222) 

Table 5.24. Rate constants for reduction of BrOj at 25.0°C and 1.0 M 

ionic strength 

Reaction k Ref. 
 (M-3 s"1) 

Br03 + I- + 2 H+ 49 207 
Br03 + Br + 2 H+ 3.3" 208 
BrOj + Cl" + 2 H+ 6.5 x lO-3* 209 
a0.11 M ionic strength. 

1.2 M ionic strength. 
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In the reaction with HSO3 (e<T (5.223)), the rate is first-order in both oxidant and 
reductant and the acidity dependence reveals two pathways involving reactions of 
H2S03 and HSOJ with rate constants 2.2 x 102 and 0.17 NT1 s'1 respectively at 
25.0°C [210], Labelling studies with 180-labelled BrOj in 0.1 M HC1 indicate that 
2.20 oxygen atoms are transferred for each BrOj and an inner-sphere mechanism 
with atom transfer is likely in at least two steps in the overall reaction [211]. 

BrOj + 3 HSOJ -» 3 SO^ + Br“ + 3 H+ (5.223) 

While the rate of the corresponding reaction with [Br04]~ is independent of [H+] 
above pH 4.5 with a rate constant of 5.8 x 10-3 M-1 s-1 at 25 °C, labelling studies 
reveal transfer of a single oxygen atom (eq. (5.224)) [212]. 

Br04 + SOl~ —> BrOj + SO^“ (5.224) 

There is a consensus that the acidity dependencies in these reactions reveal evidence 
for the formation of adducts as intermediates in the redox process. This thesis, that 
replacement is a prerequisite to redox is borne out by the similarity of the rate 
expressions for redox and O exchange at the oxyanions, and by the strong correlations 
of the reactivity trends for reduction and lability. Thus the trend in the ease of 
reduction of the halates is IOJ > BrOj > CIOJ and for a single halogen is OCL > 
C102 > CIO3 > C104 [191]. There are a variety of mechanisms for the complementary 
two-electron processes. Oxygen atom transfer does occur, as does halide cation 
transfer, and adduct formation facilitates both processes, playing a dominant role in 
the reactions. However, not all reactions of these oxyanions are as simple. Auto¬ 
catalysis, oscillatory behavior and radical formation are common and are beyond the 
scope of this chapter [213, 214], However, it is equally true that not all the reactions 
involving radicals show complex behavior. The initial step in the reaction of 
C102 with N02 is the production of NOJ (eq. (5.225)), and is first-order in both 
reagents with a second-order rate constant of 153 M_1 s_1 at 25 °C. Detection of 
inhibition by C102 pinpoints a mechanism involving single-electron transfer (eqs 
(5.226)-(5.227)), although overall the reaction is complex and involves atom transfer 
in subsequent steps. The observed rate is three orders of magnitude faster than the 
rate calculated by the Marcus model and a strong-overlap or inner-sphere mechanism 

is proposed. 

2 C102 + N02 + H20 —^ 2 C102 + NO3 + 2 H+ (5.225) 

k\ 

C102 + NOJ CIOJ + N02 

k\ 

(5.226) 

2 C102 + N02 + H20 —> 2 CIOJ + NO3 + 2 H+ (5.227) 
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QUESTIONS 

5.1 Reduction of [U02]2+ by [Ti(H20)6]3+ follows the stoichiometry: 

[U02]2++ 2[Ti(H20)6]3+ -> [Uaq]4+ + 2[TiOaq]2+ 

and the rate law 

- d[[U^--— = A:[[U02]2+][[Ti(H20)6]3+] 

In the presence of [VOaq]2+ which, on the timesecale of the reaction, will not 
oxidize [Uaq]4+ and [Ti(H20)6]3+ or reduce [U02]2+ and [TiOaq]2+, the reaction is 

catalyzed and the rate law is: 

d[[UQ2]21 _ ti[[U02];*][[Ti(H20)«]3*]2 

it t2[[Ti(H20)6]!*] + [[V0„]2*] 

Deduce a mechanism for the reaction. 

5.2 The rate law for the oxidation of the tungsten(V) dimer [W2(0)2(ji-0)(ji-S)(p-edta- 
N,N')]2~, abbreviated [W2OS]2-, by [IrCl6]2- to give monomeric tungsten(VI) at 
1.00 M ionic strength and 25 °C is of the form: 

d[[IrCl6J2~] _ 2a[[W2OS]2-][[IrCl6]2-] 

dt 1 + d[[IrCl6]3"] 

where a - 8.3 x 102 M_1 s-1 and b = 8.6 x 103 M-1. Provide a mechanism for this 
reaction and justify structures for any intermediates which are proposed. 
(Ojo, J. F.; Hasegawa, Y.; Sasaki, Y.; Ikari, S. Inorg. Chem. 1990, 29,1712-1716.) 

5.3 The outer-sphere oxidation of [IrCl6]3- by ozone, 03, has a second-order rate 
constant of 1.7 x 104 M'1 s-1 at 25.0°C and 0.2 M ionic strength. The reduction 
potential of 03/_ is estimated to be 1.02 V. Calculate a self-exchange rate for the 
03/_ reaction and compare the value with those in Table 5.17. 

The rate constant for reaction between 03 and C102 to given 03 and C102 is 
4 x 106 M-1 s-1, much faster than the rate calculated for rate-limiting outer-sphere 
electron transfer 2 x 102 M_1 s-1. Propose an explanation which rationalizes the 
discrepancy. 
(Bennett, L. E.; Warlop, P. Inorg. Chem. 1990,29, 1975-1981.) 

5.4 Consult the following papers dealing with oxidations of the organic substrates, (a) 
ascorbic acid and (b) 2-mercaptosuccinic acid by [Fe(H20)6]3+ and [Fe(CN)6]3_, 
and explain the role of intermediate complexes in determining the courses of the 
reactions. 
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(Xu, J.; Jordan, R. B. lnorg. Chem. 1990, 29,4180-4184. Bansch, B.; Martinez, P.; 
Uribe, D.; Zuluaga, J.; van Eldik, R. Inorg. Chem. 1991, 30, 4555-4559. Bansch, 
B.; Martinez, P.; Zuluaga, J.; Uribe, D.; van Eldik, R. Z. Phys. Chem. 1991,170, 
59—11. Bridgart, G. J.; Fuller, M. W.; Wilson, I. R. J. Chem. Soc., Dalton Trans. 
1973,1274-1279. Ellis, K. J.; Lappin, A. G.; Alexander McAuley, A. J. Chem. Soc., 
Dalton Trans. 1975, 1930-1934.) 

5.5 The reagent methylviologen, MV2+, is a frequently used organic one-electron 
transfer reagent with a reduction potential of -0.44 V and a self-exchange rate of 
8 x 106 M-1 s-1 at 25 °C and 0.10 M ionic strength. The radical, MV+, is readily 
generated by oxidative quenching of [*Ru(bpy)3]2+. Use the Marcus relationship to 
calculate rates for reaction with [Fe(CN)6]4- and [Ru(en)3)]2+. Comment on the 
magnitude of the rate constants. 

_ _ 12+ 

MV2+ = CH3N^hQ^CH3 

(deOliveira, L. A. A.; Haim, A.J.Am. Chem. Soc. 1982,104,3363-3366.) 

5.6 The reduction of [IrCl6]2- by SCN- to give [IrCl6]3-, S and CN~ has been studied 
under pseudo-first-order conditions with an excess of [SCN-]. From the rate data 
in the table, deduce an empirical rate law for the reaction and hence deduce a 
chemically reasonable mechanism. 

Table. Rate constants at 25°C, 0.10 M ionic strength and pH = 2 

102 [SCN-] (M) 104 totrf (S l) [SCN-] (M) 104 kM (s-1) 

0.558 0.811 1.116 2.12 

2.23 6.86 4.46 21.6 

8.93 85.6 

5.7 In basic solution, the decomposition of OC1 is catalyzed by [Cu(OH)4]2 . 

2 ocr —> o2 + 2 cr 

The reaction is complex but the rate law shows that two pathways are important: 

Rate = Ar1[[Cu(OH)4]2-][OCr][OH-3-1 + £2[[Cu(OH)4]2-]2[OCr][OH-]-1 

Speculate mechanisms for the two pathways based on these rate laws. 
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