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Abstract 

Because electron-transfer occurs at the electrode/solution interface, the oxidation of metal electrodes involves electron 
removal (within the interface) from a solvent molecule or basic constituent (ligand) rather than from the valence-electron 
shell of the metal (e.g. Ag+Cl- ZAg-Cl, E.QAgCI = +0.22 V versus NHE; Cl- sC1’, E&,,-,.= f2.41 V). The difference 
in oxidation potential for the free ligand in the absence of the metal electrode and in its presence is a measure of the 
metal-ligand differential bond energy (e.g. for Ag-CI, - AGBF = - AE”x23.1 kcal (eV)-‘=50.6 kcal mol-I). Likewise, oxidation 
of reduced transition-metal complexes and metalloporphyrins are ligand-centered (or solvent-centered) (e.g. Fe”Cl,- & Fe”‘CI,), 
as is the reduction of the oxidized state (Fe’*‘CI, &Fe”CI,-). In each case the potential for the oxidation of free ligand 
(or solvent) is decreased in the presence of metal or reduced-metal complex by an amount that is proportional to the 
metal-ligand bond energy (- AGBF). 
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1. Introduction 

Electrochemistry is the science of electron transfer 
across a solution/electrode interface. At the cathode 
electrons (from the electrode) are transformed within 
the interface via reaction with ions or molecules to 
produce reduced molecules or ions (e.g. H,O’ + 
e- -+H-+H,O; H,O+e-+H’+HO-; O,+e- + 
O;-; Cu”(bpy),2+ +e- -+Cu’(bpy),+; Fe”‘C1, +e- + 
Fe%-). At the anode molecules or ions (from the 
solution) are transformed within the interface to produce 
electrons (at the electrode surface) and oxidized ions 
and molecules (e.g. 2H,O+H,O’+HO’+e-; 
Fe”Cl,- --) Fe”IC1, + e-). The resultant electrons move 
from the anode through the wires of the external circuit 
to the cathode as electronic current (amperes; coulombs 
per second). Within the solution phase the current is 
carried by the ions of the supporting electrolyte (positive 
ions towards the cathode and negative ions towards 
the anode). The limitation of ionic current in the solution 
phase (between the anode and the cathode), which is 
the defining difference for electrochemistry and elec- 
tronics, is due to the incompatibility of electrons and 
electrolyte solutions. 

2. The hydrated electron 

In aqueous media electrons become hydrated in 
lo-” s to become the ultimate base, nucleophile and 
reductant [l]. 

e- +nH,O --+ ei E”, -3.0 V vs. NHE (1) 

The conjugate acid of the hydrated electron is the 
hydrogen atom (H’), which is the effective reductant 
under acidic conditions 

e,+H,O’ - H’+H,O k, 2.3 x 10” M-l s-’ 

(2) 

e,+H,O---+ H’+HO- k, 1.9~10’ M-’ s-l 

(3) 

From electrochemistry the respective standard reduction 
potentials in water are [2] 

e-+H,O’ ---+ H+H,O E", -2.10 V vs. NHE 

(4) 

e-+H,O- H+HO- E", -2.93 V vs. NHE 

(5) 
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and in acetonitrile [3] 

e- + H,O+ - H’+ H,O E”‘, - 1.58 V VS. NHE 

(6) 

e-+H,O- H+HO- E”‘, -3.90 VVS. NHE 

(7) 

Hydrated electrons also are highly reactive with many 
components of aqueous biological matrises [l]. 

e,+O, - o;- k, 1.9~10~’ M-’ s-’ 

ea; + CO, --+ ‘CO,- k, 7.7 x lo9 M-l s-’ 

ea; + HOOH ---+ H + HOO- 

(8) 

(9) 

k 1 1~10~’ M-’ s-l 3 . (10) 

e,+RSH--+ HS-+R’ k, 1.1X1O’o M-’ SK’ (11) 

Whereas for the HO-H bond the free energy of 
formation (-AG,,) is 111 kcalmol-’ [4], within (H,O)’ 
the O-H bond energy is about 70-90 kcal mol-‘. The 
difference accounts for the dramatic increase in the 
reactivity of ea; with the hydronium ion (Eqs. (2) and 
(3)). On the basis of such considerations the reaction 
rates of solvated electrons with phenols (RPhO-H; 

- AG,,, 81-84 kcal mol-‘) and carbonic acid 
((HO)C(O)(O-H); -AG,,, 98 kcal mol-I) should be 
large. 

eaq + RPhOH ---+ H + RPhO- 

k-lOlo M-’ s-’ (12) 

e, + (HO)&(O) - H‘+ HOC(O)O- 

k-lo7 M-’ s-l (13) 

Hence, tyrosine residues (RPhOH) in proteins and 
biological fluids with 3-5 mM (HO),C(O) will be ef- 
fective traps for hydrated electrons in biological systems. 
When 0, reacts with hydrated electrons in aqueous 
media the product (OX’-) reacts with water at diffusion 
controlled rates to produce HOO’. 

Hz0 

ea; + 0, --+ O,‘- Y HO0 + HO- 
pK154.4.9 

k-10” M-’ s-’ (14) 

This indicates that any hydrated electrons in aerobic 
biology that escape trapping by the COz, carbonic acid, 
and tyrosine and cysteine residues will produce finite 
fluxes of the soft radical, HOO. 

In aqueous solutions the hydrated electron interacts 
with water to form a hydrogen atom and an hydroxide 
ion (the conjugate base of H,O) 

e,+H,O ti W’+HO- K, 2x105 (15) 

which means that H‘ is the conjugate acid of e;tq with 
a pK,,, value of 9.3 [I]. 

3. Electron transfer in electrochemistry 

In electrochemical cells electron transfer occurs within 
the electrode/solution interface, with electron removal 
(oxidation) at the anode and electron introduction 
(reduction) at the cathode. The current through the 
solution is carried by the ions of the electrolyte, and 
the voltage limits are those for electron removal (ox- 
idation (positive)) fium and electron-insertion (reduc- 
tion (negative)) into the solvent/electrolyte (e.g. H,O/ 
(H,O’)(ClO,-); (Na,‘,)(-OH); (Na,f,)(Cl-)). 

2H,O & [H,O(H,O-)+] _I H,O+ +HO 

Eop~ o, + 2.72 V vs. NHE 
(16) 

EOpH 7, -t-2.31 V 

-e- 
HO- j HO E’pH 141 + 1.89 v (17) 

Cl- & Cl E”, $2.41 V (IS) 

In the gas phase electron removal from atoms is 
limited by their ionization potential (e.g IT, 13.6; K, 
4.3; Na’, 5.1; Cu’, 7.7, 20.3; Ag, 7.6; Fe, 7.9, 16.2, 30.7 
eV) [5]. However, in the solution phase electron removal 
from the solvent (oxidation may be facilitated by the 
presence of substrate atoms (rather than be from them). 

Reductive electron transfer in an electrochemical cell 
occurs by insertion of an electron from the electrode 
(cathode) into the solution matrix within the double 
layer of the electrode/solution interface (e.g. H,O/ 
(H,O’)(ClO,-); (Na,‘,)(C104-)). 

H,O+ &I+H,O 

E’pH o, - 2.10 V vs. NHE (19a) 

E”,, 7, -2.51 V (19b) 

The reductive processes of Eq. (19) may be facilitated 
by the presence of substrates to stabilize the H-atom 
product. For example, in pH 0 water the process of 
Eq. (19a) is shifted by +4.82 V when hydroxyl radicals 
(HO) are present 

H,O+ +HO’ &HO-H+H,O ~0, +2.72 v (20) 

( - AGm 111 kcal mol-I) 

and by +2.10 V at a platinum electrode 

H,O+ +Pt +-+ Pt-H + H,O E”, 0.00 V (21) 

( - AC&> 48 kcal mol- ‘) 
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In the presence of benzoquinone (Q) the shift is + 2.80 
V: OH 

2H,O++Q ?“-I-t + 0.70 v (22) 

- AG,,[(H,O)?“Fe”‘-OH] 

=[E,“d-E;;]x23.1 

=45 kcal mol-’ 

( - AGBF, 65 kcal mol- ‘) 

The free electron interacts with all atoms and mol- 
ecules that have finite electron affinities to produce 
anions, and thus is unstable in all but the most inert 
liquids. Electrochemistry attests to this general axiom 
and provides a convenient means to evaluate the en- 
ergetics for the addition of an electron to solvent 
molecules and other species at the electrode/solution 
interface, e.g. 

(23) 

e- +CO,(MeCN) - 

i 

/O- 
‘C\ ./O 

0 

- + , _ 
0 I 

E”, - 1.86 V vs. NHE (24) 

e- + Me,-S(O) - H,C=S(O-)Me + H (25) 

e- + Me,&CH(O) - [Me&cH(O-)] - 

Me,N=CO- + H’ (26) 

L &j + HO- 
_*’ 

(27) 

Hence, reductive electrochemistry converts electrons 
(e-) via the solution matrix at the interface to atoms 
and anions. The solution outside the inner double layer 
is never exposed to an electron. Some examples of 
such inner-double-layer electron transfer include: 

H,O’ -te- -+ H’+H,O E”, -2.10 V vs. NHE 

(28) 

(H20)52fFe”‘(OH) + H30+ fe- s 

Fe”(OH,),2’ + H,O E”‘, +0.71 V (29) 

HO’+H,O’ +e- s 2H,O E”‘, +2.66 V 

(30) 

(31) 

O,Mn”“-OH + H,O’ + e- s 

Mn”“0, + 2H,O E”‘, + 1.45 V (32) 

(-AG,,=28 kcal mol-‘) 

An important consideration in the reactions of Eqs. 
(30) and (32) is that the oxidant in each is the hydronium 
ion (H,O+) and that the reduction potential is deter- 
mined by the H-OH bond energy (- AG,,) of the 
product HzO, minus the Mn-OH bond energy (Eq. 

(32)). 

4. Metals 

The transformation of metal-electrode surfaces via 
electro-oxidation to their metallo-oxides, solvated ions 
and metal complexes is fundamental to most anodic 
electrochemical processes (batteries, electro-refining, 
anodic-stripping analysis and reference electrodes). Al- 
though this is traditionally represented as the removal 
of one (or more) valence electrons from a metal atom 
at the electrode surface to give a metal ion (e.g 
Ag(s) =Ag+; E”, +0.80 V versus NHE), the gas 
phase ionization potential (e.g. Ag*(g) sAg’(g); ZP, 
7.6 eV) is far greater than the observed oxidation 
potential [5]. The difference is attributed to the solvation 
energy for the metal ion (e.g. Ag’ +nH,O+Ag’(ag); 
-AG(aq)=70-100 kcal mol-‘). However, such a se- 
quential path would not obviate the 7.6 V energy barrier 
for the initial step and is in conflict with the observed 
thermodynamic reversibility for many metal/solvated- 
metal-ion redox couples. 

All reactions, and particularly redox processes, occur 
via the easiest and lowest energy pathway that is available 
(mechanistically feasible) to the system. In the case of 
a metal-electrode/electrolyte interface undergoing an- 
odic transformations, the electrons can come from (a) 
surface metal atoms (energy limit; first ionization po- 
tential), (b) solvent molecules (energy limit; oxidation 
potential of solvent), (c) electrolyte anions (energy limit; 
oxidation potential of anions), and (d) base ligands 
(energy limit; oxidation potential of ligand). All metal 
electrodes are electrochemically transformed via path 
b, c or d, but never via path a. This general conclusion 
is illustrated for silver and copper electrodes in aqueous 
and acetonitrile (MeCN) solutions that contain inert 
electrolyte, chloride ion (Cl-), or bipyridine (bpy). 

In aqueous solutions at pH 0 the silver electrode is 
oxidized reversibly. 
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Ag(s) + 2H,O =Ag’(OH,),+ 

E”, +O.SO V vs. NHE (33) 

The gas phase ionization potential for a silver atom is 
7.6 eV. In contrast, water is oxidized (gives up an 
electron) at much lower potentials. 

2H,O = [(H,O)H,O-‘1 - H,O+ + HO’ 

E”, +2.72 I’ (34) 

At a silver electrode the latter process is facilitated 
via formation of an Ag’-OH,+ bond; the shift in 
oxidation potential from + 2.72 to + 0.80 V is a measure 
of the bond formation energy (- AGBF): 

- AG,,= ( + 2.72 - 0.80)23.1= 44.4 kcal mol-’ (35) 

At pH 14 the anodic process is the oxidation of HO- 

HO- ‘;HO E”, + 1.89 V 
(36) 

EDpH 7, + 2.30 V 

which is facilitated via formation of an Agr-OH bond 
(-AG,,=(1.89-0.34) 23.1=35.8 kcal mol-‘): 

Ag(s) + HO - = Ag’-OH(s) E”, + 0.34 V 

E” #7, +0.75 v 

(37) 

The data of Eqs. (33) and (36) can be combined to 
give a value for the solubility product (K,,) for 
Ag-OH(s). 

Ag’(OH), + + HO- - Ag’-OH(s) + 2H,O (38) 

[Ag’(OH),+ IWO - 1 =&pi log Ksp = (0.34 - 0.80)/0.059 
= -7.8 

In the presence of chloride ion metal electrodes 
facilitate its oxidation 

-e- 
Cl- -Cl E”, +2.41 V vs. NHE 

(39) 
E”’ MeCN? +2.24 v 

via formation of metal-chlorine covalent bonds, e.g. 

Ag(s) + Cl- =Ag-Cl(s) E”, + 0.22 V (40) 

Hence, the differential bond formation energy 
(A( -AG,,))(Ag-Cl bond energy, minus the energy 
required to break an Ag-Ag bond at the Ag(s) surface) 
is given by the difference in oxidation potentials (Eqs. 
(39) and (40)). 

A( - AGBF) = (2.41-0.22)23.1= 50.6 kcal mol-’ (41) 

Because the escape energy for an Ag’ atom from 
Ag(s) is 68 kcal mol-‘, a reasonable approximation 
for the breakage of a single bond is 22.6 kcal malll 
((l/3)68) [6]. Wh en combined with Eq. (41), this gives 
a reasonable value for -AG,,. 

Ag’ + C1’ - Ag-Cl - AG,, = 50.6 + 22.6 

= 73.2 kcal mall 1 

(421 

The literature value for the dissociative bond energy 
(MD,& of Ag-Cl is 81.6 kcal mol-l, which is equivalent 
to an estimated -AG,, value of 73.8 kcal mol-’ 

( - AG,, = MDDE - TAS = 81.6 - 7.8(est.) = 73.8 kcal 
mol-’ [6]. Thus, the proposition that metal-electrode 
oxidations are solvent- or ligand-centered with potentials 
that reflect the metal-solvent/ligand bond formation 
free energies (- AGBF) is supported by independent 
bond energy data. The data of Eqs. (33) and (40) 
provide a measure of the solubility product for AgCl(s). 

Agr(OH,), + + Cl - - A$-Cl(s) + 2H,O (43) 

[Agr(OH,),+][Cl-] =K,,; log Ksp= (0.22-0.80)/0.059 = 
- 9.8 

Similar results are observed for a silver electrode in 
the presence of Br- 

--em 
Br- - Br’ E”, + 1.51 V (44) 

Ag(s) + Br- LAgI--Br(s) E”, +0.07 V (45) 

which gives a measure of the Ag’-Br bond energy: 

A( - AGBF) = (1.51- 0.07)23.1= 33.6 kcal mol-’ (46) 

The latter, when combined with the bond dissociation 

energy of Ag(s) (wDRE /3 = 22.6 kcal mall ‘), gives a 
value for -AG,, of 56.2 kcal (literature, -AG,,= 
AHDBE - TAS = (70 k 7) - 7.8(est.) = 62 f 7 kcal molt ‘) 

[61- 
Another important example is the oxidation of Cl- 

at a mercury (Hg,(l)) electrode to form calomel (mer- 
curous chloride, Hg,Cl,(s), C1-Hg”-Hg’l-Cl(s)). 

Hg,(l) + Cl - --e- [Cl-Hg-Hg-] 5 Cl-Hg-Hg-Cl(s) 

E”, +0.27 V (47) 

the potential shift for the Cl-/U couple from +2.41 
V (Eq. (39)) to +0.27 V in the presence of Hg,(l) is 
a measure of the [Cl-HgHg] bond energy (-A- 
G,, = (2.41- 0.27)23.1= 49.4 kcal molt ‘). 

Similar metal-facilitated oxidations of H,O and of 
Cl- occur for all metal electrodes. The respective 
potentials for the oxidation of each at a copper electrode 
are 

Cu(s) +2H,O z (HZO)Cul(OHz)+ 

EopH 0, +0.52 V (48) 

( - IJGRr+ 46 kcal mall’) 



Table 1 

D.T. Sawyer / Inorganica Chimicn Acta 226 (1994) 99-108 103 

Redox potentials (E”‘) for the M’(OH,),+/M and M’OH/M,HO- couples of Cu, Ag and Au in Hz0 and in MeCN (0.1 M tetraethylammonium 
perchlorate) 

E” (V vs. NHE)” 

M M’(solv),+/M M’OH/M, HO- 

H,O” CU 

A&? 
AU 
H,O’+/H,O; HO/HO-(GC) 

MeCN’ cu 

Ag 
Au 
HQ+(MeCN)/HZO; HO/HO-(GC) 

+0.52 - 0.36 
+0.80 + 0.34 
+1.7 
+ 2.72 + 1.89 

+ 0.19 - 0.79 
+ 0.54 - 0.30 
+ 1.58 -0.19 
+3.2 + 0.92 

“SCE= +0.24 V vs. NHE. 
bRef. [7]. 
‘Ref. [8]. 

Cu(s)+Cl- T_-_e_I_, Cu’-Cl E”, +0.14 V (49) 

( - AG,,, 52 kcal mol- ‘) 

Additional redox data for oxidations of H,O/HO- 
at Cu, Ag and Au electrodes in aqueous and acetonitrile 
(MeCN) solutions are summarized in Table 1 [7, 81. 
At pH 0 with an iron electrode the water oxidation 
of Eq. (34) is shifted by -3.12 V 

-2e- 
Fe(s) + 4H,O ( [(H2%Fe11W-LM2+ 

E”,, 07 +0.40 v (50) 

which indicates that the [H,O(H,O)+] species is sta- 
bilized by a strong (H,O),(H,O)+Fe”-OH,+ covalent 
bond ( - AGBF, -71 kcal mol-‘). 

5. Metal complexes 

In an analogous fashion, the removal of an electron 
(oxidation) from water via Eq. (34) is aided by the 
presence of transition-metal ions (e.g. Cu’(OH,),+, 
Fe”(OH2),2+ and Ce”‘(OH2),3’, each with one, two 
and three M-OH,’ covalent bonds, respectively). 

Cu’(OH,),+ + H,O --e- 

[(H,O),+Cu”-OH,+(OH,)] - 

(H,O),+Cu”-OH+H,O+ 

E” pHfj, +0.16 v (51) 

( - AGBF, 59 kcal mol- ‘) 

Fe”(OH,),” + 2H,O --e- 

[(H,0),2+Fe”‘-OH,+(OH,)] - 

(H20),2’Fe”‘-OH+ H,O’ 

E” pH ,,, + 0.77 V (52) 

( - AGBF, 45 kcal mol- ‘) 

Ce”‘(OH,),3 + + H,O 2 

[(H20)2 + Ce’“-OH,’ (OH,)] - 

(H,0),3CCe’V-OH + H,O’ 

E” pHO, + 1.60 V (53) 

( - AGBF, 25 kcal mol-l) 

In none of these examples has the potential for 
removal of an electron approached the ionization po- 
tentials of the metals. Although traditional treatments 
attribute the potentials of Eqs. (33), (48) and (50~(53) 
to the removal of electrons from the metals, coupled 
with large ionic solvation energies, this requires a 
pathway with the ionization potential as a kinetic barrier. 
Furthermore, the spontaneous reaction of iron with 
acidified water is driven by the formation of Fe-OH,+ 
and H-H covalent bonds that facilitate hydrogen atom 
transfer from water (rather than electron transfer from 
iron). 

Fe(s) + 2H,O’ % (H20),Fe11(OH2),2f + H2 (54) 

{Note: to ionize a gas phase iron atom (Fe sFe3+) 
requires 54.8 eV (1266 kcal mol-I); in turn this species 
reacts upon dissolution into liquid water (Fe3+(g) + 
7H,O(l) --f (H,0),2’Fe11’-OH+ H,O+, -AH= 1000 
kcal mol-l (1266- 266)); the net energy change is often 
ascribed as the solvation energy for Fe3+(g) (heat of 
hydration).} 
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f, v “Sl SCE -’ 
Fig. 1. Cyclic voltammograms of 3 mM solutions in M&N (0.1 M 

tetraethylammonium perchlorate): (a) bpy; (b) Fe(bpy),*+; (c) 

Co(bpy),‘+; (d) Zn(bpy)3Z+. Conditions: scan rate, 0.1 V s-‘; 25 

OC; glassy carbon working electrode (0.09 cm*); SCE vs. NHE, + 0.242 

V. 

Within an aprotic solvent (e.g. MeCN) oxidation of 
metals and metal complexes is also ligand-centered with 
the potential determined by the oxidation potential of 
the ligand and the metal-ligand covalent bond formation 
free energy (-AC,,). For example, the free bipyridine 
(bpy) ligand in acetonitrile is oxidized near the solvent 
limit at a glassy carbon electrode (GC) (Fig. 1) [9] 

(bpy) Z~PY-+ E”‘, +2.32 V vs. NHE (55) 

but at a copper electrode the oxidation occurs at a 
negatively potential [lo]: 

Cu( s) + 2bpy = Cu’(bpy),+ E”‘, - 0.16 V (56) 

Even more striking is the reduction of 
[(bpy),Cu’(OH,)]+ at a glassy carbon electrode, which 
occurs at - 1.04 V versus NHE. The difference (-0.88 
V) is due to the Cu-Cu bond energy (20.3 kcal mol-‘) 
that must be overcome in the metal oxidation process. 
Reduction of (bpy),Cu’Cl occurs at essentially the same 
potential as that for Cu’(MeCN),Cl (- 1.01 V versus 
NHE) [ll]: 

(bpy),Cu'Cl + e - - Cu+2bpy+Cl- 

E”‘, - 1.06 V (57) 

The difference between this value and that for the C1’/ 
Cl- couple (Eq. (39), +2.24 V versus NHE) is a 
measure of the (bpy),Cu’-Cl bond energy (-A- 
G,,= [2.24 - (- 1.06)]23.1= 76.2 kcal mol-’ (the value 
for gas phase Cu-Cl(g) is 84 + 1 kcal mall’) [6]). 

Fig. 1 illustrates that the oxidation of the Fe”(bpy),*’ 
complex is reversible and ligand-centered [9]: 

Table 2 
Oxidation potentials for ligands (L) and their ML, complexes with 

Zn(II), Mn(II), Fe(H) and Co(I1) in MeCN (0.1 M tetraethylam- 

monium perchlorate) 

Ligand E,,b (V vs. NHE)’ 

(L Of L-)” 

UU + (L-/L’) Zn”L, Mn”b Fe”L, co”L 3 

Hz0 + 2.8 + 2.8 + 2.8 + 1.84 + 2.8 

bpy + 2.32 > i2.5 + 1.55 + 1.30 + 0.58 

PA- + 1.50 + 1.54 + 0.60 + 0.20 + 0.04 

acac- + 0.55 + 0.58 + 0.18 - 0.42 - 0.35 

8-Q- +0.21 + 0.22 - 0.06 - 0.41 - 0.57 

“Key: bpy, 2,2’bipyridine; PA-, picolinate (2-carboxylate pyridine); 

acac-, acetylacetonate; 8-Q-, S-quinolinate. 

bE,,z taken as @,.,+&J/2 for reversible couples of Mn”L, and 

Fe’& complexes; as E,,,+0.03 V for L (or L-) and Zn”L,; and 

as E,,, -0.03 V for Co”L, complexes that exhibit scparatcd redox 

couples. 
‘SCE vs. NHE; +0.242 V. 

Fe”(bpy),*+ sFe111(bpy),3+ 

E”‘, + 1.30 V (58) 

(Noteworthy are the three reversible one-electron re- 
ductions of this complex.) The electron that is removed 
from the Fe”(bpy),*’ complex comes from the ligands 
to give bpy”, which couples with one of the four 
unpaired electrons of the iron center (d%p) to give 
a third covalent bond (Fe1”(bpy),3’, d5sp2; S=5/2). 
The difference in oxidation potentials for Fe”(bpy),*+ 
and free bpy (Eq. (55)) is a measure of the Fe”‘-bpy’ 
bond energy ( - AGtlF= (2.32- 1.30)23.1= 23.6 kcal 
mol ‘). The potential that would be required to remove 
an electron from the d6sp manifold of the iron(I1) 
center of Fe”(OH2),2’ or Fe”(bpy),” would be greater 
than the first ionization potential of atomic iron (7.9 

eV) 151. 
Table 2 summarizes the oxidation potentials for li- 

gands (L) and their M”L, complexes with zinc(II), 
manganese(II), iron(I1) and cobalt(I1). The difference 
in the potentials for the free and complexed ligands 
is a measure of the metal(III)-ligand bond formation 
energies (- AG,,); these are summarized in Table 3 
[9]. For this group of complexes the order of 
metal(III)-nitrogen bond energies, Co11’(bpy),3+ > 
Fe”‘(bpy),” + > Mn’“(bpy),“‘, and of metal(III)- 

oxygen bond energies, Fe”‘(acac), > Co”‘(acac), > 
Mn”‘(acac),, is consistent with their relative stability 
constants. With the picolinate (PA-) ligand there is 
a combination metaloxygen covalent bonding and ni- 
trogen-base donor interaction, which shifts the bond 
energy order, Co”‘(PA), > Fe”‘(PA), > Mn”‘(PA),. All 
of the data are consistent with ligand-centered redox 
processes. 

Table 4 summarizes the oxidation potentials for a 
variety of ligands (L) in acetonitrile (MeCN) [ll]. Their 
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Table 3 

Apparent metal-ligand covalent bond formation free energies 

(- AGaF) for several manganese, iron and cobalt complexes 

Complex -AGBF’ (kcal mol-‘) 

Manganese 

(SQ)zMn’“-8Q 

(acac),Mn”‘-acac 

(PA),Mn”‘-PA 

[(bpy),Mn”‘-bpyr’+ 

Ii-O?? 

(8Q)zFe”‘-SQ 

(acac),Fe”‘-acac 

(PA)2Fe”‘-PA 

[(bpy)zFe’1T-bpy13+ 
[(Ph,P0)3Fe”‘-OPPh3]3+ 

[(MeCN)4Fem-OH,] 3+ 

6 

9 

22 

> 23b 

15 

23 

31 
> 29b 

>30b 

23 

Cobalt 

(SQ)zCo”‘-8Q 
(acac),Co”‘-acac 

(PA)ZC~“T-PA 

I(bpy),Co”‘-bp#+ 

16 

21 

35 
> 46b 

“( - AGaF) = [EIn[Zn~-/ZnL(L-)] --E,,(ML,-/M(L)LJ x 23.1 
kcal mol-‘. 

“( - AGa,) = [E,,(ZnWZnL’+) -E&ML/M-L+)J x 23.1 kcal 
mol-‘; L=(bp~)~ or (Ph,PO),. 

Table 4 

Redox potentials for ligands in acetonitrile (0.1 M (Et,N)ClO,) 

Ligand (L)” Ep,ab.C EWb 
(V vs. SCE) (V vs. SCE) 

H,O 2.80 

PY 2.30 - 2.75 

bpy 2.15 - 2.25 

tPY 2.00 -2.15, -2.5 
Cl- 2.00 

PhC(O)O- 1.45 
PA- 1.34 
AcO - 1.30 

DPAH - 1.20 
HOC(O)O- 1.15, 1.55 
HO- 0.68 
PhCH20 - 0.50 
DPA’- 0.25, 1.25 
TDTH - - 0.05 

“Key: bpy, 2,2’-bipyridine; tpy, 2,2’:6’,2”-terpyridine; PA-, picol- 
inate anion; DPAH-, 2,6-carboxyl, carboxylato-pyridine anion; 

DPA’-, 2,6-dicarboxylato-pyridine dianion; HOC(O)O-, bicarbonate 
anion; TDTH-, toluene-3,4-dithiol anion. 

bEp,., anodic peak potential; E,,,, cathodic peak potential; glassy 
carbon electrode (GCE); scan rate, 0.1 V SK’. 

‘Saturated calomel electrode (SCE); EsCE, +0.242 V vs. NHE. 

relative Lewis basicity (nucleophilicity) increases as their 
oxidation potential becomes less positive. However, the 
potential at which L is oxidized (and L’ is reduced) 
within an ML, complex is shifted by the M-L covalent 
bond energy ( -AGBF). Figs. 2 and 3 illustrate the 
electrochemistry for several copper(I1) and copper(I) 
complexes in MeCN. The redox potentials for these 

(a) CU’(M~CN),~ 

(b) Cu”(bpy)32+ 

(c) C”“(tpy);+ 

(d) CU%‘A)~ 

I I I I 

+2.0 +1.0 0.0 -1.0 

E, V YS SCE 

Fig. 2. Cyclic voltammograms of: (a) 1 mM [Cu”(MeCN),](CIO,),; 

(b) (a) plus 3 equiv. of bpy; (c) (a) plus 2 equiv. of tpy; (d) (a) 

plus 3 equiv. of PA- in MeCN (0.1 M (Et,N)CIO,). Scan rate, 0.1 

V s-‘; GCE (0.09 cm*); SCE vs. NHE, +0.242 V. 

copper complexes and their ligands are summarized in 
Table 5. In addition, the shift in redox potential (AE) 
for the free ligand (L) and when bonded in a complex 
(CuL,) is tabulated. This quantity is a measure of the 
apparent copper-ligand covalent bond formation free 
energy (- AGBF) (Table 6). 

- AG,, = (AQ23.1 kcal mol-I (59) 

Table 6 summarizes the copper-ligand bond energies 
for the various complexes. 

The dianion of toluene-3,4-dithiol (TDT’-) forms 
unique complexes [M”(TDT),‘-] with transition metals 
that are readily oxidized via a ligand-centered process 
to M”‘(TDT),- [12]. Fig. 4 illustrates the cyclic vol- 
tammetry for the latter complexes of Cu, Ni, Co and 
Fe. Not only do each of the M”‘(TDT),- complexes 
undergo a reversible one-electron reduction, but the 
Ni(III), Co(II1) and Fe(II1) complexes also exhibit a 
somewhat reversible oxidation to the M(IV) valence 
state. For example, 

Fe”(TDT),2- 5 Fe”‘(TDT), 

_ 5 Fe’“(TDT), (60) 
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I 1 I I 

(a) Cu’(MfKN,+ A 

(d) C&l+ 3 equiv. bpy 

I I I I 
+1.0 0.0 -1.0 -2.0 

E, V vs SCE 

Fig. 3. Cyclic voltammograms of: (a) 1 mM Cu’(MeCN),+; (b) 1 

mM Cu’CI; (c) (b) plus 3 mM bpy; (d) (b) plus 3 mM tpy in MeCN 

(0.1 M (Et4N)C104). Scan rate, 0.1 V SK’; GCE (0.09 cm2); SCE 

vs. NHE, +0.242 V. 

Table 7 summarizes the redox potentials for this group 
of complexes and the estimated M-S bond energies 
(-AG,,) in the M11’(TDT)2- and M’“(TDT), com- 
plexes. These are based on the oxidation potential 
difference (A,?) between the M”(TDT),‘- complex and 
Zn”(TDT),*~ (not able to form a third covalent bond) 
and the hE between M”‘(TDT),- and Cu”‘(TDT),~ 
(filled valence-electron shell and unable to form a fourth 
covalent bond), respectively ( - AG,, = (U) 23.1 kcal 
mall’). 

Although most iron(H) complexes are oxidized by 
hydrogen peroxide (HOOH) via Fenton chemistry 

2Fe”L, + HOOH - 2L,Fe”*OH (61) 

within MeCN the combination of Fe”(OPPh,),*’ and 
HOOH (1:lO) yields a unique purple complex (A,,,, 
576 nm (E, 1770 M-’ SK’)), (Ph,P0),2+Fe11’OOH [13]. 
The reversible one-electron, ligand-centered oxidation 
of Fen(OPPh&,2+ at +1.2 V versus SCE is replaced 
by an irreversible two-electron oxidation at + 1.9 V 

(Fig. 5). 

(Ph,P0),2+Fe11100H + 2H20 -“; 

(Ph,P0),2fFe”10H + 0, + 2H30+ (62) 

Whereas Fe11(OPPh,)42’ is reduced by two electrons 
at -1.1 V to give metallic iron, the (Ph,PO),“- 
Fe”‘OOH complex is reduced in several steps to give 
an iron oxide. 

Table 5 

Redox potentials for copper complexes and their ligands in MeCN 

Electrode reaction 

bpy-em +bpy’+ 

Cu”(bpy),‘+ +e- -C~‘(bpy)~+ 

Cu”(OH)(bpy)2+ +e- + Cu’(OH)(bpy), 

Cu”(OAc)(bpy),+ +e- --f Cu’(OAc)(bpy), 

tpy-e-+tpy’+ 

Cu”(tpy),z+ +e- + W(tpy),+ 

Cu’(tpy)z+ +e- +Cu+2tpy 

PA--e--PA’ 

Cu”(PA), - + e + Cu’(PA) + 2PA - 

Cu’(PA)+e--,Cu+PA- 

AcO- -e- +AcO 

Cu’(OAc)(MeCN),+e- +Cu+4McCN+AcO- 

Cu’(OAc)(bpy), + e - + Cu + 2bpy + AcO 

PhC(O)O- -e- ---f PhC(O)O 

Cu”[OC(O)Ph], + e- + Cu’[OC(O)Ph] + PhC(O)O- 

Cu’[OC(O)Ph] +e- + Cu + PhC(O)O- 

PhCHZO - - e - + PhCH,O 

Cu”(OCHZPh)Z(bpy), -e- + Cu’(OCHzPh)2- (bpy)z 

DPAH- -e- + DPAH 

Cu”(DPAH)(DPA)- +e- +Cu’(DPA)- + DPAI-I-- 
DPA’--e-+DPAH’- 

Cu’(DPA)-+e-+Cu+DPA’- 

Cl_ -e- +Cl 

Cu”CI,(MeCN),+e- ---) Cu’CI(MeCN), + Cl- 

Cu”Cl,(bpy), + em + Cu’Cl(bpy), + Cl 

cvlCl,(tpy) + e- ---f Cu’Cl(tpy) + Cl - 

Cu’CI(MeCN),+e- + Cu +4MeCN+CI- 

Cu’Cl(bpy), + e- + Cu + 2bpy + Cl - 

Cu’Cl(tpy) t- e - + Cu + tpy -t Cl- 

HO- -e- + HO’ (at pH 7 in H,O) 

Cu’(OH)(HzO), + e - ---f Cu + 3HZ0 + HO - 

Cu’(OH)(bpy),+e-+Cu+2bpy+HO- 

E,,z” AE’ 
(V vs. (V) 
SCE)b 

2.1 

0.1 2.0 

- 0.1 2.2 

-0.1 2.2 

1.9 

-0.2 2.1 

- 0.9 2.8 

1.3 

-0.6 1.9 

- 1.6 2.9 

1.2 

- 1.2 2.4 

- 1.3 2.5 

1.4 

-0.25 1.65 

-1.3 2.1 

0.4 

-0.4 0.8 

1.2 

- 0.5 1.7 

0.2 

- 1.8 2.0 

2.0 
0.56 1.44 

0.02 1.98 

-0.1 2.1 

-1.2 3.2 
-1.25 3.25 

-1.15 3.15 

2.1 

-0.3 2.4 

- 1.3 3.4 

“Eln taken as E,.,, +0.03 V for the irreversible reduction and 

E P,‘,? -0.03 V for the irreversible oxidation. 

%aturated calomel electrode (SCE) vs. NHE, +0.242 V. 

‘A.lZ=E,,,(L+/L) -E,,,(Cu”/Cu’) or hE=E,,z(L+IL)-E,,,- 
(CWCU’). 

(Ph,PO),Z+Fe”‘OOH+e- t0.3 

(Ph,PO),+Fe”OOH 5 

[(Ph,PO),Fe’OOH] %Fe”O+HO- +4L (63) 

The electrochemical reduction of permanganic acid 
[HOMn”“(O),], which is traditionally represented as 
a metal-centered electron transfer to change Mn” to 
Mn6+, is another example of a ligand-centered process. 

HOMn”“(O), + H,O’ + e- - Mn”‘(O), + 2H20 

E", +l.Sl V vs. NHE (64) 
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Table 6 

Apparent metal-ligand covalent bond formation free energies 

(- AGBF) for several copper complexes 

Metal-ligand bond - AGBF 
(kcal mot-‘) 

(bpy)+-Cu”(bpy)z+ 46 

(bpy)+-Cu”(OH)(bpy) 51 

(bpy) +-Cu”(OAc)(bpy) 51 

(tPY) +-Cu”(tpy) + 48 

(tPY)+-Cu’(tpy) 64 

PA-Cu”(PA)s- 43 

PA-Cu’ 67 

AcO-Cu’(MeCN), 55 

AcO-Cu’(bpy), 57 

PhC(O)O-Cu”[OC(O)Ph] 37 

PhC(0)O-Q’ 62 

PhCH,O-Cu”(OCH,Ph)(bpy)s 18 

DPAH-Cu”(DPA) - 39 

DPA--Cur 46 

Cl-Cu”CI(MeCN), 33 

CI-Cu”Cl(bpy), 46 

Cl-Cu”Cl(tpy) 48 

Cl-Cu’(MeCN), 74 

Cl-Cu’(bpy), 75 

Cl-Cu’(tpy) 73 

HO-Cu’(H,O), 55 

HO-Cu’(bpy), 78 

Comparison of this with the reduction of free hydroxyl 
radical (HO’) 

HO’+H,O+ +e- - 2H,O E”, +2.72 V (65) 

provides a measure of the HO-Mn”“(O), bond energy 
(-AG,,=(2.72-1.51)23.1=28 kcal mol-‘). The 
other strong oxidants ((HO),Cr,“‘(O), and 
HOCe1V(OH,),3+) that are used for aqueous redox 
titrations are reduced by a similar path. 

HO-CrV1(0),OCrV1(O),OH + H30C + e- ------+ 
+1.36 V 

(0),CrVOCrV’(O),OH+ 2H,O (66) 

( -AGBF, 31 kcal mol-I) 

HO-Ce1V(OH,),3+ + H,O’ + e- ~1.61 

Ce111(OHJ63+ + H,O (67) 

( - AGBF, 26 kcal mol-‘) 

An important point in these electron-transfer reductions 
is that the primary electron acceptor is the hydronium 
ion (H,O+), which is transformed to a hydrogen atom 
(H) that reacts with HO’ (either free or bound via a 
covalent bond to the metal center). 

Under alkaline conditions Mn”“O,- is reduced via 
direct electron addition to one of the bound oxygen 
atoms. 

Cu”‘(TDT),TBA+ 

Fe”‘U-DT)2TBA+ /45 

1 I L 

+O.lO 0 -1.0 

E,VvsSCE 

Fig. 4. Cyclic voltammograms in MeCN (0.1 M TEAP) of 

[M”‘(TDT),-][Bu,N] complexes (M = Cu, Ni, Co and Fe). Scan rate, 

0.1 V SK’; Pt electrode surface area, 0.11 cm’. 

Table 7 

Electrochemical oxidation potentials for M”(TDT)22- complexes in 

MeCN (0.1 M TEAP) 

Metal EW - AG,, 

(M) (V vs. SCE) (kcal mol-‘) 

First oxidation Second oxidation Ml”_S Ml”-S 

(TDTH-) - 0.05 (irrev.) 

Zn + 0.18 (irrev.) 

cu -0.53 + 0.62 16.4 

Ni - 0.47 + 0.44 15.0 4.2 

co - 0.73 + 0.20 21.0 9.7 

Fe - 0.83 + 0.10, + 0.32 23.3 12.0 

Mn - 0.63 + 0.22 (irrev.) 18.7 9.2 

-OMn”“(O),+e~ - -OMn”‘(O),O- 

E”, +0.55 V vs. NHE (68) 

The extent of the stabilization of the oxygen atom in 
MnV1llO,P is indicated by the reduction potential for 
a free ‘0’ atom: 

-o+c- - ‘O- E”,H 14, + 1.43 v (69) 
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Table 8 
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Redox potentials for (Cl,TPP)M porphyrins (M=Zn, Mn, Fe, Co) and their complexes in HzCC12 

E”’ (V vs. SCE) 

MP2+ tMP’+ MP’+ c MP PMLePM+L- MP-tMP’- MI’- + MP*- 

(Cl,TPP)Hz + 1.63 + 1.23 - 1.10 - 1.54 

(Cl,TPP)Zn” + 1.34 +1.02 - 1.27 - 1.72 

(CI,TPP)MnmCI” + 1.49 - 0.06 - 0.23 - 1.34 

(C18TPP)Fe”‘CI + 1.64 +1.35 - 0.29 -0.97 (MdM-) - 1.63 

(Cl,TPP)Co” + 1.25 + 0.82 -0.86 (MdM-) - 1.29 

(Cl,TPP)Fe”‘OHb + 1.64 + 1.35 - 0.75 - 1.31 - 1.63 

‘(Cl,TPP)Mn”‘Cl~ [(Cl,TPP)Mn’“Cl]+ +e-, E”’ = + 0.88 V vs. SCE. 

“(C1~TPP)Fe”‘0H-r[(C1,TPP)Fe’“(0)] +e-, E”’ = + 1.00 V vs. SCE; generated from (Cl,TPP)Fe”‘Cl plus 1 equiv. of (Ba,N)OH. 

-I 
+2.0 +I.0 0.0 -1.0 -2.0 

E, V vs SCE 

Fig. 5. Cyclic voltammograms in MeCN of (a) 3 mM 
Fe”(OPPhs)4(C104)2 and (b) 3 mM (Ph~P04*+Fe”‘OOH. Scan rate, 

0.1 V s-‘; glassy carbon working electrode (area 0.11 cm’). 

6. Metalloporphyrins 

Although metalloporphyrins often are classified as 
coordination complexes, they are much closer to organo- 
metallic compounds with their strong metal-nitrogen 
covalent bonds. Table 8 summarizes the redox potentials 
for several neutral porphyrins and their chloro and 
hydroxo derivatives [9]. Again the electron-transfer 
processes are ligand- or porphyrin-centered. However, 
the reductions of (Cl,TPP)Co” and (Cl,TPP)Fe” are 
unique because they are metal-centered to give 
(Cl,TPP)Co- and (ClTPP)Fe- [ll]. The latter are 
nucleophiles that react with alkyl halides, e.g. 

(CI,TPP)Fe- + n-BuBr - 

(C1,TPP)Fem-(n-Bu) + Br- (70) 

In summary, the electron-transfer reactions for metals, 
metal complexes and metalloporphyrins are ligand- 
centered (or solvent-centered). In each case the po- 
tential for the oxidation of free ligand is decreased in 
the presence of metal or reduced-metal complex by an 
amount that is proportional to the metal-ligand bond 
energy ( - AGDF). 
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