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Abstract 
 

Mechanistic Study on Multi-Electron Processes in 
POM Catalysis  

 
By  

 
Mooeung Kim 

 
Polyoxometalate (POM)-based catalytic oxidations have been attracting great 

attention and are even used in several commercialized POM-dependent processes owing to 
their distinctive natures, especially high stability toward oxidative and hydrolytic 
degradation as well as capability to transfer multiple electrons without structural 
alterations.  POM-based aerobic oxidation generally comprise two steps: (1) oxidation of 
a substrate catalyzed by the form of POM and (2) the counterpart, reoxidation of reduced 
POM by O2.  The latter step is usually slower than the former, and thus is rate-limiting, so 
that is generally considered the key reaction in POM-catalyzed O2-based oxidations.  In 
addition, the development of efficient water oxidation catalysts (WOCs) has been 
challenging.  The fact that water oxidation is a multi-electron process has led to utilizing 
POMs as WOCs.  Cobalt-containing species including POMs, CoOx and others are known 
to be among the most active WOCs.  However, understanding the behavior and mechanism 
of aqueous cobalt is necessary due to the lack of detailed investigations on aqueous cobalt.  
Given these facts, this dissertation is mainly on the focus of two parts: (1) O2-based POMred 
reoxidation to make it more efficient and (2) a thorough analysis on aqueous cobalt WOCs. 

The reoxidation process is investigated in Chapters 2 through 4.  The first part 
describes Cu catalysis of the reoxidation process.  Chapter 2 addresses the fact that trace 
amounts of Cu efficiently catalyze oxidation of the one-electron-reduced Keggin 
heteropolytungstates, SiW12O40

5–.  Chapter 3 involves further advances using both Cu(II) 
and Fe(II) as a more efficient POMred reoxidation catalyst, and Chapter 4 describes aerobic 
(O2-based) reoxidation of reduced POMs that have much higher potentials by nitrous acid. 

The last chapter addresses the true catalysts in catalytic water oxidation using 
aqueous cobalt and [Co4(H2O)2(VW9O34)2]10–: key catalytic species and mechanisms are 
elucidated.  Double-mixing stopped-flow kinetics and systematic computational 
calculations ascertain the possible active catalysts in water oxidation by aqueous solutions 
of cobalt ion, Co(II), that are present in many types of water oxidation catalysts. 
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1.1   Fundamental Overview of Polyoxometalates 

 Polyoxometalates (POMs) are defined as early transition metal oxyanion clusters.1-

4  These clusters can be formed by aggregation and condensation with the formation of 

transition metal oxo species in aqueous media.  POMs are generally based on addenda 

atoms at their highest oxidation states (d0) such as V(V), Nb(V), Mo(VI), Ta(V), or W(VI), 

and may contain various heteroatoms (e.g. Al, Si, P, Ge, or As) depending on the 

coordination geometries (tetrahedral, octahedral, or square pyramidal).  These structures 

are classified into two families: “isopolyanions”, composed of only one metal (addenda 

atom) and oxygen atoms, and “heteropolyanions”, which also contain one or more 

heteroatoms in the polyanion unit.5  The latter are generally more hydrolytically stable than 

the former.  The spontaneous condensation from precursors (metal oxyanions and the 

heteroatom) into POMs is carefully controlled by acidity, concentration, ionic strength, 

ratio of addenda oxyanion and heteroatom, reaction time, solvent, and temperature, etc.  

These synthetic conditions can give rise to a wide diversity of functional properties 

belonging to the structural and compositional differences in POMs.6  Despite the high 

tunability of POMs, the clusters are oxidatively and thermally stable, and most are also 

hydrolytically stable over a substantial pH range.  The addition of alkali metal counter 

cations (e.g. Li+, Na+, K+, Rb+, Cs+) to aqueous solutions can lead to isolation and 

purification of POMs via crystallization.   

The very first POM was discovered by Berzelius in 1826, ammonium 

phosphomolybdate ((NH4)3PMo12O40).7  The structure of this POM, however, was not 

determined due to a lack of analytical techniques at the time.  Thanks to the invention of 

X-ray diffraction, the α-Keggin structure was identified in 1934,8,9 and this led to the 
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extensive development of new POM compounds, an enterprise that has continued to date.  

There are a multitude of reports targeted change in the chemical, structural and physical 

properties of POMs by addition of other atoms or groups.  Some representative structural 

families such as Lindqvist, Keggin (separately shown in Figure 1.2 in more detail), Well-

Dawson, Crown (also known as the “Wheel”), and Preyssler structures are illustrated in 

Figure 1.1.  Dramatic contributions to development of new POM structures have given rise 

Figure 1.1.  Representative polyhedral structures of polyoxometalates: (a) Lindqvist, 

(b) Wells-Dawson, (c) crown (or wheel), and (d) Preyssler structures. 
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to breakthroughs in various fields, mainly catalysis, materials, medicines, energy, and 

chemical/biochemical analysis, etc.10,11 

One of the most important and well-studied POMs is the Keggin structure with a 

general formula of [XM12O40]n–, where X (heteroatom) is commonly PV, SiIV, or AlIII, and 

M is Mo or W.  This plenary structure is composed of 12 octahedral metal oxyanions 

surrounding a tetrahedral heteroatom-oxygen unit in center, giving an overall tetrahedral 

geometry based on the central heteroatom tetrahedron.  This structure contains four M3O13 

units (grouped by three MO6 units) that are corner- and edge-shared with other units.  This 

representative and traditional structure is referred to a α-Keggin structure, and has total five 

isomers presented in Figure 1.2.  The 60° rotation of M3O13 clusters provides the other four 

Figure 1.2.  Polyhedral structures of the Keggin POM isomers.  Orange, XO4 tetrahedra; 

grey, MO6 octahedra; black, M3O13 units rotated by 60°. 
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possible isomers (β, γ, δ, and ε).  The most thermodynamically stable isomer is the α-

Keggin structure, and only three (α, β, and γ) have been effectively characterized and 

synthesized of the five theoretically possible five isomers.  Several properties of these 

isomer forms have been scrutinized and compared in terms of their stabilities, structures, 

and energies.12-20  Therefore, the α-Keggin POM, unless otherwise noted, will be discussed 

without any notations in this study due to its dominant stability. 

Given that numerous properties of POMs have been documented, the compounds 

have been broadly applied to several fields including materials,21-30 medicine,31-38 some 

others,11,39-43 and dominantly, catalysis.44-50  In context with both fundamental research 

catalytic applications of POMs, I now discuss general POM properties.  

 

1.2   General Properties of Polyoxometalates 

 It is the remarkable variety of POM structures, in part, that has led to the versatile 

properties and applications of POMs noted above.  POMs have characteristic properties 

influenced by their size, shape, composition, acidity, charge density, solubility, and redox 

potentials.  The notable property of POMs, mainly heteropoly acids (HPAs), is strong acid 

behavior in solution.1  This acid properties were examined in detail by utilizing Hammett 

acidity constants and dissociation constants for HPAs in aqueous and several organic 

solvents.51-53  Kozhevnikov reported that H3PW12O40 is the strongest acid among HPA 

family, and even stronger than the usual mineral acids (e.g. H2SO4, HCl, HNO3) based on 

the dissociation constants in acetone.54  The acidity combined with the catalytic oxidation 

activity of HPAs, has led to the development of selective organic transformations utilizing 
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HPAs as acid catalysts,55,56 and several of these (e.g. hydration of olefins, oxidation of 

methacrolein, polymerization of tetrahydrofuran, etc) have been commercialized.57,44,45  

POMs have photochemical activity as well.  The excitation of POMs involves 

charge transfer (CT) from oxygen atom to fully oxidized (d0) transition metal center 

(LMCT) under the irradiation of UV or near-visible light.  These LMCT bands, assigned 

as O2p → W5d or Mo4d, are in the UV region.58  The photo-excited LMCT bands involve 

the promotion of an electron from oxygen centered orbitals (HOMOs) and to empty metal 

orbitals (LUMOs).59  The excited state of the CT species is a better oxidant than the ground 

state and frequently has radical character.60  The reduced POMs resulting from quenching 

of the CT excited POMs are commonly intense blue in color.  As a consequence, they are 

commonly called “heteropoly blues”,61-68 while the oxidized POMs are almost always 

colorless or pale yellow.  The blue color of the reduced POMs results from an intervalence 

CT (IVCT) band around 700 nm in the electronic absorption spectrum (Figure 1.3).66-68 

One of the most important properties of POMs, along with their photochemical 

ones, is the capability to accept or release one or more electrons without any changes (or 

decomposition) in their structures under the appropriate conditions.  As mentioned in the 

previous section, POMs contain transition metals in their highest oxidation states, so that 

can oxidize many other compounds.  Thus POM redox properties are pervasively important 

in POM chemistry,11 and will be discussed in context with POM-based oxidation catalysis 

in this chapter. 
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1.3   Applications of POM Catalysis 

1.3.1   POM-Catalyzed Oxidation Processes 

POMs have been extensively investigated in numerous fields, however, mostly in 

catalysis.  The promising and distinctive properties of POMs, facilitating great thermal and 

oxidative stability (against oxidative decomposition) and extensive redox properties, have 

led to myriad investigations in POM-based catalysis.  Organic compound oxidations by the 

environmentally benign oxidants, O2 and H2O2 catalyzed by POMs (frequently heteropoly 

Figure 1.3.  The representative absorption spectra of [SiW12O40]4– (oxidized form, red 

line) and [SiW12O40]5– (one electron reduced form, blue line) in 50 mM sodium sulfate 

buffer.  The labels represent electronic transitions. 
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acids) have considerable impact, and several of these selective hydrocarbon processes 

commercialized.  Further advances in POM-catalyzed oxidation processes have been 

extensively reported in context with water oxidation and/or reduction. 

The special volume of Chemistry Reviews on POMs was published in 1998.10  

POM-catalyzed oxidation reactions in the liquid-phase were reviewed by Kozhevnikov et 

al.69  Heterogeneous POM-catalyzed oxidations were addressed by Misono et al.,46 and 

Steckhan et al. reviewed the electrocatalytic oxidations by transition metal-substituted 

heteropolyanions with a mechanistic and kinetic perspectives.47  Subsequently, Mizuno et 

al. reviewed catalytic hydrocarbon oxidation by H2O2.70  Their review covers vanadium-

based compounds and POMs in both homogeneous and heterogeneous catalysis in the 

liquid phase.  Sun and Basset et al. have summarized numerous oxidation processes, 

especially the oxidation of light alkanes (C1 – C4) catalyzed by heteropoly compounds.71  

POM-catalyzed oxidations of hydrocarbons, arenes, alcohols, phenols and other organic 

compounds were recently reviewed by Yang et al.50  The most active area in POM catalysis 

recently have been in water oxidation, largely now referred to as “water splitting”, which 

reflects the major global research effort today on solar fuel generation (artificial 

photosynthesis).  This area will be detailed in the next section. 

 The general mechanism of O2-based POM-catalyzed oxidation reaction is shown 

in Scheme 1.1.  The POMs are reduced by the substrate, which can be organic compounds, 

environmental pollutants, chemical warfare agents (CWAs), toxic industrial chemicals 

(TICs), or biological targets, etc., then the reduced POM is reoxidized by green oxidants, 

O2 (or H2O2).  Oxidative delignification (also known as wood pulp bleaching) is an 
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excellent and well-studied example of POM-catalyzed O2-based oxidation processes.72-75  

This chemistry can be achieved by utilizing POMs with O2 because lignin has a lower 

redox potential than polysaccharides and, consequently, the former is more readily 

oxidized than the latter.76  The two general steps in these O2/air-based oxidations is 

illustrated in Scheme 1.1.  One substrate (Sub) can be the lignin.  The thermodynamic 

requirement for oxidative delignification is that the redox potential of POM should be 

higher than that of lignin but more negative than that of O2 (O2 to H2O).  Most POMs used 

in lignin oxidation are transition-metal-substituted Keggin POMs such as [PV2Mo10O40]5–

, [PVW11O40]4–, [SiVW11O40]5–, [SiMnW11O40]5–, and [AlVW11O40]6–, etc.72,77-80  Here the 

problem is that the oxidative removal of lignin is inefficient or nonexistent when using 

POMs with lower redox potentials.  Alternatively, reoxidation of the reduced POM can be 

ineffective for the POMs with higher potentials.  

Scheme 1.1.  The general two-step mechanism for oxidation of substrates by O2 

catalyzed by POMs. 
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Reoxidation of reduced POMs (the right blue part in Scheme 1.1) is generally 

considered as a rate-limiting step in overall O2-based POM-catalyzed oxidation reactions.  

However, O2 reduction to water, while thermodynamically favorable is frequently not 

kinetically favorable because O2 is a ground state triplet.  Moreover, one-electron reduction 

of O2 generating superoxide is the most unfavorable step (the most negative reduction 

potential) in the overall four-electron reduction process.  Given these facts, POM-based 

substrate oxidation, but more frequently, reduced POM reoxidation is a success-limiting 

phenomenon.  Understanding the reoxidation process, however, has been much less 

investigated in terms of mechanistic and kinetic studies.  Thanks to Weinstock’s 

contributions to this chemistry, however, some detailed and consequently informative 

mechanistic studies have been documented.81-83  The electron transfer (ET) process from 

the reduced POM to O2 was systematically investigated using one electron-reduced Keggin 

heteropolytungstate anions (α-Xn+W12O40
(9–n)–, X = Al3+, Si4+, P5+).84  Detailed kinetics and 

mechanism studies, including the Marcus cross relation, indicate that the ET process occurs 

via an outer-sphere ET process.  Additionally, the formation of protonated superoxide 

(HO2
•) originates through two consecutive steps; first, outer-sphere ET, followed by proton 

transfer (PT), named an ETPT mechanism, instead of simultaneous proton-coupled 

electron transfer (PCET) process.  The advanced study confirmed that ETPT from the one-

electron-reduced POM (here [PW12O40]4–) to O2 is converted to concerted proton-electron 

transfer (CPET) at higher concentrations of proton (in the range of 0.3 to 1.9 M), resulting 

the formation of HO2
•, while the ET proceeds via ETPT at lower proton concentrations 

(0.01 – 0.3 M).85  A very recent review by Neumann and Weinstock addresses the use of 
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molecular oxygen in reactions mediated by polyoxometalates including in depth kinetic 

and mechanistic studies.83 

 

1.3.2   POM Catalysis in Water Oxidation 

 Significant contributions and accomplishments in sustainable and renewable 

energy have given rise to breakthroughs to overcome world energy problems over the past 

decade.  Solar is the one energy resource that has the capacity to power our civilization, 

and is thus of potential interest in various scientific fields.86-88  Solar fuel generation 

requires catalysts for both water splitting reduction of H2O or CO2 (Scheme 1.2).  The 

development of water oxidation catalysts (WOCs) is more challenging than for water 

reduction (proton reduction) because water oxidation is of a four-electron process requiring 

a high oxidizing potential (versus two-electron low-potential process for water reduction) 

and proceeds through a proton-coupled electron transfer (PCET) mechanism.   

 The performance of homogeneous WOCs is evaluated generally in two ways: 

“dark” and “light-driven” systems.  The dark system mainly consists of a WOC, water, and 

sacrificial oxidant (commonly  [Ru(bpy)3]3+) which can oxidize water to O2 (Scheme 1.3 

Scheme 1.2.  Water splitting half reactions. 
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(a)) in the absence of light.  The other system, light-driven system, however, requires a 

photosensitizer (commonly  [Ru(bpy)3]2+) and a sacrificial electron acceptor (commonly 

S2O8
2–) plus light (Scheme 1.3 (b)).  After irradiation, the excited photosensitizer is  

quenched by a sacrificial electron acceptor, generating the oxidant, [Ru(bpy)3]3+, which in 

turn, oxidizes the WOC.  

Great efforts to design better solar fuel systems have led to significant intellectual 

as well as potentially practical insights in WOC chemistry.  A large number of WOCs have 

been reported in context with homogeneous, heterogeneous and electrochemical systems 

in the past few years.89-103  POMs are excellent candidates for both homogeneous and 

heterogeneous WOCs as they possess hydrolytic, oxidative and thermal stability as well as 

rich and tunable multi-electron redox chemistry.  Good WOCs and other multi-electron-

transfer catalysts should exhibit the ability for redox levelling, high stability, selectivity, 

and high catalytic performance.104  These evident guidelines led to the development of a 

Scheme 1.3.  Water oxidation catalytic cycles for (a) a “dark” system and (b) a “light-

driven” system.  OX, P, and A represent an oxidant, a photosensitizer, and a sacrificial 

electron acceptor, respectively. 
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POM with a tetraruthenium-oxo core, [Ru4(µ-O)4(µ-OH)2(H2O)4(γ-SiW10O36)2]10– 

(Ru4Si2), the first molecular and carbon-free WOC (crystal structure in Figure 1.4 (a)) in 

2008.105,106  The homogeneous catalytic water oxidation activity of Ru4Si2 was examined 

by Hill group, using [Ru(bpy)3]3+ as an oxidant in phosphate buffer at pH 7.2.105  Later, 

they evaluated catalytic water oxidation performance of Ru4Si2 in a light-driven system 

utilizing [Ru(bpy)3]2+ and S2O8
2– as a photosensitizer and a sacrificial electron acceptor, 

respectively.107  Further advanced studies have probed the stability, mechanism, catalytic 

activities under certain conditions.108-114  Among other efforts, Ru4Si2 was compared with 

the P-centered structural analogue, Cs9[(γ-PW10O36)2RuIV
4O5(OH)(OH2)4] (Ru4P2),115 

which is also a good WOC with extensive hydrolytic stability.  All these activities have led 

to confirmation of the marked WOC performance of this class of compounds.116,117,113,118-

121 

 A tetracobalt-substituted polytungstate, [Co4(H2O)2(PW9O34)2]10– (Co4P2), was a 

breakthrough in the area of molecular water oxidation catalysts (crystal structure in Figure 

1.4 (b)).122,123  This earth-abundant metal-containing POM can catalyze water oxidation 

with exceptional efficiency in the dark system providing a turnover frequency (TOF) of 5 

s–1 in  phosphate buffer at pH 8.0.  Consequently, substantial interest in Co4P2 have given 

rise to further advances in analysis, mechanistic studies, and catalytic activities under a 

range of conditions.124-131  Several reviews provide details from various 

perspectives.104,91,132   
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  In addition to Co4P2, our group reported an exceptionally fast molecular water 

oxidation catalyst, which is an analogue of Co4P2 with a replacement of P to V, 

[Co4(H2O)2(VW9O34)2]10– (Co4V2) (crystal structure in Figure 1.4 (c)).133  Co4V2 showed 

a TOF value ~ 1000 s–1 in 80 mM borate buffer at pH 9.0 under the dark system conditions.  

Additionally, Co4V2 produces a twice higher yield of O2 relative to Co4P2 using light-

driven photochemical conditions.  Folkman and Finke provided additional stability studies 

of Co4V2, suggesting decomposition of Co4V2, resulting in the formation of CoOx film 

(possibly from oxidation of Co2+(aq) impurities), and that Co2+ is a most likely water 

oxidation catalyst under electrochemical conditions.134  However, the hydrolytic stability 

of Co4V2 is still in debate, yet the catalytic water oxidation activity of Co4V2 was not 

Figure 1.4.  Crystal structures of the representative POM water oxidation catalysts in 

polyhedral representation: (a) [{Ru4O4(OH)2(H2O)4}(γ-SiW10O36)2]10–, (b) 

[Co4(H2O)2(PW9O34)2]10–, (c) [Co4(H2O)2(VW9O34)2]10–. Color: Si, light brown; P, 

orange; V, yellow; Co, blue; Ru, dark cyan; W, grey.  
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specifically investigated by them.  Separately, the mechanistic of Co4V2-catalyzed water 

oxidation was elucidated recently by DFT calculations.130  The d orbital coupling between 

V and Co results in an increase in the oxidation potential of the Co centers and results in 

better performance of Co4V2 versus Co4P2 in water oxidation.  A very recent study 

addressed the difference in electronic structure between Co4P2 and Co4V2 using soft X-ray 

absorption (XAS) and resonant inelastic X-ray scattering (RIXS) spectroscopies, 

confirming the higher water oxidation catalytic activity of Co4V2.135   

 

1.4   Goal of This Work and Outline 

 The main objective of this dissertation is to understand the kinetics and mechanisms 

of key POM reactions to make more efficient POM catalysis.  First, I focus on the catalysis 

of reduced POM reoxidation, as this is central to many POM-catalyzed redox processes, 

including those using O2 as the terminal oxidant.  Later on, I investigated cobalt species, 

including Co-containing POMs, as water oxidation catalysts.  The various experimental 

techniques such as a stopped-flow kinetics, and other spectroscopic methods have been 

employed to achieve our goal.  The experimental results and proposed mechanistic study 

are supported by computational studies. 

 Chapter 2 reports the catalytic oxidation of reduced POMs by O2, which is a 

challenging step in POM catalysis and usually must be facile to make the overall catalysis 

efficient.  This study is mainly focused on the behavior of aqueous Cu2+ as a co-catalyst 

for the oxidation of reduced Keggin heteropolytungstates by O2 in an acidic aqueous 

environment.  Thorough kinetic and mechanistic studies concur with the implications of 

our experimental results.  Chapter 3 reports that the rate of reduced POM reoxidation by 
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O2 for POMs with higher reduction potentials is rapid and effective when both Cu(II) and 

Fe(II) are also present as co-catalysts.  The role of copper and iron in the catalysis and the 

catalytic pathway are established with experiments as well as computational studies. 

 In Chapter 4, nitrous acid is used to enhance the catalytic efficiency in POMred 

oxidation for practical purposes.  The series of one electron-reduced vanadium, V(IV), -

substituted Keggin heteropolytungstates possessing much higher reduction potentials are 

investigated.  In addition, the effect of heteroatoms in POMred oxidation is addressed by 

electrochemical and computational studies. 

 Chapter 5 reports identification of the true water oxidation catalysts in WOC 

systems that contain some cobalt-containing species including Co-POM (especially 

Co4V2) and aqueous Co(II).  Additionally, understanding the role of aqueous cobalt species 

as a WOC is addressed.  This research focusses on homogeneous water oxidation 

conditions and the distribution of aggregated Co complexes on reaction of Co(II) with 

[Ru(bpy)3]3+.  This work identifies the true WOCs, and involves supporting experiments 

that use a double-mixing stopped-flow kinetics system and complementary computational 

studies. 
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2.1   Introduction 

A multitude of polyoxometalate (POM)-catalyzed O2-based oxidation reactions 

have been studied and several of these processes have been commercialized.1-13  These are 

a sub-set of catalytic O2-based oxidation processes that continue to be heavily investigated 

because of their environmental attractiveness and potential low cost.14-17  POMs afford 

several advantages as oxidation catalysts, including the ability to address the low reactivity 

of O2 in the ground-state, readily store a single electron at a controllable potential, and 

function as highly effective ligands (carbon-free, multidentate and synthetically tunable) 

for d-electron-metal(s) active sites.5,8-10,12,18-21  A central feature of these O2/air-based 

oxidation processes is the reaction of the reduced POM (POMred) with O2.7,11,22-25  This step 

is frequently much slower than oxidation of the substrate by the oxidized (resting oxidation 

state) POM (POMox) to form POMred.6,22-27  Given this fact, it is surprising that major efforts 

have not been expended to find catalysts for this bottleneck POMred + O2 step.   

While the overall reduction of O2 to water by POMred is known to be a complex 

sequence of electron transfer (ET) steps with intermediate formation of O2
−•/HO2

• and 

H2O2,28 comprehensive experimental and theoretical studies have unequivocally 

demonstrated that the first step of POMred + O2 proceeds via an outer-sphere ET 

mechanism,28 eq 2.1:  

POMred  +  O2  →  POMox  +  O2
−•     (2.1) 

Outer-sphere ET processes such as eq 2.1, however, are commonly slow.  Cu ions have 

been previously noted to catalyze POMred + O2, but the authors focused their efforts on the 

inhibition of this reaction.28  There are numerous examples where classical outer-sphere 

one-electron-transfer processes are actually catalyzed by submicromolar concentrations of 
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copper.29,30  Trace amounts of copper efficiently catalyze the oxidation of cysteine and 

related thiols by hexacyanoferrate(III)31 and thioglycolic acid by 

octacyanomolybdate(V).32  Bagiyan et al. reported that oxidation of thiols by O2 in neutral 

and alkaline solutions is catalyzed by Cu complexes.33  Such complexes can be efficient in 

switching redox processes of coordination compounds from outer-sphere to multistep 

pathways involving the Cu(II)/Cu(I) couple.  Additionally, Williams et al. documented that 

the decomposition of S-nitrosothiols (RSNO) to nitric oxide and disulfides in neutral 

aqueous solution is efficiently catalyzed by traces amounts of copper.34 

In this Chapter, we herein examine the mechanism of this critical POMred + O2 step 

using the oxidized α-Keggin anions, α-Xn+W12O40
(8−n)− (POMox) and their 1e–-reduced 

counterparts, α-Xn+W12O40
(9−n)− (POMred, where X = Al3+, Si4+, and P5+, AlW12red, 

SiW12red, and PW12red, respectively).  These complexes have been selected for initial in-

depth study because they are well known, thoroughly characterized and extensively 

studied.35,36  They are also well behaved (stable, non-protonated and free of ion pairing 

over a wide range of pH and ionic-strength values in water).  We report that POMred + O2 

for these complexes (AlW12red, SiW12red, or PW12red + O2) is efficiently catalyzed by 

trace amounts of copper ions.  The reaction kinetics are thoroughly studied and a reaction 

mechanism is proposed that quantitatively describes the experimental data. 
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2.2   Experimental  

2.2.1   Materials   

Fully oxidized α-Keggin ions (POMox), α-K5AlW12O40,35,37,38 and α-

K4SiW12O40,39,40 were prepared using published methods; α-Na3PW12O40 (+99.9%) was 

purchased from Sigma-Aldrich, Inc.  The reduced Keggin ions, POMred were prepared by 

constant-potential bulk electrolysis of 1 − 2 mM solutions of the parent POMox under Ar 

as described previously,28,41 and subsequently stored under Ar.  The ratio of 

[POMred]/[POMox] was controlled by the charge passed through the solution.  All chemicals 

were of commercial quality unless otherwise specified.  Sulfate buffer solutions were 

prepared using Barnstead Nanopure® quality water from Na2SO4 (99+%) and NaHSO4 

(99%) reagents purchased from Sigma-Aldrich.  Copper sulfate (99.99+%) purchased from 

Sigma-Aldrich, was used as a source of Cu(II). 

 

2.2.2   Electrochemistry   

All electrochemical data were obtained using a BAS CV-50W electrochemical 

analyzer.  Cyclic voltammograms (CVs) and bulk electrolysis were conducted at room 

temperature (24 ± 2 °C) as previously described28,41 using an Ag/AgCl (3 M NaCl) BAS, 

glassy carbon, and Pt wire as the reference, working and counter electrodes, respectively.  

CVs were recorded in buffered solutions in the presence of 100 mM NaClO4 as an 

electrolyte.  A reticulated vitreous-carbon working electrode was used as a working 

electrode in bulk electrolyses to prepare aqueous solutions of POMred.  Extinction 

coefficients of the 1e−-reduced α-Keggin anions were previously reported: ε700 = (1.48 ± 

0.1) × 103 and (1.56 ± 0.1) × 103 M–1cm–1 for SiW12red and PW12red, respectively.28 
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2.2.3   Kinetic Measurements 

The reaction kinetics were followed using an SF-61 stopped-flow instrument (Hi-

Tech Scientific, UK) measuring changes in absorbance at 700 nm with time.  One feed 

syringe in the stopped-flow apparatus was filled with a deaerated solution of POMred.  

These solutions were diluted, as needed, with O2-free buffer/electrolyte solution.  The 

second syringe was filled with Cu(II) in the same buffer/electrolyte solution but saturated 

with O2 or air.  The solubility of dioxygen in water with an ionic strength of 175 mM at 25 

°C and 1 atm O2 was taken as 1.15 mM.28  In all stopped-flow kinetic measurements, the 

concentrations of O2, POMred and Cu(II) in the reaction mixture were twice lower than in 

the feed syringes.  The initial reaction rates were obtained using an iterative (self-

consistent) form of the method of initial rates.  The fitting of kinetic curves was performed 

using COPASI 4.13 (Build 87) software (www.copasi.org).   

 

2.3   Results and Discussion 

2.3.1   Catalytic Effect of Cu(II)   

The rate of AlW12red oxidation by O2 is significantly faster in the presence of 

Cu(II) (added as CuSO4) over a wide range of pH (1.8 − 7.4).  The reaction with AlW12red 

is almost 25 faster if 38 µM Cu(II) is added at neutral pH as shown in Figure 2.1 (a).  The 

reactions of reduced SiW12red and PW12red (henceforth POMred) with O2 are also 

catalyzed by copper ions.28  Since these POMred are unstable at neutral pH we moved to 

pH 2.0 (50 mM sodium sulphate buffer) containing 100 mM NaClO4 to minimize the effect 

of ionic strength.  The representative kinetic curves are shown in Figure 2.1 (b).  The 
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reaction with SiW12red proceeds 2 orders of magnitude faster if 10  µM Cu(II) is added 

(~3% based on [SiW12red]0).  Here, the catalysis of SiW12red and PW12red
 will be 

discussed since they are oxidized directly by O2 slower than AlW12red.  The transition 

Figure 2.1.  Effect of Cu(II) concentrations on kinetics of (a) AlW12red and (b) SiW12red 

oxidation by O2 followed by the decrease of absorbance at 700 nm (the initial absorbance 

is normalized to 1.0).  (a) [AlW12red]0 ~ 0.55 mM, [O2]0 = 0.58 mM, pH 7.2, 50 mM 

phosphate buffer, 100 mM NaClO4, 25 °C.  (b) [SiW12red]0 ~ 0.11 mM, [O2]0 = 0.12 mM, 

pH 2.0, 50 mM sulfate buffer, 100 mM NaClO4, 25 °C.	
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metal cations Co(II), Fe(II), Mn(II), Ni(II), and Zn(II) (sulfate salts) were also screened for 

catalytic activity, but only the Cu salts were active.   

 

 2.3.2   Reaction Stoichiometry   

Earlier we showed that the reaction between POMred and H2O2 is much slower than 

with O2 despite the greater driving force for reduction of H2O2 than for O2.28  Therefore, it 

was not a surprise that the product of the reaction between POMred and O2 proved to be 

H2O2, proceeding with the reaction stoichiometry in eq 2.2: 

2 POMred  +  O2  +  2 H+  →  2 POMox  +  H2O2   (2.2) 

The addition of copper might alter the reaction stoichiometry due to copper catalyzed 

POMred oxidation by H2O2.  The kinetics of catalytic SiW12red oxidation by O2 at 

[SiW12red]0/[O2]0 > 4 is shown in Figure 2.2.  These data are consistent with the 

stoichiometry in eq 2.2.  For example, 0.12 mM of [O2]0, is quickly and completely 

consumed by 0.42 or 1.05 mM of [POMred]0 in 0.54 and 1.2 s.  In both cases the decrease 

in absorbance of POMred as measured at 700 nm, ΔA, is about 0.34.  For both cases, after 

completion of the reaction between POMred and O2, the absorbance decreases slowly.  This 

process is assigned to the catalytic oxidation of POMred by H2O2.  At higher [Cu(II)], an 

additional amount of POMred is consumed to reduce Cu(II) to Cu(I)/Cu(0).  The reaction 

of PW12red with O2 is slower and two-phase kinetics (such as in Figure 2.2) is not clearly 

observed.  Therefore, the kinetics of PW12red consumption was studied at rather low 

conversion (20 – 50 %) of PW12red.  
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2.3.3   Dependence of the Initial Reaction Rate on [Cu(II)]0, [POMred]0, and [O2]0   

Earlier, it was shown that a direct reaction of POMred with O2 obeys the rate law in 

eq 2.3.28 

−d[POMred]/dt  =  k3[POMred]0[O2]0     (2.3) 

 In the presence of copper the initial reaction rates are linearly dependent on 

[SiW12red]0 and [Cu(II)]0, thus −d[SiW12red]/dt = kapp(SiW12)[SiW12red]0[Cu(II)]0, 

Figure 2.3 (a).  In this case, the contribution of non-catalyzed pathway is negligible.  From 

the slopes of the straight lines we determined kapp(SiW12) = 1.3 × 105 and 2.1 × 105 M−1s−1 

for the experiments performed under air and O2, respectively.  From the data in Figure 2.3 

Figure 2.2.  Kinetics of SiW12red oxidation by O2.  Conditions: [SiW12red]0 ~ 1.05 (red), 

0.69 (green), and 0.42 mM (blue), [O2]0 = 0.12 mM, [Cu(II)] = 10 µM, pH 2.0, 50 mM 

sodium sulfate buffer, 100 mM NaClO4, 25 °C.  Dotted lines indicate the reaction 

stoichiometry in eq 2.2.  Dashed lines are the theoretical curves. 
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(b) under O2, the rate constant kapp(SiW12) = 2.4 × 105 M−1s−1, which is close to the value 

obtained from Figure 2.3 (a).  The ratio for kapp(SiW12) obtained under O2 and air and is 

about 2, but not 5 as expected for the first order reaction with respect to [O2].  This indicates 

that the rate is weakly dependent on [O2] at high [O2], which is consistent with the eq 2.17 

(reaction rate law).  
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Figure 2.3.  (a) Dependence of initial rate (−d[SiW12red]0/dt) on [Cu(II)]0 at 0.12 mM 

(Δ), and 0.58 mM (○) [O2]0, [SiW12red]0 ~ 0.1 mM.  (b) Dependence of initial rate 

(−d[SiW12red]0/dt) on [SiW12red]0 at 0.58 mM [O2]0 at 5 µM [Cu(II)].  Conditions: 50 

mM sodium sulfate buffer; 100 mM NaClO4; pH 2.0, 25 °C.  
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 The same procedure was conducted for PW12red. In the presence of copper the 

initial rates are linearly dependent on [Cu(II)]0 (Figure 2.4) and for PW12red, kapp(PW12) 

= 65 M−1s−1.  The slopes for the reactions under dioxygen and under air are the same, which 

means that the rate of PW12red oxidation is effectively independent on [O2].   

 

 

2.3.4   Quantification of Contamination by Cu(II)   

In previous studies, we and other groups reported that utilization of Cu-free aqueous 

electrolyte solutions is highly problematic because Cu ions are always present as trace 

contaminants.28,30,42  Here we estimated the concentration of Cu contamination in our 

solutions.  Neocuproine, 2,9-dimethyl-1,10-phenanthroline (DMP), was employed to 

Figure 2.4.  Dependence of initial rate (−d[PW12red]/dt) on [Cu(II)]0 at different initial 

concentrations of O2.  Conditions : ([O2]0) = 0.12 mM (Δ), and 0.58 mM (○) at pH = 2.0 

and at 25 °C; 50 mM sodium sulfate buffer; 100 mM NaClO4; [PW12red]0 ~ 0.33 mM. 
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quantify the presence of potential trace Cu(II).  DMP forms the hydrolytically stable 

complex, [Cu(DMP)2]+ 43,44 (logβ2 = 19.1).  DMP is partly protonated at low pH (pKa = 

5.85).  This complex has a high reduction potential: 580 mV versus SCE in DMF,45 and 

therefore cannot be oxidized by O2 thus facilitating a separate catalytic cycle.  

Consequently, the addition of 10 − 40 fold excess of DMP over copper completely inhibits 

the catalysis by Cu(II).  The theoretical initial rates were calculated based on eq 2.3.  The 

speciation of Cu(II) complexes at pH 2.0 in the presence of DMP was calculated using 

HySS2009 software (http://www.hyperquad.co.uk/hyss.htm).  Agreement between the 

theoretical and experimental data was achieved at Cu(II) contamination ~ 0.1 µM (Figure 

2.5).   

 

Figure 2.5.  Initial rates of SiW12red oxidation by O2 at different neocuproine 

concentrations.  The circles represent the experimental data, and the solid line is calculated 

data for a Cu(II) contamination ~ 0.1 µM.  Conditions: pH 2.0, 50 mM sodium sulfate 

buffer, 100 mM NaClO4, 25 °C, [O2]0 = 0.12 mM; [SiW12red]0 ~ 0.17 mM. 
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2.3.5   Reaction Mechanism and Kinetic Model  

The catalytic effect of Cu(II) on autoxidation of transition metals by O2 under acidic 

conditions is described in the literature for several systems: autoxidation involving U5+,46 

Fe2+,47,48 U4+,49 and V3+.50  In the first system the catalysis is based on the 

thermodynamically favorable reduction of Cu(II) by UO2
+ yielding Cu(I), which is rapidly 

re-oxidized by O2.  In the second case the equilibrium in eq 2.4 is significantly shifted to 

the left: 

Fe2+  +  Cu2+  ⇄  Fe3+  +  Cu+      (2.4)  

The reduction potentials of the PW12ox/PW12red and SiW12ox/SiW12red couples are 255 

mV and 55 mV, respectively.28  The reduction potential of Cu2+
aq/Cu+

aq is 153 mV, thus 

the reduction of Cu2+
aq is slightly favorable thermodynamically for SiW12red and 

unfavorable for PW12red.  In sulfate (or phosphate) buffer Cu2+
aq

 forms CuSO4 (or 

CuH2PO4
+) with a pKa = 2.3 for CuSO4 (and 0.1 for CuH2PO4

+).51,52  These equilibria 

probably decrease the reduction potentials of Cu(II)/Cu(I) couples in buffered solutions.  

The speciation of Cu(II) and Cu(I) complexes will depend on the nature and concentration 

of buffer (sulfate or phosphate); this could well result in different reaction kinetics in 

different buffers.  

 Based on our data and literature data, we propose eqs 2.5 – 2.11 as the mechanism 

for copper-catalyzed reaction of POMred with O2.     

POMred  +  O2  +  H+  →  POMox  +  HO2
• k5(SiW12) = 8.5 M−1s−1 

k5(PW12) = 1.4 M−1s−1  

[ref 28] (2.5) 

POMred  +  HO2
•  +  H+  →  POMox  +  H2O2 k6 = 2 × 108 M−1s−1 [ref 28] (2.6) 

POMred  +  Cu(II)  ⇄  POMox  +  Cu(I) K7 = k7/k−7  (2.7) 
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Cu(I)  +  O2  +  H+  ⇄  Cu(II)  +  HO2
• k8 = 4.6 × 105 M−1s−1 [ref 53]  

 k−8 = 5 × 107 M−1s−1  [ref 54] (2.8) 

Cu(I)  +  H2O2  →  Cu(II)  +  HO•  +  HO− k9 = 5 × 103 M−1s−1 [ref 54] (2.9) 

HO•  +  Cu(I)  +  H+ →  H2O  +  Cu(II) Fast, > 109 M−1s−1  (2.10) 

HO•  +  POMred  +  H+ →  H2O  +  POMox Fast, > 109 M−1s−1  (2.11) 

 The reactions in eqs 2.5 − 2.11 are simplified; each reaction may proceed through 

several steps.  As we have shown earlier, the rate-limiting step in eq 2.5 is an outer-sphere 

electron transfer from POMred to O2.28  In general this reaction should be written as 

reversible, but the reverse reaction is much slower than the reaction in eq 2.6.  The reaction 

in eq 2.7 may proceed through an outer- or an inner-sphere ET mechanism.29  The reaction 

in eq 2.8 is likely to proceed through an intermediate complex of O2 and Cu(I).46  The 

overall reaction of POMred oxidation by O2 is first order with respect to [Cu(II)]0, Figures 

2.3 (a) and 2.4, therefore the reaction of Cu(I) with O2 is written in a simplified form (eq 

2.8).  The reaction thermodynamics of eqs 2.5 – 2.11 imposes constraints on the reaction 

rate constants.  The difference between ΔE7° for the reactions of SiW12 and PW12 should 

be equal to E15°(PW12) − E15°(SiW12), where E15°(PW12) and E15°(SiW12) are the 

standard reduction potentials of SiW12 and PW12, eq 2.15. 

O2  +  e−  +  H+  →  HO2
• E12° = 0.12 V (NHE at pH 2) (2.12) 

HO2
•  +  e−  +  H+  →  H2O2 E13° = 1.44 V (NHE at pH 2) (2.13) 

Cu(II)  +  e−  →  Cu(I) E14° (2.14) 

POMox  +  e−  →  POMred E15° (2.15) 
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2.3.6   Derivation of the Reaction Rate Law 

The equation for the initial reaction rate based on this mechanism is very complex.  

Therefore, we simplify the derivation of the initial rate by taking into account that in the 

beginning, eq 2.6 is much faster than the reverse reaction, eq 2.8 (commonly [POMred]0 >> 

[Cu(II)]0) and the contribution of the reactions in eqs 2.9 – 2.11 is negligible.  The reaction 

rate law is derived with assuming steady state conditions with respect to Cu(I) and HO2
•. 

The reactions are carried out in buffered solutions, therefore [H+] is not included in 

the reaction rate laws. 

−d POMred /dt =	k5 POMred O2  + k6 POMred HO2
·  + k7 POMred Cu2+

aq  

−  k-7 POMox Cu+
aq 	

Under our typical experimental conditions the ratio of the rates in eq 2.6 and the reverse 

rates in eq 2.8 is equal to k6[POMred] / k−8[Cu2+] >> 1.  Thus, the reverse reaction in eq 2.8 

can be ignored. 

 

Steady state conditions with respect to [HO2
•]	

d HO2
· /dt = k5 POMred O2  −  k6 POMred HO2

·  + k8 Cu+
aq O2  = 0 

HO2
·  =	 k5 POMred O2  + k8 Cu+

aq O2 /k6 POMred 	

	

−d POMred /dt = 2k5 POMred O2  + k7 POMred Cu2+
aq  

−  k-7 POMox Cu+
aq  + k8 Cu+

aq O2 	

	

Steady state conditions with respect to [Cu+
aq]	

d Cu+
aq /dt = k7 POMred Cu2+

aq  −  k-7 POMox Cu+
aq  −  k8 Cu+

aq O2  = 0	
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k7 POMred Cu2+
aq  = k-7 POMox Cu+

aq  + k8 Cu+
aq O2 	

	

−d POMred /dt = 2k5 POMred O2  + 2k8 Cu+
aq O2   

 

Mass balance 

Cu  =	 Cu+
aq  + Cu2+

aq  

Cu+
aq  = Cu 	−  Cu2+

aq 	

Cu+
aq  = k7 POMred Cu2+

aq / k-7 POMox  + k8 O2  = Cu − Cu2+
aq 	

Cu2+
aq  = 

k-7 POMox Cu  + k8 Cu O2

k-7 POMox  + k7 POMred  + k8 O2
 

 

After simple rearrangements, the rate law will be in eq 2.16: 

(d[POMred]/dt)0 = −2k5[POMred]0[O2]0 – 2k7[POMred]0[Cu(II)]0(k8[O2]0)   

/ (k−7[POMox]0 + k7[POMred]0 + k8[O2]0) (2.16) 

If the non-catalyzed reaction is slow, then eq 2.16 simplifies to eq 2.17: 

(d[POMred]/dt)0  =  −2k7[POMred]0[Cu(II)]0(k8[O2]0) / (k−7[POMox]0 + 

k7[POMred]0 + k8[O2]0) 

 

(2.17) 

 

2.3.7   Reaction of POMred with Cu(II) under Ar 

Based on the experimental data in Figure 2.3 (a) and when [POMox] is small at the 

beginning of the reaction, k–7[POMox], k7[POMred] << k8[O2] can be assumed under O2, and 

the eq 2.17 simplifies to eq 2.18: 

(d[POMred]/dt)0  =  −2k7[POMred]0[Cu(II)]0 (2.18) 
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which gives k7(SiW12) = kapp(SiW12)/2 ~ 1.1 × 105 M−1s−1 and k7(PW12) = kapp(PW12)/2 

~ 33 M−1s−1.  Since these values were calculated from a simplified reaction rate law, they 

should be considered as rough estimates.  To obtain more accurate data, the kinetics of 

SiW12red and PW12red with Cu(II) under Ar was examined.   

The initial part of the decrease of absorbance at 700 nm is presented in Figure 2.6.  

The theoretical rate for the reaction in eq 2.7 at the reaction time t is given.  

(d[POMred]/dt)t = −k7[POMred]t[Cu(II)]t + k−7 [POM]t[Cu(I)]t 

The reaction stoichiometry Δ[POMred]/Δ[Cu(II)] in the excess of POMred was found to be 

> 1 due to the further reduction of Cu(I) by POMred.  Therefore, the initial reaction rates at 

different initial concentrations of POMox and POMred were measured and were plotted as a 

function [POMred]t in Figures 2.7 and 2.8.  The Solver sub-program of Microsoft Excel was 

used to fit the experimental data with k7 and k−7 as variable parameters.  This leads to the 

Figure 2.6.  The initial decrease in absorbance at 700 nm (kinetics of SiW12red oxidation).  

Conditions: [SiW12red]0 ~ 0.4 mM, [Cu(II)] = 50 µM, pH 2.0, 50 mM sodium sulfate buffer, 

100 mM NaClO4, 25 °C. 
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following values: k7(SiW12) ~ 1.9 × 105 M−1s−1, k−7(SiW12) ~ 2 × 104 M−1s−1, K7(SiW12) 

= 9.6, and k7(PW12) = 17 M−1s−1, k−7(PW12) = 7 × 103 M−1s−1, K7(PW12) ~ 2.5 × 10−3.   

 

Figure 2.7.  Initial rates of SiW12red oxidation by 0.05 mM Cu(II) under Ar.  Conditions:  

pH 2.0, 50 mM sulfate buffer, 100 mM NaClO4, 25 °C.  Black solid line is theoretical.  

k7(SiW12) = 1.9 × 105 M−1s−1, k−7(SiW12) = 2.0 × 104 M−1s−1, K7(SiW12) = 9.6. 
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2.3.8   General Discussion 

Finally, we performed the global fitting of whole experimental kinetic curves (20 

curves) for both SiW12 and PW12 to the reaction mechanism in eqs 2.5 – 2.11 with 

variable parameters k7(SiW12), k−7(SiW12), k7(PW12), k−7(PW12), k8, and k−8 and k9.  

The values of k7(SiW12), k−7(SiW12), k7(PW12), and k−7(PW12) were varied in a narrow 

range around the values estimated from eq 2.17 and from data on the reactions of Cu(II) 

with POMred.  The analysis of data showed that the results of fitting are very weakly 

dependent on k9.  Therefore we used k9 = 5 × 103 M−1s−1.54  The results of fitting are given 

in Figure 2.9 (not all fitted curves are shown) and in Figure 2.2.  The quantitative agreement 

with experimental data was achieved with k8 = (4.1 ± 0.5) × 105 M−1s−1, k−8 = (3.8 ± 0.5) × 

106 M−1s−1, k7(SiW12) = (1.8 ± 0.3) × 105 M−1s−1, k−7(SiW12) = (1.9 ± 0.3) × 104 M−1s−1, 

Figure 2.8.  Initial rates of PW12red oxidation by 0.5 mM Cu(II) under Ar.  Conditions: 

pH 2.0, 50 mM sulfate buffer, 100 mM NaClO4, 25 °C.  Black solid line is theoretical.  

k7(PW12) = 17 M−1s−1, k−7(PW12) = 7 × 103 M−1s−1, K7(PW12) ~ 2.5 × 10−3. 
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 K7(SiW12) = 9.5 ± 1.5 and k7(PW12) = (57 ± 10) M−1s−1, k−7(PW12) = (1.3 ± 0.2) × 105 

M−1s−1, K7(PW12) = (4.4 ± 1.0) × 10−4.  As mentioned above, the thermodynamics requires 

that (RT/F) ln(K7(PW12)/K7(SiW12)) should be equal to the experimental electrochemical 

values (E15°(PW12) − E15°(SiW12)) = 0.2 V. The value of K7(SiW12)/K7(PW12) from the 

fitting is 9.5/(4.4 × 10−4) = 2.2 × 104, which gives (RT/F) ln(K7(SiW12)/K7(PW12)) = 

Figure 2.9.  Kinetics of (a) SiW12red and (b) PW12red oxidation by O2.  Conditions: pH 

2.0, 50 mM sodium sulfate buffer, 100 mM NaClO4, 25 °C.  Solid lines indicate the 

experimental curves.  Dashed lines are the theoretical curves.  
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0.059 log(2.2 × 104) = 0.25 V.  The Nernst law applied to the eq 2.7 is (RT/F) 

ln(K7(SiW12)) = 0.059 log(9.5) = 0.058 = E14° − E15°(SiW12) (0.055 V), resulting in  E14° 

= 0.11 and 0.06 V based on K7(PW12) (eq 2.14), which gives an average value of 0.09 V.  

This estimated number is slightly lower than that of 0.153 V for aqueous the Cu(II)/Cu(I) 

couple due to the effect of sulfate anion and/or ionic strength. 

 The kinetic model of catalytic oxidation of [POMred] by O2 in eqs 2.5 – 2.11 

quantitatively describes the experimental data.  The significant increase in the rate is 

achieved by replacement of the slow outer-sphere electron transfer reaction in eq 2.5 by 

much faster reactions in eqs 2.7 and 2.8.  Under typical experimental conditions the 

reaction in eq 2.7 is the rate-limiting step, which is much faster than the direct reaction in 

eq 2.5.  In the reaction in eq 2.5 the formation of O2
−• is the slowest step.  The oxidation 

potential of O2/O2
−• = − 0.16 V, while that of Cu(II)/Cu(I) = 0.09 V.  Thus, eq 2.7 is 

thermodynamically more favorable then eq 2.5 by 0.25 V.  The combination of higher 

thermodynamic driving force and fast oxidation of Cu(I) by O2 via an intermediate 

formation of {Cu(I)…O2} results in the high activity of copper complexes for catalyzing 

oxidation of POMred by O2.   

 Evidently, the efficiency of catalysis should be dependent on the ligand(s) in 

Cu(II)/Cu(I) complexes.  Since Cu2+
aq forms CuSO4 in sulfate buffer (pKa = 2.3)51 and 

CuH2PO4
+ in phosphate buffer (pKa = 0.1)52, one could expect a different catalytic activity 

in sulfate and phosphate buffers.  Indeed, under similar conditions the catalytic reactions 

proceed faster in phosphate buffer, Figure 2.10.  
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2.4   Conclusions 

The oxidation of reduced polyoxometalates by O2 is of central importance in many 

POM-catalyzed oxidation processes ranging from those in academic laboratory studies to 

commercial processes.  This study addresses the lack of rigorous mechanistic information 

about the catalysis of this generic type of process using the common Keggin structural class 

of POM and Cu(II), the most efficient hydrated 3d-metal ion for this catalysis.  Other first-

row-transition metal ions are far less active.  Even micromolar concentrations of Cu(II) 

Figure 2.10. Kinetics of PW12red oxidation by O2 in sulfate and phosphate buffer.  

Conditions: [PW12red]0 ~ 0.4 mM, [O2]0 = 0.12 mM, [Cu(II)] = 0 (black), 10 (red), 50 

(blue) µM, pH 2.0, 50 mM sodium sulfate buffer (dashed) and sodium phosphate buffer 

(solid), 100 mM NaClO4, 25 °C. 
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species render the copper-catalyzed reaction of reduced POMs with O2/air to be dominant 

under typical experimental conditions, in part because direct reaction of POMred with O2 is 

orders of magnitude slower.  We have thoroughly studied the kinetics of the catalytic 

reaction at pH 2.0 in sulfate buffer and established the reaction mechanism which includes 

the reversible reduction of Cu(II) to Cu(I) by POMred followed by fast re-oxidation of Cu(I) 

to Cu(II) by O2 (Scheme 2.1).  The reduction of Cu(II) by POMred is typically the rate-

limiting step but thermodynamically more favorable than direct outer-sphere electron 

transfer from POMred to O2.  The proposed reaction mechanism quantitatively describes 

the experimental data.   

 

Scheme 2.1.  Catalytic cycle of POMred oxidation catalyzed by Cu(II). 
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3.1   Introduction 

Polyoxometalate (POM)-based redox processes underlie analytic methods such as 

phosphate determination,1 POM-based high-charge-capacity batteries,2 wet oxidation of 

organics,3 and most importantly, catalysts for O2-based oxidations.3-15  Several of the last 

species have been commercialized.6,16  O2-based oxidation processes continue to be a 

mainstay in catalysis because of their green aspects and potential low cost.17-22  As 

described in Chapter 1, POMs display several advantages as oxidation catalysts: they can 

serve as effective, reversibly-reducible, multidentate ligands for incorporation of one or 

more redox-active transition metals, which in turn, can help control the reactivity of 

ground-state triplet O2.3,8,11,12,14,23-26  A common barrier in these O2/air-based oxidation 

processes is reaction of the reduced POM (POMred) with O2.10,13,27-30,58  This step is usually 

slower than oxidation of the substrate by the resting oxidation state POM (POMox) to form 

the reduced POM.9,27-32  Importantly, some of the most potentially useful POM oxidants 

(frequently those with the highest redox potentials such as the two targeted in this study, 

α-PW12O40
3− and α-SiVW11O40

5−), are rendered marginally useful because their reduced 

forms cannot be reoxidized by O2/air at a satisfactory rate or at all in the studies to date.   

The overall reduction of O2 to water by POMred is a complex sequence of electron 

transfer (ET) steps that usually starts with a single outer-sphere ET process,33 eq 3.1:  

POMred  +  O2  →  POMox  +  O2
−•     (3.1) 

Outer-sphere ET processes such as in eq 3.1 are typically slow, but many can be catalyzed 

by very low concentrations of copper.34,35  Examples of such copper-catalyzed oxidations 

are the reaction of thioglycolic acid by octacyanomolybdate(V) ,36 cysteine with 

hexacyanoferrate(III),37 and thiols with O2 in neutral and alkaline media.38  The availability 
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of the Cu(II)/Cu(I) couple converts these outer-sphere processes to inner-sphere ones 

involving several elementary processes.  

According to Chapter 2, we demonstrated the highly efficient catalysis by 

submicromolar concentrations of Cu of the reaction between reduced Keggin 

polyoxometalates, POMred, and dioxygen.39  The mechanism of this POMred + O2 reaction 

specifically for the reduced α-Keggin anions, α-Xn+W12O40
(9-n)− (X = Al3+, Si4+, and P5+; 

AlW12red, SiW12red, and PW12red, respectively) was studied in detail because these POMs 

have been thoroughly characterized and known to be quite stable, nonprotonated and non-

ion-paired under the conditions in this paper and over a wide pH range.14,40,41  Examination 

of the kinetics of this catalytic reaction at pH 2.0 in sulfate and phosphate buffers led to a 

proposed mechanism that entails the reversible reduction of Cu(II) to Cu(I) by POMred 

followed by a fast re-oxidation of Cu(I) to Cu(II) by O2.   

This Chapter addresses a combination of copper and iron ions is a far more effective 

catalytic system for the O2-based reoxidation of reduced POMs than just copper alone, and 

that this combination can catalyze reoxidation of more useful (more oxidizing, higher-

potential) POMs: α-PW12O40
4− (PW12red) and α-SiVW11O40

6− (SiVW11red).  The 

synergetic catalytic action of Cu and Fe in oxidation processes is rather rare and was 

discussed.42  Mechanistic studies reveal that Cu(II) reacts with Fe(II) to form Cu(I) and 

Fe(III) followed by fast reaction of POMred with Fe(III) and Cu(I) with O2.  In addition, Fe 

complexes catalyze the oxidation of POMred by H2O2, resulting in an altered reaction 

stoichiometry.   
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3.2   Experimental  

3.2.1   Materials 

The fully oxidized α-Keggin ion (POMox), α-Na3PW12O40 (+99.9%) was purchased 

from Sigma-Aldrich.  POMred was prepared by constant-potential bulk electrolysis of 1 – 

2 mM parent POMox under Ar as described in previous studies,33,39,43,44 and then stored 

under Ar.  The [POMred]/[POMox] ratio was controlled coulometrically (charge passed 

through the solution).  The fully oxidized α-Keggin ion, α-K5SiVW11O40 was prepared 

using published methods,45 and the one-electron-reduced form, α-K6SiVIVW11O40 was 

prepared by using 1 molar equiv of VOSO4 (≥99.99%) instead of MnCl2·4H2O as described 

in published methods.46  Cu(NO3)2 (≥98 %), CuSO4 (≥99.99%), FeSO4 (99+%), and 

Fe(NO3)3 (98+%) were purchased from Sigma-Aldrich and used as the sources of Cu and 

Fe.  We used 50 mM phosphate and sulfate buffers in this study.  The 50 mM phosphate 

buffer at pH 1.8 is composed of 69 % H3PO4, 31 % H2PO4
–, and 0.00012 % HPO4

2–, and 

that of sulfate buffer at pH 1.8 is 61 % HSO4
–, 39 % SO4

2–, and 0.00096 % H2SO4.  All 

chemicals were commercial quality unless specified otherwise.  Solutions were prepared 

using water from a Barnstead Nanopure® quality water; added salts and buffers were of the 

highest purity available.  

 

3.2.2   Electrochemistry 

The electrochemical data were collected by using a BAS CV-50W electrochemical 

system. Both cyclic voltammograms (CVs) and bulk electrolyses were recorded at room 

temperature (24 ± 2 °C) as previously described,33,39,43,44 using Ag/AgCl (3 M NaCl) BAS, 

a glassy-carbon disk, and a Pt wire as the reference, working and counter electrodes, 
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respectively.  CVs were recorded in buffered solutions containing 100 mM NaNO3 or 

NaClO4 electrolyte.  The working electrode in bulk electrolyses was reticulated vitreous 

carbon.  This was used to prepare aqueous solutions of POMred.  Extinction coefficients of 

1e−-reduced α-Keggin anions were determined earlier (ε700 = (1.56 ± 0.1) × 103 M−1cm−1 

for PW12red).33 

 

3.2.3   Kinetic Measurements 

A SF-61 instrument (Hi-Tech Scientific, U.K.) was used for all stopped-flow 

studies, and the reaction kinetics for PW12red were monitored by the absorbance changes 

with time at 700 nm.  The first feeding syringe in the stopped-flow apparatus contained a 

deaerated solution of POMred. which was diluted, as appropriate, with O2-free 

buffer/electrolyte solution.  The second feeding syringe was filled with Cu(II) and/or Fe(II) 

(or Fe(III)) in the same buffer/electrolyte solution but saturated with O2 or air.  The 

solubility of dioxygen in water with an ionic strength of 175 mM at 25 °C and 1 atm O2 

was taken, as in previous studies, to be 1.15 mM.33  In all stopped-flow kinetic 

measurements, the concentrations of O2, POMred, Fe(II) and Cu(II) in the reaction mixture 

were twice as low as those in the feeding syringes.  For the reaction with PW12red and 

H2O2, the first syringe was filled with the deaerated solution of PW12red and catalyst(s), 

and the second syringe was filled with H2O2.  For the reaction with SiVW11red and H2O2, 

the first syringe was filled with the solution of SiVW11red and catalyst(s), and the second 

syringe was filled with H2O2.  For the reaction of SiVW11ox and Fe(II), the first syringe 

was filled with the solution of SiVW11ox and the second syringe was filled with Fe(II).  

The reaction progress was followed at 580 nm.  The SiVW11red oxidation by O2 was 
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carried out in closed, thick-walled glass reaction vessels at 100 °C.  After the desired 

reaction time, the vessels were quickly cooled by immersion in cold water.  When the 

temperature reached 25 °C, the electrochemical potential of the solution was measured 

using an ORP meter (Mettler Toledo, Switzerland).  The redox electrode was calibrated 

with ORP standard solution (Thermo Fisher Scientific).  The plot of the electrode readings 

versus log([SiVW11ox]/[SiVW11red]) was found to be linear with a slope close to 0.059 V 

per decade in agreement with the Nernst law (Figure 3.1) and the standard reduction 

potential E°(SiVW11ox/SiVW11red) = 0.64 V (vs NHE).  The fitting of kinetic curves, 

simulation of the reaction kinetics, and optimization of conditions were performed using 

COPASI 4.13 (Build 87) software (www.copasi.org).   

 

 

Figure 3.1.  Dependence of solution electrochemical potentials as a function of 

[SiVW11ox]/[SiVW11red] ratio measured by Pt-redox electrode vs NHE in 0.1 M NaNO3 

at pH 1.8 adjusted by HNO3.  
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3.2.4   Solubility of FePO4 

The ChemEq v3.1 software package with a built-in database was used to calculate 

the speciation under the experimental conditions.  The solubility products are pKsp = 26.4 

for the mineral Strengite, FePO4•2H2O(s), and 21.6 for the amorphous FePO4 (the most 

likely product in the experimental system). 

The concentration of PO4
3– in 50 mM phosphate buffer at pH 1.8 is < 1 × 10–18.  The 

concentration of Fe(III) is < 0.5 mM under our experimental conditions.  The concentration 

of free Fe3+, calculated with ChemEq v3.1 in 50 mM phosphate buffer at pH 1.8 is 5 × 10–

5 M.  Thus, the formation of Strengite crystals is thermodynamically feasible. Importantly, 

however, the formation of solid FePO4 is prohibitively slow.  Under our experimental 

conditions, the initial rate law is d[FePO4]/dt = k[Fe3+][PO4
3–].  The reaction rate constant 

k < 1011 M–1s–1 (diffusion controlled), and the life-time of [Fe3+] is longer than 1/k[PO4
3–] 

> 107 s or > 4 months.  Therefore, regardless of pKsp value, our solutions are kinetically 

stable. 

 

3.3   Results and Discussion 

3.3.1   Synergetic Catalytic Effect of Cu(II) and Fe(II)   

Recently, we have shown that trace amounts of Cu(II) efficiently catalyze oxidation 

of POMred by O2.39  For example, the reaction with AlW12red is almost 25 times faster if 

38 µM Cu(II) is added at neutral pH, and the reaction with SiW12red proceeds 2 orders of 

magnitude faster if 10 µM Cu(II) is added (~3% based on [SiW12red]0).  The catalytic 

cycle was proved to include two key reactions: the reduction of Cu(II) by POMred followed 
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Figure 3.2.  Effect of Fe(II) concentration on the kinetics of Cu(II)-catalyzed O2-based 

oxidation of PW12red in 50 mM (a) phosphate and (b) sulfate buffers, followed by the 

decrease of absorbance at 700 nm: [PW12red]0 ≈ 0.4 mM, [O2]0 = 0.12 mM, [Cu(II)] = 

10 µM in all cases, [Fe(II)] = 0 (black), 25 (red), 50 (green), 125 (blue), µM, 100 mM 

NaNO3, pH 1.8, 25 °C. 
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by fast reoxidation of Cu(I) by O2.  Unfortunately, for POMs with high reduction potentials, 

the reduction of Cu(II) becomes thermodynamically unfavorable and the catalysis by Cu 

ions is inefficient.  Since the oxidation of Fe(II) by dioxygen is known to be catalyzed by 

Cu,47 and the reduction potential of the Fe(III)/Fe(II) couple is higher, we reasoned that a 

combination of Fe and Cu ions might catalyze O2-based reoxidation of POMred with a less 

negative reduction potential.  Indeed, we have found PW12red is reoxidized by O2 

significantly faster in the presence of both Cu(II) and Fe(II) (added as CuSO4 and FeSO4) 

at pH 1.8 as shown in Figure 3.2.  This is a significant finding because many families of 

POMs for potential use as catalysts for O2/air-based oxidations are not effective because 

the O2-based reoxidation does not proceed or proceeds too slowly to be useful. 

 

3.3.2   Reaction Stoichiometry   

In a previous study,39 we established that H2O2 was the relatively stable reaction 

product of POMred oxidation by O2 catalyzed by copper.  Significantly, in the presence of 

Fe and Cu ions, hydrogen peroxide efficiently oxidizes POMred as shown in Figure 3.3 (a).  

In the absence of Cu, the reaction is also fast, only slightly slower than that in the presence 

of Cu (Figure 3.3 (b)).  Such behavior indicates that Fe is a much more efficient catalyst of 

POMred oxidation by H2O2, and the reaction is mostly catalyzed by Fe(II).  Thus, in the 

presence of both copper and iron, the reaction product, H2O2, is unstable and further 

oxidizes POMred.  Therefore, we studied the oxidation of reduced POM by hydrogen 

peroxide in the presence of both Fe and Cu.  
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Figure 3.3. (a) Effect of Fe(II) concentration on the kinetics of Cu(II)-catalyzed 

oxidation of PW12red by H2O2 followed by the decrease in absorbance at 700 nm:  

[Cu(II)] = 10 µM in all cases; [Fe(II)] = 0 (black), 31 (red), 62 (green), 125 (blue) µM, 

[PW12red]0 ≈ 0.27 mM, [H2O2]0 = 0.5 mM, pH 1.8, 50 mM phosphate buffer, 100 mM 

NaNO3, 25 °C under Ar. (b) Effect of Cu(II) concentrations on the kinetics of PW12red 

oxidation by H2O2 followed by the decrease in absorbance at 700 nm in the presence of 

62 µM Fe(II): [Cu(II)] = 0 (black), 10 (red) µM, [PW12red]0 ≈ 0.27 mM, [H2O2]0 = 0.5 

mM, 50 mM phosphate buffer, 100 mM NaNO3, pH 1.8, 25 °C under Ar. 
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In the absence of Fe ions, the total amount of consumed POM per initial 

concentration of O2, Δ[PW12red]/[O2] ≈ 2.0 and therefore hydrogen peroxide is the reaction 

product.  If the reaction is carried out in the presence of Fe ions under conditions where 

[PW12red]0/[O2]0 > 4, then the reaction stoichiometry, Δ[PW12red]/[O2], is between 2.0 

and 4.0, indicating that H2O2 oxidizes PW12red further.  In Figure 3.11 (General 

Discussion), we show the final yield of H2O2 in the presence of Fe(II). 

 

3.3.3   Initial Reaction Rates   

Traditionally, kinetic studies include the analysis of initial reaction rates to establish 

the reaction rate law.  For complex reaction mechanisms, however, derivation of the rate 

law is impossible without numerous assumptions and simplifications, such as the concept 

of the steady state.  Achieving steady-state conditions may take a relatively long time and 

often can be seen in the very beginning of the kinetic curves.  Indeed, the initial parts of 

the kinetic curves in this study cannot be described by a straight line.  An exemplary curve 

is given in Figure 3.4.  This results in uncertainty in measurements of the initial rates.  

Therefore, we performed the digital fitting of kinetic curves.  Since the reaction mechanism 

includes relatively large numbers of reactions, we felt that the thermodynamic analysis 

would help to restrict the number and the range of variable parameters.  
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3.3.4   Thermodynamic Properties of Fe(III)/Fe(II) and Cu(II)/Cu(I) Complexes   

First, we measured the reduction potential of Fe(III)/Fe(II) in sulfate buffer.  The 

stock solutions of Fe(NO3)3 and FeSO4 in 50 mM sodium sulfate buffer were mixed to 

obtain different ratios of [Fe(III)]/[Fe(II)], with the total iron concentration kept constant 

(Figure 3.5).  The electrochemical solution potential measured by the redox electrode 

linearly increased with log([Fe(III)]/[Fe(II)]) with 0.051 V per decade slope, which is close 

Figure 3.4.  The shape of initial part of the kinetic curve of PW12red oxidation by O2 and 

dependence of initial rate (−d[PW12red]/dt) on time intervals.  Conditions: [PW12red]0 ~ 

0.38 mM, [Cu(II)]0 = 10 µM, [Fe(II)]0 = 50 µM, [O2]0 = 0.12 mM, pH 1.8, 50 mM sulfate 

buffer, 0.1 M NaNO3, 25 °C.  Black line is experimental data.  Red line is a trend line 

with a slope 0.0038 taken between 3 − 4 seconds.  The slope measured in between 0.01 

– 0.75 seconds is 0.0025 (green line).  The blue curve is obtained from fitting using the 

parameter in the Table 3.2. 
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to the theoretical value of 0.059 V.  The potential at [Fe(III)]/[Fe(II)] = 1.0, Es = 0.68 V 

(vs NHE), is the “standard” potential of this couple in 50 mM sulfate buffer (pH 1.8).  This 

same procedure did not work in phosphate buffer due to a low solubility of Fe(III) 

complexes.  Since Cu(I) is unstable in solution and is quickly oxidized by O2, we did not 

use this procedure to evaluate the Cu(II)/Cu(I) couple.  

Complex SiVW11red has a characteristic absorbance in the range 450 – 650 nm, 

while SiVW11ox only strongly absorbs at wavelengths < 450 nm (Figure 3.6).  The 

reduction potential of the SiVW11ox/SiVW11red couple is 0.64 V (Figure 3.1) and is likely 

to be weakly dependent on the nature of the buffer.  Therefore, the equilibrium in eq 3.2 

can be used to determine spectrophotometrically the potential of Fe(III)/Fe(II) in sulfate 

and phosphate buffers.  We mixed SiVW11ox with Fe(II) at different ratios and recorded 

the UV-vis spectra (Figure 3.6).  

Figure 3.5.  Dependence of a solution electrochemical potential on the ratio 

[Fe(III)]/[Fe(II)] in 50 mM sodium sulfate buffer containing 0.1 M NaNO3 at pH 1.8. 
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SiVW11ox  +  Fe(II)  ⇄  SiVW11red  +  Fe(III)   (3.2) 

The extinction coefficients at 580 nm are 4.5 × 102 and 15 M−1cm−1 for SiVW11red and 

SiVW11ox, respectively.  Using COPASi software, we fitted the data from Figure 3.6 and 

obtained in phosphate buffer logK2(p) = 1.2 ± 0.2 and in sulfate buffer logK2(s) = −0.72 ± 

0.05.  From these values, the apparent reduction potentials Eapp for the [Fe(III)]/[Fe(II)] 

couple are 0.57 and 0.68 V in phosphate and sulfate buffers, respectively.  The latter value 

is the same as that determined using the redox electrode.  The reaction rate constant k2 = 

(1.5 ± 0.3) × 104 M−1s−1 was determined by stopped-flow techniques in phosphate buffer 

by mixing an excess of SiVW11ox and Fe(II) and following the change of absorbance at 

580 nm.  These data were fitted using COPASi software to determine k2.  Since K2(p) > 10, 

the equilibrium is shifted to the right, and it was impossible to quantify k−2. 
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Figure 3.6. UV-Vis spectra of the mixture of SiVW11ox and different concentrations of 

Fe(II) in (a) 50 mM phosphate and (b) 50 mM sulfate buffers at pH 1.8: [SiVW11ox]0 = 

0.5 mM; (a) [Fe(II)] = 0 (black), 0.1 (red), 0.2 (orange), 0.3 (green), 0.4 (blue) and 0.5 

mM (purple); (b) [Fe(II)] = 0 (black), 1 (red), 2 (green), 4 (blue) and 9 mM (purple). 
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In Chapter 2, the equilibrium constant for the reaction of PW12red with Cu(II) was 

determined to be 4.4 × 10−4, (50 mM sodium sulfate buffer, 100 mM NaClO4, pH 2.0, 25 

°C) which corresponds to Eapp = 0.056 V for the Cu(II)/Cu(I) couple under these 

conditions.39  The equilibrium constant for the reaction Cu2+ + SO4
2− ⇄ CuSO4 at zero ionic 

strength is K = 2.24 × 102.48  If Cu+ does not strongly bind sulfate anions, Eapp for the 

Cu(II)/Cu(I) couple at hypothetically zero ionic strength in 50 mM sulfate buffer at pH 1.8 

would be Eapp ≈ 0.11 V.  The equilibrium constants for the reactions of Cu+ and Cu2+ with 

H2PO4
− are K = 0.090 and 0.072, respectively.49  In 50 mM phosphate buffer at pH 1.8, the 

concentration of H2PO4
− is 15 mM, the dominant species are Cu2+ and Cu+, and therefore 

Eapp is probably in the range 0.12 - 0.16 V.  The reduction potentials used in fitting of 

kinetic data are summarized in Table 3.1.  

 

 

Table 3.1.  Range of reduction potentials used for fitting and values obtained from fitting 

(in parentheses) in phosphate and sulfate buffers. 

 potentials, V 

species phosphate buffer sulfate buffer 

PW12ox/PW12red 0.255 0.255 

SiVW11ox/SiVW11red 0.64 0.64 

Cu(II)/Cu(I) 0.12 - 0.16 (0.157) 0.05 - 0.11 (0.08) 

Fe(III)/Fe(II) 0.57 - 0.63 (0.58) 0.64 - 0.70 (0.65) 
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3.3.5   Rate Constants of Fe(III) Reaction with PW12red   

The thermodynamically unfavorable reaction in eq 3.3 is the key process in the 

mechanism of Cu catalysis of Fe(II) oxidation by O2
47:  

Cu(II)  +  Fe(II)  ⇄  Cu(I)  +  Fe(III)     (3.3) 

Cu(II)  +  PW12red  ⇄  Cu(I)  +  PW12ox    (3.4) 

PW12red  +  Fe(III)  →  PW12ox  +  Fe(II)    (3.5) 

The reaction in eq 3.5 is written for PW12red as irreversible because the equilibrium is 

significantly shifted to the right.  For efficient catalysis, the reactions of Cu(I) with O2 and 

of Fe(III) with POMred (eq 3.5) must be very fast.  The high reactivity of Cu(I) toward O2 

is well-known and has been described in numerous publications.50-52  The rate constant for 

the reaction of PW12red and Fe(III) in 0.5 M HClO4 was reported to be  k5 = 6 × 106 

M−1s−1.53  Under our conditions, the kinetics of the reaction between PW12red and Fe(III) 

in phosphate buffer is shown in Figure 3.7 (a).  The fitting of experimental data gave k5 = 

(1.7 ± 0.3) × 104 M−1s−1 and k−5 < 1 × 102 M−1s−1.  In sulfate buffer, the reaction is too fast 

and only the end of the reaction is observed and gives k5 ≥ 1 × 107 M−1s−1 (Figure 3.7 (b)). 
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Figure 3.7.  Kinetics of PW12red oxidation by Fe(III) in (a) phosphate and (b) sulfate 

buffers.  Conditions: [PW12red]0 ≈ 0.44 mM, [Fe(III)] = 50 (black), 125 (red), 250 

(green), 375 (blue) µM, pH 1.8, 25 °C under Ar.  Solid and dotted lines indicate the 

experimental and theoretical data, respectively. 



 

 

72 

3.3.6   Rate Constants of Fe(II) Reaction with H2O2 

We thought that from the kinetics of this reaction we would be able to find the range 

of values for the reaction rate constants k8.  This reaction rate constant has been determined 

from the kinetics of SiVW11red oxidation by H2O2 catalyzed by Fe(II).  We have found 

that SiVW11red oxidation by H2O2 is efficiently catalyzed by Fe(II), but that the addition 

of Cu(II) only slightly increases the reaction rate.  Since the SiVW11red oxidation by O2 is 

very slow, only four reactions, eqs 3.2, 3.8, 3.9 and 3.13 (these reactions are given on the 

basis of the overall reaction mechanism shown below in section 3.4.7), were used to fit the 

experimental data.  

SiVW11ox  +  Fe(II)  ⇄  SiVW11red  +  Fe(III)   (3.2) 

Fe(II)  +  H2O2   →  Fe(III)  +  HO•  +  HO−       (3.8) 

POMred   +  HO•   →  POMox  +  HO−      (3.9) 

 Fe(II)  +  HO•  →  Fe(III)  +  HO−     (3.13) 

The equilibrium constants K2 were varied ± 0.1 units from the values obtained from the 

thermodynamic analysis, k13 was taken to be 5 × 109 M−1s−1.  The values of K2 and k8 were 

the variable parameters.  The results of fitting are given in Figure 3.8.  The equilibrium 

constant K2 within experimental error is the same as estimated from the reaction 

thermodynamics.  In the fitting of kinetics curves (Figure 3.8), k2, was varied but over a 

narrow range of values, (1.0 – 1.5) × 104 M−1s−1 in phosphate and 100 − 400 M−1s−1 in 

sulfate buffers.  

 

  



 

 

73 

 
 
  

Figure 3.8.  Absorbance changes during oxidation of 0.5 mM SiVW11red by 0.5 mM 

H2O2 in 50 mM phosphate (a) and sulfate (b) buffers at pH = 1.8: [Cu(II)] = 10 µM, 

[Fe(II)] = 0.1 (black), 0.175 (red), and 0.25 (blue) mM.  Solid and dotted lines are 

experimental data and calculated fits, respectively.  The parameters: (a) k8 = 106 M−1s−1, 

k4 = 1.2 × 103 M−1s−1, K2 = 0.1; (b) k8 = 350 M−1s−1, k4 = 140 M−1s−1, K2 = 17. 
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3.3.7   Reaction Mechanism and Kinetic Model 

We comprehensively discussed the mechanism of the reaction between SiW12red 

and PW12red with O2, catalyzed by Cu ions in our previous publication.39  In the presence 

of both Fe and Cu, at least two additional reactions (eqs 3.3 and 3.5) should be considered.  

Since Fe(II) efficiently catalyzes POMred oxidation by H2O2, the reactions in eqs 3.8 and 

3.9 were added.  The rate constant for the reaction of Cu(I) with H2O2 is quite high, ~ 4 × 

103 M−1s−1.54  Hypothetically, it can compete with the reaction in eq 3.8 (k8 ≈ 65 M−1s−1 for 

Fe2+
aq).55  However, it can be ignored because Cu(I) is quickly consumed by O2.  Thus, the 

oversimplified reaction mechanism of catalysis by copper and iron of the reaction between 

POMred and O2 can be written by eqs 3.3 – 3.10. 

Cu(II)  +  Fe(II)  ⇄  Cu(I)  +  Fe(III)     (3.3)  

POMred  +  Cu(II)  ⇄  POMox  +  Cu(I)       (3.4) 

POMred  +  Fe(III)  →  POMox  +  Fe(II)    (3.5) 

Cu(I)  +  O2  +  H+  ⇄  Cu(II)  +  HO2
•     (3.6) 

POMred  +  HO2
•  +  H+  →  POMox  +  H2O2    (3.7) 

Fe(II)  +  H2O2   →  Fe(III)  +  HO•  +  HO−       (3.8) 

POMred  +  HO•  →  POMox  +  HO−     (3.9) 

Cu(I)  +  HO2
•  +  H+  →  Cu(II)  +  H2O2      (3.10) 

The reaction in eq 3.5 was studied independently.  We used the rate constants k5(p) 

= 1.7 × 104 for phosphate, and k5(s) was varied in the range (1 – 9) × 107 M−1s−1 for sulfate 

buffers, respectively.  This rate constant, k5, in 0.5 M HClO4 and µ = 1.0 was reported to 

be 6 × 106 M−1s−1, and k4 = 3.5 × 102 M−1s−1.53  Since the ionic strength and buffers were 

different in our study, we assumed that k4 < 3.5 × 103 M−1s−1.  The analysis of our kinetic 
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model shows that the reaction rate is independent of the value of the reverse reaction of eq 

3.3 in the range of 1 × 106 to 1 × 1010 M−1s−1.  For this reason, we also assumed that the 

reverse reaction in eq 3.3 and the reaction in eq 3.9 are close to diffusion controlled ~ 5 × 

109 M−1s−1.  The rate constant k7 = 5 × 107 M−1s−1 was estimated in our previous study,33 

and the value k10 = 2 × 109 M−1s−1 was taken from the literature.56  The equilibrium 

constants K3 and K4 were varied ± 0.2 log unit from the values obtained from the 

thermodynamic analysis.  

 However, despite all our efforts, we failed to achieve a good fitting of data collected 

under O2 and air.  A thorough analysis showed that the rate of the reaction in eq 3.6 is 

weakly dependent on [O2] but quadratically increases with [Cu(I)].  Therefore, we assumed 

that reaction 3.6 proceeds in two steps (eqs 3.11 and 3.12).52,57 

Cu(I)  +  O2  ⇄  CuO2       (3.11) 

CuO2  +  Cu(I)  +  2 H+  →  2 Cu(II)  +  H2O2   (3.12) 

For simplicity, we assumed that reaction 3.12 is fast, k12 = 1 × 109 M−1s−1.  The results of 

fitting are summarized in Table 3.2, and the proposed model is in a good agreement with 

experimental data (Figure 3.9).  
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Table 3.2.  Kinetic model and rate constants for catalytic PW12red oxidation obtained 

from fitting. 

eq reaction 
k a 

phosphate buffer b sulfate buffer b 

(3.1) POMred  +  O2 →  POMox  +  O2
•− k1(p) = 1.4 k1(s) = 1.4 

(3.3) Cu(II)  +  Fe(II)  ⇄  Cu(I)  +  Fe(III) 
k3(p) = 3.6 × 102 
k−3(p) = 5 × 109 

logK3(p) = −7.1 

k3(s) = 1.5 
k−3(s) = 5 × 109 

logK3(s) = −9.7 

(3.4) POMred  +  Cu(II)  ⇄  POMox  +  Cu(I) 
k4(p) = 1.3 × 103 
k−4(p) = 5.6 × 104 

logK4(p) = −1.6 

k4(s) = 7.5 × 102 
k−4(s) = 7.5 × 105 

logK4(s) = −3.0 

(3.5) POMred  +  Fe(III)  →  POMox  +  Fe(II) k5(p) = 1.7 × 104 k5(s) = 6.0 × 107 

(3.7) POMred  +  HO2
•  +  H+  →  POMox  +  H2O2 c k7(p) = 5 × 107 k7(s) = 5 × 107 

(3.8) Fe(II)  +  H2O2  →  Fe(III)  +  HO•  +  HO− k8(p) = 1.1 × 102 k8(s) = 3.5 × 102 

(3.9) POMred  +  HO•  →  POMox  +  HO− k9(p) = 5 × 109 k9(s) = 5 × 109 

(3.10) Cu(I)  +  HO2
•  +  H+  →  Cu(II)  +  H2O2 c k10(p) = 2 × 109 k10(s) = 2 × 109 

(3.11) Cu(I)  +  O2  ⇄  CuO2 
k11(p) = 1 × 107 

k−11(p) = 2.5 × 104 
k11(s) = 4.6 × 106 

k−11(s) = 80 

(3.12) CuO2  +  Cu(I)  +  2H+  →  2Cu(II)  + H2O2 k12(p) = 1 × 109 k12(s) = 1 × 109 

 
a Rate constants, M−1s−1; b subscripts (p) and (s) refer to 50 mM phosphate and 50 mM 

sulfate buffers at pH 1.8, respectively.; c O2
•– is the primary product of the reaction, 

which quickly protonates to HO2
• at low pH. 
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3.3.8   Catalytic Oxidation of SiVW11red by O2   

The standard reduction potential of SiVW11ox/SiVW11red, 0.64 V, is higher than 

that of the PW12ox/PW12red couple (0.255 V).  Therefore, SiVW11ox is potentially able to 

oxidize organic compounds.  However, the standard reduction potential of the O2/H2O2 

Figure 3.9.  Kinetics of PW12red oxidation by O2 in (a) 50 mM phosphate buffer and (b) 

50 mM sulfate buffer. Conditions: pH 1.8, 25 °C. Red and blue lines represent the kinetics 

performed under air and saturated O2.  Solid and dotted lines indicate the experimental 

and theoretical curves, respectively. 
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couple is close to the potential of the SiVW11ox/SiVW11red couple, making the 

regeneration of SiVW11ox by noncatalyzed oxidation with O2 prohibitively slow.  For this 

reason, we looked at the activity of a Cu-Fe mixture as a catalyst for SiVW11red oxidation 

by O2.  The representative data are given in Table 3.3.  After all reagents were mixed, the 

readings of a redox electrode were unstable and typically lower than 0.55 V.  Therefore, 

we placed the reactor in an oil bath thermostated at 100 °C for 5 – 7 min.  The potentials 

were measured after cooling in water to room temperature.  These potentials after 5 – 7 

min were considered as the initial values, Et=6min.  In the absence of both Cu and Fe, the 

potential of SiVW11red solution after 7 h at 100 °C did not exceed 0.56 V.  The 

[SiVW11ox]/[SiVW11red] ratio was determined using Figure 3.1 as a calibration curve. 

Table 3.3 shows that addition of Fe(II) as a cocatalyst to Cu(II) increases the rate of 

[SiVW11red], 
mM 

[Fe(II)], 
mM 

[Cu(II)], 
mM 

Et=7h, 
V 

[SiVW11ox]t=7h, 
mM c 

[Fe(III)]t=7h, 
mM 

ratio 
d 

Et=72h, 
V 

10 5 0 0.60 1.5 0.12 0.11 0.64 
(0.37) d 

10 0 2.5 0.63 3.8 − 0.38 0.65 
(0.59) d 

10 0.5 2.5 0.64 4.8 0.066 0.46 0.67 
(0.75) d 

10 1.5 2.5 0.66 6.9 0.41 0.63 0.70 
(0.89) d 

10 2.5 2.5 0.67 7.7 0.92 0.69 0.70 
(0.88) d 

 

Table 3.3.  O2-based oxidation of SiVW11red 
a catalyzed by Cu + Fe.b  

a K6SiVW11O40; b Conditions: [H2SO4] = 50 mM (pH ~ 1.3), 1 atm air at room 

temperature, 100 °C.; c Determined after cooling to 25 °C on the basis of Figure 3.1; d The 

value of ([SiVW11ox] + [Fe(III)]) / ([SiVW11red]0 + [Fe(II)]0) determined after cooling 

to 25 °C. 
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SiVW11red oxidation by dioxygen.  The experiment in the presence of Fe with higher 

concentration cannot be considered as Cu free, since the solutions are always contaminated 

by Cu.39  

 The reaction kinetics were also studied at 60 °C at lower concentrations of 

SiVW11red, Cu(II), and Fe(II) by following the change in absorbance at 580 nm.  The 

decrease in the 580 nm absorbance was assigned to the consumption of [SiVW11red].  The 

amount of Fe(III) formed in the reaction was calculated using equilibrium constants for the 

reaction in eq 3.2.  The equilibrium constant K2 at 60 °C was determined experimentally 

Figure 3.10.  Kinetics of {[SiVW11ox] + [Fe(III)]} accumulation in oxidation of 

{[SiVW11red] + [Fe(II)]} by dioxygen in phosphate (black) and sulfate (red) buffers: 

[SiVW11red] = 2.5 mM, 60 °C; solid lines [Fe(II)] = 2.0 mM and [Cu(II)] = 0.5 mM; 

dashed lines [Fe(II)] = 1.0 mM and [Cu(II)] = 0 mM; dotted lines [Fe(II)] = 0 mM and 

[Cu(II)] = 0.5 mM.  The yields of SiVW11ox and Fe(III) after 14 h are 0.67 and 1.28 mM 

in phosphate buffer, respectively, and those in sulfate buffer are 1.0 and 0.05 mM, 

respectively. 
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using the same protocol as described above: K2 = 6 and 0.1 in phosphate and sulfate buffers, 

respectively.  The exemplary kinetics of {[SiVW11ox] + [Fe(III)]} accumulation is given 

in Figure 3.10.  The initial rates and conversion are strongly dependent on the nature of the 

buffer.  The reaction proceeds more efficiently in phosphate than in sulfate buffer.  Since 

the reduction potentials are not known at elevated temperature, we did not fit the 

experimental data.  

 

3.3.9   General Discussion   

The reduction of Cu(II) by AlW12red and SiW12red is a thermodynamically 

favorable process, and the catalysis by Cu ions of O2-based oxidation of AlW12red and 

SiW12red is very efficient;39 there is no noticeable effect of adding only Fe ions.  The 

standard reduction potential of E°(PW12ox/PW12red) = 0.255 V is higher than that for the 

Cu(II)/Cu(I) couple, and oxidation of PW12red by O2 is faster in the presence of Fe(II).  

We simulated the kinetics of 500 µM PW12red oxidation by 115 µM O2 catalyzed by 10 

µM Cu(II) with 0 and 100 µM Fe(II) in both phosphate and sulfate buffers.  The simulated 

kinetic curves of PW12red consumption and H2O2 accumulation are presented in Figure 

3.11.  

Catalysis by Fe(II) of PW12red oxidation by O2 results in a change in the reaction 

stoichiometry.  Hydrogen peroxide is the product of the reaction in the absence of Fe(II).  

The consumption of PW12red does not proceed to completion because O2 is the limiting 

reagent.  Since Fe(II) efficiently catalyzes the PW12red oxidation by H2O2, the reaction 
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proceeds to a higher conversion in the presence of Fe(II).  The contribution of this 

additional catalytic pathway starting from the reaction in eq 3.3 is small, and therefore the 

initial rates are independent of [Fe(II)].  In phosphate buffer, Cu(II) is a stronger oxidant 

in comparison to that in sulfate buffer by approximately 80 mV.  Consequently, the reaction 

proceeds slightly faster in phosphate buffer.  Thus, the main function of Fe(II) is the 

catalysis of PW12red oxidation by H2O2.  

The role of Fe(II) in catalysis of SIVW11red oxidation is more complex, because 

the reaction in eq 3.2 is reversible.  Assuming that the reaction of Cu(I) oxidation is fast, 

then the lowest thermodynamic barrier through the pathway starting from the reaction in 

eq 3.3 could not be lower than that of starting from the reaction in eq 3.4.  However, the 

overall kinetics of SiVW11red oxidation depends not only on thermodynamics but also on 

Figure 3.11.  Simulated kinetics of PW12red consumption and H2O2 accumulation in 50 

mM phosphate (black lines) or sulfate (red lines) buffers: [Cu(II)]0 = 10 µM, [Fe(II)]0 = 

0 (dashed lines) or 100 (solid lines) µM, [O2] = 0.12 mM, pH 1.8, 25 °C. 
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rate constants, especially for the reactions in eqs 3.2 and 3.6.  Using COPASi software, we 

optimized the conversion of SiVW11red after 1 h in the oxidation of 1 mM SiVW11red at 

constant concentration of O2 (1.15 mM) by varying the concentrations of Cu(II), Fe(II), 

and their reduction potentials.  The conversion increases with initial concentrations of 

Fe(II) and Cu(II) and with an increase in the Cu(II)/Cu(I) or a decrease in Fe(III)/Fe(II) 

reduction potentials.  The theoretical kinetic curves of SiVW11ox formation in the 

oxidation of 1 mM SiVW11red at 0.1 mM Cu(II) and 0 or 0.2 mM Fe(II) and 

E°(Cu(II)/Cu(I)) = 0.2 V and E°(Fe(III)/Fe(II)) = 0.55 V, respectively, are given in Figure 

3.12.  The following rate constants were used for simulations: k1 = 0 M−1s−1, k2 = 1 × 104 

M−1s−1 (the experimental value of k2 is 1.5 × 104 M−1s−1 in phosphate buffer as described 

in the thermodynamic analysis above), k−3 = k−4 = 5 × 109 M−1s−1, k11 = 1 × 107 M−1s−1, and 

Figure 3.12.  Theoretical kinetic curves of SiVW11ox accumulation in the oxidation of 1.0 

mM of SiVW11red by 0.23 mM (dashed lines) or 1.15 mM (solid lines) O2 in the presence 

of 0.1 mM Cu(II) and 0 (red curves) and 0.2 mM (black curves) Fe(II) at E°(Cu(II)/Cu(I)) 

= 0.2 V and E°(Fe(III)/Fe(II)) = 0.55 V. 
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k−11 = 1 × 103 M−1s−1.  The reaction rate constants k3, k4, and k−2 were calculated from the 

difference in reduction potentials.  Table 3.2 gives the rest of the rate constants.  

 Figure 3.12 clearly demonstrates a synergetic catalytic effect of Cu(II) and Fe(II): 

the reaction proceeds much more quickly in the presence of Fe(II) and does not take place 

in the absence of Cu(II), which is consistent with the data in Table 3.3.  Importantly, the 

conversion is lower at lower [O2], indicating that the reaction in eq 3.11 also controls the 

conversion of SiVW11red.  The shape of the theoretical curves is similar to the experimental 

data obtained at 60 °C (Figure 3.10), confirming the reasonableness of the kinetic model. 

 

3.4   Conclusions 

 We have studied the kinetics of POMred oxidation by O2 synergetically catalyzed 

by Cu and Fe together in phosphate and sulfate buffers and established the reaction 

mechanism, which quantitatively describes the experimental data.  The main function of 

Scheme 3.1.  Catalytic cycle of POMred oxidation catalyzed by Cu(II) and Fe(II).  The 

blue and black parts indicate the irreversible and reversible steps, respectively. 
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Fe(II) is as an efficient catalyst for POMred oxidation by H2O2.  The synergism of Cu(II) 

and Fe(II) is based on the reversible reaction of Cu(II) and Fe(II) to generate Cu(I) and 

Fe(III), followed by fast reactions of POMred with Fe(III) and Cu(I) with O2 (Scheme 3.1).  

Phosphate and sulfate buffers perturb the reduction potentials and speciation of copper and 

iron complexes, which result in different rate constants of the involved reactions.   
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4.1   Introduction 

As mentioned in Chapter 1, O2-based polyoxometalate (POM) catalysis is based 

on oxidation of substrates by POMs in high oxidation states (POMox) followed by 

reoxidation of reduced POMs (POMred) by O2, which is commonly too slow to achieve an 

efficient catalysis.1-9  The well characterized one-electron-reduced α-Keggin anions, α-

Xn+W12O40
(9−n)− (X = Al3+, Si4+, and P5+), which are quite stable under the experimental 

conditions,10-12 were used to study the catalytic reoxidation process.  Chapter 2 

demonstrated that submicromolar concentrations of Cu efficiently catalyze POMred 

reoxidation by O2.13  Dioxygen directly oxidizes POMred through a very slow outer-sphere 

electron transfer (ET) step.14,15,11,16  In the presence of Cu-complexes, dioxygen is involved 

in the overall catalytic process through a fast reaction with Cu(I), formed by Cu(II) 

reduction with POMred.  Such a switch in reaction mechanism of O2 reduction results in a 

significant increase in rates.  However, the reduction of Cu(II) by POMred is generally 

thermodynamically unfavorable and might be a rate-limiting step.  A combination of Cu 

and Fe compounds additionally increases the catalytic activity, but does not change the 

thermodynamics of Cu(II) reduction by POMred.17  Therefore, we thought that the 

replacement of Cu/Fe with a catalyst with a higher oxidation potential and faster 

regeneration by O2 would create a significantly more active catalytic system.  A thorough 

analysis of fast O2 reactions with different compounds revealed that nitrogen oxide, NO, 

quickly reacts with O2 and produces NO2 radical with a relatively high reduction potential 

(NO2/NO2
– couple is 1.04 V vs NHE).18,19  Under acidic conditions, NO2

– is protonated 

(pKa = 3.3) and HNO2 is known to react with several reductants regenerating NO, such as 

oxidation of hexachloroiridate(IV)18 and trivalent plutonium.20  
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This Chapter discloses that vanadium(IV)-substituted Keggin anions with relatively 

positive reduction potentials, α-Xn+VIVW11O40
(10−n)− (X = Al3+, and Si4+, for AlVW11red, 

and SiVW11red, respectively), are efficiently oxidized by O2 in acidic aqueous solution in 

the presence of nitrous acid.  The kinetic curves of POMred consumption have a 

characteristic shape: the reactions quickly proceed in the beginning and then much more 

slowly.  The reaction rate laws are different in each phase.  Interestingly, the oxidation 

rates of AlVW11red, and SiVW11red, are very similar despite a large difference in redox 

potentials of these POMs.  The proposed reaction mechanism quantitatively describes the 

experimental data. 

 

4.2   Experimental 

4.2.1   Materials 

One-electron-reduced α-Keggin POMs, α-K6SiVIVW11O40 and α-K7AlVIVW11O40 

were prepared as described in published methods.21,22  NaNO2 (≥99 %), NaNO3 (98+ %), 

NaOH (99.99 %), and H2SO4 (ACS Grade) were purchased from EMD Millipore, Alfa 

Aesar, Sigma-Aldrich, and Macron Fine Chemicals, respectively.  We used 50 mM sulfuric 

acid (pH 1.25) in water as the solvent in this study.  All chemicals were commercial quality 

unless specified otherwise and all solutions were prepared from a Barnstead Nanopure® 

quality water for the highest purity.  

 

4.2.2   Electrochemistry 

All electrochemical experiments were conducted by using a BAS CV-50W 

electrochemical analyzer.  Cyclic voltammograms (CVs) were obtained at room 
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temperature (24 ± 2 °C) as previously described14,23,13,17 using glassy carbon, an Ag/AgCl 

(1 M KCl) BAS (+ 235 mV difference vs NHE), and Pt wire as the working, reference and 

counter electrodes, respectively.   

 

4.2.3   Kinetic Measurements 

General experimental procedure was described in the previous Chapters and our 

publications.13,17  The UV-vis spectra of fully oxidized and 1e−-reduced α-Keggin anions 

(Figure 4.1) were collected on an Agilent 8453 diode-array spectrophotometer equipped 

with an Agilent 8909A Peltier temperature-control unit.  The extinction coefficients of 

AlVW11ox and AlVW11red are 12 and 4.2 × 102 M–1cm–1, respectively (ε560(SiVW11ox) = 

10 M–1cm–1, ε560(SiVW11red) = 5.0 × 102 M–1cm–1).   

All stopped-flow studies and the reaction kinetics were monitored by the 

absorbance changes with time at the desired wavelength using a SF-61 stopped-flow 

instrument (Hi-Tech Scientific, UK).  The kinetic curve fitting, simulation of reaction 

kinetics, and optimization of conditions were performed using COPASI 4.13 (Build 87) 

software (www.copasi.org).  The solubility of O2 at 25 °C and 1 atm was taken to be 1.15 

mM. 
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Figure 4.1.  UV-vis spectra of (a) AlVW11ox (yellow), AlVW11red (brown), (b) 

SiVW11ox (yellow), SiVW11red (brown).  
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4.3   Results and Discussion 

4.3.1   Catalytic Effect of HNO2 

We used NaNO2 as a source of nitrous acid (pKa = 3.3).  The addition of NaNO2 to 

aerated solution of SiVW11red in 50 mM sulfuric acid significantly increases the rate of 

SiVW11red oxidation by O2 as shown in Figure 4.2.  For comparison, the same reaction of 

SiVW11red in the presence of Cu(II)/Fe(II) is 3-orders of magnitude slower,17 indicating 

significant improvement in the catalytic performance.  The use of this catalyst is a 

breakthrough in POM chemistry since the POMs with higher reduction potentials, to be 

potentially practical, cannot be oxidized by O2 or can only be oxidized extremely slowly.  

 

Figure 4.2.  Effect of NO2
– concentration on the kinetics of O2-based oxidation of 

SiVW11red in 50mM sulfuric acid, followed by the decrease of absorbance at 560 nm: 

[SiVW11red]0 ≈ 0.95 mM, [O2]0 = 0.23 mM in all cases, [NO2
–]0 = 0 (black), 50 (red), 

125 (dark gold), 250 (green), 500 (blue), 1000 (purple) µM, 25 °C.  Solid and dotted lines 

represent experimental and fitted curves, respectively. 
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4.3.2   Kinetics of Catalytic POMred Oxidation by O2 

The catalytic oxidation of SiVW11red by O2 proceeds very quickly in the beginning 

(red solid line) and then significantly slower (blue dashed line) as displayed in Figure 4.3.  

Therefore, the initial-rate method is not applicable to study the overall reaction.  However, 

we did thoroughly study the dependence of initial rates on concentrations of each reagents 

and used these data to analyze the initial parts of kinetic curves. 

 

Figure 4.3.  Two phase kinetics of O2-based oxidation of SiVW11red in 50mM sulfuric 

acid followed by the decrease of absorbance at 560 nm: [SiVW11red]0 ≈ 0.95 mM, [O2]0 

= 0.23 mM in all cases, [NO2
–]0 = 50 µM, 25 °C. Red solid and blue dashed lines 

represent the first fast initial kinetics and following slow kinetics, respectively. 
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4.3.3   Initial Reaction Rates 

The initial reaction rates are linearly dependent on [NO2
–]0 (Figure 4.4 (a)) and 

[SiVW11red]0 (Figure 4.4 (b)), but independent of O2 concentration, [O2]0 (Figure 4.5).  

This implies that the beginning of the reaction is a stoichiometric oxidation of POMred by 

nitrous acid (pKa = 3.3), eqs 4.1 – 4.2, and obeys the reaction rate law in eq 4.2a with an 

apparent rate constant kapp = 9.2 × 102 M–1s–1.  The other reasonable reactions are eqs 4.3 

– 4.7, and these will be discussed systematically culminating in the overall proposed 

reaction mechanism.  

 

NO2
–  +  H+  ⇄  HNO2      (4.1) 

SiVW11red  +  HNO2  +  H+  →  SiVW11ox  +  NO  +  H2O  (4.2) 

–d[SiVW11red]/dt = kapp[NO2
–]0[SiVW11red]0   (4.2a) 

2 NO  +  O2  →  2 NO2      (4.3) 

SiVW11red  +  NO2  +  H+  ⇄  SiVW11ox  +  HNO2   (4.4) 

NO  +  NO2  +  H2O  ⇄  2 HNO2     (4.5) 

2 NO2  ⇄  N2O4       (4.6) 

N2O4  +  H2O  →  HNO2  +  NO3
–  +  H+    (4.7) 
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Figure 4.4.  (a) Dependence of the initial rate (−d[SiVW11red]0/dt) on [NO2
–]0: 

[SiVW11red]0 ≈ 1.0 mM, [O2]0 = 0.23 mM, 50 mM sulfuric acid, 25 °C.  (b) Dependence 

of initial rate (−d[SiVW11red]0/dt) on [SiVW11red]0: [NO2
–]0 = 100 µM, [O2]0 = 0.23 

mM, 50 mM sulfuric acid, 25 °C. 
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Figure 4.5.  (a) Effect of O2 concentration on the kinetics of O2-based oxidation of 

SiVW11red in 50 mM sulfuric acid followed by the decrease of absorbance at 560 nm: 

[SiVW11red]0 ≈ 1.0 mM, [O2]0 = 0 (black), 0.12 (red), 0.23 (yellow), 0.69 (green), 1.15 

(blue) mM, [NO2
–]0 = 100 µM in all cases, 25 °C.  (b) Dependence of initial rate 

(−d[SiVW11red]0/dt) on [O2]0 at 0.1 mM [NO2
–]0: [SiVW11red]0 ≈ 1.0 mM, 50 mM 

sulfuric acid, 25 °C. 
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4.3.4   Reaction Thermodynamics, Mechanism and Kinetic Model 

The ionic strength, I, of 50 mM H2SO4 solution is about 0.12 M, and the activity 

coefficients of proton and NO2
– are about 0.85 and 0.8, respectively.24,25  The pKa of HNO2 

at zero ionic strength is 3.3 and decreases to pKa’ = 3.1 at I = 0.12 M (calculated based on 

activity coefficients).  Therefore, under our conditions > 98% of total nitrite is present in 

the protonated form HNO2, and the equilibrium in eq 4.1 was significantly shifted to the 

right.   

The oxidation of SiVW11red by HNO2 is written for simplicity as eq 4.2 with the 

reaction rate law r2 = k2[SiVW11red][HNO2] (eq 4.2a).  The rate constant k2 was estimated 

from the initial reaction rates, 9.2 × 102 M–1s–1, and was varied in the narrow range (6 – 12) 

× 102 M–1s–1 in fitting.  Dioxygen is involved in the overall process especially via eq 4.3, 

and the rate constant is well documented in the literatures to be k3 ≈ 2.2 × 106 M–2s–1.26-28  

In our fitting, k3 was varied in the range of (1.5 – 3.0) × 106 M–2s–1 and was found to be 2.6 

× 106 M–2s–1.   

 In acidic aqueous solutions nitrous acid is in equilibrium with NO and NO2 (eq 

4.5).  The reaction rate constants k5 and k–5 are reported in numerous studies to be in the 

range of (0.3 – 1.75) × 108 and (5.6 – 25) M–1s–1, respectively.29,18,30-32  The mean values 

k5 = 1 × 108 M–1s–1 and k–5 = 15 M–1s–1 were used in fitting.  Nitrogen dioxide reversibly 

dimerizes to N2O4 with k6 = 4.5 × 108 M–1s–1 and k–6 = 1.4 × 104 s–1, and the dimer N2O4 

undergoes hydrolysis to form NO2
– and NO3

– with a rate constant k7 = 1.0 × 103 s–1.33 

The standard reduction potential of the NO2/NO2
– is relatively high 1.04 V18,19 and 

eq 4.4 is thermodynamically favorable.  The reaction rate constant k4 was set as a variable 
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parameter in our fitting.  The value of the rate constant k–4 was calculated as k–4 = k4/K4, 

where log K4 = ΔE4 / 0.059, and ΔE4 ~ 0.5 V.   

The results of fitting appeared to be independent on the reaction rate constant k4.  

The Marcus cross relation (MCR) was employed to estimate the value k4 for SiVW11red, 

and the resulting theoretical value was ≈ 2.5 × 104 M–1s–1 (see the section 4.3.5 for detailed 

Figure 4.6.  Global curve fittings on the kinetics of O2-based oxidation of (a) 

AlVW11red and (b) SiVW11red in 50 mM sulfuric acid, 25 °C.  Solid and dotted lines 

indicate the experimental and simulated curves, respectively. 
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calculations).  This value was used in fitting.  The simulation of the reaction kinetics  

confirmed that the contribution of the reaction in eq 4.4 is negligible under our 

experimental conditions relative to eq 4.2.  For this reason the reaction in eq 4.4 is not 

included in the catalytic cycle (Scheme 4.1).  The best fit was achieved at k2 = (1.1 ± 0.1) 

× 103 and (6.2 ± 0.3) × 102 M–1s–1 for SiVW11red and AlVW11red, respectively, and at k3 

= 2.6 × 106 M–1s–1 for both POMs.  Several experimental and theoretical kinetic curves are 

given in Figure 4.2 (partial fit) and Figure 4.6 (global fit). 

  

4.3.5   Calculation of the Rate Constants for the Reaction of SiVW11red with NO2 and NO+ 

The kinetic model, eqs 4.1 – 4.7, quantitatively describes the experimental data 

despite oversimplifying the reaction mechanism.  The reaction in eq 4.4 appears to be 

unimportant in the catalytic cycle from our fitting analysis.  Accordingly, the excellent 

fitting was achieved by varying only a single parameter k2.   

Calculation of the rate constant for the cross reaction in the eq 4.1.2 is based on 

data for the reactions of electron self-exchange in eqs 4.1.1 and 4.2.2 using the Marcus 

Cross Relationship (MCR),34,11 eq 4.8: 

NO2  +  NO2
– *  ⇄  NO2

–  +  NO2 *       k11 (4.1.1) 

SiVW11red  +  SiVW11ox*  ⇄  SiVW11ox  +  SiVW11red*   k22 (4.2.2) 

NO2  +  SiVW11red  ⇄  NO2
–  +  SiVW11ox     k12 (4.1.2) 

where 

k12 = (k11k22K12f12)1/2C12       (4.8) 

 ln f12 = 1/4 [(ln K12 + (W12 – W21) / RT)2 / (ln (k11k22 / Z2) + (W11 – W22) / RT)] 

           (4.9) 
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C12 = exp [ – (W12 + W21 – W11 – W22) / 2RT ]    (4.10) 

k11 = Z exp [ – (W11 + λ1 / 4) / RT ]      (4.11) 

k22 = Z exp [ – (W22 + λ2 / 4) / RT ]      (4.12) 

The Debye-Hückel equation is applied for the ionic strength correction, where k0 is a rate 

constant at µ = 0 (µ = ionic strength), 

log k = log k0 + [2z1z2αµ1/2 / (1 + βr12µ1/2)]      (4.13) 

where α = 0.509, β = 0.329 Å–1, and r is an intermolecular distance in the collision 

complexes.  The collision factor Z is commonly taken to be 6 × 1011 M–1s–1 for a spherical 

particle.  Here, we used the collision frequency, Z = 1 × 1011 M–1s–1 for reactants with 

localized reactive centers.  The charges are 0 for NO2, –1 for NO2
–, 0 for NO, +1 for NO+, 

–6 for SiVW11red and –5 for SiVW11ox.  The radii of POM and NO2 are taken as ≈ 5.6 Å 

and ≈ 1.5 Å, respectively.  The λ1 and λ2 are the reorganization energies for the electron 

self-exchange reactions.  The reorganization energy of SiVW11red/SiVW11ox is λ2 ≈ 75 

kcal/mol,35 and that for NO2/NO2 is λ1 = 31 kcal/mol.36  The Coulombic work terms, W12, 

W21, W11, and W22, are associated with all four combinations of the reacting species, 

W = z1z2e2 / Dr = z1z2e2NA / 4πε0Dr      (4.14) 

where zn is the charge of each species, e is the elementary charge, NA is the Avogadro 

constant, ε0 is the vacuum permittivity constant, D is the dielectric constant of the reaction 

medium (water in this study, 80.4), and r is the distance between the collision species.  The 

equilibrium constant K12 is calculated on the basis of reduction potentials, Eº(NO2/NO2
–) 

= 1.04 V18,19 and Eº(SiVW11ox/SiVW11red) = 0.62 V.  The calculated rate constant for the 

reaction of SiVW11red with NO2, k12 is 2.48 × 104 M–1s–1.   
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 The calculation of  k12 for the reaction in eq 4.1.2’ was performed similarly as 

described above. 

NO+  +  NO *  ⇄  NO  +  NO+ *      k11’  (4.1.1’) 

NO+  +  SiVW11red  ⇄  NO  +  SiVW11ox    k12’  (4.1.2’) 

In calculations the following numbers were used; λ1 = 102 kJ/mol = 24.4 kcal/mol,36 r1 = 

1.5 Å, and Eº(NO+/NO) = 1.21 V.18,19  The calculated rate constant for the reaction of 

SiVW11red with NO+, k12’ is 7.34 × 107 M–1s–1.   

 

4.3.6.   General Discussion 

The kinetic model, eqs 4.1 – 4.3, 4.5 – 4.7, quantitatively describes experimental 

data despite oversimplifying the reaction mechanism.  Significantly, the excellent fitting 

was achieved by varying a single parameter k2.  

Surprisingly, k2 for AlVW11red is about half that for SiVW11red despite the more 

negative standard reduction potential of AlVW11red.  For a visual comparison of 

AlVW11red and SiVW11red oxidation kinetics under the same conditions, we converted a 

decrease in absorbance at 560 nm to a decrease of [POMred] as presented in Figure 4.7.  

The shapes of these curves are only slightly different, and that for AlVW11red can be 

considered roughly similar to that for SiVW11red.  Therefore, we used the cyclic 

voltammetry to look at the reduction potentials of AlVW11ox/AlVW11red and 

SiVW11ox/SiVW11red couples under our experimental conditions.  The potential of the 

SiVW11ox/SiVW11red couple was constant ≈ 0.62 V (vs NHE) in the between pH 1 and 2 

indicating that neither SiVW11ox nor SiVW11red are protonated.  In contrast, the potential 

of the AlVW11ox/AlVW11red couple decreases linearly with pH with a slope close to 60 
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mV/pH and is equal to 0.63 V (vs NHE) at pH 1.25 (Figure 4.8).  This indicates that 

AlVW11red is significantly protonated under our conditions and the charge is close to that 

of SiVW11red.   

The oxidation of SiVW11red by HNO2 might proceed via intermediate formation 

of nitrosonium cation, NO+, with Eº = 1.21 V,18,19 for NO+/NO couple (eq 4.15).  The 

equilibrium constant of NO+ formation K15 is approximately 1 × 10–8 M–1.37-39   

HNO2  +  H+  ⇄  NO+  +  H2O         (4.15) 

SiVW11red  +  NO+  →  SiVW11ox  +  NO      (4.16) 

The theoretical value k16 is about 1 × 108 M–1s–1 for SiVW11red (see the section 

4.3.5 for detailed calculations).  Therefore, the expected value of k2 is K15k16[H+] ≈ 0.065 

M–1s–1, which is 4 orders of magnitude lower than the fitting value.  As a consequence, 

NO+ is not likely to be involved in the catalytic cycle.  

Figure 4.7.  Kinetics of NO2-catalyzed O2-based oxidation of AlVW11red (red) and 

SiVW11red (blue) in 50 mM sulfuric acid.  Conditions: [AlVW11red]0 = [SiVW11red]0 

= 1 mM, [O2]0 = 0.23 mM, [NO2
–]0 = 250 µM, 25 °C. 
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Figure 4.8.  (a) Cyclic voltammograms of 2.0 mM AlVW11 in 100 mM sulfuric acid at 

different pH values adjusted by NaOH.  (b) pH dependence of potential of AlVW11 

between pH 1 and 2.  (c) Cyclic voltammograms of 2.0 mM AlVW11 and SiVW11 in 

100 mM sulfuric acid (100 mV/s scan rate).  The pH was adjusted by addition of 

concentrated NaOH solution. 
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 The NO and NO2 reversibly form N2O3 with forward and reversed rate constants 1.1 × 109 

M–1s–1 and 3.7 × 104 s–1.28  The reaction of N2O3 with water with the rate constant 1.1 × 103 s–1,28 

in acid produces two molecules of nitrous acid.  For simplicity, these two reactions are written as 

in eq (5) and are not included in reaction mechanism.   

 The catalytic cycle of POMred oxidation is presented in Scheme 4.1.  Four nitrous 

acid molecules are reduced by four POMred, accumulating four NO, and two of these are  

oxidized by O2 to produce two NO2.  Two remaining NO, then, react with two newly 

formed NO2 to regenerate total four nitrous acid molecules.  The recombination of two 

NO2 produces N2O4, which is an equilibrium with nitrous acid and nitrate anion.  Since this 

reaction is reversible, it affects only the steady state concentrations of NOx.  If the reaction 

proceeds in a reactor with headspace, some NO and NO2 will be in the gas phase.  This 

system is thoroughly discussed in the literature.29 

Scheme 4.1.  Catalytic cycle of POMred oxidation catalyzed by nitrous acid.  The red 

part indicates the rate-limiting step (rls) and the blue part represents the possible 

pathway of nitrous acid loss. 
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In stopped-flow experiments, the initial concentration of O2 is limited by O2 

solubility in water, which does not allow to use the higher concentrations of POMred.  

Therefore, we simulated the kinetics of formation/consumption of all intermediates at 10  

mM [SiVW11red], 50 µM HNO2 and constant [O2], under O2- and air-saturated conditions 

(Figure 4.9).  A 50 % conversion of SiVW11red is achieved at 202 and 850 seconds (ratio  

≈ 0.24) under O2 and air, respectively (Figure 4.9 (a)).  This indicates that the reaction rate 

order with respect to [O2] is close to 1.  The rate of SiVW11red consumption is constant up 

to very high conversion, consistent with the zero order with respect to [SiVW11red].  The 

dominant intermediate in the course of the reaction is NO (Figure 4.9 (b)).  When the 

reaction is complete, NO is oxidized to HNO2.  These data indicate that oxidation of NO 

by O2 (eq 4.3) is the rate-limiting step (rls).    
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Figure 4.9.  Simulated kinetics of oxidation of SiVW11red by air and O2.  (a) 

[SiVW11red], (b) [HNO2] (red) and [NO] (blue).  Conditions: [SiVW11red]0 = 10 mM, 

[NO2
–]0 = 50 µM.  Solid and dashed lines represent the O2- and air-saturated conditions, 

respectively. 
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 The formation of nitrate results in termination of the catalytic cycle and is directly 

related to the stability of the catalyst.  The simulation of kinetics at 10 mM SiVW11red, 

and 0.05 mM HNO2 shows that  [NO3
–] increases very slowly during the reaction and the 

results in final yield of 0.12 % and 0.18% based on [NO2
–]0, under air and O2 respectively.  

We looked at the effect of NO3
– on the reaction rates (Figure 4.10) and observed no effect 

on the reaction kinetics.  This indicates that possible reduction of nitrate to nitrite is very 

slow.  The turnover number, TON = [SiVW11red]0/[HNO2]0, calculated under conditions 

in Figure 4.9 is 2 × 102, confirming a rather high stability of the catalyst.  

   

Figure 4.10.  Effect of NO3
– concentration on the kinetics of O2-based oxidation of 

SiVW11red in 50 mM sulfuric acid followed by the decrease of absorbance at 560 nm: 

[SiVW11red]0 ≈ 1.0 mM, [O2]0 = 0.23 mM, [NO2
–]0 = 100 µM in all cases, 25 °C.   
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4.4   Conclusions 

 We have found that under acidic conditions, that nitrous acid is a very efficient 

catalyst for the oxidation of reduced polyoxometalates, POMred, [AlVIVW11O40]7– and 

[SiVIVW11O40]6– by O2.  The catalytic cycle involves the oxidation of POMred by HNO2, 

and oxidation of intermediate NO by O2.  The latter reaction is the rate limiting.  The kinetic 

curves were quantitatively fitted using the value of rate constant for the reaction POMred 

with HNO2 as a single variable parameter.  Under turnover conditions, the accumulation 

of nitrate is very slow, which makes the catalytic system fairly stable.  This work has 

potential applications in several O2- or air-based oxidations of importance. 
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5.1   Introduction 

The development of water oxidation catalysts (WOCs) continues to be a central 

focus of attention in solar fuel production.1-7  The use of earth-abundant cobalt in molecular 

WOCs with excellent catalytic performance has led to considerable research in this area 

involving assessment of catalytic water oxidation performance by multiple approaches.8-37  

The first Co-based WOC was Co(II)aq in studies of water oxidation using [Ru(bpy)3]3+ as 

the terminal oxidant.8  Detailed mechanistic study of aquocobalt(II)-catalyzed water 

oxidation followed.9  In part on the basis of these studies, the Nocera group reported 

improved Co-based WOCs.10,38,39  The heterogeneous cobalt oxy-hydroxide WOC which 

forms in situ from Co(II)aq/phosphate buffer exhibits reasonable catalytic water oxidation 

activity at a moderate overpotential near neutral pH.  Further studies confirmed that Co(IV) 

sites oxidizes water.40,41  

A breakthrough in homogeneous Co-containing WOCs was achieved by the Hill 

group with publication of the molecular Co-containing POM, [Co4(H2O)2(PW9O34)2]10– 

(Co4P2).12  The catalytic performance of this carbon-free, earth-abundant metal-containing, 

all-inorganic compound, Co4P2, was thoroughly demonstrated under dark and light-driven 

conditions.12,16,42  The catalytic efficiency of this Co-containing POM was significantly 

improved by substituting P(V) by V(V), in the complex, [Co4(H2O)2(VW9O34)2]10– 

(Co4V2).27  Under dark conditions, Co4V2 exhibits exceptionally fast catalytic water 

oxidation (TOF ~ 1 × 103 s–1) at pH 9.0.  Folkman and Finke, however, called into question 

the stability of the Co4V2, noting Co4V2 decomposes into Co(II)aq.43  Their report argued 

that the catalytic activity of Co4V2, really originates from Co(II)aq, which leads to formation 

of the Nocera-type heterogeneous WOC, cobalt-oxide-phosphate via reaction of Co(II)aq, 
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generated from Co4V2, under electrochemical conditions.  Consequently, it was essential 

to further examine and identify the active WOCs in solution of Co4V2.  

In this Chapter, we first examine the early-time kinetics of Co4V2 and Co(II)aq 

which demonstrate that the observed catalytic activity cannot be explained simply by 

Co(II)aq, and confirming that Co4V2 is the most active WOC in this system.  Subsequently, 

we provide an account of the characteristic water oxidation kinetics by Co(II)aq associated 

with the possible formation of true active cobalt-containing species.  The goal is to identify 

these Co(II)aq-derived WOCs and better understand the overall catalytic behavior of these 

complex systems.  To this end, a double mixing stopped-flow technique is used to obtain 

water oxidation kinetics depending on aging times, which are defined as a time interval 

between first and subsequent mixing events.  After the first mixing of Co(II)aq with 

[Ru(bpy)3]3+ in 1:1 ratio, the following points are considered: (1) Co(II)aq is oxidized by 

[Ru(bpy)3]3+, resulting in accumulation of Co(III)aq, (2) the generated Co(III)aq with 

remaining Co(II)aq (or Co(III)aq) aggregates into mixed-valence Con complexes, where n is 

the total number of Co-atoms in each complex, and (3) the distribution of complexes 

depends on the aging time and concentration of Co(II)aq and [Ru(bpy)3]3+, and this 

distribution reveals that different aggregates have different catalytic water oxidation 

activities. 
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5.2   Experimental  

5.2.1   Materials   

Materials, reagents and solvents were purchased from commercial sources in the 

highest purity available and used without further purification unless otherwise noted.  

Ru(bpy)3(ClO4)3 was prepared by the literature procedure.27 

Synthesis of Na10[Co4(H2O)2(VW9O34)2]•13H2O.  The sodium salt of Co4V2 was 

prepared by modifications of the literature procedure.44  In a 150 mL beaker, 

Na2WO4•2H2O (2.97g, 9 mmol) and V2O5 (91 mg, 0.5 mmol) were stirred in 50 mL of 

NaOAc buffer (1.0 M, pH 4.8) at 70 – 80 °C to yield a slightly turbid yellow-brown 

solution.  The solution may be filtered at this point, however we found that filtration did 

not significantly affect the yield.  To the stirred, heated solution was added 

Co(OAc)2•4H2O (498 mg, 2 mmol) and the solution immediately became deep brown.  The 

stirred solution was maintained at 70 – 80 °C for 40 – 60 minutes, then uncovered until the 

solution was concentrated to approximately half the original volume.  The solution was 

filtered while hot through a medium-porosity fritted glass filter.  We observed that the use 

of a coarse-porosity funnel did not sufficiently trap the fine precipitate that is likely some 

insoluble vanadium-based impurities.  Within minutes upon cooling to room temperature, 

dark brown crystals began to form.  The solution was allowed to cool completely before ~ 

5mL EtOH was slowly added.  This avoids the crystals turning a fine powder that is 

difficult to collect.  The crystals were grown for 24 – 72 hours, collected on a coarse-

porosity fritted glass filter with aspiration, and the resulting brown crystals were washed 

gently with EtOH.  The material was dried with aspiration for ~30 minutes until it could 
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be transferred to dry overnight on a piece of filter paper to afford the compound in 46 – 

58% yield based on W. 

 

5.2.2   Kinetic Measurements   

For the reaction catalyzed by Co4V2 or Co(II)aq with [Ru(bpy)3](ClO4)3 as an 

oxidant, kinetic curves were acquired by monitoring spectral changes using a Hi-Tech 

Scientific KinetAsyst SF-61SX2 sample-handling unit with a diode array 

spectrophotometer.  One syringe was filled with Co4V2 or Co(NO3)2 (as the source of 

Co(II)aq) in sodium borate buffer solution (NaBi) and the second syringe was filled with 

[Ru(bpy)3](ClO4)3 in water.  The Co4V2 solution, especially, was freshly prepared (within 

~ 3 min) to avoid the challenge in hydrolytic stability of Co4V2 questioned by Folkman 

and Finke.  The kinetics of consumption of [Ru(bpy)3]3+ under catalytic conditions, where 

[[Ru(bpy)3]3+] >> [Co4V2] or [Co(II)aq], were measured by the decrease in absorbance at 

670 nm with time (ɛ670 = 4.2 × 102 M–1cm–1).  

The double-mixing stopped-flow experiment was performed using an SF-61DX2 

Hi-Tech KinetAsyst high-performance stopped-flow spectrophotometer with a photo diode 

array detector.  The first mixing in the stopped-flow spectrophotometer was between the 

Co(II)aq in NaBi in low concentrations (4 – 40 µM) and [Ru(bpy)3]3+ in water, thus 

potentially enabling the formation of Co-multimers.  The [Ru(bpy)3]3+ solution at higher 

concentration prepared in the third syringe (~ 1.0 mM) was combined with the solution 

from the first mixing event after the desired aging times (0.01 – 5 s).  The time-resolved 

kinetics were measured by the absorbance change at 670 nm in the same manner. 
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The kinetic curve fitting, simulation of reaction kinetics, and optimization of 

conditions were performed using COPASI 4.13 (Build 87) software (www.copasi.org).  

 

5.3   Results and Discussion 

5.3.1   Differentiating Water Oxidation Catalytic Activities of Co4V2 and Co(II)aq by 

Early-Time Kinetic Studies 

 Folkman and Finke,43 raised a question whether observed WOC activity is due to 

Co4V2 or to a decomposition product such as Co(II)aq.  Kinetics of catalytic [Ru(bpy)3]3+ 

reduction were compared for Co(II)aq and Co4V2 by tracking early-time kinetic curves 

Figure 5.1.  Kinetics of [Ru(bpy)3]3+ reduction (measured at 670 nm) catalyzed by 

solutions of Co(NO3)2 and Co4V2 in 80 mM NaBi at pH 8.3.  All stock solutions of the 

catalysts were freshly prepared in 160 mM of NaBi at pH 8.5 and then the solution was 

mixed by adding 1.0 mM [Ru(bpy)3]3+ in nitric acid solution (pH ~ 3) to bring the final 

pH to 8.3.  The concentrations in the inset show the final concentrations after mixing. 
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using stopped-flow UV-vis techniques (Figure 5.1).  For Co4V2, the maximum rates are 

achieved at the very beginning of the reaction with no observed induction period.  For 

Co(II)aq, however, the reaction begins only after an induction period, which is typically 

0.04 – 0.1 s long.  This strongly suggests that the activity of Co4V2 is not simply due to the 

release of Co(II)aq, as the additional time necessary for decomposition of the POM into 

Co(II)aq would require a longer induction period than what is observed for Co(II)aq alone.  

These early-time kinetics make the case that Co4V2 is an active WOC in this 

system, confirming the conclusions of our initial study.27  Significantly however, the 

kinetics of this system become quite complex at later times.  For example, slight induction 

periods for the Co4V2-catalyzed reduction of [Ru(bpy)3]3+ are observed after incubation 

periods of 20 minutes.  Thus at very early time points, Co4V2 is the most likely dominant 

catalyst, but at longer time points complex mixtures composed of Co4V2, Co(II)aq, and 

other potential WOCs are likely responsible for the observed activity.  A more complete 

study of the stability of Co4V2 is beyond the scope of this work.  

 

5.3.2   Background of Cobalt Speciation and Distribution of Co-Multimers 

Understanding of cobalt speciation is essential prior to the thorough analysis of the 

induction period in water oxidation kinetics by Co(II)aq.  The reduction potential of 

Co3+
aq/Co2+

aq couple is very high with the value of 1.82 V (vs NHE), resulting in 

spontaneous water oxidation even under acidic conditions.  The Co(II)aq is known to be a 

very active catalyst in water oxidation mediated by [Ru(bpy)3]3+ as an oxidant (Eº = 1.26 

V) or electrochemically at pH > 8.  In this pH range, both Co2+
aq and Co3+

aq undergo 

hydrolysis as described in eqs 5.1 – 5.4.  
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Co2+
aq  ⇄  Co(OH)+  +  H+    pK1   (5.1) 

Co(OH)+  ⇄  Co(OH)2  +  H+    pK2   (5.2) 

Co(II)-species are composed of 72% Co2+
aq, 18% Co(OH)+ and 10% Co(OH)2 at pH 9.0.   

Co3+
aq  ⇄	 Co(OH)2+  +  H+   pK3   (5.3) 

Co(OH)2+  ⇄  Co(OH)2
+  +  H+  pK4   (5.4) 

The formation constants for Co2+
aq are pK1 = 9.65 and pK2 = 9.15,45-47, however, for Co3+

aq, 

pK3 is reported with the upper limit, pK3 < 2,47 and pK4 has been reported with different 

values and thus remains uncertain.  For the details, a ladder scheme for 1 e– ET processes 

for 2-protic Co3+
aq reagents and 2-protic Co2+

aq products is given in Scheme 5.1.  

From this Scheme, the standard potential of Co(OH)2+/Co(OH)+ is calculated by 

Eº2 = Eº1 – 0.059 × (pK1 – pK3) = 1.82 – 0.059 × (9.65 – 2) = 1.37 V.  The standard potential 

of Co(OH)2
+/Co(OH)2 is Eº3 = Eº2 – (pK2 – pK4) = 1.37 – 0.05916 × (9.15 – pK4) = 0.83 + 

(0.05916 × pK4) V.  Thus, the oxidation of Co(OH)2 to Co(OH)2
+ by [Ru(bpy)3]3+ becomes 

Scheme 5.1.  Ladder scheme for one electron transfer processes with respect to 2-protic 

Co3+
aq reactants and 2-protic Co2+

aq products. 
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thermodynamically favorable at pK4 < (1.26 – 0.83) / 0.059 = 7.3.  Therefore, Co(OH)2 is 

the most likely the species reacting with [Ru(bpy)3]3+.  However, the deprotonated form of 

Co3+
aq, namely Co(OH)2

+ is unstable in water and forms polynuclear species.  The kinetics 

of such aggregation and the catalytic activity of these species are not well understood. 

Prior to conducting experimental work, we performed simulations of the 

aggregation kinetics assuming that the species with more than n = 10 Co atoms, Con, are 

not formed on this reaction timescale.  We considered the most rapid scenario, namely the 

reversible oxidation of Co(II) by [Ru(bpy)3]3+ to Co(III) proceeds with a rate constant of 

1.0 × 109 M–1s–1, with a rate constant for the reverse reaction of 1.0 × 107 M–1s–1 

(corresponding to pK4 ≈ 5.3 based on the potentials).  Co(III) complexes commonly have 

very slow water exchange rates, resulting in significantly decreased rates of aggregation.  

Therefore, we considered the aggregation of Co(III) for several cases with different 

association rate constants for the reaction Con–1 + Co(III) → Con to examine the distribution 

of Co-multimers.  The simulation with 5 µM Co(II)aq proceeds with the apparent rate 

constant of 1.0 × 106 M–1s–1, are shown in Figure 5.2(a), clearly demonstrating that in the 

timescale of induction period under turnover conditions, the dimer is the dominant species 

with minor concentrations of trimer and tetramer even at high association rate constants 

(1.0 × 105 – 1.0 × 109 M–1s–1) as shown in Figure 5.2(b).  The dimer of Co(III)is likely to 

be either [Co(µ-O)Co]4+(aq) or [Co(µ-OH)2Co]4+.47 

Experimentally, it is very challenging to get an aqueous Co(III) stock solution since 

Co(III) is unstable.  In order to trigger the polymerization of Co3+
aq as described earlier, we 

mixed Co2+
aq with [Ru(bpy)3]3+ in 1:1 ratio, and after desired times we added an excess of 
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[Ru(bpy)3]3+ and checked for catalytic activity as a function of aging time using a double-

mixing stooped-flow method that is discussed below. 

 

5.3.3   Dependence on [[Ru(bpy)3]3+]0 and [Co2+
aq]0 in Kinetics of Water Oxidation 

Catalysis and the Reaction Mechanism 

 The length of the characteristic induction periods in the oxidation of Co(II)aq by 

[Ru(bpy)3]3+ (Figure 5.1) depends on the concentrations of [Ru(bpy)3]3+ and Co(II)aq.  

Figure 5.3(a) shows the kinetics of water oxidation catalyzed by Co(II)aq depending on 

[[Ru(bpy)3]3+]0. 

Figure 5.2.  (a) Representative simulated distribution of polynuclear Co-species as a 

function of time with the rate constant 1.0 × 106 M–1s–1 for the reaction Con–1 + Co(III) 

→ Con.  The numbers in the label are the number of aggregated cobalt atoms.  (b) 

Simulated distribution of Co-dimers as a function of time with varying rate constants.  

The numbers in the label are the rate constants.  [Co2+
aq] = 5 µM in all cases. 
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Figure 5.3.  (a) Effect of [[Ru(bpy)3]3+]0 on the kinetics of water oxidation by Co2+
aq 

(labels are [[Ru(bpy)3]3+]0).  (b) First-derivative kinetic curves (labels are 

[[Ru(bpy)3]3+]0).  (c) Dependence of the induction periods (black) and maximum rates 

(red) on [[Ru(bpy)3]3+]0.  Conditions: [Co2+
aq] 0 = 5 µM, 50 mM NaBi, pH 9.0, 25 °C. 
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Figure 5.4.  (a) Effect of [Co2+
aq]0 on the kinetics of water oxidation catalyzed by Co2+

aq 

(labels are [Co2+
aq]0).  (b) First-derivative kinetic curves (labels are [Co2+

aq]0).  (c) 

Dependence of the induction periods (black) and maximum rates (red) on [Co2+
aq]0.  

Conditions: [[Ru(bpy)3]3+]0 ≈ 0.5 mM, 50 mM NaBi, pH 9.0, 25 °C. 
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To measure the induction period, we used the time required to reach maximum 

rates.  The first derivative (d[[Ru(bpy)3]3+]/dt = 420 × dA670/dt) of the kinetic curves as a 

function of time were used to quantify the induction periods and the maximum of the 

reaction rates.  The maximum reaction rates depend linearly on [[Ru(bpy)3]3+]0 up to ~ 0.4 

mM; however, the induction periods are largely independent of [[Ru(bpy)3]3+]0 as clearly 

seen in Figures 5.3(b) and (c).  Thus, the initial concentration of [Ru(bpy)3]3+ has no 

influence on the aggregation of Co species under catalytic conditions ([[Ru(bpy)3]3+]0 >> 

[Co2+
aq]0).  Analysis of the initial-rate dependence on [Co2+

aq]0 in Figure 5.4, was 

conducted using the same approach as in Figure 5.3.  The induction period exhibits an 

inverse linear dependence on [Co2+
aq]0 unlike the dependence on [[Ru(bpy)3]3+]0, and the 

maximum rates depend largely linearly in the range of low [Co2+
aq]0.  On the basis of these 

findings, we propose the reaction mechanism along with corresponding simulation results 

for the possible formation of Co-multimers which are responsible for the induction periods 

and the potential active catalysts. 

 The first step is oxidation of Co(II) to Co(III) by Ru(III).  Here, only the oxidation 

states Co and Ru are used for simplicity.  

Co(II)  +  Ru(III)  ⇄  Co(III)  +  Ru(II)    (5.5) 

The Co(II) speciation at pH 9 was discussed earlier.  We assume that this reaction is 

thermodynamically favorable by 120 mV: the rate constant of the forward reaction is taken 

as 1.0 × 109 M–1s–1 and that of the reverse reaction is 1.0 × 107 M–1s–1.  Aggregation of 

Co(III) species is assumed to be irreversible, and the rate constants of all reactions are 

described by a single rate constant.  We assume that the rate in the induction period is 

controlled by the water exchange rate and use the rate constant 1.0 × 105 M–1s–1.  In our 
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analysis we considered dimers and trimers as the two most dominant species, with the 

formation of dimer and trimer are based on the Co(III) species when [[Ru(bpy)3]3+]0 >> 

[Co2+
aq]0.  The following reactions are included in our model.   

  Co(III)  +  Co(III)  →  Co(III)-Co(III)    (5.6) 

  Co(III)-Co(III)  +  Co(III)  →  Co(III)-Co(III)-Co(III)  (5.7) 

  Co(IV)-Co(III)  +  Co(III)  →  Co(IV)-Co(III)-Co(III)  (5.8) 

  Co(IV)-Co(IV)  +  Co(III)  →  Co(IV)-Co(IV)-Co(III)  (5.9) 

  Co(II)  +  Co(III)-Co(IV)  →  Co(III)-Co(III)-Co(III)  (5.10) 

Eq 5.6 is the formation of dimer and eqs 5.7 – 5.10 are the formation of trimers.  

The reaction rate constants for oxidation of species containing Co(III) are assumed to be 

the same and close to the diffusion controlled limit, 1.0 × 109 M–1s–1.  These reactions are 

considered to be thermodynamically neutral, therefore the reverse reactions are taken to be 

1.0 × 109 M–1s–1 as well. 

 Co(III)-Co(III)  +  Ru(III)  ⇄  Co(IV)-Co(III)  +  Ru(II)   (5.11) 

 Co(III)-Co(III)-Co(III)  +  Ru(III)  ⇄  Co(IV)-Co(III)-Co(III)  +  Ru(II) (5.12) 

The reaction rate constants for oxidation of species containing Co(III) and Co(IV)  

are assumed to be slightly slower than those for oxidation of species containing Co(III), so 

rate constants of 1.0 × 108 M–1s–1 are used.  Again, however, the reverse reactions are 

assumed to be 1.0 × 108 M–1s–1 in the same approach. 

 Co(IV)-Co(III)  +  Ru(III)  →  Co(IV)-Co(IV)  +  Ru(II)   (5.13)  

 Co(IV)-Co(III)-Co(III)  +  Ru(III)  ⇄  Co(IV)-Co(IV)-Co(III)  +  Ru(II) (5.14) 
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The complexes containing two Co(IV) atoms react with water to form hydroperoxyl 

intermediate, HOO-Co(III).  The rate constant cannot be predicted, so we used this rate 

constant as a variable parameter for simulation. 

 Co(IV)-Co(IV)  →  HOO-Co(III)-Co(III)     (5.15) 

 Co(IV)-Co(IV)-Co(III)  →  HOO-Co(III)-Co(III)-Co(III)   (5.16) 

The final step is the fast oxidation of the hydroperoxyl intermediates by two Ru(III) to 

release O2. 

 HOO-Co(III)-Co(III)  +  2 Ru(III)  →  Co(III)-Co(III)  +  O2  +  2 Ru(II) (5.17) 

 HOO-Co(III)-Co(III)-Co(III)  +  2 Ru(III)  →   

Co(III)-Co(III)-Co(III)  +  O2  +  2 Ru(II)  (5.18) 

 On the basis of the above reaction mechanism, we calculated the maximum rates of 

[[Ru(bpy)3]3+ consumption and the time to achieve the maximum rates as a function of 

[Co(II)].  The simulated data are in good agreements with experimental data as shown in 

Figure 5.5.  This analysis shows that the contribution of the trimer is minimal. 



 

 

127 

 

 

 

5.3.4   Double Mixing Stopped-Flow Kinetic Study  

 The above observation alone, however, is not sufficient to fully explain the 

behaviors and identification of polynuclear Co species.  To study the formation of Co-

multimers and the corresponding catalytic water oxidation activities further, a double 

mixing stopped-flow method was used: both aging times and [Co2+
aq]0 were varied.  The 

time-resolved kinetics are presented in Figure 5.6.  The reaction rates apparently decrease 

as the aging time increases while the kinetic curves exhibit similar reaction rates at the very 

short aging times (~ 0.01 – 0.1 s) in the presence of both 5 and 10 µM Co(II)aq (Figures 

5.6(a) and (b), respectively).  However, the rate is becoming similar or a bit slower at higher 

Figure 5.5.  (a) Dependence of the maximum reaction rates on [Co2+
aq]0.  (b) 

Dependence of the inverse induction periods (the time reached maximum rates) on 

[Co2+
aq]0.  Conditions: [[Ru(bpy)3]3+]0 ≈ 0.5 mM, 50 mM NaBi, pH 9.0, 25 °C.  The 

calculated and experimental data are colored in blue and red, respectively. 
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[Co2+
aq]0 as the aging time increases.  For more detailed analysis, the effect of [Co2+

aq]0 in 

water oxidation kinetics is given in Figures 5.6(c) and (d).  At the aging time of 0.01 s, the 

reaction is getting faster with increase of [Co2+
aq]0, but nearly identical for 7.5 and 10 µM 

[Co2+
aq]0 (Figure 5.6(c)); a similar trend is observed for the reactions with 1 s aging times.  

Figure 5.6.  Effect of aging times in kinetics of water oxidation catalyzed by (a) 5 µM 

[Co2+
aq]0 and (b) 10 µM [Co2+

aq]0 (labels are the aging times).  Effect of [Co2+
aq]0 on the 

kinetics with (c) 0.01s and (d) 1s aging times (labels are [Co2+
aq]0).  Conditions: 

[[Ru(bpy)3]3+] ≈ 0.45 mM, 80 mM NaBi, pH 9.0, 25 °C in all cases. 
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In this case, however, the reaction with 10 µM [Co2+
aq]0 is faster than that with 7.5 µM 

[Co2+
aq]0 at the 0.01 s aging time.  A similar trend is observed in the kinetic curves at 

relatively long aging times (~ 1 – 5 s) (Figures 5.6(a) and (b)).  The reaction proceeds faster 

in the presence of lower concentration ([Co2+
aq]0 = 5 µM, Figure 5.6(a)) than higher 

([Co2+
aq]0 = 10 µM, Figure 5.6(b)).   

On the basis of the observation, the dependence of the rates on aging time increases 

at higher [Co2+
aq]0, revealing growth of Co-multimers is time- and concentration-

dependent.  One can be simply concluded that more efficient water oxidation by Co species 

is mainly responsible for the low degree of Co-multimer formation, an inference consistent 

with our model (dimer and trimer are largely dominant).  Furthermore, the high degree of 

Co aggregation inhibits (or slows down from loss of active sites in Co clusters) the reaction 

based on decrease of reaction rates with increasing aging time.  The kinetics at lower 

[Co2+
aq]0 (2.5 µΜ) in Figures 5.6(c) and (d) have short induction periods, showing that 

some aggregation of Co species in necessary for high catalytic activity.  Importantly, the 

induction period almost disappears after a very short time (0.01 s), which is considerably 

shorter than a typical induction period under turnover conditions (> 0.05 s).  Our 

expectation regarding kinetic trends is that higher concentrations of Co(II)aq and longer 

aging times should lead to more aggregation of Co-multimers, resulting in slower reactions, 

with the trends becoming nearly independent of these parameters at some point.  However, 

the kinetic trend at longer aging times ( > 1 s) remains unclear as shown in Figure 5.6(d).  

One possible explanation here is that there is breakdown of higher-order aggregates into 

smaller species such as dimers, which are mainly responsible for efficient catalytic water 

oxidation.   
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We propose the reaction mechanism in eqs 5.19 and 5.20 to explain the effect of 

the aging time on the induction period.  When Co2+
aq and [Ru(bpy)3]3+ are mixed in 1:1 

ratio in the premixing event, both Co(II) and Co(III) are present in solution.  In 

consequence, two additional reactions in eqs 5.19 and 5.20 are included in the kinetic 

model. 

Co(II)  +  Co(III)  →  Co(II)-Co(III)     (5.19) 

Co(II)-Co(III)  +  Ru(III)  ⇄  Co(III)-Co(III)  +  Ru(II)  (5.20) 

Since the water exchange rate is much faster for Co(II) complexes that for those 

containing Co(III), the reaction in eq 5.19 is much faster than that in eq 5.6.  The simulated 

kinetic curves with k19 = 1.0 × 109 M–1s–1 are shown in Figure 5.7.  The change of the 

Figure 5.7.  Effect of aging times on the simulated kinetics of catalytic water oxidation 

initiated on addition of Co2+
aq.  The labels are the aging times (the time intervals 

between the first and second mixing events).  Conditions: [Co2+
aq]0 = 5 µM, 

[Ru(bpy)3]3+]0 = 5 µM (for the pre-mixing), [[Ru(bpy)3]3+]0 = 0.42 mM (for the second 

mixing). 
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simulated kinetic curve shapes is qualitatively consistent with the experimentally obtained 

curves.  The reaction proceeds faster as the aging time increases up to 0.05 s, then slower 

with longer aging times, indicating that the addition of reactions in eqs 5.19 and 5.20 to 

our kinetic model should be considered in evaluating the double-mixing stopped-flow data.  

The proposed model requires further development along with more detailed information 

and reasonable rate constants for better results;48 however, the kinetic model qualitatively 

explains water oxidation catalyzed by Co2+
aq. 

 Since Co(II) has a significantly faster water exchange rate, the formation of the 

dimer Co(II)-Co(III) is much faster than dimerization of Co(III).  As a result, dimerization 

of Co-species during premixing is faster under the condition [[Ru(bpy)3]3+]0 ≈ [Co2+
aq]0.  If 

Scheme 5.2.  The simplified reaction mechanism of water oxidation catalyzed by 

Co(II)aq.   
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the large excess of [Ru(bpy)3]3+ is added ([[Ru(bpy)3]3+]0 >> [Co2+
aq]0), then Co(II)aq is 

present in very low concentration and the aggregation proceeds through a slow 

dimerization of Co(III).  The overall reaction can be simply described in Scheme 5.2. 

 

5.4   Conclusions 

 The Co4V2 has been clearly identified as a true WOC on the basis of our kinetic 

studies.  The early-time kinetic measurements clearly distinguish the catalytic water 

oxidation rates of Co4V2 and Co(II)aq.  The distinctive kinetic feature for water oxidation 

catalyzed by Co2+
aq, namely the induction period, was studied to probe the true catalyst 

originating from Co(II)aq under homogeneous conditions.  Time-resolved kinetics using a 

double-mixing stopped-flow method provided detailed insight into induction period.  Co-

dimer appears to be the principal efficient water oxidation catalyst on oxidation by 

[Ru(bpy)3]3+.  The formation of Co-dimer explains the induction period in kinetic curves 

consistent with two pathways: Co(II)-Co(III) dimer forms when [Ru(III)]0 ≈ [Co(II)]0, and 

Co(III)-Co(III) forms directly from two Co(III) when [Ru(III)]0 >> [Co(II)]0.  The kinetic 

modeling effectively describes the experimental data based on the proposed mechanism.  

Further studies are required to support our hypothesis in detail and to provide a more 

detailed mechanism.  These studies are in progress. 
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