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1 | Introduction

“Advice is a dangerous gift, even from the wise to the wise, and all courses may run ill.”

J.R.R. Tolkien in The Fellowship of the Ring
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Chapter 1. Introduction

1.1 Renewable energy and its storage

1.1.1 The energy problem and catalysis

Between 400,000 B.C. and 1950, the global carbon dioxide concentration in the atmosphere has

been fluctuating.[1] The highest value for the estimated CO2 concentration in that period is ap-

proximately 300 ppm.[1] As a consequence of the use of fossil fuel the carbon dioxide concentra-

tion in the atmosphere has increased far beyond the natural fluctuations observed before 1950.

Currently the CO2 concentration is somewhat above 400 ppm while the emission of CO2 is still

increasing annually.[2, 3] The increase in global CO2 concentration is the major cause of global

climate change.[4]

In order to limit the global temperature increase, more renewable energy sources need to

be employed. Solar energy and wind energy are promising alternatives for the traditional fossil

fuels.[5, 6] One of the big challenges of renewable energy that needs to be faced before imple-

mentation is the large-scale storage of this renewable energy. Batteries are good energy carriers

for low energy applications. However, the transportation of energy stored in batteries for large

scale applications is cumbersome. Moreover batteries in general are not very environmentally

friendly due to the presence of heavy metals such as lead. Storage of energy in a chemical fuel

e.g. has the advantage of forming a full cycle in which no waste products are formed. The storage

of energy as a chemical fuel therefore is an interesting alternative to the use of batteries in for

example the automotive industry.

The reduction of protons and CO2 to chemical fuels such as hydrogen and hydrocarbons has

received a lot of attention lately.[7–12] The proton reduction reaction (PRR) to produce hydrogen

and the hydrogen oxidation reaction (HOR) to consume hydrogen are shown in Equation 1.1.[7–

11]

2H+ + 2 e− PRR

HOR
H2 (1.1)

A generalized reaction scheme for the reduction of CO2 is displayed in Equation 1.2

CO2 + n H+ + n e− + 2 e− CO+ hydrocarbons+ alcohols+mH2O (1.2)

An electrochemical cell consists of two halfreactions, thus a second halfreaction is needed
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1.1. Renewable energy and its storage

Figure 1.1: Schematic representation of heterogeneous (top part) and homogeneous (bottom

part) catalysts as used in an electrochemical cell, HC = hydrocarbons.

to complement the PRR/HOR halfreaction. The water oxidation reaction (WOR) and oxygen re-

duction reaction (ORR) are good reactions to complement the PRR/HOR (see Equation 1.3), thus

forming a closed cycle of two half reactions. The high redox potential (1.23 V versus RHE) and

the non-toxicity of water and oxygen formed makes this redox reaction very suitable to in com-

bination with the PRR andHOR redox reaction. The oxygen can be released into the atmosphere

during fuel production. The waste products of the consumption of the renewable fuels produced

1.1 and 1.2 are water (in Equation 1.1 and 1.2) and CO2 (in Equation 1.2 only). Both water and

CO2 are non-toxic products. Water is harmless for the environment whereas the CO2 produced

upon the oxidation of alcohols and hydrocarbons is captured from the atmosphere when these

fuels are produced, so net no CO2 is produced. In order to increase the rate and efficiency of the

redox reactions, efficient catalysts are needed.

O2 + 4H+ + 4 e− ORR

WOR
2H2O (1.3)

In 1901, Ostwald discerned four different types of catalysis. In a 1902 publication in Na-

ture, he stated: "Catalytic action may be divided in four classes:-(1) Release in supersaturated systems.

(2) Catalysis in homogeneous mixtures. (3) Heterogeneous catalysis. (4) Enzyme reactions.".[13] The

first process later became known as crystallization and is thus a physical phenomenon and not
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Chapter 1. Introduction

Figure 1.2: Themost commonmechanism for the electrochemical oxidation of water on hetero-

geneous surfaces.[15]

chemical nor catalytic.[14] In water oxidation and oxygen reduction catalysis, the focus is mostly

on heterogeneous and homogeneous catalysis. Both have different traits and thus different ad-

vantages and disadvantages. In heterogeneous catalysis, the catalyst is in a different phase as the

reactants. In electrocatalysis this means that the heterogeneous catalyst is the electrode itself or

at least attached to the electrode surface (top part of Figure 1.1). Heterogeneous catalysts can be

quite stable but are limited in opportunities for design. In homogeneous catalysis the catalyst

and the reactant are in the same solution phase (bottom part of Figure 1.1). This means that in

homogeneous electrocatalysis the electrode is only transferring electrons to or from the catalyst

which is dissolved in the (aqueous) electrolyte and situated in very close proximity to the elec-

trode. Homogeneous catalysts are generally more easy to tune than heterogeneous catalysts, but

in general lack in stability.
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1.1. Renewable energy and its storage

1.1.2 Heterogeneous catalysts for the electrochemical oxidation of water

Heterogeneous electrocatalysis for the water oxidation and oxygen reduction reactions is amuch

more explored field compared to homogeneous electrocatalysis.[16–19] In the most common

model, the first step in the heterogeneous water oxidation mechanism is the binding of the wa-

ter molecule to a vacant site on the metal-oxide surface where it is oxidized and deprotonated,

forming a metal hydroxide (Figure 1.2, 1). This hydroxide is further oxidized and deprotonated

forming a oxo-species (2). The oxo-species undergoes an attack by water and deprotonation and

oxidation of the water molecule forming a superoxo-species (3). The superoxo-species is depro-

tonated and oxidized and dioxygen is liberated from the electrode surface (4).

The equilibriumpotential for thewater oxidation reaction (E0
O2/H2O) is 1.23V versusRHE.[20]

From this equilibrium potential the free energy of a dioxygen molecule can be calculated when

the free energy of water is defined as zero (Equations 1.4 and 1.5).[20]

e0E
0
O2/H2O = C0 = [∆G(O2)− ∆G(H2O)]/4 = 1.23 eV (1.4)

∆G(O2) = 4× C0 = 4.92 eV (1.5)

The optimal water oxidation catalyst for the heterogeneous oxidation of water should fulfill

the condition wherein the intermediates 1, 2 and 3 have an increased metal binding energy of

1.23 eV per reaction step (Equations 1.6-1.8).[20]

∆G(OHAds) = C0 = 1.23 eV (1.6)

∆G(OAds) = 2× C0 = 2.46 eV (1.7)

∆G(OOHAds) = 3× C0 = 3.69 eV (1.8)

The scaling relations describe that the binding energy of all intermediates are connected, due

to the similarity in the manner in which the intermediates are bound to the catalyst, as was first

described in the group of Nørskov.[21] This means that it is not possible to optimize the binding

energy of the intermediates to the electrode surface individually. The difference in binding en-

ergy of the OHAds and OOHAds species is 3.2± 0.2 eV on flat (111) surfaces, which is higher than

the optimal 2.46 eV (Figure 1.3).[22] This non-optimal difference in binding energy between the

7



Chapter 1. Introduction

Figure 1.3: Intermediates in heterogeneous water oxidation reaction with their optimal binding

energy. The arrow indicates the minimum binding energy difference for OHAds and OOHAds,

which is 3.2 eV instead of the thermodynamic 2.46 eV due to scaling relations.

OHAds and OOHAds species leads to an additional potential that needs to be applied above the

equilibrium potential of 1.23 V versus RHE for the water oxidation reaction. The extra potential

that needs to be applied above the equilibrium potential to start catalysis is called the overpoten-

tial. In Figure 1.3 the energy levels of the intermediates are displayed versus the reaction coordi-

nate under ideal circumstances. The steps which form the bottleneck of 3.2 eV versus the ideal

2.46 eV are indicated by the arrow.

The group of Jaramillo reported a benchmarking study for the water oxidation reaction

wherein different surface metal oxide deposits on glassy carbon electrodes were investigated in

alkalinemedia.[19] The potentialwasmeasuredwhilewater oxidationwas performed chronoam-

perometrically at 10mA cm−2 based on the geometric surface area. Themetal oxide surfaces un-

der consideration consisted of (alloys of) Co, La, Fe, Ir, Ni and Ce. IrO2 was the best performing

electrocatalyst with a potential of 1.55 V versus RHE at 10 mA cm−2. The best performing non-

noblemetal catalyst was shown to beNiFeOx with a reported potential of 1.58 V versusRHE at 10

mA cm−2. The potential for all non-noblemetal catalyst are similar at 10mA cm−2 between 1.58
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1.1. Renewable energy and its storage

and 1.66 V versus RHE. The IrO2 catalyst has a lower potential at 10 mA cm−2, but is unstable

during long term electrolysis. However, in acidic electrolyte, the potential and thus the activity

of IrO2 was stable over 2 hours at 1.6 V versus RHE, whereas the non-noble metal based catalysts

lost their activity.

1.1.3 Homogeneous catalysts for the (electro)chemical oxidation of water

For the homogeneous oxidation ofwater two differentmechanisms are predominantly described

in literature.[23] The first mechanism is similar to themechanism for heterogeneous catalysts for

water oxidation (Figure 1.2). In homogeneous context this mechanism is called the water nucle-

ophilic attack (WNA) mechanism. The only difference between the heterogeneous and homoge-

neous mechanisms is that the electrode surface, depicted by the hatched rectangle in Figure 1.2,

is replaced with the metal center of the molecular catalyst (M). Homogeneous catalytic systems

following theWNAmechanism suffer from the same scaling relations and intrinsic overpotential

as their heterogeneous counterparts. The difference in binding energy between each intermedi-

ate to the metal center needs to be equal to 1.23 eV (Equations 1.6-1.8). However the energy

difference between the M-OH and M-OOH intermediates will be around 3.2 eV instead of the

ideal 2.46 eV, leading to an intrinsic overpotential before water oxidation catalysis starts.

The other mechanism predominantly reported in literature starts with two metal binding

sites which bind water and go through two deprotonation and oxidation steps, forming two

metal-oxo species (Figure 1.4).[15] These two metal-oxo species couple via a radical reaction,

dioxygen is released and the free binding sites on the two metal centers are available for a new

catalytic cycle. This mechanism is called the radical oxo coupling (ROC) mechanism. In the ROC

mechanism the optimal catalyst is found when ∆GM-OH = 1.23 eV and ∆GM-O• = 2.46 eV, simi-

larly to the WNA mechanism.[15] The potential limiting factor in catalysts displaying the WNA

mechanism is the non-optimal ∆GM-OH − ∆GM-OOH energy difference of at least 3.2 eV. Since

there is noM-OOH intermediate in the ROC catalytic cycle, this bottleneck does not exist in the

ROC mechanism, which might lead to catalysts with a lower overpotential.

The first report of amolecularwater oxidation catalystwas byMeyer et al in 1982 (Figure 1.5,

top left).[24] They reported a ruthenium-based [(bpy)2(H2O)RuO- Ru(H2O)(bpy)2](ClO4)4 com-

plex (bpy = 2,2’-bipyridine) which evolves oxygen both electrochemically in acidic electrolyte

9



Chapter 1. Introduction

Figure 1.4: Radical oxo coupling (ROC) mechanism for certain homogeneous water oxidation

catalysts.

and by chemical oxidation using cerium(IV) as chemical oxidant. A multitude of molecular com-

plexes as catalysts for the water oxidation reaction has been reported since then. In the group

of Sun, severak Ru-based molecular complexes have been developed as catalysts for both chem-

ical and photochemical water oxidation (Figure 1.5, top right).[25] The complex [Ru(bda)(isoq)2]

(H2bda = 2,2’-bipyridine-6,6’-dicarboxylic acid; isoq = isoquinoline) was used as catalyst to oxi-

dizewater using cerium(IV) or [Ru(bpy)3]2+ and light. A ROCmechanismwas proposedwherein

a ruthenium(IV) peroxo-dimer is formed.[26] Liberation of oxygen is the rate-limiting step under

stoichiometric amounts of cerium(IV). Under excess of cerium(IV), oxygen liberation happens af-

ter the peroxo-dimer is further oxidized to form a superoxo-dimer and the rate determining step

changes to the formation of the peroxo-dimer.

The first iridium-based molecular catalyst for the water oxidation reaction was reported by

the group of Bernhard (Figure 1.5, bottom left).[27] A series of different cyclometallated iridium

complexes was studied under chemical oxidation conditions and shown to perform water ox-

idation, forming dioxygen as the product. Since then different iridium-based catalysts for the

water oxidation reaction have been reported.[28–30] Under electrocatalytic conditions some of
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1.1. Renewable energy and its storage

Figure 1.5: Examples of molecular complexes used in (electro)chemical water oxidation and oxy-

gen reduction studies.

those complexes form a IrO2 deposit on the electrode surface.[31–33] In electrocatalytic studies

of molecular iridium complexes it is therefore a challenge to prevent the formation of iridium

oxide layers on the electrode surface.

1.1.4 Copper complexes for the electrochemical water oxidation and oxy-

gen reduction reaction.

Molecular copper electrocatalysts have been reported both for the water oxidation reaction and

oxygen reduction reaction.[34–40] The first reported copper-based water oxidation catalyst is

a copper bipyridine system which forms a mononuclear bishydroxy complex at high pH (Fig-

ure 1.5, bottom right).[39] Water oxidation catalysis was observed in a pH range of 11.6 to 13.3.

A turnover frequency of 100 s−1 is reported at glassy carbon electrodes. Quickly after, a sec-
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Chapter 1. Introduction

ond report on homogeneous water oxidation from the group of Lin appeared, wherein a 6,6’-

dihydroxy-2,2’-bipyridine ligand was used. It has a lower overpotential and higher activity than

the 2,2’-bipyridine complex, which is attributed to the proton shuttling effect of the hydroxy

groups present on the bipyridine ligand. A number of copper based complexes have been re-

ported for the oxygen reduction reaction with phenanthroline derivative ligands and its deriva-

tives,[41–43] and pyridylalkylamine ligands.[44, 45] In homogeneous copper catalysis the chal-

lenge lies in finding catalysts that do not form heterogeneous copper (oxide) layers instanta-

neously on the electrode surface. This is due to the fast ligand exchange kinetics of copper, which

may lead to the formation of free copper ions in the electrolyte solution.[46] Nevertheless, in lit-

erature the formation of heterogeneousmetal (oxide) catalysts under reaction conditions is rarely

discussed.

1.2 The thin linebetweenhomogeneous andheterogeneous catal-

ysis

1.2.1 Degradation of homogeneous catalysts

Pinpointing the active species can be a challenge in homogeneous catalysis, as often only the rest-

ing states of the catalytic species are detectable, whereas the true active species are only present

in undetecteable concentrations.[14] Since molecular catalyst have a lower stability than hetero-

geneous catalysts, catalyst degradation can be a major problem. In a 2011 review, Crabtree gave

an overview of how homogeneous species may degrade during a catalytic reaction and how one

may recognize the formation of nanoparticles.[14] Themost important indications of the forma-

tion of heterogeneous catalysts from homogeneous species are summarized in Table 1.1.[14] One

should always keep in mind the possibility of forming a heterogeneous catalyst from a homoge-

neous complex.

1.2.2 The difficulty in determining the active species in electrochemical

homogeneous catalysis

The thin line between homogeneous and heterogeneous catalysis as discussed in the previous

section also holds for electrochemical studies. Under oxidative conditions the formation ofmetal
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Table 1.1: Suspicious circumstances suggesting a need for further study of an operationally homogeneous metal catalyst system, adapted from Crab-

tree.[14]

Events Comment

Unexplained lag time before onset of catalysis Conversion of molecular precursor to an active catalyst, possibly

nanoparticulate

Catalyst properties, such as selectivity, closely resemble the proper-

ties of the appropriate analogous conventional heterogeneous cat-

alyst

Nanoparticle (NP) catalysis possible

Ligand (L) effects are minimal; all active catalysts have similar rates

and properties

All catalysts may convert to NPs having similar catalytic properties

whatever the nature of L, but ligands can modify NP synthesis and so

ligand-dependent activity cannot eliminate the possibility thatNPs are

the active species

Catalytic activity is halted by a selective poison for the heteroge-

neous catalyst

Hg(0) is most common but precautions are needed

Kinetic irreproducibility Nanoparticle synthesis can be very dependent on conditions

Reaction mixture turns dark in color Possible indication of NPs

Metal-containing deposit or mirror formed Possible indication of intermediacy of NPs, and the deposit itself may

be catalytically active

Harsh conditions Ligands may degrade and release metal

1
3



Chapter 1. Introduction

Figure 1.6: Structure of the ruthenium based POM 1 as reported simultaneously in the groups

of Hill ([49]) and Bonchio ([50]). Depicted is the central Ru4(µ-O)4(µ-OH)2(H2O)46+ core (ball-

and-stick representation, Ru blue, µ-O red- O(H2) orange; hydrogen atoms omitted for clarity)

and the slightly distorted Ru4 tetrahedron (transparent blue). The polytungstate fragments are

shown as gray octahedra, and Si as yellow spheres. The figure was reprinted from [49].

oxides fromcoordination compounds has beenobserved, whereas under reductive conditions the

formation of a metallic layer is a possibility. The difficulty of interpretation of the data and the

care with which the experimental conditions should be chosen is greatly displayed in the study of

Co-based polyoxometallates (POMs) as water oxidation catalysts described by the groups of Hill

[47] and Finke.[48] Both argued on the specification of the active species of these POM systems.

Since these systems have been discussed in so many details, and since the same problems are

likely to arise for other systems, it is presented here as a case study.

Polyoxometallate compounds are carbon-free ligands that can bind to metal ions, for exam-

ple ruthenium. The ruthenium-basedPOMRb8K2[Ru4O4(OH)2(H2O)4(γ−SiW10-O36)2]·25H2O

(1) was developed simultaneously in the groups of Bonchio[50] andHill[49]. In the groupofHill, it

was shown to oxidize water using both [Ru(bpy)3]3+[49, 51] and (NH4)2[Ce(NO3)6] (CAN)[51] as

chemical oxidant. Experiments using isotopically labelled water showed the formation of dioxy-

gen fromwater and not from oxygen present in 1.[49] Control experiments were performedwith

[RuCl3], which formsRuO2 under catalytic conditions. TheRuCl3 catalyst showed an activity two

orders ofmagnitude lower than that of 1, indicating the complex does not degrade intoRuO2 dur-

ing catalysis. The rate limiting step for water oxidation was determined to be the first oxidation

14



1.2. The thin line between homogeneous and heterogeneous catalysis

Figure 1.7: X-ray structure of Na102 in combined polyhedral ([PW9O34] ligands) and ball-and-

stick (Co4O16 core) notation. Co atoms are purple; O/OH2(terminal) are red; PO4 is displayed as

orange tetrahedrals; andWO6 as gray octahedra. Hydroge natoms, water molecules, and sodium

cations are omitted for clarity. Figure reprinted from [47].

of water from the four times oxidized complex.[51] The complex is stable in water from neutral

to slightly acidic pH, but will decompose below a pH of 1.5.[49]

Simultaneously in the group of Bonchio, the same polyoxometallate was developed and in-

vestigated usingCAN.[50]Oxygen evolutionwas confirmed using gas chromatography andmax-

imum turn over frequencies of 450 h−1 were observed. The catalyst was precipitated from the

aqueous solution after water oxidation by addition of CsCl. Infrared and Raman spectroscopy of

the precipitated complex confirmed the stability of the catalyst.

After this ruthenium-based POM compound, Hill reported the first Co4-POM as active wa-

ter oxidation catalyst.[47] The POM compound [Co4(H2O)2(PW9O34)2]10− (2, Figure 1.7) was

claimed to be an active water oxidation catalyst using both chemical and electrochemical oxida-

tion. It was the only cobalt-based POM in a series to exhibit water oxidation using [Ru(bpy)3]3+.
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Chapter 1. Introduction

A total turn over number (TON) of 75 was observed with a yield of 64%, based on the amount of

[Ru(bpy)3]3+ added to the reaction solution. It was stated the catalyst could be kept in solution

for 72 hours prior to catalysis without a significant change in TON and yield. At pH 8 a solution

containing 5 µM 2 could be kept in water for over a month without changes in the 31P NMR

and the UV-Vis spectra. Nevertheless there is a concern that small amounts of Co2+ are respon-

sible for the catalytic activity. By addition of bpy to to the solution, any free Co2+ in solution

could be scavenged to form an inactive complex.[47] Some decrease in water oxidation activity

is observed, which is attributed to loss of CoII from the POM by competitive coordination of

bpy and the oxidation of bpy. After the chemical oxidation by [Ru(bpy)3]3+ was completed, more

[Ru(bpy)3]3+ was added to the catalyst solution. The same initial activity was observed in the

second addition of [Ru(bpy)3]3+ as in the first addition, indicating no catalyst degradation took

place during the first catalytic run.

By replacing the [Ru(bpy)3]3+ with the reduced form [Ru(bpy)3]2+ and with the addition

Na2S2O8 as sacrificial reductant, light-activated water oxidation was performed with 2 as cata-

lyst.[52] An increase in both catalytic as well as initial quantum yield was observed with increas-

ing catalyst concentration at pH 8. The highest TON of 224 was observed at 5 µM, the highest

concentration used in this report.

Stracke and Finke continued the investigation of 2 electrochemically.[48] By performing a

long-term cyclic voltammetry experiment with 500 µM solutions of 2 at pH 8 between 1.47 and

1.87 V versus RHE, the behavior of the catalyst over time was investigated at a 0.071 cm2 glassy

carbon (GC) electrode. The onset for water oxidation is observed around 1.65 V versus RHE. At

the beginning of the experiment, the current reaches a maximum of 11µA at the vertex potential

of 1.86 V. Over time the maximum current increases to 140 µA after 3 hours of cycling. Such an

activation process indicates a transformation of the molecular species and possibly deposition of

material on the electrode surface. Scanning electron microscopy (SEM) in combination with en-

ergy dispersive X-ray spectroscopy (EDX) confirmed the presence of a cobalt layer on the surface

of the GC electrode. The layer contained Co, O, P, andNa, with a Co:P:Na ratio of approximately

4:1:1, as determined by EDX. No tungsten from the PW9O34 moiety was observed in the deposit.

The CoOx layer could also be formed by applying an oxidizing potential of 1.76 V versus RHE for

30minutes. By transferring the electrodewith deposit to an electrolyte solution in the absence of
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1.2. The thin line between homogeneous and heterogeneous catalysis

2, the catalytic activity was retained. This suggests that the catalytic activity should be attributed

to the surface adsorbed CoOx.

The formation of the CoOx layer under electrochemical conditions led to a further inves-

tigation of the catalytically active catalytic species under photochemical circumstances by Sar-

torel, Scandola and co-workers.[53] Using nanosecond flash photolysis, a 50 µM solution of

[Ru(bpy)3]2+ was transformed (partly) into [Ru(bpy)3]3+. Depletion of the [Ru(bpy)3]3+ by re-

duction by a 5 µM solution of 2 was measured in the µs timescale using UV-Vis. As the cata-

lyst was aged for longer times before photolysis, depletion of [Ru(bpy)3]3+ was faster, indicating

that a decomposition product formed in situ is responsible for the depletion of [Ru(bpy)3]3+.

As the oxidation of pristine 2 in cyclic voltammetry is higher than the oxidation potential of

[Ru(bpy)3]3+, (photo)chemical water oxidation of 2 should not be possible with [Ru(bpy)3]2+ as

oxidatant. The timescales wherein the [Ru(bpy)3]3+ is depleted does point to amolecular species,

as the timescales are similar to stable Ru-POMs and is about 3 orders of magnitude higher than

e.g. colloidal IrO2 particles.[53, 54]

The concentration of 2 used in the electrochemical investigation by Stracke and Finke[48]

is two orders of magnitude higher (0.5 mM) than the reports from Hill et al (<5 µM).[47, 52]

An investigation of the maximum absorption of the 580 nm peak in UV-Vis spectroscopy of a

0.5 mM solution of 2 in 0.1 M phosphate buffer at pH 8 shows a decrease of 4.6 ± 0.6% over

3 hours.[48] This indicates that 2 degrades over time at high concentration. This was further

confirmed with linear-sweep voltammetry based on the anodic peak at 1.77 V versus RHE at pH

8, which is associated with the presence of free CoII in solution. The total amount of free CoII

leached was established electrochemically to be 58 µMafter 3 hours, which corresponds to 2.9%

of the total amount of cobalt added to the solution.

A further chemical and photochemical investigation of low concentration (<5 µM) of 2 in

borate buffer at pH 8, once again showed the active catalyst is the completely intact Co4-POM,

with little to no activity fromsolvatedCoII.[55]UsingUV-Vis spectroscopy, itwas established that

2 is unstable in phosphate buffer, the buffer used in all reports described above, but is muchmore

stable in borate buffer. Using ICP-MS and cathodic adsorptive stripping voltammetry (CAdSV)

experiments a sixfold higher concentration of dissolved cobalt in phosphate buffers over borate

buffers was observed. Photochemical water oxidation in the presence of 2 reached a turn over

17



Chapter 1. Introduction

number of 302 at pH 8, which is much higher than the TON reported for 2 in phosphate buffer.

A chemical dioxygen yield of 24.2% was observed in borate buffer at pH 8.

The debate about the homogeneity or heterogeneity of the POM 2 is reviewed in the 2013

JACS paper of Geletii, Hill and co-workers concluding: "catalytic studies of molecular species, es-

pecially POMWOCs (water oxidation catalysts), under one set of experimental conditions should

be compared only with extreme caution, if at all, to those under other conditions."[55]

After the initial 2010 Science paper from the group of Hill,[47] another Co-POM catalyst

was reported with Na10[Co4(H2O)2(VW9O34)2]·35H2O (Na103·35H2O) from the same group in

2014.[56] An exceptionally high TOF of > 1× 103 was observed under chemical oxidation condi-

tions, based on the consumption of [Ru(bpy)3]3+. The catalyst is also active towards light driven

water oxidation with [Ru(bpy)3]2+ and Na2S2O8 as sacrificial reductant. Multiple spectroscopic

techniques were used to establish the stability of the complex in solution and under catalytic con-

ditions. In the 51V NMR spectrum a peak was observed at -506.8 ppm, which does not change

over the course of a month.

The stability and structure of the Na103·35H2O was questioned in the group of Finke.[57]

The synthesis of Na103·35H2O yielded a brown powder, of which the elemental analysis was too

high in tungsten by 1.56 %.[56, 57] In the synthesis of Na103·35H2O by Finke et al NaOAc im-

purities were found which were identified using infrared spectroscopy.[57] The infrared spectra

reported by the group of Hill were cut off at 1200 cm−1, well below the peak associated with

NaOAc which is observed at 1600 cm−1 A critical note was also set at the 51V NMR shift of

-508.6 ppm with regard to the nature of that peak. Due to 3 being quadrupolar in vanadium,

one would expect this peak to be broad. In 3, a sharp peak with δν1/2 = 28 Hz is observed at

-508.6 ppm[56] or -510 ppm.[57] This is narrower than for any tetrahedral vanadium complex

reported to date. Previously V4O12
4− was reported to have the narrowest peak with δν1/2 = 60

Hz.[57] If the procedure for synthesis of 3 is followed, but without the addition of the CoII salt

the -510 ppm is retained in the 51VNMR spectrum. This indicates the -510 or -508.6 ppm peak

is not associated with the complexated form of 3 claimed by Hill and coworkers,[56] but rather

with the cis-V2W4O19
4− ligands which are dissociated from the cobalt center.[57] Purification

of Na103·35H2O by recrystallization yielded a green solid which was determined to be mostly

cis-V2W4O19
4−

18



1.3. Homogeneous versus heterogeneous electrochemical water oxidation and oxygen

reduction catalysis concerning molecular (pre)catalysts

Electrochemical water oxidation using the Na103·35H2O catalyst was performed by Folk-

man and Finke both in phosphate and in borate buffer.[58] In the first hour of catalysis the ox-

idation current increases for both phosphate and borate buffers present in the electrolyte solu-

tion. The formation of a CoOx layer is observed on the electrode surface as was confirmed with

SEM/EDX. The ease of formation of CoOx is attributed to free CoIIaq dissolved in the electrolyte

solution from the decomposition of 3. The amount of 3 which decomposes is 87 to 100% based

on line broadening on the 51P NMR lines and cathodic stripping. The deposition of Co on the

electrode surface is the same as was reported earlier by the group of Nocera.[59]

The development of the Co4-POM systems 2 and 3 have led to a heated discussion in the lit-

eraturewith regard to the homogeneity and the structure of the active catalyst.[47, 48, 52, 53, 55–

58] At low concentration, 2 forms a stable complex under (photo)chemical water oxidation con-

ditions,[47, 52] at higher concentrations and under electrochemical water oxidation conditions

it forms a metal oxide deposit on the electrode surface.[48] Although [Ru(bpy)3]3+ is not capa-

ble of oxidizing 2, depletion of [Ru(bpy)3]3+ is observed in laser flash photolysis experiments,

indicating that 2 decomposes to form a molecular complex with a lower oxidation potential in

phosphate buffer.[53] The Co4-POM 3 is believed not to be structurally correct but decomposes

rapidly to form CoOx under electrochemical conditions which is responsible for the water oxi-

dation catalysis.[57, 58] Due to the harsh conditions of water oxidation catalysis, similar systems

with homogeneous catalyst must suffer from stability issues as well, although this is often ne-

glected in electrochemical studies.

1.3 Homogeneous versus heterogeneous electrochemical wa-

ter oxidation and oxygen reduction catalysis concerning

molecular (pre)catalysts

1.3.1 Scope of this thesis

The formation of heterogeneous materials from homogeneous (pre)catalysts is not unique to the

Co-POM systems. However there are few reports of molecular complexes forming heteroge-

neous catalysts under reactive conditions. The aim of this thesis is to investigate the mechanism
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Chapter 1. Introduction

of the formation of heterogeneous layers under catalytic conditions and strategies to prevent the

formation of metal(oxide) deposits on electrodes under catalytic conditions. The focus is on the

difficult but important water oxidation and oxygen reduction reactions, which form the bottle-

neck for the efficient storage of renewable energy in a chemical bond.

InChapter 2 thewater oxidation reaction is reportedwith two similar pyridyl-triazolylidene

iridium complexes, which differ only in one position on the pyridyl-triazolylidene ligand. The

influence of the ligand structure on the activity and the activation of the catalytic system has

been investigated electrochemically. An in situ study on the formation of surface deposits and

the gaseous products has been performed, while ex situ spectroscopy was used to investigate the

structure and nature of the active site.

Copper complexes display rapid ligand exchange kinetics. The exchange rate ofwater ligands

at CuII complexes is in the order of 108 s−1.[46, 60] This is faster than the exchange rate on other

first row transitionmetals such as FeII (105 s−1), CoII (104 s−1) andMnII (105 s−1). The exchange

rate of water on noble metals is lower, with IrIII having the slowest exchange rate (10−6 s−1).

The fast exchange kinetics of water ligands at CuII centers indicates that also other ligands will

exchange more rapidly at copper complexes compared to other metals. Therefore care should be

taken when using CuII complexes in the water oxidation and oxygen reduction reactions, as free

CuII may be present already at very early stages during the catalytic reaction.

InChapter 3 a [CuII(bdmpza)2] complex (bdmpza− =bis(3,5-dimethyl-1H-pyrazol-1-yl)ace-

tate has been investigated for the water oxidation reaction. The exchange of the ligands with

water or ions present in the electrolyte is minimized by the use of a tridentate bis-pyrazole lig-

and. The formation of a CuO layer was, however, not prevented, but even faster obtained if the

complex was first treated under reducing conditions.

In Chapter 4 in situ generated CuII complexes with 1,10-phenanthroline ligands are reported

for the oxygen reduction reaction. The use of a high concentration of 1,10-phenanthroline,

should shift the equilibrium of phenanthroline binding towards complex formation, thus pre-

venting the formation of metallic copper on the electrode surface.

Chapter 5 reports copper complexes with 1,10-phenanthrolineligands which are covalently

attached to the electrode surface while CuII is present in the electrolyte solution. In presence of

copper, [Cu(phen)Lx] complexes form on the surface of the gold working electrode. By immo-

20



1.4. References

bilizing the ligands onto the electrode surface, the copper ions cannot get close to the electrode

surface. The formation of metallic copper on the electrode surface under oxygen reduction con-

ditions is prevented by blocking of the ligands which are attached to the electrode surface. The

in situ generated copper complexes have been investigated for the oxygen reduction reaction.
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