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Abstract 

As the developing world industrializes, humanity needs to produce a greater 

fraction of its energy via renewable resources in order to alleviate the scarcity of 

fossil fuels as well as environmental damage from the exhaust of these fuels. 

However, renewable sources of energy tend to be intermittent in nature and 

therefore require a method to store generated energy for use at a later time. 

Hydrogen gas is a promising potential fuel because it can be produced from water 

with oxygen gas as a byproduct, resulting in an environmentally-friendly 

production-consumption cycle with water as the product upon combustion. This 

thesis presents two different approaches to hydrogen generation from water – 

using light and electricity – with earth-abundant metal oxide catalysts. 

A dual-semiconductor photocatalyst consisting of α-Fe2O3 and CuFe2O4 

semiconductor materials in close contact was prepared by first templating iron 

oxide precursors on sugarcane leaf followed by functionalization of the resulting 

α-Fe2O3 surface with copper nanoparticles and high-temperature annealing. 

Nanoparticle catalysts were further loaded onto the surface of the combined α-

Fe2O3/CuFe2O4 heterostructure. Investigation of the CuFe2O4 material revealed 

that it was a poor semiconductor that could evolve hydrogen independently but at 

low rates. 

A novel nickel-iron oxide phase with rock-salt structure was synthesized via 

thermal decomposition of mixed nickel and iron oleate complexes. Despite the 

natural instability of bivalent iron in rock-salt crystal structures, the single-crystal 
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[Ni,Fe]O nanoparticles were stable even under ambient conditions for long periods 

of time, even upon thermal treatment at 200 °C. Shape control of the nanoparticles 

could be achieved via modification of the synthetic conditions, resulting in a 

variety of shapes including cubes, stars, and spheres. The composition of the 

nanoparticles could also be controlled yielding a wide composition range of nickel 

iron oxide rock-salt nanocrystals. The surface of the nanoparticles was determined 

to contain trivalent iron and an amorphous structure unique from the bulk. 

The nickel-iron oxide nanoparticles were applied for water oxidation after 

integration onto tin-doped indium oxide and fluorine-doped tin oxide electrode 

surfaces. The functionalization was accomplished using UV light irradiation, 

which resulted in the formation of durable nanoparticle films that withstood the 

stresses of water oxidation. Electrochemical studies suggested that catalytic 

activity arose from the surface of the nanoparticles, suggesting that the [Ni,Fe]O 

phase did not participate in water oxidation. Nonetheless, by giving rise to the 

catalytic surface layer, [Ni,Fe]O was found to be important for water oxidation as 

activity was reduced when the phase was lost via heating. 
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1 General Introduction 

 

 1.1  Overview 

The goal of this thesis is to investigate methods for synthesizing nanostructures 

consisting of earth-abundant metal oxides for the photocatalysis and 

electrocatalysis of water into hydrogen (H2) and oxygen (O2) gases. Two separate 

overall projects are reported within; the first project involves the biotemplating of 

α-Fe2O3/CuFe2O4 Z-scheme photoelectrodes for overall photocatalytic water 

splitting, while the second project involves the synthesis of a [Ni,Fe]O for 

electrocatalytic water splitting. 

In this chapter, a general overview of rationale for water splitting, as well as the 

choice of metal oxides for material applications will be discussed. Chapter 2 will 

discuss the biotemplated leaf Z-scheme. Chapters 3 and 4 will discuss the synthesis 

and electrocatalytic properties of [Ni,Fe]O. Future directions and conclusions will 

be presented in Chapter 5.  

 

1.2  The Need for Renewable Energy 

Since the Industrial Revolution, the exploitation of cheap, energy-dense 

hydrocarbon fossil fuels, namely coal, oil, and natural gas, has allowed humanity 

to undertake faster travel, manufacture wares of greater quality and quantity, and 

raise our standard of living to a previously unachieved level. According to the 
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International Energy Agency, 81.7% of the world’s energy needs in 2012 were 

supplied by coal, oil, and natural gas.1 However, this reliance on fossil fuels has 

several disadvantages. Firstly, fossil fuels, as non-renewable resources, suffer from 

an availability problem as they do not replenish at a fast enough rate to satisfy 

eternal demand. Based on current consumption rates and reserves, typical estimates 

for the remaining amount of fossil fuels in the world lie around a half century each 

for oil and natural gas, and one to three centuries for coal.2,3 Furthermore, most of 

the world’s fossil fuel deposits are unevenly distributed in both geography and 

quality.2–4 In the case of oil, as high quality, low cost oil deposits deplete, the shift 

to low quality, high cost deposits becomes inevitable, threatening to raise energy 

costs which in turn will hinder long-term economic development.4,5  

Over-reliance on fossil fuels is also responsible for generating a variety of by-

products, ranging from particulate matter to carbon dioxide (CO2). The role of 

particulate matter in various health issues, including respiratory, cardiac, 

immunological, and developmental disorders is well documented, especially in the 

industrializing world.6–9 Although CO2 does not have the same medical 

implications, the generation of this gas via large-scale industrial processes like 

power generation also has a consequential effect on the world in the form of global 

warming, which has the potential to affect our lives through rising sea levels due to 

polar ice cap melt, desertification, and reduced agricultural yields.10,11 Further 

complicating matters is that, by 2050, there will be at least 9 billion humans on the 

earth, and those in the developing world will likely be striving to achieve a Western 

standard of living based on the model of economic development fuelled by cheap 
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energy, which will further increase energy demand even as environmental effects 

become more apparent.3,10 In order to offset these circumstances, it is critical to 

develop alternate energy systems while potential disaster can still be averted. 

However, replacing the fossil fuel regime is an uncertain prospect. In 2014, the U.S. 

Energy Information Administration (EIA) reported that the capital cost of most 

conventional grid-based fossil fuel energy systems ranged from $0.01/kWh to 

$0.06/kWh, making fossil fuels, and especially natural gas, the cheapest and most 

reliable source of energy currently available (Figure 1.1).12 Recent revolutionary 

developments in the extraction of natural gas via fracking, as well as the use of 

combined cycle setups where waste energy generated in an initial combustion 

reaction is used to drive the combustion of subsequent fuel molecules, has further 

pushed the cost of natural gas as an energy source down.13  

 

 

Figure 1.1  Cost per kWh of selected energy sources, as compiled from the US EIA 

report, “Levelized Cost and Levelized Avoided Cost of New Generation Resources 

in the Annual Energy Outlook, 2014”. 
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Therefore, not only must any replacement for fossil fuels be carbon-neutral and 

abundant; it must also be inexpensive. Two commonly cited alternatives are solar 

and wind power. Wind power is technically and conceptually simple and has vast 

theoretical potential. Independent estimates of the full potential for wind power 

have concluded that the harnessing of all of the potential wind power in the world 

would fulfill anywhere from 7 to 40 times the earth’s annual electricity 

consumption.14,15 Although these numbers seem promising and the technology 

seems readily available, wind power is also beset by a variety of social and 

geographical problems, including the typical distance of such resources from 

population centers and extremely uneven distributions between countries, 

unwillingness by local populations to host generating windmills, and the 

unpredictability and intermittency of power generation.16–18 As a result, the 

potential for wind power to replace fossil fuels is extremely limited. 

Solar energy also has great energy potential; the amount of energy stored in all 

the light from the sun that strikes the surface of the earth in one hour is equivalent 

to the amount of energy that humanity uses in a single year, or about 9000 times 

the earth’s annual electricity consumption.10,19 Sunlight, whether direct or indirect, 

provides the energy needs of every living organism on earth as even fossil fuels are 

derived from the remains of photosynthetic organisms. Yet despite the potential for 

solar energy, direct solar conversion has not yet been widely implemented for 

several reasons. Firstly, although strides have been made towards developing 

materials that are simultaneously economic to produce and efficient at solar energy 

conversion, costs for solar materials are still prohibitive compared to those for fossil 
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fuels.20–22 Secondly, as with wind power, sunlight can be highly variable, being 

limited by local environmental conditions such as nighttime, cloud cover or even 

latitude (Figure 1.2). As a result, mismatches between peak generation and usage 

periods prevent the full and efficient utilization of solar energy and the development 

of a storage medium is required.10,19,23,24 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Figure 1.2  Distribution of annual solar energy on the surface of the earth.24 

Reprinted with permission from Elsevier. 

 

1.3  Energy Storage and the Potential for H2 as a Fuel 

The quest for an energy storage system appropriate for solar energy is 

challenged by many of the same problems as the quest for a renewable energy 

system – ultimately, for large-scale implementation, the energy storage system will 

need to be economic and environmentally friendly at the same time. Furthermore, 

any system would need to allow for off-grid access so that mobile applications 

would be able to access this stored energy. Off-grid access is a special factor 

because the vast majority of oil product usage is as a fuel for transportation – in its 

Annual Energy Outlook for 2014, the U.S. Energy Information Administration 

Longitude (degrees) 

Latitude (degrees) 
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reported that over 70% petroleum consumed in the U.S. is for transportation 

purposes.25 Yet off-grid applications present their own challenges, requiring 

convenience and miniaturization so that stored energy can be easily transported and 

accessed. As a result, two dominant approaches have evolved towards powering 

next-generation vehicles focus on the ways in which this energy is stored – namely, 

electrochemical storage and fuels.26–28 Electrochemical storage-based approaches 

focus on the development of high-density capacitors or batteries for energy storage. 

Although electrochemical storage systems have superior specific power 

performances, meaning that they can generate power very quickly when required 

(such as in car brakes), they lack the specific energy and energy densities of fuel-

based approaches – in essence, electrochemical storage-based approaches are not 

compact or lightweight enough to store large amounts of energy.26–28 

Fuels, whether gasoline or H2, have higher specific energies and energy 

densities than electrochemical storage systems.26–28 Fuel materials are expended in 

a chemical reaction to release energy, typically generating by-products. While 

today’s fuels – coal, oil, and natural gas – generate carbon by-products, a carbon-

free, or at least carbon-neutral synthetic fuel may be able to satisfy the demand for 

cheap, non-polluting energy storage in the 21st century. H2 has been suggested as 

fuel because it has both a high specific energy and is carbon-neutral, making it an 

potential fuel.28–30 However, the problems of H2 consumption, storage, and 

production must be addressed for H2 fuel to become widespread. In the case of H2 

storage, even though H2 has a high specific energy (energy per unit mass), the 

storage of H2 is difficult because it has a low energy density (energy per unit 
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volume), therefore requiring significant infrastructure for cooling and/or 

compression. To circumvent these problems, two approaches towards hydrogen 

storage have been pursued.31–34 The first approach involves forming intermediate 

chemicals that can be formed from H2 gas (metal hydrides, liquid hydrides) that 

can, under certain conditions, revert to their dehydrogenated form to yield the re-

usable storage material and H2 gas.31,32 In the second approach, high-surface area 

nanomaterials such as metal-organic frameworks adsorb large volumes of H2 gas 

onto their structures, which can be induced to release H2 when needed.33,34 Both of 

these approaches seek to allow for the high-density storage of H2 under safer and 

more ambient conditions. 

In the realm of H2 conversion to energy, there is a great deal of interest in the 

development of efficient fuel cells.27,35–37 Fuel cells are appealing because of their 

high ideal efficiencies; even today’s mostly prototypical systems maintain energy 

conversion efficiencies of close to 60%, compared to the 20% usually achieved by 

standard gasoline-based internal combustion engines.36 However, widespread 

usage of fuel cells is limited by cost, performance and durability.35,37 As with H2 

storage, much of this arises from material constraints: platinum remains the most 

commonly used material for fuel cell catalysis, despite its cost and sensitivity to 

environmental pollutants like CO and H2S.35–37 There is a great deal of research 

focused on developing inexpensive novel catalytic materials, and candidates that 

have recently shown promise include conducting polymers, transition metal alloys 

(with and without platinum), and even various nanoparticle-based structures.35–38 
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1.4  H2 Production 

Presently, hydrocarbon reforming is the most utilized approach to H2 

production, accounting for over 90% of all H2 produced today.39,40 Although there 

are several variations of hydrocarbon reforming, the ultimate approach is the same: 

hydrocarbons are oxygenated on catalytic metal surfaces at high temperatures 

(typically group 8, 9 and 10 elements such as platinum and palladium) before 

decomposing into a mixture of CO or CO2 and H2 gas.39,41–43 It is even possible to 

start with oxygenated hydrocarbons like biomass or ethanol.40,41 The H2 that is 

separated from this synthetic gas, or syngas, can be subsequently used for other 

purposes. This reaction can generate large volumes of H2 gas with a 67% molar 

yield, explaining its popularity with the chemical industry.41–43 However, 

hydrocarbon reforming still generates CO2 as a by-product, meaning that any H2 

gas generated is not truly carbon-neutral.39 

H2 can also be generated by the decomposition of water molecules into H2 and 

O2 gases, generally referred to as water splitting. The major approaches to water 

splitting that are currently being studied fall into four categories: thermochemical, 

electrochemical, photocatalytic, and biological.44,45 Thermochemical water 

splitting is similar in setup to hydrocarbon reforming in that catalytic surfaces in 

the presence of high temperatures will naturally decompose water into H2 and O2 

gases.46–48 It is even possible to utilize direct, focused solar energy to generate the 

high temperatures needed to carry out this reaction.46,47 However, temperatures 

around 1000 °C are often required for the thermolytic decomposition of water to 
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proceed in an entropically favourable manner, placing serious constraints on the 

materials used for reactors.46,48 

The remaining three major approaches to hydrogen production can be grouped 

into a single general category of low temperature, electrochemically based 

reactions. Photocatalytic and biological H2 production also fall into this category 

because these remaining approaches ultimately all rely on some variation of the 

same water oxidation and hydrogen evolution electrochemical half-reactions: 

 

2H2O  O2(g) + 4H+ + 4e-   1.229 V vs. RHE 

4H+ + 4e-  2H2(g)           0 V vs. RHE 

2H2O  2H2(g) + O2(g)   1.229 V vs. RHE 

 

Under standard conditions (all reactant concentrations are 1 M, gas species are 

present at a partial pressure of 1 atm, and the temperature is 298 K), the reaction 

depicted above takes place under acidic conditions as the concentration of protons 

is 1 M – equivalent to a pH of 1. The most direct method to produce H2 from these 

reactions is to, as the reaction would suggest, apply a potential across two electrodes 

in a container of water. In the photocatalytic variation, the potential required to 

drive the reaction is provided by electron-hole charge separation caused by the 

absorption of light by one or more semiconductors.23 Biological H2 production in 

turn is arguably a further variation of photocatalytic H2 production whereby two 

sets of light-absorbing proteins in photosynthetic algae, called photosystems, 

deliver oxidizing power to water oxidizing catalytic sites in proteins (Figure 
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1.3).49,50 After the photocatalytic oxidation of water at Photosystem II, the excited 

electrons are then shuttled to Photosystem I where light is used to reduce organic 

electron acceptors that serve as energy sources in the cell. While this system 

remains identical in higher-level plants, green algae and cyanobacteria are capable 

of expressing hydrogenase or nitrogenase enzymes under anaerobic conditions, 

which utilize transition metal-sulfide cores (usually iron) to reduce protons to H2. 

Widespread biological H2 production is currently unfeasible owing to the 

difficulties of developing large-scale bioreactors.51 Furthermore, the theoretical 

efficiencies achievable by biological H2 production are low (13% theoretical 

max.)49 compared to semiconductor systems (41% theoretical max. for a dual 

absorber system analogous to photosynthesis, 30% theoretical maximum for a 

single absorber system).23 

 

 

Figure 1.3  Diagram of photosynthetic pathways utilized by algae to produce H2 

and O2 gases. 

 

e- 

Photosystem II Photosystem I 

Electron 
shuttles hν 

hν 

O2-evolving complex 

O2 + 4H
+
 H2O 

Hydrogenase 

H2 

2H
+
 

e- 

e- 



 11 

 

1.4.1  Electrochemical Water Splitting 

The remaining two major approaches, electrochemical and photocatalytic water 

splitting, deserve separate treatment as they are the focus of this thesis. 

Electrochemical water splitting, or water electrolysis, was first reported in 1789 by 

two Dutchmen, Adriaan Paets van Troostwijk and Johan Rudolph Deiman, when 

two gold electrodes connected to an electrostatic generator placed in water were 

observed to evolve bubbles.52 Although the results were reported initially only in 

French, German, and Dutch, by 1797 word of the discovery crossed the English 

Channel where William Nicholson and Anthony Carlisle repeated the work by 

powering their device with a replication of Alessandro Volta’s voltaic pile, a simple 

early battery powered by redox reactions of conjoined metals.53 At that time, the 

discovery of the electrolysis of water was of great interest to the scientific 

community because it demonstrated that elements could be isolated from their 

respective natural compounds. Electrolysis was further augmented in 1888, when 

Dmitry Lachinov developed the first industrial scale electrolyzer for water, which 

remained the primary method for producing hydrogen until the advent of industrial-

scale hydrocarbon reforming in 1962.43 

The idea of water electrolysis has changed little from its first observations; two 

electrodes are placed into a common container of water and a sufficiently large 

potential is applied across the electrodes, resulting in the oxidation of water and 

evolution of O2 on the anode and the reduction of protons and evolution of H2 on 

the cathode. Yet several challenges have hindered electrolysis from becoming the 

dominant H2 production method. The electrochemical overpotential for water 
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splitting and especially the water oxidation half-reaction is considerably large, 

reducing the potential efficiency of the system.23,54,55 The overpotential of an 

electrochemical reaction is the additional cost required to drive the reaction at an 

appreciable rate, usually represented by an increased potential above the nominal 

voltage required to carry out the reaction.56 Because there are various definitions of 

what constitutes an appreciable rate, the overpotential reaction can vary not only 

based on the catalyst, but also on the rate that is determined as the benchmark.57 

Commonly cited performance measures for water oxidation are an overpotential of 

400 mV at a current density of 10 mA/cm2
, while the overpotential for H2 evolution 

at 10 mA/cm2 is typically around 50 mV.58 H2 evolution tends to proceed with a 

smaller overpotential than water oxidation because water oxidation requires a two-

step, four electron transfer as opposed to the single-step, two electron transfer 

required for hydrogen evolution.23 The multi-step evolution of oxygen is 

considerably more difficult to carry out than the evolution of hydrogen as the 

presence of additional steps is associated with additional activation energies and 

intermediates in the reaction.59 Furthermore, another consequence of multi-step 

reactions is that parasitic reactions can take place. In the case of water oxidation, 

peroxide can also be generated,60,61 hence the existence of the terms “oxygen 

evolution reaction” (where the main product is oxygen) and “water oxidation” 

(which refers to the oxidation of water to all products – mostly peroxide and 

oxygen). 

In addition to considerations of overpotential, water electrolysis catalysts are 

also limited by the conditions under which the electrolysis of water takes place. 
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Pure water is a poor system for electrolysis because of its limited conductivity, 

necessitating the addition of ions to the electrolytic solution. Most commonly used 

electrolyte ions have the potential to react under electrolytic conditions, making the 

use of protons and hydroxides preferred to prevent parasitic reactions. However, 

protons and hydroxides must be added at such high concentrations that the pH 

becomes extremely corrosive. For example, most alkaline electrolyzers require the 

use of 15 – 35% KOH (by weight).44,62 Nonetheless, for most catalyst materials 

currently used for water splitting, alkaline environments are less corrosive than 

acidic ones, making alkaline electrolysis the standard electrolytic method.54 The 

water splitting reactions in basic conditions become modified to: 

 

4OH-  2H2O + O2(g) + 4e-   1.229 V vs. RHE 

4H2O + 4e-  2H2(g) + 4OH-           0 V vs. RHE 

2H2O  2H2(g) + O2(g)    1.229 V vs. RHE 

 

This modification in equation also results in a change in the potentials according to 

the Nernst Equation, which dictates that changes in concentration of the oxidized 

and reduced species will result in changes in the reaction potential:56 

 

E = E0 + (RT/zF)ln([ox]/[red]) 

 

Where E is the observed potential of the reaction, E0 is the standard electrode 

potential of the reaction, R is the universal gas constant (8.3145 J/Kmol), T is the 
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absolute temperature, z is the number of electrons transferred in the reaction, F is 

Faraday’s constant (96485 C/mol), and [ox] and [red] represent the concentration 

of the oxidized and reduced species, respectively. Under ambient temperature (298 

K), this equation can further be simplified using base ten logs to: 

 

E = E0 + (0.05916/z)log([ox]/[red]) 

 

The derived equation is especially useful because pH is the direct base ten value of 

the proton concentration. This final equation suggests that the potential of the 

reaction increases by 59.16 mV for every unit of pH. However, since this equation 

affects both the water oxidation and H2 evolution half-reactions identically, the 

reaction potentials remain separated by 1.229 V. Both acidic and alkaline systems 

have their benefits; alkaline water oxidation catalysts are abundant but there are no 

effective membrane systems to separate hydrogen and oxygen gases while acidic 

systems benefit from developed proton exchange membrane technology and yet 

have few earth-abundant catalysts.54,63,64 

A final consideration for electrode material design is economy. The materials 

that are currently used for efficient water splitting tend to be noble metals in 

elemental groups 8 through 10, namely rhodium, ruthenium, platinum, and 

iridium.44,54 While these metals tend to have high catalytic activities and stabilities 

in acidic and basic solutions, it would be economically unfeasible to implement 

these catalysts on any significant scale due to their raw material costs.54,65 To 

summarize, in designing electrochemical water splitting catalysts, materials must 
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(a) have low overpotentials for each water splitting half-reaction, (b) be able to 

maintain their activities for extended periods of time under the desired (typically 

harsh pH) conditions, and (c) be able to be mass produced at reasonable prices. 

 

1.4.2  Photocatalytic Water Splitting 

Although plants and algae have been catalyzing the photolysis of water for one 

billion years, the modern conception of water splitting dates back to 1972, when 

Akira Fujishima and Kenichi Honda of the University of Tokyo discovered that 

titanium dioxide (TiO2) electrodes placed in water would spontaneously evolve 

bubbles of H2 and O2 gas when irradiated with UV light.66 Since then, the promise 

of a water splitting photoelectrode – a catalytic material or combined set of 

materials that can simultaneously absorb the solar spectrum and catalyze water 

splitting – has become a “holy grail” for the scientific community.23,67 Although 

TiO2 does not fulfill this requirement due to its need for UV light, other reported 

materials have proven prone to corrosion. Silicon, the dominant semiconductor for 

photovoltaic electricity production, has been functionalized with H2 and O2 

evolution catalysts, yielding efficient photoelectrodes.68,69 However, silicon always 

corrodes in solution. Likewise, group III/V semiconductors – catalyst-

functionalized gallium and indium-containing compounds such as GaN:ZnO, 

GaAs, and GaInP2 – have also been reported as “holy grails”, but each has stability 

issues during irradiation.70–73 Furthermore, gallium and indium usage is limited by 

the relative rarity of these two elements. Stability and bandgap requirements 

severely limit the materials that can be used for the photocatalysis of water. 
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To more clearly explain these issues, a review on the nature and properties of 

bandgaps and semiconductor materials is required. A semiconductor is, as the name 

suggests, a material that conducts electricity better than an insulator but not as well 

as a conductor. When examined from a molecular orbital perspective, the 

conductivity of a material can be determined by the presence and size of the 

material’s bandgap. The bandgap is a region in the orbital diagram of a material 

where no molecular orbitals exist. Typically, at the top of the bandgap exist a series 

of unoccupied electron orbitals, the lowest in energy of which is known as the 

conduction band minimum (CBM), while at the bottom of the bandgap are the 

occupied electron orbitals, the highest in energy of which is known as the valence 

band maximum (VBM). Conductors do not have bandgaps, meaning that electrons 

move with ease into the conduction band (Figure 1.4). Insulators have extremely 

large bandgaps and therefore conductivity is difficult to achieve because a large 

potential must be applied to allow electrons to move from the VBM to the CBM. 

Semiconductors have a sufficiently small bandgap that when excited by a photon 

with sufficiently high enough energy, an electron in the VBM can be promoted to 

the CBM. The excited electron leaves behind a positively charged hole which can 

be spatially separated to derive electrical energy, or in the case of photolysis, 

perform electrochemical reactions.  
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Figure 1.4  Diagram illustrating the difference between conductors, insulators, and 

semiconductors from a molecular orbital viewpoint. 

 

 

In order to carry out an electrochemical reaction via semiconductor photo-

absorption, several criteria must be met. Firstly, the VBM and CBM positions of 

the semiconductor device must overlay the potentials of the two corresponding 

electrochemical half-reactions (Figure 1.5). Secondly, the semiconductor must be 

excited by a photon of sufficient energy. The energy value of the photon E is 

reported in eV. If the energy of the photon E is greater than the energy of the 

bandgap (which is also a value with units eV), then the photon has enough energy 

to induce electron-hole separation. The second criterion explains why water 

splitting on TiO2 has never become commercially viable – with bandgap values of 

3.0 and 3.2 (for rutile and anatase TiO2, respectively), the longest wavelength of 

light that can be utilized for photocatalysis is ~410 nm, corresponding to 4% of the 

solar spectrum. Developing single-absorber materials for photocatalytic water 

splitting is therefore limited by the necessity of finding and synthesizing materials 

that can absorb larger portions of the solar spectrum, but also have band edge 
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positions that overlay half-reaction potentials such that there is sufficient 

overpotentials to drive both reactions. 

 

Figure 1.5  Examples of semiconductor bandgap configurations that cannot carry 

out photocatalytic water splitting because of bad positioning (left, center) compared 

to a bandgap that can carry out water splitting. 

 

 

Two-absorber Z-scheme approaches based on inorganic semiconductors would 

not require a semiconductor with ideally positioned energy band levels, instead 

opting for two different semiconductors with different bandgaps and band 

positions, each carrying out one of the water-splitting half reactions. As an 

additional requirement, the two materials would need overlapping bandgaps and 

Fermi levels in order to be able to transfer electrons between each other. The Fermi 

level of a material represents the average energy of states present and in 

semiconductors exists between the CBM and VBM.74–76 When two semiconductors 

are placed in contact with each other, their Fermi levels equalize, possibly 

accompanied by electron transfer. At that point, an electron from the more 

energetically positive semiconductor can perform H2 evolution while the hole from 

the more energetically negative semiconductor oxidizes water. Meanwhile, the 
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unused electron and hole recombine where the semiconductors make physical 

contact. The movement of electrons has caused this type of approach to be dubbed 

a “Z-scheme”.77,78 Z-scheme-style dual semiconductor devices can allow for a 

greater range of semiconductors to be used as the bandgap requirements are not as 

specific – in particular, the semiconductors of interest do not need to simultaneously 

have favourable energy positions for both H2 and O2 evolution (Figure 1.6). 

Notably, the use of two complementary smaller bandgap materials can increase the 

portion of the solar spectrum that can be used. As a result, the ideal maximum 

theoretical conversion efficiency increases from 30% to 41% when dual absorbers 

are used instead of single absorbers.23 

 

Figure 1.6  Band diagrams of single and dual z-scheme absorber water splitting 

semiconductor systems. 

  

The requirement of stability under photocatalytic conditions is important to 

both single and dual absorber systems. Although many nanoparticle-based 
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used for electrochemical water splitting due to the localized generation of electron-

hole pairs, some common semiconductor materials, especially sulfides, are 

vulnerable to oxidation due to the generation and separation of electron-hole 

pairs.79 For example, CdS has band gap edges that overlap the water oxidation and 

hydrogen evolution potentials, but will nonetheless decompose into cadmium ions 

and sulfate ions under irradiation in water.80,81 Decomposition takes place partially 

due to the poor catalytic activity for water oxidation, as CdS in the presence of 

effective hole scavengers82,83 or functionalized with water oxidation catalysts84,85 

will not undergo the same fate, or at least will undergo photo-corrosion at a reduced 

pace. In contrast, metal oxide semiconductors tend to be more stable due to their 

intrinsic catalytic activity and the high electronegativity of oxygen.23,79,80 

Ultimately, successful photocatalytic water splitting materials will need to (1) 

withstand electron-hole induced decomposition during water splitting, (2) have the 

ideal and appropriate band configurations possible, including a small bandgap for 

maximal light absorption as well as properly aligned band positions, and (3) be 

capable of being produced economically and in large quantities. 

 

1.5  First-Row Transition Metal Oxides for Water Oxidation 

As with inorganic photovoltaic energy conversion, currently known ideal 

catalyst materials for electrocatalytic and photocatalytic water splitting are either 

uneconomical, and/or unstable in water. In order to achieve large-scale deployment 

of such systems, the ideal approach would be to focus on optimizing earth-abundant 

elements for catalysis. There is evidence in nature itself that such materials do exist, 
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primarily in the form of the cubic manganese-calcium oxide clusters that carry out 

oxygen evolution in photosynthesis (Figure 1.7).50,86 Inspired by this example, a 

series of artificial manganese-based systems have been synthesized and pioneered 

for water oxidation ranging from analogous oxide clusters to simple manganese 

oxide films.65,87–91 Various systems based on cobalt and iron have also 

demonstrated that oxides of these metals can also be catalytic for water oxidation, 

with commonly reported overpotentials lying between 0.40 and 0.60 V at 10 

mA/cm2.92–96 Nickel oxide has the lowest known overpotential of any first row 

transition metal oxide, with typical overpotentials at 10 mA/cm2 typically recorded 

between 0.30 and 0.40 V depending on preparation.97–102 As a reference, it is 

common to report overpotentials for similar current densities for RuO2 and IrO2 

between 0.10 and 0.20 V.103–105 

 

Figure 1.7  Diagram of the manganese-cubane catalytic site responsible for water 

oxidation associated with photosystem II during photosynthesis. Reprinted with 

permission from Nature Publishing Group.106 

 

In order to further reduce the water oxidation overpotentials of first row 

transition metal oxides, the synthesis of multi-metallic catalysts is of interest. This 

strategy has been successful in improving the catalytic activity of nickel oxide, 
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which appears to have improved catalytic activity when doped with various 

quantities of iron,102,107–109 although combining nickel oxide with other metals 

results in similar (if not quite as effective) improvements in catalytic activity.57 This 

synergy can be further optimized through controlling the composition of the 

electrode systems in addition to factors like electrode feature size and catalyst layer 

thickness.102,108,110 Furthermore, the crystal phase of the constituent elements in the 

catalyst can also have a significant effect on activity. The discovery of non-

crystalline materials as effective water oxidation catalysts, beginning with an 

amorphous cobalt phosphate material in 2008,92 has spurned the development of 

materials that are structurally amorphous compared to their more well-

characterized crystalline cousins, yet appear to have extremely high activities for 

water oxidation.104,107 However, crystalline catalysts like the barium-strontium-

cobalt-iron (BSCF) perovskite reported by Suntivich et al. acquire their 

characteristic low overpotentials because of specific structures – in the case of such 

catalysts, the perovskite crystal structure.111 Furthermore, considering that the 

manganese catalytic site of the oxygen evolving complex of photosynthesis 

maintains a specific cubane structure, the role of crystal structure should not be 

downplayed. Indeed, some studies have come forth suggesting that these 

amorphous catalysts achieve high activities because they adopt a cubane structure 

in situ.86,96,112,113 Given the variety in viewpoints, the development of novel, 

efficient water oxidation systems based on idealized compositional and structural 

properties is possible, but only if these characteristics are properly understood. 
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For photocatalysis, controlling composition and structure is important for 

optimizing the position of a material’s bandgap. For example, there are multiple 

unique isoforms of iron oxide, many of which have identical oxidation states. 

Hematite (α-Fe2O3) has especially significant potential for development as a 

photocatalyst because it is economic to produce, stable under neutral and basic 

conditions,114,115 and has a bandgap of 2.2 eV, allowing for an ideal 13% efficiency 

when converting sunlight to H2.
115,116 However, the CBM of α-Fe2O3 is not closer 

to vacuum level than the required potential for H2 evolution, so α-Fe2O3 cannot 

evolve H2 independently and electrons must leave the anode to reduce protons. 

Maghemite (γ-Fe2O3) is the second most common polymorph of Fe2O3 (after α-

Fe2O3), has a defective spinel structure, similar bandgap to α-Fe2O3 and high 

magnetic susceptibility,117–119 but is not suitable for photocatalysis because it is 

thermodynamically unstable.120,121
 However, other iron spinels, such as CaFe2O4 

and CuFe2O4, are known to function as H2 evolution catalysts.122,123 Therefore, 

variations in composition and structure can bestow drastic differences in properties, 

making the search for earth abundant metal oxide catalysts both possible and 

intensive. Combinatorial studies that examine both composition and structure 

provide a plentiful and ideal toolkit for discovering future water splitting 

electrocatalysts and photocatalysts.110,124,125 

 

1.6  Synthesis of Nanostructured Metal Oxides 

In addition to crystal and molecular structure, nanostructuring can also be used 

to improve catalytic activity on the larger (nanometer) scale. By increasing the 
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surface area of catalytic materials, more reaction sites can be made available.126,127 

In particular, nanoparticle-based structures are effective methods to create larger-

scale catalyst materials because the constituent nanoparticles already have high 

surface area to volume ratios.128 While it is common in industrial applications to 

simply load nanoparticles on inert supports,126 nanoparticle structures can also be 

assembled with minimal support.128–131 Nanoparticle-based nanostructuring routes 

also benefit from the ability to control the shape, size, and composition of the 

constituent nanoparticles during the initial synthesis. These features can in turn, 

when used for nanostructures, impart their novel properties to entire devices and 

structures.128 Multiple effective routes for the synthesis of transition metal oxide 

nanoparticles have been reported, including the thermal decomposition of metal-

organic precursors,132–135 sol-gel hydrolysis and condensation,136–139 and 

hydrothermal synthesis.140–143 

 

Figure 1.8  Electron micrograph of [Ni,Fe]O nanoparticle formed via 

decomposition of metal oleate complexes. 

 

 

 There are also a wide variety of non-nanoparticle approaches for synthesizing 

metal oxide nanostructures. Physical and chemical deposition, electrochemical 

deposition and anodization, and templating are some of the most commonly used 

techniques that have been used to synthesize high surface area nanostructured 

50 nm 
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catalysts.144 Physical vapour deposition (PVD) includes a wide variety of 

techniques where atoms are placed directly onto substrate surfaces. In the case of 

metal oxides, a pure metal oxide or metal source can be bombarded into vapour 

which then condenses on a substrate surface.145–147 Chemical vapour deposition 

(CVD) in contrast utilizes unreacted precursors typically in liquid phase that are 

easy to vaporize and easily decompose into the desired material upon substrate 

contact via chemical reaction. One example of successful CVD metal oxide 

nanostructures was the Fe(CO)5-based system utilized for the synthesis of state-of-

the-art α-Fe2O3 water oxidation electrodes (Figure 1.8).148 This system was notable 

for its high surface area as well as the ease of doping during synthesis. Other forms 

of CVD have been used to prepare α-Fe2O3 photoelectrodes for water oxidation 

including spray pyrolysis149,150 and atomic layer deposition.151,152 CVD for 

transition other nanostructured transition metal oxide electrodes and 

photoelectrodes that have been reported include TiO2,
153–155 BiVO4,

156 WO3,
157,158 

and CoO,153,159 highlighting the ability of CVD to produce conformal, high surface 

area nanostructures of a variety of metal oxides for electro- and photocatalytic 

applications. 

 

Figure 1.9  Electron micrograph of an α-Fe2O3 photoelectrode prepared by 

APCVD.148 Reprinted with permission from the American Chemical Society. 
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In addition to vapour deposition, electrochemical and template-based syntheses 

offer unique avenues to nanostructure synthesis. In particular, the synthesis of 

tubular nanomaterials via anodization, first pioneered on TiO2,
160 has the ability to 

create nanowire and nanotube arrays for a variety of materials. Nanotubes and 

nanowires are especially desirable because of their high surface area to volume 

ratios and potential for array-based devices, allowing for easy electrode 

production.160 Nanowire and nanotube arrays of a variety of transition metal oxides 

have been reported, including TiO2,
161–163 WO3,

164,165 and α-Fe2O3 (Figure 1.9).166–

168 Anodization can also be used to form templates, usually made of aluminum 

oxide, which are then filled in before the template is destroyed.169 Using this 

approach, metal oxide structures similar to those produced by direct anodization 

have been reported,170–172 although nanostructures that cannot be synthesized by 

direct anodization such as metals and sulfides have also been demonstrated.173–175  

 

Figure 1.10  Electron micrograph of an α-Fe2O3 nanotube array prepared by 

anodization of iron foil.168 Reprinted with permission from the American Chemical 

Society. 

 

 

Anodization can also be used to make templates for nanowire arrays, allowing 

for the fabrication of a new structure.176 In most forms of templating, the template 

1 µm 
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is exposed to a precursor that coats the original template. Afterwards, the template 

can be removed using chemical or thermal processes that destroy the original 

template, leaving the new material intact. The field of templating is vast because 

almost of the diversity of materials that can be optimized as templates.176 

Biotemplating is especially interesting because of the intricate structures of 

biological systems. Templates that have been demonstrated to produce effective 

nanostructures of inorganic materials can be as small as DNA,177,178 proteins,179,180 

and viruses181–183 but can also be as large as plant leaves.184,185 Biotemplating is 

possible because of the dominating presence of common atoms in biological 

structures; sulfides, hydroxides, and amines all have specific interactions with 

metals that can be exploited to create metallic copies of structures.186 As long as 

the template material can be removed post-templating without destroying the 

material cast, templating can be a very simple way to produce nanostructured 

materials. 

 

1.7  Overview of the Thesis 

This thesis consists of three chapters that discuss different aspects of 

electrocatalytic and photocatalytic water splitting, with the catalytic material in 

each case being a metal oxide or mixed metal oxide of an earth-abundant metal. 

Chapter 2 discusses the biotemplating of sugarcane leaf species with an iron 

oxide precursor to form a high-surface area α-Fe2O3 superstructure that can absorb 

most of the solar spectrum. Following biotemplating, the structure was 

functionalized with copper nanoparticles and heated in order to form a second 
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semiconductor material, CuFe2O4. Because these two materials are in intimate 

contact, the entire structure comprised a Z-scheme – a system with two 

photoelectrodes. Afterwards, catalyst nanoparticles were integrated in an attempt 

to harness photocatalytic activity. Since the Z-scheme was not successful at water 

splitting, reasons for the inability of these semiconductors to carry out water 

splitting is explored. 

Chapter 3 discusses the synthesis of [Ni,Fe]O nanoparticles synthesized by the 

decomposition of metal oleates at high-temperature. These nanoparticles possessed 

a metastable structure and yet remained stable for long periods of time under 

atmospheric conditions. Furthermore, aspects like shape and composition could be 

easily tuned by modifying the synthetic conditions. Chapter 3 was reproduced in 

part with permission from: 

 

a) J.A. Bau, P. Li, A.J. Marenco, S. Trudel, B.C. Olsen, E.J. Luber, J.M. Buriak, 

Chem. Mater. 2014, 26(16), 4796-4804. Copyright © 2014 American Chemical 

Society. 

 

Chapter 4 discusses the functionalization and use of the [Ni,Fe]O nanoparticles 

synthesized in chapter 3 for electrocatalytic water oxidation. The functionalization 

of electrode materials with these nanoparticles, and formation into durable 

electrode structures, was important to developing proper systems under which these 

nanoparticles could be properly used. Several different techniques, including 
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simple drop-casting, plasma treatment, and UV irradiation were utilized to make 

these electrodes.  

 Chapter 5 will summarize what was learned from this thesis and discuss 

future directions for this work. 
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2 Biotemplated α-Fe2O3/CuFe2O4 

Leaves for Z-Scheme Water Splitting 

 

2.1  Introduction 

2.1.1  Potential of  α-Fe2O3 for photocatalytic water oxidation 

In the search for ideal metal oxide semiconductors for photocatalytic water 

oxidation, hematite (α-Fe2O3) appears, at least in theory, to be an ideal 

semiconductor. Unlike the UV-only semiconductors commonly studied for 

photocatalysis (TiO2, ZnO), it has an indirect bandgap reported around 2.1–2.2 

eV,1–3 meaning that it can achieve a theoretical solar-to-hydrogen conversion 

efficiency of 12.9% under AM1.5 sunlight, when linked in tandem with another 

photoelectrode for hydrogen evolution,4,5 equivalent to a photocurrent densiy of 

12.6 mA/cm2. Furthermore, α-Fe2O3 is stable under basic photocatalytic conditions 

and will not degrade when used for water oxidation.5,6 Finally iron is plentiful, 

making the mass production and implementation of any potential α-Fe2O3 electrode 

system economical. However, α-Fe2O3 also has severe limitations that have thus 

far prevented it from being fully developed as a photoelectrode material.5 

Specifically, (1) it has poor kinetics for water splitting, now believed to be due to 

surface states;7–9 (2) it has poor charge carrier conductivity, preventing the efficient 

separation of electron-hole pairs;10,11 (3) it has a short exciton diffusion length of 

2–4 nm, meaning that excitons must be generated within an extremely short 
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distance of a water molecule for successful catalytic transformation;2 (4) it has an 

indirect bandgap, meaning that it requires a greater volume of material to absorb 

light;1–3 and finally, (5) the conduction band position of α-Fe2O3 is not sufficiently 

negative to be able to reduce protons to H2, requiring that a second photoelectrode 

be used in tandem with α-Fe2O3 electrodes.4,5 While the last problem could be 

solved in conjunction with a tandem second semiconductor, the first four problems 

are more fundamental in nature and attempts to work around such deficiencies have 

focused on nanostructuring,10,12–16 doping,12,16–20 surface treatments,8,12,21–25 and 

catalyst functionalization.26–28 

 

2.1.2  Water Splitting in Nature 

In the design of efficient water splitting systems, one source of inspiration is 

nature itself. Photosynthetic organisms use photocatalytic water oxidation to 

generate free electrons to store energy in the form of glucose.29 This process, which 

has been described as a “Z-scheme”,30 involves the photo-excitation of electrons in 

two spatially separated reaction complexes called photosystems that are then used 

to reduce biological electron carriers. These electron carriers move between 

photosystems before eventually being stored in the form of carbohydrates for 

energy storage. Similar to natural Z-schemes, inorganic heterojunctions composed 

of two different semiconductors in direct contact have been demonstrated across a 

wide variety of materials, with the main difference from their biological 

counterparts being that the second photoelectrochemical reaction is the reduction 

of protons to hydrogen gas as opposed to the reduction of organic molecules.31–36 
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In addition to basic photosynthetic pathways, certain plants, known as C4 plants, 

have evolved chemical pathways and specialized physical structures to carry out 

specific tasks during photosynthesis as well as increase the amount of light 

absorbed, improving the efficiency of this process.37,38 Despite the fact that most 

plant leaves are typically microns thick, there is nonetheless enough transparency 

to allow most light to reach the reaction centers. The biotemplating of TiO2 onto a 

leaf structure has already been reported using sugarcane, a model C4 plant species, 

suggesting that other semiconductor materials could also utilize this approach.38,39 

 

2.1.3  Inorganic Z-schemes based on ferrites 

A z-scheme-style dual light absorber approach holds promise for photocatalytic 

water splitting because a dual absorber system can absorb a greater portion of the 

solar spectrum, raising ideal efficiencies from 30% for a single absorber to 41% for 

a dual absorber.40 This approach is especially important for semiconductor 

materials like α-Fe2O3, which cannot carry out photocatalytic water splitting given 

its insufficiently positive conduction band. For such materials, a form of electron 

drain is required, either to utilize the free electrons in a corresponding reaction or 

to remove the electrons to a secondary electrode where they can be used within 

another reaction. One potential class of compounds that are potential H2 evolution 

photocatalysis is ferrites, iron-containing compounds with the generic formula 

MFe2O4. Currently, calcium, copper, and zinc ferrites have all been tested for 

potential H2 evolution activity and each of these compounds have more negative 

band potentials than α-Fe2O3.
25,41,42 In this study, copper ferrite (CuFe2O4) was 
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selected as the second Z-scheme absorber due to its relative ease of synthesis and 

the abundance of copper.42 CuFe2O4 can be synthesized by placing copper in close 

proximity with α-Fe2O3, and then heating the copper and α-Fe2O3 at sufficiently 

high temperatures.43 The appeal of ferrites in the case of an α-Fe2O3-based Z-

scheme is that a ferrite could be potentially synthesized directly from the 

photoanode material. 

This chapter discusses attempts to make a water splitting heterojunction both 

by nanostructuring α-Fe2O3 and then subsequently functionalizing the surface of 

the nanostructure with a second semiconductor, CuFe2O4, to accomplish complete 

water splitting. Catalyst nanoparticles were then applied to the surface of the 

superstructure. A diagram of the final heterojunction is represented in Figure 2.1. 

 

Figure 2.1.  Diagram of proposed Z-scheme. The α-Fe2O3, templated from a 

sugarcane leaf, carries out photocatalytic water oxidation and is directly in contact 

with regions of CuFe2O4. The CuFe2O4 uses the separated electrons from the α-

Fe2O3 and light to reduce protons to hydrogen gas. The α-Fe2O3 and CuFe2O4 are 

functionalized with iridum oxide and platinum nanoparticle catalysts, respectively. 
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2.2 Results 

2.2.1  Synthesis of nanostructured leaf 

The objective of this study was to synthesize biotemplated iron oxide leaves by 

modifying the strategy demonstrated by Li et al.38 for making TiO2 leaves. Most of 

the steps in the process remained conceptually identical (i.e. selection of sol-gel 

precursor), but several changes were introduced. First, instead of using a dual-step 

metallization where metal centers naturally in leaves were replaced by the desired 

metal followed by infiltration of an iron oxide sol-gel precursor, these two steps 

were combined into one by soaking leaves in a solution of anhydrous FeCl3 in 

ethanol. This change reduced the overall time required for the process. Second, the 

leaves were first dipped in chloroform to remove the waxy external leaf layer, 

which was found to improve infiltration of FeCl3.
44 

Briefly, the steps are as follows: first, the leaves were preserved by fixation in 

2% glutaraldehyde in phosphate buffer (pH 7.2) at 4°C for 12 hours. Afterwards, 

the leaves were rinsed with and kept in de-ionized water at 4°C for weeks at a time. 

When the time came for the leaves to be utilized, they were first placed in 5% HCl 

for 3 hours to remove contaminant metals naturally in leaves, like Mg, Mn, Ca etc. 

so that they would not dope the final leaf product. As a result, the green leaves 

turned yellow. Next, the leaves were dehydrated to remove as much water as 

possible by applying increasing concentrations of ethanol in water for 20 minutes 

at each concentration. It is important to remove as much water as possible because 

it is a hydrolysis agent for metal oxide sol-gel precursors.45,46 Next, the dehydrated 

leaves were placed in a 0.2 M solution of FeCl3 in anhydrous ethanol under vacuum 
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for 18 hours. This solution served as the sol-gel precursor. Finally, the leaves were 

allowed to hydrolyze in a wet chamber to hydrolyze the sol precursor into a metal 

oxide network, before calcination under a slow ramp in temperature up to 500°C 

followed by a rapid heating step at 800°C. The final leaf products were a red-brown 

colour (Figure 2.2a). 

In order to compare the metallized leaves with the original precursor, we 

performed SEM on the original and final leaf products. In comparing the 

thicknesses of the leaves before and after metallization, it can be seen that the leaves 

lost about two thirds of their original thickness after calcination, shrinking from 

~200 μm to ~75 μm (Figure 2.2b,c). Despite the considerable shrinkage that took 

place during processing, the internal structure of the leaves remained intact and 

individual leaf veins could still be distinguished (Figure 2.2d). Since most of these 

structures are built around individual cell walls which are in turn composed of 

structural carbohydrates,38 it would appear that the cell walls of the original leaves 

are the main features preserved during the conversion process. Interestingly, when 

these new iron oxide structures were examined in closer detail, they were found to 

be porous and composed of multiple smaller iron oxide nanoparticles in contact 

with each other (Figure 2.2e). The size of these nanoparticles ranges from 50 to 100 

nm (Figure 2.2f), which suggests that this process yields larger particle sizes than 

other processes reported for synthesizing α-Fe2O3 electrodes.10,14–16 Based on the 

physiology of sugarcane leaves, it would appear that these plant channels represent 

individual plant cells, which form long channels in plant leaves.38,47,48 Therefore, 

the use of iron oxide sol-gel precursors has preserved much of the leaf structure. 
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Figure 2.2.  (a) Photograph of the leaf at different stages; from left to right, fixed, 

HCl-soaked, FeCl3-soaked, and final calcined metal oxide leaves. (b) Electron 

micrograph of a fixed leaf. (c-f) Scanning electron micrographs of iron oxide leaves 

at increasing magnifications to show preserved superstructure as well as lower level 

structures.  

 

The effectiveness of the biotemplating can be explained by the steps leading to 

the formation and infiltration of the precursor. When FeCl3 was added to excess 

anhydrous ethanol, vapour was instantly formed. When the steam was exposed to 

pH paper, the pH paper turned red, suggesting that the vapour contained acidic 

molecules such as HCl. Given that the synthesis of pure iron (III) ethoxide is 

difficult under ambient conditions, it is unlikely that this alkoxide would be the 
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product.49,50 However, it is unlikely that Fe(OH)6
3+ was the product as the ethanolic 

FeCl3 solution did not condense into a gel when left sealed in air over the course of 

several months. The presence of any significant amount of water in a sol precursor 

can limit the stability of the sol due to hydrolysis to form Fe-O-Fe bonds.45 

Therefore, the precursor was likely a mix of ferric iron bound to any mixture of 

chloride, ethoxide, or hydroxide groups. With insufficient hydroxide to carry out 

further Fe-O-Fe bond formation, the ultimate hydrolyzing agent in the formation of 

the leaf must have been derived from the plant structure. As in the case of the TiO2 

leaf, the ability to form highly reproducible metallic replicas of plant structures is 

due to the presence of hydroxyl-rich carbohydrates in the structure of the plant.38  

This hypothesis that pre-hydrolysis affects infiltration and nanoparticle 

formation can be tested by using a sol-gel precursor that contains large amounts of 

water. When hydrated iron nitrate (Fe(NO3)3•9H2O) was used as the iron precursor, 

the infiltration of the leaves was heavily concentrated close to either cut edge of the 

leaf, while the middle of the leaves was a much lighter colour, suggesting poor 

infiltration. The significantly increased presence of water in the iron precursor 

solution resulted in the formation of Fe(OH)6
3+,51 which interacts more strongly 

with carbohydrate hydroxyl groups through hydrogen bonding and electrostatic 

interactions than the ethoxide-containing precursor formed in anhydrous 

conditions, resulting in more limited infiltration. In addition, when these leaves 

were examined under SEM, they contained notably particulate features compared 

to leaves prepared from anhydrous precursors (Figure 2.3). Since the major 

difference between this and previous samples is the presence of water, it is likely 
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that the precursor molecules prematurely hydrolyze and form Fe-O-Fe bonds 

between molecules that are not associated with the carbohydrate structure. This 

hydrolysis results in the formation of nanoparticles, which in turn affects how the 

metal oxide template is formed. Therefore, the use of an anhydrous ethanolic iron 

precursor improved infiltration and limited premature hydrolysis of the precursor, 

resulting in smoother features but also more conformal infiltration.  

 

Figure 2.3.  (a) Scanning electron micrograph of a leaf synthesized with anhydrous 

FeCl3 precursor. (b) Scanning electron micrograph of a leaf synthesized with 

Fe(NO3)3•6H2O precursor. The region shown in both leaves is believed to be a 

xylem channel. 

 

X-ray photoelectron spectroscopy (XPS) was used to examine the composition 

of the leaves (Figure 2.4). The main elements detected were iron and oxygen, the 

former of which corresponded to peak positions for the most oxidized trivalent form 

of iron.52 Survey scans on the entire range of binding energies also revealed 

minimal contamination from elements that would normally be found in large 

quantities in biological tissue, such as Na, Ca, K, or Cl.38 The C1s peak could be 

traced to adventitious carbon, as a combustion analysis demonstrated that the 

sample had minimal remaining carbon after high temperature calcination. The Si2p 

and Si2s peaks were present due to the silicon substrates used for mounting. In 
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summary, this modified procedure for coating leaves with an iron precursor, 

followed by calcination, is effective at creating iron oxide copies of plant substrates.  

 

Figure 2.4.  XPS survey scan of an iron oxide leaf mounted on a silicon substrate 

with major peaks and complexes labeled. 

 

2.2.2  Synthesis of α-Fe2O3/CuFe2O4 heterojunction 

Having successfully synthesized the iron oxide leaf, the next step was to form 

a second semiconductor in intimate contact with the iron oxide. The selected 

approach was to attach copper nanoparticles to the surface of the leaves via organic 

linker molecule followed by heating at high temperatures to oxidize the copper and 

sinter it into the iron oxide superstructure (Figure 2.5). The full procedure is as 

follows: first, the iron oxide is immersed in a solution of 16-mercaptohexadecanoic 

acid (16-MHA) in chloroform. This simple procedure has been shown to effectively 

functionalize the γ-Fe2O3 with a monolayer of 16-MHA.53 The thiol functional 

group was selected for the high binding affinity of thiols to metals and can 
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specifically bind copper.54,55 Once washed with excess chloroform, the iron oxide 

is placed in a solution of the copper nanoparticles in hexane. After a final hexane 

wash step, the iron oxide is heated at 850°C for 3 hours to sinter the copper into the 

iron oxide and form CuFe2O4. 

 

 

Figure 2.5  Schematic for synthesis of α-Fe2O3/CuFe2O4 leaf. The α-Fe2O3 leaf is 

first exposed to 3 mM 16-MHA, resulting in a leaf with exposed thiols. The thiols 

in turn bind the copper nanoparticles. Finally, the entire structure is heated at 850°C 

for 3 hours to form CuFe2O4.  

 

The nanoparticles were synthesized via thermolysis of copper acetylacetonate 

in the presence of reducing and capping agents via the following reaction: 
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The product, a yellow, hexane-soluble solution of nanoparticles between 10 – 

20 nm in diameter (Figure 2.6a), was similar to the nanoparticles previously 

reported with this procedure.56 However, XPS analysis of the nanoparticles cast on 

a silicon surface revealed that, while the Cu 2p spectra was similar to that of metallic 

copper or Cu2O (Figure 2.6b), the position of the LMM Auger emission line was 

more similar to that of a copper oxide than of metallic copper (Figure 2.6c).57 Cu+ 

and Cu2+ cannot be distinguished using XPS. Therefore, a modified Auger 

parameter (MAP) is used, where the MAP is the value of the Cu LMM peak 

position added to the strongest copper peak position. The MAP of these 

nanoparticles was found to be 1849.4 eV, closer to the MAP value of Cu2O than 

the values of Cu (1851.3) and CuO (1851.4).58 Therefore, the copper is partially 

oxidized, potentially arising from oleic acid capping ligand.55 

 

 

Figure 2.6  (a) Transmission electron micrograph of copper nanoparticles 

synthesized by thermolysis of copper (II) acetylacetonate. (b) XPS spectra of the 

Cu 2p3/2 region of copper nanoparticles dropped on a silicon slide. (c) XPS spectra 

of the Cu LLM Auger electron region as an identifier of Cu valence state. 
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Attempts to visualize the copper nanoparticles on the leaf surface via SEM were 

hindered by the rough surface and poor conductivity of the iron oxide 

superstructure. Therefore, surface functionalization was first tested on silicon slides 

of α-Fe2O3 produced by drop-coating FeCl3 dissolved in ethanol and heated at 500 

°C.59 This procedure serves as an effective method to generate α-Fe2O3 surfaces for 

a variety of characterization purposes. After the functionalization procedure 

described above, the slides were visualized under SEM, revealing that the entire 

surface of the α-Fe2O3 slides was covered with copper nanoparticles (Figures 2.7a, 

b). Without the use of 16-MHA, copper nanoparticles did not bind as well to the 

iron oxide surface (Figures 2.7c, d). To confirm that binding was not mediated by 

interactions between organic groups, oleic acid was used instead of 16-MHA as a 

linker during the first functionalization step. When exposed to a solution of copper 

nanoparticles, oleic acid-adhered slides bound the nanoparticles poorly.  

  

Figure 2.7  Scanning electron micrographs of α-Fe2O3 slides functionalized with  

different linkers followed by copper nanoparticles. (a) 16-MHA; (b) 16-MHA, 

high-resolution; (c) no linker; (d) no linker, high-resolution; (e) oleic acid; (f) oleic 

acid, high-resolution. 
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This procedure was repeated on the leaves. To ensure that functionalization 

proceeded as intended, confirmation of each step was provided using diffuse 

reflectance infrared fourier transform spectroscopy (DRIFTS) (Figure 2.8). In 

particular, the increasing presence of organic CH2 and OH groups was expected to 

be seen in the FTIR spectrum, due to the strong absorption of these groups as well 

as their presence as a monolayer on the high surface area iron oxide substrate. 

Indeed, bare iron oxide leaves had little binding in these regions, as any organics 

and adsorbed water molecules would be eliminated well below 800°C. Upon 16-

MHA functionalization, distinct CH2 stretching peaks and a broad OH region were 

noticed, corresponding to the presence of the linker. The FTIR scan of the copper-

functionalized leaf included larger CH2 and OH peaks as well as the appearance of 

a CH3 stretching peak due to oleic acid and oleylamine on the surface of the copper 

nanoparticles. The weak thiol stretch was not seen in any of these experiments. 

 

Figure 2.8  DRIFTS spectra of the CH2/CH3 and –OH absorbing regions of (a) bare 

iron oxide leaves, (b) 16-MHA functionalized iron oxide leaves, and (c) copper 

nanoparticle/16-MHA functionalized leaves. 
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To confirm the findings of FTIR, the presence of copper was confirmed using 

X-ray photoelectron spectroscopy (XPS) (Figure 2.9). Spectra were acquired for 

leaves with 16-MHA/copper nanoparticle functionalization. The Cu 2p spectra of 

the copper-containing leaves corresponded to the spectra for metallic Cu0, 

confirming that the copper nanoparticles had been successfully bound onto the iron 

oxide surface.60 As a control study, leaves were functionalized with copper 

nanoparticles without linker molecules. Interestingly, while copper nanoparticle 

functionalization was still possible without 16-MHA, the amount of copper bound 

to the surface of the leaf was reduced by half, suggesting that the linker had a critical 

role in increasing the loading of the nanoparticles on the surface of the leaves. 

Finally, the leaves were heated at 850°C to remove the linkers, sinter and oxidize 

the copper, and form CuFe2O4 according to the recommendations of copper-iron-

oxygen phase studies.43 After the heating step had been performed, the presence of 

copper was found to have been lessened, suggesting that the presence of copper on 

the surface of the leaves was reduced as a result of the heating step. The reduced 

presence of Cu limited the ability to collect the LMM peak, but the oxide peaks 

were sufficiently large that the copper was definitely oxidized.60 
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Figure 2.9  (a) Cu 2p3/2 XPS of (top to bottom) 16-MHA/copper nanoparticle-

functionalized leaf, copper nanoparticle-functionalized leaf with no 16-MHA 

linker, and 16-MHA/copper nanoparticle-functionalized leaf  heated to 850°C for 

3 hours. Red trace corresponds to metallic copper, while blue corresponds to Cu2+. 

(b) Close-up of Cu 2p3/2 XPS for heated leaf. 

 

To demonstrate that heating at 850 °C did not result in the removal of copper 

from the surface of the iron oxide, Auger electron spectroscopy (AES) mapping 

was performed on iron oxide slides functionalized with 16-MHA and copper 

nanoparticles and heated to 850 °C for 3 hours (Figure 2.10a, b). Copper was found 

to be distributed on the surface of the slides, suggesting conformal functionalization 

and retention (Figure 2.10c). Therefore, it seems unlikely that copper would be 

somehow removed from the system during heating. Potentially, the reduced XPS 

presence of copper may be explained by sintering into the structure of the leaves.  
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Figure 2.10 Auger electron mapping of an α-Fe2O3 slide that has been 

functionalized with copper nanoparticles and heated to 850°C for 3 hours. (a) 

Micrograph of region of interest, (b) signal map for iron Auger electrons, and (c) 

signal map for copper Auger electrons. 

 

As the ultimate confirmation of the formation of the phases in the proposed 

heterojunction, powder X-ray diffraction (PXRD) on both the iron oxide leaves as 

well as the copper-sintered iron oxide leaf superstructure was performed. 

Diffraction was also important in confirming that heat had effectively formed the 

CuFe2O4, as opposed to simply destroying the linker between the copper and the 

leaf. Even though phase studies had clearly suggested that this treatment forms α-

Fe2O3, the XRD, lacking other iron oxide phases, clearly confirms that α-Fe2O3 is 

the only present phase of iron oxide (Figure 2.11a). If the original α-Fe2O3 pattern 

is overlaid on the pattern of the final structure, there are small diffraction peaks that 

can be noted in the 28° ≤ 2θ ≤ 42° region where CuFe2O4 and α-Fe2O3 share many 

of their diffraction peaks (Figure 2.11b). The three most notable differences 

between the two scans correspond to CuFe2O4, confirming that the ferrite is present 

in the leaf. Furthermore, based on the relative peak heights of the two materials, the 

presence of CuFe2O4 is one-fifth that of the α-Fe2O3.  
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Figure 2.11  (A) Powder x-ray diffraction patterns of iron oxide leaves (red) and 

16-MHA/copper functionalized and heated (850 °C, 3 hours) leaves (orange). (B) 

Close up of the 29° < 2θ < 37° region where the CuFe2O4 peaks can be seen. 

 

The final step was to attempt photocatalytic water splitting. The α-

Fe2O3/CuFe2O4 leaves were suspended at a concentration of 2 mg/mL in a 2 mL 

non-quartz glass vial of de-ionized water and illuminated under a 500 W Xe 

chromatography vial while stirring for 8 hours. Gas evolution was measured using 

headspace injections. No H2 was initially detected, suggesting that the leaf had poor 

activity for overall water splitting. Even when the reaction conditions were varied 

such that triethanolamine was utilized as a hole scavenger at high concentrations 

(10% v/v, respectively), no H2 was detected. O2 detection was not attempted as 

headspace injections allow for the possibility of atmospheric contamination. 

 

2.2.3  Functionalization of α-Fe2O3/CuFe2O4 Z-scheme with catalyst particles 

In an attempt to increase the activity of both oxygen and hydrogen evolution, 

the surface of the leaf was functionalized with catalysts for both reactions. Iridium 

oxide nanoparticles are one of the most effective water oxidation catalysts in acid,61 

and platinum has long been used as an effective hydrogen evolution catalyst.40,62 
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Cetyltrimethylammonium bromide (CTAB)-coated platinum nanoparticles were 

synthesized in water as previously reported.63 The reaction scheme for the synthesis 

of platinum nanoparticles is as follows: 

 

 

 

 

To functionalize the leaf with platinum nanoparticles, the copper nanoparticle 

scheme was modified. First, the CTAB ligands on the platinum nanoparticles were 

exchanged for oleylamine. The success of the exchange was evident by the 

separation of the particles into a brown hexane layer that was then washed with 

water until all white residue had been removed. To confirm that the copper 

functionalization method works for platinum nanoparticles, the nanoparticles were 

exposed to a surface of 16-MHA-functionalized iron oxide, resulting in the binding 

of platinum nanoparticles to the surface of the iron oxide slides (Figure 2.12a). 

Similarly, binding to the leaf structure was successful based on the strong presence 

of metallic platinum as assayed by XPS, with minor contribution from oxidized 

Pt(II) and Pt(IV) species (Figure 2.12b).64,65 However, in contrast to copper 

nanoparticles, platinum nanoparticle adhesion to the α-Fe2O3 leaf surface was much 

more dependent on the presence of thiol as attempts to functionalize the leaves with 

platinum without 16-MHA yielded poor functionalization results (Figure 2.12c). 

Several differences between these two systems may be the reason for this. Firstly, 

the Pt nanoparticles are much smaller than the copper nanoparticles, allowing 

H2PtCl6, water,  

CTAB, 60 °C 

NaBH4 

60 °C, 5 min. 
Platinum nanoparticles 
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washing to remove these particles much easier when trapped in a high surface area 

scaffold. Secondly, it may be indicative of the different affinities of thiols and 

stability of thiolate bonds for these two metals.66 The platinum remained on the 

surface of the leaf and in metallic form even after heating at 500 °C to remove 16-

MHA. 

 

 

 

Figure 2.12  (a) Electron micrograph of oleylamine-coated platinum nanoparticles. 

(b) Electron micrograph of iron oxide slide functionalized with platinum 

nanoparticles. (c) Pt 4f XPS spectra of leaf functionalized with 16-MHA and 

platinum nanoparticles (blue) vs. leaf functionalized only with platinum 

nanoparticles (black). The other coloured curves are peaks for metallic Pt (red), 

Pt(II) (maroon), and Pt(IV) (orange). 

 

Citrate-capped Iridium oxide nanoparticles were synthesized using a known 

procedure (Figure 2.13a):67,68  
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Given that the negatively charged citrate should bind a positively charged 

surface, the pH of the particle solution was adjusted to a pH of 6 so that it was 

below the isoelectric point of synthetic α-Fe2O3 (8.0 – 9.0).69 Imaging of the 

functionalized surface was even more difficult than for platinum nanoparticles due 

to the small size of the nanoparticles; therefore, only XPS was used to confirm that 

iridium oxide nanoparticle functionalization via electrostatic interaction had 

occurred in the leaves (Figure 2.13b). As with platinum, XPS successfully detected 

iridium, corresponding to the presence of the nanoparticles on the leaves.70 Yet 

despite successful functionalization of both catalysts, photocatalytic H2 evolution 

was still unsuccessful. 

 

Figure 2.13  (a) Transmission electron microscopy of IrO2 nanoparticles; (b) Ir 4f 

 XPS spectra of CuFe2O4/α-Fe2O3 leaf functionalized with IrO2 nanoparticles 

(black). Blue peaks correspond to Ir4+. 

 

2.2.4  Studies on CuFe2O4  

Since there has been limited work on the semiconductor properties of 

CuFe2O4,
71,72 experiments were conducted to confirm the band positions and the 

potential photocatalytic activity of this material. CuFe2O4 was synthesized via 

thermal decomposition of a citrate binder containing Cu:Fe ratios of 1:2 at 850 °C.42 

Afterwards, the black powder was suspended in ethanol and dropped onto a 
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platinum disk electrode. The electrode was scanned in acetonitrile with the 

electrolyte tetrabutylammonium hexafluorophosphate in order to determine the 

conduction and valence bands of CuFe2O4.
73 These experiments confirmed that the 

position of the band edges were indeed similar to those previously reported with a 

conduction band around 3.3 eV and a valence band around 5.1 eV, ultimately 

corresponding to a band gap of 1.8 eV (Figure 2.14).72 Therefore, CuFe2O4 should 

be able to undertake water reduction resulting in the evolution of H2 gas. 

 

 

 

Figure 2.15  Cyclic voltammetry of CuFe2O4 powder on platinum disc electrode in 

0.1 M tetrabutylammonium hexafluorophosphate in acetonitrile. Reference 

electrode is Ag/Ag+. The orange lines correspond to the intercepts where band 

edges would be located. 

 

To confirm that CuFe2O4 was indeed photocatalytic, the black powder was 

suspended in aqueous solutions of triethanolamine (10% v/v). The maximum 

amount of gas produced was 14 μmol of H2 at a pH of 3.5 (Figure 2.15).74 

Furthermore, the catalytic activity was pH dependent; the amount of H2 evolved 

fell greatly at pH values greater and lesser than 3.5. In comparison, the 

Pt/CdS/Au/TiO2 system that was synthesized for comparison could generate 75 

μmol/g/hr with hole scavengers, even under 300 W Xe.75 
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Figure 2.16  H2 evolution studies of CuFe2O4 powder suspended via stirring in 10% 

v/v triethanolamine. Irradiation time: 1 hour. Light source: 500 W Xe bulb. Catalyst 

concentration: 1 g/mL. Solution volume: 1 mL. 

 

When these conditions were applied to the entire leaf, H2 evolution remained 

undetectable and even when triethanolamine was added to the reaction solution. 

Therefore, the Z-scheme was incapable of fulfilling complete water splitting. 

 

2.3 Conclusions 

The α-Fe2O3/CuFe2O4 Z-scheme leaves, while synthetically successful, proved 

to be unsuccessful for the purpose of water splitting. I propose the following 

reasons for why this was the case. 

Firstly, since the work was begun, several studies have been published 

suggesting that α-Fe2O3 has a complicated series of intrinsic surface states that 

hinder photocatalytic water oxidation,7–9 even as its other optoelectronic properties 

can be improved. Secondly, as demonstrated here, CuFe2O4 has promising 

optoelectronic properties, but has low activity; in comparison to other hydrogen 

evolution photocatalysts, it does not have high activities (although the values here 

are similar in magnitude to those recorded for the similar transition metal ferrite, 

ZnFe2O4).
74 Thirdly, the loading of CuFe2O4 was much lower than anticipated, and 
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in conjunction with a relatively inactive but larger α-Fe2O3, the ability to carry out 

water splitting was minimal. In short, the selection of two low activity 

photocatalysts limited the potential activity for water splitting. 

Nonetheless, there are several interesting points to take away from these 

experiments. Firstly, it is possible to template, with high accuracy, the structure of 

plants using metals other than titanium with the objective of forming a metal oxide 

superstructure. In this report, iron was the main constituent material. Furthermore, 

instead of using a more time-consuming and complicated dual-precursor step as 

previously reported, only a single precursor step is required. Secondly, the control 

of hydrolysis of the sol-gel precursor can drastically affect the nanostructure of the 

final product, with pre-hydrolyzed precursors having rougher features than non-

hydrolyzed precursors due to premature nanoparticle formation. Thirdly, using in 

situ ligand exchange and simple electrostatic adsorption, a variety of nanoparticles 

can be successfully functionalized onto the surface of the leaf for a variety of 

purposes. 

 

2.4 Experimental 

Chemicals. Materials. Glutaraldehyde (25% wt. in water, Sigma-Aldrich), 

chloroform (Fisher Scientific), hydrochloric acid (HCl, 36.5-38%, JT Baker), 

anhydrous ethyl alcohol (Commercial Alcohols), iron(III) chloride (FeCl3, reagent 

grade, 97%, Sigma-Aldrich), copper(II) acetylacetonate (99.99%, Sigma-Aldrich), 

1,2-hexadecanediol (TCI America), oleylamine (technical grade, 70%, Sigma-

Aldrich), oleic acid (technical grade, 90%, Sigma-Aldrich), n-octyl ether (TCI 
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America), 16-mercaptohexadecanoic acid (16-MHA, 90%, Sigma-Aldrich), 

hexane (Fisher-Scientific), potassium hexachloroiridate(IV) (99.99%, Sigma-

Aldrich), sodium hydrogen citrate sesquihydrate (99%, Sigma-Aldrich), sodium 

hydroxide (EMD), DOWEX 1X8-100 (Cl) ion exchange resin (Sigma-Aldrich), 

chloroplatinic acid hydrate (>99.9%, Sigma-Aldrich), cetyl trimethylammonium 

bromide (99%, Sigma-Aldrich), and sodium borohydride (98%, EMD) were used 

as received. Sugarcane leaves were acquired from the University of Alberta 

Biological Sciences Greenhouse. In the case of the α-Fe2O3 slides, iron(III) chloride 

hexahydrate (97%, Sigma-Aldrich) was used as the iron precursor. 

Synthesis of α-Fe2O3 Leaves. Procedure for synthesizing α-Fe2O3 leaves was 

based on an earlier publication by Li et al. for the synthesis of TiO2 leaves.38 To 

allow for long term storage, leaves were fixed in a solution of 2% glutaraldehyde 

in phosphate buffer at 4˚C for 16 hours. Afterwards, leaves were rinsed with 

deionized water and stored at 4˚C.  To prepare α-Fe2O3 leaves, fixed leaves were 

first immersed in chloroform for 1 second and wiped clean with a cotton tip to 

remove the hydrophobic surface cutin layer, washed to remove chloroform, and 

then added to a solution of 5% HCl for 3 hours, after which the leaves became 

yellow. Next, the leaves were dehydrated in progressively more concentrated 

solutions of ethanol in water (v/v); 15%, 30%, 50%, 70%, 90% and 100%. Leaves 

were left in each solution for 20 minutes. An ethanolic solution of FeCl3 was 

prepared by adding anhydrous FeCl3 to boiling ethanol to a concentration of 0.2 M 

for FeCl3, which was immediately removed from heat. (Safety Note: this results in 

formation of HCl gas). The leaves and FeCl3 solution were placed into a Schlenk 
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flask and left under vacuum for 16 hours. Afterwards, the leaves were left in a wet 

chamber for 2 hours. The infiltrated leaves were finally dried and calcined in a tube 

furnace under lightly blowing air with the following steps: 40˚C, 60˚C, 80˚C, 

105˚C, 300˚C, and 500˚C, each for two hours, followed by a 10 minute high 

temperature step at 800˚C. The ramp speed was 1˚C/min. Leaves were lightly 

clipped between quartz slides. 

α-Fe2O3 control slides for visualizing surface functionalization. Slides were 

produced based on procedure detailed by Wang et al.59 FeCl3 at a concentration of 

0.1 M was drop-cast 10 μL at a time onto a silicon wafer and left to dry in air before 

being heated on a hot plate at 300˚C for 5 minutes. This was typically repeated 4 

times to get a thick, conformal layer of iron oxide. The slides were then placed in a 

tube furnace and heated at 800˚C for 10 minutes with a ramp of 10˚C/minute. 

Otherwise, these slides were treated as the leaves were in terms of particle 

functionalization (i.e. incubation times, ligand and nanoparticle concentrations). 

Synthesis and functionalization of copper nanoparticles. Copper 

nanoparticles were synthesized via decomposition of copper (II) acetylacetonate in 

the presence of oleic acid and oleylamine. In a 50 mL three-neck flask, 0.4 mmol 

of copper (II) acetylacetonate, 1.2 mmol of 1,2-hexadecanediol, and 20 mL of octyl 

ether were combined. The solution was heated to 105 ˚C for 10 minutes to dissolve 

these precursors, before 0.4 mmol of oleic acid and 0.4 mmol of oleylamine were 

added. The reaction solution was then raised to 155˚C and left there for 30 minutes. 

Subsequently, the reaction was cooled to room temperature before addition of 20 

mL of ethanol and centrifugation at 2000 x g. The resulting pellet was resuspended 
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in hexane at a concentration of 0.2 mg/mL, and contained 10 – 20 nm particles.56 

α-Fe2O3 leaves were washed with chloroform before being immersed in a 3 mM 

solution of 16-mercaptohexadecanoic acid (16-MHA) for 10 seconds. The leaves 

were washed with chloroform twice to remove unbound 16-MHA. Next, the leaves 

were incubated in a solution of copper nanoparticles for 10 seconds before being 

washed with hexane to remove unbound particles. Finally, the leaves were heated 

in an alumina crucible in a tube furnace at 850˚C for 30 minutes at a ramp speed of 

8˚C/min to induce transformation of copper nanoparticles and iron oxide surface to 

CuFe2O4. 

Functionalization of Z-scheme with catalyst nanoparticles. Citrate-capped 

IrO2•xH2O nanoparticles were synthesized as reported previously via the hydrolysis 

of iridium chloride.67,68 Briefly, a 50 mL aqueous solution of 1.2 mM K2IrCl6 and 

3.8 mM sodium citrate was pH-adjusted to 7.5 using NaOH and heated at 95 °C for 

30 minutes. The solution was cooled to room temperature and again pH-adjusted to 

7.5. The heating and readjustment was repeated until the pH stabilized at 7.5. 

Finally, the solution was heated at 95 °C for 2 hours to yield nanoparticles. Finally, 

the solution was stirred with DOWEX 1X8-50 exchange resin beads to remove 

excess citrate ions. The beads were then filtered to yield purified iridium oxide 

nanoparticles. To functionalize the surface of the leaf with iridium oxide, the leaf 

was immersed in a solution of pH 6 citrate-capped IrO2•xH2O nanoparticles for 10 

seconds. This pH was selected because the isoelectric point of α-Fe2O3 is 8, and so 

therefore at pH 6, the surface of α-Fe2O3 would be positively charged while the 
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citrate ions would be negatively charged, improving electrostatic interactions. The 

leaf was subsequently heated for 1 minute at 300˚C to remove organic ligands.  

Platinum nanoparticles were synthesized by reducing a 50 mL aqueous solution 

of 0.75 M H2PtCl6 and 0.1 M cetylammonium bromide (CTAB) heated to 60 °C 

with 1.3 mL of 50 mM NaBH4.
63 The particles were mixed with ethanol, 

oleylamine, and hexane in a 1:2:1:1 ratio. This solution was heated at 40˚C for 6 

hours before the organic layer was washed with two parts of ethanol and centrifuged 

at 8000 x g until all white residue was removed. Finally, the particles were 

resuspended in the original volume of hexane. For functionalization, an α-

Fe2O3/CuFe2O4 leaf was first functionalized with 16-MHA before being placed in 

the hexane solution of platinum nanoparticles for 10 seconds. The sample was then 

washed with hexane before heating at 500 °C for 2 hours to remove 16-MHA. 

X-ray Photoelectron Spectroscopy. X-ray photoelectron spectroscopy (XPS) 

spectra were collected by Kratos Ultra spectrometer with a base pressure less than 

4 x 10-8 Pa. A monochromatic Al Kα source (hν = 1486.6 eV) was run at a power 

of 168 W. The analysis spot was 300 x 700 μm and the analyzer resolution was 0.80 

eV for Au 4f peaks. The survey scans were collected for binding energies spanning 

1100 to 0 eV at constant energy of 160 eV and spectra for narrow regions were 

collected at pass-energy of 20 eV. Sample charging was compensated by electron 

flooding. The binding energy (BE) scale was calibrated by assigning C1s peak from 

surface contamination at 284.8 eV. Relative concentrations of chemical elements 

were calculated using CasaXPS, using a standard quantification routine, including 

Scofield sensitivity factors and Shirley background subtraction. 
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Synthesis of CuFe2O4 powder. A previous procedure was followed. 

Cu(NO3)2•2.5H2O (5 mmol) and Fe(NO3)2•9H2O (10 mmol) in 50 mL of deionized 

water was added to a 100 mL 0.3 M solution of citric acid and dehydrated on a hot 

plate at sub-boiling temperature. The resulting brown mass was then heated at 

300°C until combustion took place, yielding a black-gray powder. Subsequently, 

the powder was heated at 850°C for 3 hours to yield a black powder. 

Cyclic Voltammetry. Cyclic voltammetry was performed using a PARSTAT 

2273 potentiostat in a three-electrode configuration. The reference electrode was 

Ag/Ag+. A platinum disc electrode coated with powder and a platinum wire were 

used as the working and counter electrodes, respectively. The scan rate was 50 

mV/s, and the electrolyte was 0.1 M tetrabutylammonium hexafluorophosphate. 

Photocatalytic testing. H2 gas evolution studies were performed by loading 1 

mg of sample into a 2 mL GC vial with rubber seals. Electrolyte solution (1 mL) 

consisting of 10% triethanolamine in water was added to the vial before sealing and 

purging with Ar gas. In cases where pH control was required, the solution was 

adjusted using HCl. The vials were then illuminated under a 500 W Xe lamp at a 

distance of 30 cm for 1 hour before testing was performed on a Varian 450 gas 

chromatogram equipped with thermal conductivity detector and Ar flow gas. 

Sampling was performed via headspace injection and quantification was done 

based on standardization to control amounts of H2 in Ar. In initial testing, 0.1 M 

KOH was used as the electrolyte. 

Other Characterization. Scanning electron microscope images of natural and 

α-Fe2O3 leaves were taken on a Hitachi S-3000 SEM. Some images of the α-Fe2O3 
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leaves as well as all images of drop-cast α-Fe2O3 surfaces were taken with a Hitachi 

S-4800 FE-SEM. Nanoparticle images were acquired on a JEOL JEM-2100 TEM 

at an accelerating voltage of 200 kV. Infrared spectroscopy (FTIR) on a Nicolet 

Nexus 760 Spectrometer with a DRIFTS detector was used to examine the surface 

of the leaf during 16-MHA and nanoparticle functionalization. X-ray diffraction 

(XRD) was performed using a Bruker D8 Discover with a Cu Kα beam (40 kV, 40 

mA, λ = 1.5406 Å) equipped with a 2D detector. XRD spectra were collected from 

the 2D ring patterns by radial integration. Samples were prepared by mounting 

powder on a silicon slide stabilized with isopropanol. Auger electron spectroscopy 

(AES) was performed on a JEOL JAMP-9500F field emission microprobe.  
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3 Synthesis and Characterization of 

[Ni,Fe]O nanoparticles 

 

3.1 Introduction 

 3.1.1  Overview of Metal Oxides and their Applications 

Metal oxides and their mixtures have been studied as potential electrode devices 

for a variety of applications, including Li-ion batteries,1–3 electrochemical 

capacitors,2,4,5 fuel cells, 6,7 gas sensors,8,9 thin film transistors, electrochemical 

water oxidation catalysts,10–12 and photocatalytic materials.13–15 The attraction of 

these materials can be explained by the typical stability of metal oxides as well as 

the relative abundance of many metals oxides compared to traditional catalysts such 

as platinum, palladium, rhodium etc. since the most common metal oxides 

discussed and used are often first-row transition metals. Mixtures of these metals 

can result in novel materials with unique structures and properties, broadening the 

ultimate potential for the use of metal oxides. Some examples of this tailoring of 

compositions include improving the sensitivity of gas sensors, 9,16 increasing the 

absorption range of photocatalysts,17–20 and changing the activity of catalysts.21–24 

However, synthetic routes to mixed metal oxides (MMOs) are more difficult 

than their monometallic equivalents because of the complicating presence of 

additional metal species.25 Although numerous synthetic techniques have been 

reported, including mechanical mixing,26–28 spray pyrolysis,29,30 solid-state thermal 
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decomposition,11,31–33 and hydrothermal treatment,23,33–35 each of these techniques 

has its own downfalls, mostly either polydispersity or phase impurities. 

Simultaneously controlling the size, shape, homogeneity, composition, and phase 

of MMO particles is difficult but necessary in order to capture and accurately 

catalogue the full potential of these materials. In this regard, the high-temperature, 

atmospherically-controlled decomposition of metal-organic precursors has an 

advantage over previous methods because it allows for the nucleation and growth 

of nanoparticles that are homogenous, controllable and yet unachievable by the 

other listed means due to environmental or entropic considerations.36,37 

 

3.1.2  Overview of the Chapter 

The material reported here, denoted as [Ni,Fe]O, is a MMO that was 

synthesized via the high-temperature decomposition of metal oleate complexes. In 

previously reported syntheses of mixed nickel-iron oxide nanoparticles, the two 

commonly reported phases are spinel nickel ferrite (NiFe2O4)
38,39 and rocksalt (i.e. 

cubic) bunsenite (NiO) with iron in solid solution.40–44 Although the equilibrium 

phase diagram of the Ni-Fe-O system predicts negligible solubility of Fe in the 

rocksalt NiO phase below 800 °C,41,45 synthetic preparation of phase-pure 10 at% 

Fe-doped NiO has been previously reported.44 In contrast, the mixed metal nickel-

iron oxide nanoparticles reported here possess a rocksalt crystal structure and are 

stable under ambient conditions. Furthermore, the nanoparticle products maintain 

a single-crystal rocksalt structure over almost the entire range of nickel:iron ratios.  

Several synthetic variables, such as the ratio of nickel to iron in the oleate precursor, 
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solution decomposition time and the precursor drying time46 are used to modify the 

nanoparticle composition, size and shape. The magnetic properties of these 

nanoparticles are investigated, and it is found that the effective magnetic anisotropy 

can be tuned by changing particle composition. Lastly, thermal annealing of these 

metastable nanoparticles demonstrates that they are kinetically stable at elevated 

temperatures. 

  

3.2 Results 

3.2.1 Synthesis and Characterization of [Ni,Fe]O Nanoparticles 

Although a wide variety of metal-organic precursors decompose to yield metal 

oxide nanoparticle products,47–50 metal oleate precursors present several advantages 

that include high reaction yields and ease of synthesis.36,51,52 In this work, metal 

oleate precursors were prepared by refluxing a mixture of NiCl2•6H2O and FeCl3 

with sodium oleate (Figure 3.1).36 Throughout this work, a ratio of X:Y Ni:Fe oleate 

precursor refers to a sample prepared from a X:Y ratio (by metal molarity) of 

NiCl2•6H2O to FeCl3.  After the red-brown precursor was separated from the 

aqueous phase of the reflux, the metal oleate precursor were heated to 305 ºC for a 

given period of time, denoted as the decomposition time (td), in 1-octadecene under 

argon to produce nanoparticle products. 
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Figure 3.1   Synthetic Scheme of [Ni,Fe]O Nanoparticles 

 

Figure 3.2 shows electron microscopy characterization of nanoparticles formed 

from the decomposition of 33:67 Ni:Fe oleate precursor in 1-octadecene at 305 °C 

(td = 20 minutes). From these micrographs we see that the nanoparticles have a 

cubic-like shape with rounded edges and vertices (herein referred to as nanocubes). 

Moreover, the HAADF-STEM micrograph of these nanocubes (Figure 3.2A) 

reveals that they are single-crystal nanoparticles with sizes on the order of 8 nm.  

High-resolution EDX mapping of the nanoparticles (Figures 3.2B-C) reveals that 

there is no segregation of nickel and iron throughout the nanoparticles, with all of 

the observed nanoparticles having the same composition. However, the final 

composition of metal in the nanoparticles varied from that of the nickel and iron 

precursor ratio; while the starting molar ratio of nickel to iron in the oleate precursor 

was 33:67, the final molar ratio of metals in the nanoparticles was ~50:50, as 

determined by EDX (Table 3.1).  Modified synthetic reactions where nickel and 

iron oleate complexes were prepared in separate vessels and then combined yielded 

nanoparticle products that were identical in appearance and crystal structure, as 

determined by TEM and XRD (Figure 3.3). Subtle differences in the carbonyl 
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stretching region of the FTIR spectra, ν(C=O), of individually prepared iron and 

nickel oleate complex precursors, and the mixed Fe/Ni complex mixture, suggest 

that the precursor identities may differ, but the structures of these metal carboxylate 

complexes have no effect, however, on the resulting nanoparticle products (Figure 

3.4). The final yield of metal oxide nanoparticle product was determined to be 

~55% based on the remaining metal oxide mass after calcination. 

 

Figure 3.2  (a) High-resolution HAADF-STEM micrograph of nanoparticles 

synthesized with a nickel to iron precursor ratio of 33:67 and decomposition time 

of 20 min (inset: FFT diffractogram). (b,c) EDX maps of (b) nickel and (c) iron of 

nanoparticles produced via the same synthesis. 

(c) 

10 nm 10 nm 

2 nm 

(a) 

(b) (c) 
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Table 3.1. Characteristics of nanoparticles synthesized from the mixed metal oleate 

precursor with nickel to iron molar ratios of 33:66 by changing decomposition time 

(td). 

td, 305°C (min) Shape Final Ni:Fe Size (nm) Polydispersity (%) 

15 Stars 54:46 6.6 11.3 

20 Cubes/Stars 51:49 7.9 10.4 

25 Cubes 51:49 9.7 9.4 

30 Spheres 33:67 9.6 7.1 

 

 

 

 

Figure 3.3   (a) TEM micrograph and (b) XRD spectrum of [Ni,Fe]O nanocubes 

where nickel and iron oleate were refluxed separately and combined only after 

reflux.  
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Figure 3.4  FTIR spectra of individual nickel and iron metal oleate precursors, and 

the mixed metal oleate precursor derived from the combined reflux of nickel and 

iron salts with sodium oleate. 

 

 

Shown in Figure 3.5a is the electron diffraction pattern of nanoparticles 

synthesized with a precursor ratio of 33:67 and decomposition time of 20 min. All 

of the observed Debye rings can be matched to that of a rocksalt crystal latttice, 

similar to that found in phase pure NiO and FexO.53,54 Furthermore, the XRD 

spectrum of these nanocubes displays a shift in peak positions relative to pure NiO 

and FexO such that the peak positions of the nanocubes lie between the peak 

positions of pure NiO and FexO (Figure 3.5b) . Using the (200) peak position, the 

lattice parameter of these nanocubes is calculated to be 4.22 Å, which is roughly 

halfway between pure FexO (4.29 Å) and NiO (4.18 Å) This shift in lattice 

parameter is characteristic of substitutional solid-solutions, where the lattice 

parameter must change in order to accommodate strain that arises due to the 

differing atomic sizes of the constituent atoms, as well as attractive and repulsive 
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forces between the guest and host metal atoms.55,56 From the HRTEM, EDX 

mapping, X-ray and electron diffraction data, we propose that the products of the 

decomposition reaction are single-crystal nanoparticles consisting of a 

substitutional solid-solution of nickel and iron in rocksalt crystal structure. As short 

hand, we refer to this phase as [Ni,Fe]O, a non-equilibrium phase under ambient 

conditions.41,45 

Figure 3.5   (a) Electron diffraction pattern of [Ni,Fe]O nanocubes (right) and 

simulated electron diffraction pattern of a rocksalt crystal structure (left). (b) XRD 

spectrum of nanocubes with spectra of bulk NiO and FexO overlaid.  
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The oxidation states of iron within these nanoparticles (33:67 Ni:Fe precursor 

ratio, 20 min decomposition time) were studied using EELS and XPS, as shown in 

Figure 3.6. The shapes and relative areas of the iron L2,3 peaks acquired using EELS 

(Figure 3.6a) were found to be consistent with those reported for a Fe2+-containing 

oxide.57,58 Further characterization of the iron oxidation states was performed using 

XPS (Figure 3.6b). The Fe 2p3/2 spectrum of the nanocubes displayed a major peak 

at 710.6 eV, which is consistent with the 710.5 eV Fe 2p3/2 peak position of FexO.59 

Moreover there are no clearly distinguishable satellite peaks, which are 

characteristic features of pure (α,γ)-Fe2O3 and Fe3O4.
59 However, it is well known 

that it is difficult to distinguish iron oxides species from the core-level XPS 

spectra,59 since the peak positions of FexO, Fe3O4 and (α,γ)-Fe2O3 are all within a 

0.5 eV range. Furthermore, there is a significant amount of Ni substitution within 

the FexO lattice, which can cause a shift in the peak position. Looking at the Ni 2p 

XPS spectrum in Figure 3c, we see that the Ni 2p peak positions correspond well 

with literature values for nickel oxide with a +2 oxidation state.60,61 From these XPS 

and EELS data we can conclude that the majority of the Fe and Ni has a +2 

oxidation state; however, due to the ambiguity of these XPS scans, the presence of 

Fe3+
 cannot be ruled out. 
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Figure 3.6 (a) Fe EELS spectrum of nanocubes showing L2 and L3 peaks. 

Corresponding (b) Fe 2p
3/2 and (c) Ni 2p XPS spectra. 
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3.2.2 Effect of Modifying Decomposition Time, td 

The shape and composition of the nanocubes were found to be tunable via 

modifications of the synthetic procedure. For example, when the decomposition 

time of the 33:67 Ni:Fe metal oleate precursor was varied within the range of 15 to 

30 minutes, the nanoparticles underwent a continuous morphological 

transformation from stars to rounded cubes to spheres (for td < 15 min no solid 

product could be isolated).  At td = 15 min, the final product was found to be a 

mixture of concave star-like particles and cubic-like particles with rounded edges 

and vertices, with an average size of 6.5 nm (Figure 3.7a). As the decomposition 

time of the reaction is increased (td = 20, 25 min) we see that the fraction of cubes 

increases while the average size also increases up to 9.7 nm (Figures 3.7b,c). Finally 

at a td = 30 min (Figure 3.7d), almost all of the nanoparticles possess a spherical 

shape, with an average size of 9.6 nm. In addition, an increased decomposition time 

led to reduced polydispersity, as defined by the standard deviation in size divided 

by the mean size.62 As td increased from 15 minutes to 30 minutes, the 

polydispersity was reduced from 11.3% to 7.1%. This reduction in polydispersity 

is significant, since sub-10% polydispersity is considered the benchmark value of 

a highly monodisperse nanoparticle solution.62 Interestingly it was found that at 

shorter decomposition times (td = 15-25 min), the molar metal ratio of these 

nanoparticles (as measured by EDX) was ~ Ni:Fe 50:50, but when td =30 min, the 

Ni:Fe ratio changed to 33:67. 
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Figure 3.7 TEM micrographs (left) and size distributions (right) of [Ni,Fe]O 

nanoparticles synthesized by heating the precursor for (a) 15, (b) 20, (c) 25, and 

(d) 30 min. 
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3.2.3 Effect of Modifying Drying Time, tr 

Bronstein and co-workers demonstrated that the structure of the precursor iron 

oleate complex can have important effects on the resulting iron oxide nanoparticle 

products.46 In the work reported here, up to this point, the mixed metal nickel-iron 

oleate complexes time were dried, in air, at 100 ºC for 1 h.  If the drying time (air, 

100 ºC) was increased to 3 h or longer, a dramatic change in the resulting 

nanoparticle products was noted. When a mixed metal oleate precursor with an 

initial ratio of Ni:Fe of 33:67 (td = 20 min) was dried for 12 h, nanoparticles with 

sizes of ~7-8 nm with an octopod star-like morphology were produced, as shown 

in Figures 3.8a-b. As with the nanocubes, the stars maintained a single-crystal 

rocksalt structure as determined by electron diffraction (Figures 3.8b-c). Both 

nickel and iron were found to be uniformly distributed throughout the stars, as 

shown by EDX mapping (Figures 3.8e-f). The final compositions of the 

nanoparticles were relatively unaffected by drying; short drying times (0-1 h) led 

to final composition ratios of Ni:Fe of ~50:50, while the longer drying times 

producing slightly Ni-richer (~55:45) nanoparticles (Table 3.2). Using FTIR, it was 

determined that undried metal oleate precursors had a broad shoulder around 3300 

cm-1, suggestive of residual ethanol or oleic acid dimers.46 Drying the precursor for 

a minimum of 3 h resulted in the disappearance of this shoulder (Figure 3.9). 
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Figure 3.8 (a) TEM micrograph and corresponding size distribution of 

nanoparticles synthesized from a 33:67 precursor ratio, 20 min decomposition time 

and 12 hour drying time. (b) High-resolution HAADF-STEM image of a 

nanoparticle (inset: FFT diffractogram). (c) Corresponding electron diffraction 

pattern of the nanoparticles (right) and simulated electron diffraction pattern of a 

rocksalt crystal structure (left). (d,e) EDX maps of nanoparticles for (d) nickel and 

(e) iron. 
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Table 3.3  Characteristics of nanoparticles synthesized from metal oleates with nickel to iron molar 

ratios of 33:66 by changing drying time (t
r
). 

 

 

 

 

 

 

 

 

 

Figure 3.9  FTIR spectra of metal oleate precursors with different tr (listed top 

right).  

 

3.2.4 Effect of Initial Precursor Metal Composition 

 The initial ratios of nickel and iron oleate precursors were varied to further 
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parameter as the Ni content of the nanoparticles increases. For control purposes, a 

Ni:Fe ratio of 100:0 (pure nickel oleate) was synthesized using a td of 30 minutes, 

yielding a black powder that did not re-suspend in hexane; XRD analysis revealed 

that the powder was composed of both hexagonal and fcc nickel (Figure 3.11a). 

Under TEM, the powder appeared as ~25 nm aggregates of smaller nanoparticles 

(Figure 3.11b). In contrast, a synthesis of nanoparticles (td = 30 min) using 0:100 

Ni:Fe (pure iron oleate) yielded ~21 nm diameter nanoparticles. From XRD 

characterization, the dominant crystalline phase was found to be FexO, however the 

presence of a very broad peak centered at 2θ ~ 35° indicates the presence of a 

secondary iron oxide, likely due to deeper oxidation of the FexO phase, similarly to 

previous reports on iron oleate decomposition (Figure 3.11c).46,63,64  

 

Figure 3.10  XRD spectra of nanoparticles synthesized with different compositions 

of metals in the initial precursor solution with td = 30 min. All ratios are listed as 

nickel:iron. 
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Table 3.3  Characteristics of nanoparticles synthesized from metal oleates with 

nickel to iron molar ratios of 33:66 by changing drying time (tr). 

tr (hrs) Final Ni:Fe Size by 

TEM (nm) 

0 52:48 8.1 

3 59:41 7.4 

6 55:45 8.5 

12 57:43 7.5 

 

Figure 3.11  TEM micrographs of nanoparticles synthesized from pure (a) iron 

oleate and (b) pure nickel oleate. Size analysis was not performed on nickel 

nanoparticles due to the fact that nanoparticles were aggregated into clusters. 
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Changing the initial metal oleate composition also affected nanoparticle shape, 

as shown in Figure 3.12. Nanoparticles synthesized from Ni:Fe 83:17 (td = 30 

minutes for all samples) precursors appeared as irregularly-shaped star-like 

particles with an average size of 7.3 nm, while nanoparticles synthesized from 

Ni:Fe 67:33 precursors consisted of a mixture of stars and rounded cubes. The 

Ni:Fe 50:50 precursors yielded 7.3 nm nanoparticles that appeared to be a mixture 

of cubes and spheres. Finally, the Ni:Fe 83:17 precursor product was composed of 

spheres that were 11.0 nm in diameter. While most samples maintained a high 

degree of monodispersity (9 – 13%), the nanoparticles produced from the Ni:Fe 

83:17 precursor had polydispersity values exceeding 15%, and the pure iron oleate 

sample had a polydispersity value of almost 20%. 
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Figure 3.12  TEM micrographs (left) and corresponding size distribution (right) of 

[Ni,Fe]O nanoparticles synthesized when metal compositions in precursor oleate 

were modified before synthesis at td =  30 min. Metal ratios are listed as nickel:iron. 

(a) 83:17, (b) 66:33, (c) 50:50, (d) 17:83 
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By changing the initial precursor ratio of nickel to iron and the decomposition 

time, we see that a diverse set of nanoparticle shapes can be synthesized; ranging 

from concave octopod stars, rounded cubes and spherical nanoparticles. The results 

of these syntheses can be neatly summarized in what can loosely be described as a 

“phase diagram”, shown in Figure 3.13. In this diagram, two consistent trends 

emerge. For a fixed precursor ratio, as the decomposition time is increased, the 

shapes of the resultant nanoparticles evolve in a continuous fashion from star-like 

concave octopods, to rounded cubes, and finally to spherical nanoparticles. 

Moreover, the monodispersity of the nanoparticles is found to increase with 

decomposition time. Alternatively, for a fixed decomposition time, as the nickel to 

iron precursor ratio is decreased, the same continuous transformation from stars to 

spheres is observed, with a similar increase in monodispersity. In summary, with a 

high nickel to iron precursor ratios and at short decomposition times, octopod stars 

are produced; at intermediate nickel to iron precursor ratios and decomposition 

times, rounded cubes are produced; at low nickel to iron precursor ratios and long 

decomposition times, spherical nanoparticles are produced.  

In order to understand the evolution of nanoparticle shape shown in Figure 8, 

we must first understand the origin of star-shaped nanoparticles. In another study 

of iron oleate decomposition in the presence of oleic acid, varying the ratio of iron 

oleate to oleic acid allowed for nanoparticle shape control.65 Specifically, as the 

ratio of iron oleate to oleic acid was decreased, the shapes of the nanoparticles 

changed from spheres to stars. The formation of stars was attributed to be a result 

of uneven growth of the nanoparticles around the nuclei due to increased relative 
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concentration of strongly adsorbing oleic acid. Given the similarity of our synthetic 

procedure and nanoparticles shapes to those found in [70], it is proposed that in the 

initial stages of the reaction (short decomposition times) the nanoparticle growth is 

kinetically limited, resulting in the formation of stars. However, once the faster 

growing faces become self-terminated (resulting in a star shape) and the reaction is 

allowed to continue, the higher energy curved concave surfaces are filled in and the 

stars transition to cubes and eventually to equilibrium spheres. Furthermore, as 

summarized in Figure 8, as the iron content of the oleate precursor increases, the 

reaction proceeds more rapidly. This result suggests that the decomposition of the 

mixed metal nickel/iron-oleate processed more slowly as the iron content of the 

mixed metal oleate is increased. 

 

 

 

 

Figure 3.13  Phase diagram of resultant nanoparticle shapes as a function of nickel 

to iron precursor ratio and decomposition time.  
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3.2.5 Magnetic Characterization of Nanoparticles 

Magnetometry was used to examine the magnetic properties of these 

nanoparticles. Three nanoparticle samples were used for comparison – stars (Ni:Fe 

33:67 precursor, td = 20 min and dried for 12 hours), nanocubes (Ni:Fe 33:67 

precursor, td = 20 minutes), and spheres (Ni:Fe 33:67 precursor, td = 30 minutes). 

These samples have similar sizes but different final metal compositions, ranging 

from 55:45 (stars) to 51:49 (nanocubes) to 33:67 (spheres). Therefore, any 

variations in magnetic properties should primarily arise from differences in shape 

and/or composition.  In all three samples examined, two magnetic transitions were 

found in the zero-field cooling (ZFC) curves – a small transition around 50 K and 

a much larger one that varies in position from 181 K in spheres to 141 K in 

nanocubes to 111 K in stars (Figure 3.14a). Magnetic transitions observed in FC 

(field cooling)/ZFC measurements for nanoparticle samples are usually taken to 

represent the blocking temperature (TB), the point at which the magnetic moment 

of a nanoparticle is no longer pinned to the nanoparticle’s crystalline lattice and the 

nanoparticle’s behaviour switches from being blocked to being superparamagnetic. 

The convergence of the FC and ZFC curves at the higher transition is consistent 

with this behaviour. The change in this major transition appears to be influenced by 

composition and shape; given comparable nanoparticle volumes for the three 

samples, this shift is most likely a result of a change in the effective magnetic 

anisotropy constant, which is itself influenced by magnetocrystalline anisotropy 

(i.e. composition) and shape anisotropy. The position of the minor transition at 50 
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K does not change significantly and appears to be independent of the major 

transition. 

In order to understand the nature of the major transitions and therefore, the TB 

values of the nanoparticles, magnetic hysteresis loops of these three samples were 

obtained at 300 K and 1.9 K. None of the samples exhibited any saturation or 

significant hysteresis at 300 K, even with the application of a 7 T magnetic field 

strength (Figure 3.14b). This lack of saturation or hysteresis is indicative of 

antiferromagnetic behaviour at 300 K. In contrast, hysteresis measurements 

performed at 1.9 K revealed that all three samples showed some degree of 

hysteresis (Figure 3.14c). Both stars and nanocubes had low coercivities of 5.3 and 

5.5 mT, respectively. However, the spheres had a much higher coercivity of 165.2 

mT. The magnetization remained low even under a 7 T field (stars: 2.9 emu/g; 

cubes: 5.4 emu/g; spheres: 5.6 emu/g). This result is interesting because more 

anisotropic shapes, such as cubes and stars are typically more magnetisable than 

spheres, which are geometrically isotropic.66,67 In this system, the opposite trend is 

observed, suggesting that volume may play a more important role than shape. It is 

often observed that the surface of magnetic nanoparticles is poorly or even non-

magnetic.68 In going from stars to cubes to spheres, the relative proportion of 

surface atoms increases, which could explain the decreasing trend in magnetization, 

as a higher fraction of the nanoparticle is weakly magnetic. Finally, the metallic 

composition may also play a role in determining the saturation magnetization. 

Nonetheless, these curves suggest that [Ni,Fe]O is an antiferromagnetic material 

that exhibits superparamagnetic behaviour, as had been previously observed for 
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nanoparticles of antiferromagnetic materials.69–71 Both bulk FexO and NiO are 

considered antiferromagnetic with Néel temperatures of 210 K, and 525 K, 

respectively,72,73 so the antiferromagnetic behaviour is in line with that of the parent 

materials.  

The low temperature transition is unusual because it is stable in position and 

size regardless of variations in bulk nanoparticle properties such as shape and 

composition. While a similar double peak complex was seen in FexO 

nanoparticles,74 it was absent in 10 at% Fe-doped NiO nanoparticles,44 suggesting 

that the low transition peak is dependent on the increasing presence of Fe2+. Given 

the existence of Fe3O4 surface states in the FexO nanoparticles,74 we propose that 

the low temperature peak arises from the presence and subsequent oxidation of Fe2+ 

at the surface of the nanoparticles, resulting in the formation of a surface region 

with unique magnetic properties. In contrast, surface anisotropy contributions to 

magnetic properties in pure antiferromagnetic materials usually arise from unpaired 

surface states.49 Together with XPS oxidation data, we further propose that 

[Ni,Fe]O nanoparticles are primarily composed of metal oxides with a +2 oxidation 

state surrounded by a surface layer of Fe3+, as illustrated in Figure 3.14d. 
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Figure 3.14  Magnetic measurements of differently shaped nanoparticles, including (a) ZFC and FC 

curves and magnetic hysteresis loops taken at (b) 300 K and (c) 1.9 K. (d) Proposed scheme of Fe 

and Ni atoms [Ni,Fe]O nanoparticles. 
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on peak heights) at 600 °C. When these experiments were repeated under argon 

(Figure 3.15b), few differences were observed at 200 °C and 400 °C.  However, 

nanocubes heated to 600 °C in argon exhibited 4 new phases – NiFe2O4, NiO, α-

Fe2O3, and metallic nickel. The metastable [Ni.Fe]O phase of the nanoparticles 

therefore appear to be kinetically persistent up to 200 °C, as it is observed that the 

[Ni.Fe]O phase does not readily decompose below 200 °C despite the fact that it is 

not the equilibrium phase at these temperatures. 

Figure 3.15  Effects of thermal annealing [Ni,Fe]O nanoparticles synthesized with 

a nickel to iron precursor ratio of 33:67 and decomposition time of 20 min. XRD 

spectra in (a) air and (b) argon. 

 

On a final note, it is worth speculating why the unique phase was formed. 

Firstly, a variety of non-equilibrium phases have been reported to form at the 

nanoscale.75–77 The most likely explanation for such behaviour is that the size of 

the crystals permits the stable existence of strained phases. Under larger-scale 

conditions, these phases would decompose into more thermodynamic structures. 

Secondly, the synthetic conditions here are reducing. A study on the mechanism of 

iron oleate-based syntheses suggests that CO derived from the thermal 
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decomposition of oleate serves as a reducing agent.63 It has been experimentally 

demonstrated both here and in the literature that CO can reduce Fe3+ to Fe2+ in 

oleate syntheses, but cannot reduce Fe3+ to Fe metal.46,63,78 Therefore, the formation 

of metallic Ni:Fe nanoparticles is not possible, but the reducing environment 

prevents the full oxidation of the metals. Under these conditions, the metals form 

cubic rocksalt nanoparticles, and perhaps the nanoscale environment allows them 

to preserve this structure upon exposure to ambient atmospheric conditions. 

 

3.3 Conclusions  

We have demonstrated the synthesis of monodisperse single-crystal [Ni,Fe]O 

nanoparticles with a rocksalt crystal structure by thermolysis of a metal oleate 

precursor. By tuning simple reaction conditions – the decomposition time at 305 

°C and the metal ratio within the precursor complex – the shapes and 

monodispersity could be tuned in a continuous fashion. Specifically, as the nickel 

to iron precursor ratio is decreased and/or the decomposition time is increased there 

is a continuous shape transformation from octopod stars, to rounded cubes to 

spherical nanoparticles, with a subsequent decrease in polydispersity. Moreover, 

very monodisperse (<10% polydispersity) nanoparticles, less than 10 nm large, 

could be synthesized. Despite the non-equilibrium phase of the nanoparticles, it is 

kinetically persistent; evidence of phase changes were not observed after storage 

under ambient conditions for several months or annealing at 200 °C for 2 h. These 

nanoparticles also had interesting magnetic properties; the blocking temperature 

was dependent on the composition and shape of the nanoparticles, but the behaviour 
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seen in ZFC/FC curves was more reminiscent of FexO. These data, combined with 

XPS characterization, suggest that the surface of the nanoparticles contains iron in 

a +3 oxidation state. Together, these data highlight the potential to synthesize a 

range of solid solution nickel-iron oxide materials with varying properties via a 

synthetic route that enables access to a metastable phase. 

  

3.4 Experimental 

        Chemicals. All chemicals were used as received. Anhydrous FeCl3 (98%) was 

obtained from Strem Chemicals and stored in a N2 glovebox. NiCl2•6H2O was from 

ACP Chemicals and sodium oleate (>97%) from Tokyo Chemical Industry. 

Anhydrous ethanol was obtained from Commercial Alcohols, hexanes and 

isopropanol from Fisher Chemicals, while oleic acid (technical grade, 90%) and 1-

octadecene (technical grade, 90%) were from Sigma-Aldrich. 

        Preparation of metal-oleate precursors. The procedure was based on the 

previously reported synthesis of ferrite nanoparticles from metal oleates.36,51 In a 

typical reaction, 2 mmol of NiCl2•6H2O, 4 mmol of FeCl3, and 16 mmol of sodium 

oleate were dissolved in 10 mL of deionized water, 10 mL of ethanol, and 20 mL 

of hexane in a 100 mL round bottom flask. The sample was refluxed at 60 °C for 4 

hours. After the sample had been cooled to room temperature, the red-brown 

organic layer containing the metal oleate complex was separated and washed twice 

with Milli-Q deionized water in a separatory funnel and centrifuged at 3000 xg.79 

The red-brown liquid was separated and dried in an oven heated to 100 °C under 

atmospheric pressure for 1 hour to yield a viscous product of metal oleates.46 For 
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reactions with varied initial compositions of nickel to iron, the total amount of metal 

was kept at 6 mmol and 2 mmol of sodium oleate was added for every mmol of 

nickel and 3 mmol for every mmol of iron, respectively. 

        Nanoparticle Synthesis. The entirety of the preformed metal oleate complex 

(~4.8 g), as described above, was used as-is and was mixed with 20 mL of 1-

octadecene and 0.951 mL of oleic acid in a 250 mL three-neck flask to form a 

homogenous solution. The flask was evacuated three times using a vacuum Schlenk 

line and refilled with Ar. The reaction solution was heated to 110 °C and again 

evacuated three times via the same method. After evacuation, the solution was 

heated under argon at a heat ramp rate of 3 °C/min to 305 °C, and held at this 

temperature for 20 min before cooling to room temperature. To isolate the 

nanoparticles, 40 mL of isopropanol was added. This mixture was then centrifuged 

at 3000 x g for 10 min. The pellet was re-suspended in 20 mL of hexane, and an 

equal part of isopropanol was then added before being centrifuged again, in the 

same manner. Washing was repeated once more. The final pellet was then re-

suspended in 20 mL of hexane to form a dark brown solution to yield a concentrated 

solution of ~15 mg/mL. For yield calculations, thermogravimetric analysis was 

performed by the University of Alberta Department of Chemistry Analytical and 

Instrumentation Lab in order to determine the metal oxide portion of the final 

nanoparticle product. 

        Electron Microscopy. Hexane-diluted nanoparticle solutions of 1 mg/mL 

were dropped and dried onto 200 mesh copper transmission electron microscope 

(TEM) grids. Imaging and electron diffraction were performed on a JEOL JEM-
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2100 TEM with an accelerating voltage of 200 kV. Selected area electron 

diffraction (SAED) was acquired on the same system. The distributions of particle 

area were determined from the TEM micrographs using a thresholding algorithm 

implemented in Gwyddion.80 From this, the particle sizes are taken as the square 

root of particle area. 

        Further examination of the nanoparticles (bright field images and electron 

energy loss spectroscopy (EELS)) were acquired on a JEOL JEM-2200FS TEM 

equipped with a Schottky field-emission gun and an in-column energy filter 

(Omega filter) and operated at 200 kV accelerating voltage.   

        Atomic-resolution high-angle annular dark-field scanning TEM (HAADF-

STEM) images and energy dispersive X-ray spectroscopy mapping (EDX) were 

performed on a JEOL JEM-ARM200F spherical aberration corrected STEM/TEM, 

equipped with a cold-field-emission gun (c-FEG) and operated at 200 kV 

accelerating voltage. 

        EDX characterization nanoparticle compositions was performed on a JEOL 

JSM-6010LA InTouchScope equipped with a Bruker Silicon Drift Detector. 

Nanoparticle samples were drop-cast on Si wafers. Each composition is the average 

of three different measurements in separate locations.  

        Fourier Transform Infrared Spectroscopy (FTIR). Scans were collected 

using a Nicolet Nexus 760 spectrometer with a DTGS detector and a N2-purged 

sample chamber (64 scans, 4 cm–1 resolution). Metal oleate samples were drop-cast 

(~10 Ω·cm) Si wafers for data collection in transmission mode. 
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        X-ray diffraction analysis. X-ray diffraction (XRD) was performed using a 

Bruker D8 Discover with a Cu Kα beam (40 kV, 40 mA, λ = 1.5406 Å) equipped 

with a 2D detector. XRD spectra were collected from the 2D ring patterns by radial 

integration. Samples were prepared by filling polyethylene terephthalate (PET) 

capillary tubes with concentrated stock solutions of nanoparticles suspended in 

hexane. XRD spectra of these samples were then collected in transmission mode. 

Special care was taken to ensure the samples were correctly aligned to achieve 

accurate peak positions. Calibration of peak positions was done using a capillary 

tube filled with a LaB6 powder. Samples with a planar geometry were prepared by 

drop-casting nanoparticle solution on silicon (100) substrates. Scans were 

performed in a grazing incidence configuration with an incident angle of ω = 5°. 

Calibration of peaks was performed with a LaB6 standard sample. Instrument line 

broadening was determined to be 0.28°. 

        X-ray photoelectron spectroscopy. X-ray photoelectron spectroscopy (XPS) 

spectra were collected by Kratos Ultra spectrometer with a base pressure less than 

4 x 10-8 Pa. A monochromatic Al Kα source (hν = 1486.6 eV) was run at a power 

of 168 W. The analysis spot was 300 x 700 μm and the analyzer resolution was 0.80 

eV for Au 4f peaks. The survey scans were collected for binding energies spanning 

1100 to 0 eV at constant energy of 160 eV and spectra for narrow regions were 

collected at pass-energy of 20 eV. Sample charging was compensated by electron 

flooding. The binding energy (BE) scale was calibrated by assigning C1s peak from 

surface contamination at 284.8 eV. Relative concentrations of chemical elements 
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were calculated using CasaXPS, using a standard quantification routine, including 

Scofield sensitivity factors and Shirley background subtraction. 

       Magnetometry. Superconducting quantum interference device (SQUID) 

magnetometry measurements were carried out using a Quantum Design MPMS 

XL-7S system. Dried powdered samples were loaded into a gelatin capsule, which 

was sealed with Kapton tape and inserted in a clear diamagnetic plastic straw. Zero 

field-cooled (ZFC) and field-cooled (FC) measurements were carried out by 

cooling the samples from 300 to 1.9 K in the absence (ZFC) or presence (FC, µ0H 

= 10 mT) of an applied magnetic field. A magnetic field strength of 10 mT was 

applied at 1.9 K, and the magnetization of the sample measured upon warming from 

1.9 to 300 K. Isothermal magnetization as a function of field strength measurements 

were also carried out at temperatures of 1.9 and 300 K by cycling the applied 

magnetic field strength between 7 and -7 T.  

 

3.5 Contributions 

Project design, experiments, and analysis were carried out by J.A. Bau. P. Li 

performed EELS, TEM-EDX, and HAADF-STEM. A.J. Marenco and S. Trudel 

performed magnetic measurements and helped with analysis of this data. E.J. 

Luber and B.C. Olsen assisted with analysis. 
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4 [Ni,Fe]O Nanoparticles as Water 

Oxidation Electrocatalysts 

 

4.1 Introduction 

4.1.1  Overview 

Having synthesized of a novel nickel-iron oxide compound in the previous 

chapter, the focus now becomes studying what potential electrocatalytic properties 

that these nanoparticles might have for water oxidation. The surface of these 

nanoparticles consists of a mixture of bivalent nickel/trivalent iron, forming a 

unique mixed-valence shell that protects the nanoparticle structure from the 

decomposition seen in pure FexO nanoparticles.1 Because of the structural 

combination of a unique crystal phase surrounded by a less ordered surface, these 

nanoparticles make an excellent case study for understanding the role of structure 

in nickel iron oxide catalysis of water oxidation. This chapter has two objectives: 

firstly, to describe a functionalization method that does not affect the metastable 

phase of the nanoparticles; and secondly, to understand the electrocatalytic 

properties of this material, if any. 

 

4.1.2  Material constraints of current water splitting electrocatalysts 

Although high activity electrocatalysts for water oxidation and hydrogen 

evolution do exist, such materials are typically limited by cost; platinum, iridium, 
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and ruthenium and their oxides are three extremely scarce materials that are usually 

cited as being some of the best water splitting electrocatalysts.2–4 For the more 

kinetically challenging water oxidation reaction, such a problem is especially 

pertinent as the overpotential achievable by iridium and ruthenium oxides at a 

current density of 10 mA/cm2 is typically less than 0.20 V,5–7 whereas the same 

value for pure nickel oxide (the best monometallic earth abundant material) 

typically lies around 0.40 V.8–13 For the reverse hydrogen evolution reaction, the 

overpotential on platinum group elements is typically 0.05 V, but recent studies 

have revealed that first row transition metal phosphides of cobalt, nickel, and iron 

can carry out the same reaction at comparable (though marginally higher) 

overpotentials compared to platinum.14–16 Therefore, in the implementation of a 

hydrogen economy, the development of earth-abundant water oxidation 

electrocatalysts is a more pressing matter.  

 

4.1.3  First-row transition metal oxides as water oxidation catalysts 

Fortunately, there is a strong suggestion that earth abundant oxides have the 

potential to carry out water splitting at significant rates in the form of the oxygen-

evolving complex of photosystem II, which is responsible for oxygen evolution in 

photosynthetic organisms such as plants and algae. In this complex, water oxidation 

is carried out by a unique Mn3Ca cubane catalytic site where each metal is 

surrounded by oxygen in a cubic configuration.17 This catalytic site has been the 

source of inspiration for a series of manganese-based artificial molecular and 

heterogenous systems, ranging from analogous cubanes to simple manganese oxide 
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films.18–23 Meanwhile, nickel oxide has long been known as an efficient water 

oxidation catalyst regardless of differences in preparation method and is the metal 

oxide behind the 0.40 V overpotential at 10 mA/cm2 – the lowest recorded for a 

pure first-row transition metal oxide.8–10 In addition, various systems based on 

cobalt oxides and iron oxides have also demonstrated that oxides of these metals 

can also be catalytic.24–28  

 

4.1.4  Compositional and structural considerations for catalyst design 

Mixtures of first-row transition metals can also be combined to produce multi-

metallic catalysts, some of which have superior catalytic activities compared to 

monometallic oxides.13,29–32 This synergy can be further optimized through 

controlling the composition of the electrode systems, in addition to ordinary 

controls like electrode feature size and catalyst layer thickness.13,30,33 Another 

potential factor to consider is the crystal phase of the constituent elements; while 

amorphous metal oxides are known to catalyze water oxidation at low 

overpotentials,29 other catalysts like the barium strontium cobalt iron (BSCF) 

perovskite reported by Suntivich et al. acquire their characteristic low 

overpotentials because of their crystal structures.28 This picture is further 

complicated by the possibility that amorphous materials are catalytic because of the 

in situ formation of cubane catalytic sites.34–37 Given the wide variety of structural 

and compositional possibilities, the potential for developing novel, efficient water 

oxidation systems based on compositionally abundant and structurally ideal designs 

is limitless, but only if these characteristics are properly understood. 
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4.2 Results 

4.2.1  Functionalization of Electrode Surfaces with Nanoparticles 

In order to study the catalytic properties of these nanoparticles for water 

oxidation, it was necessary to develop a procedure that would allow for the 

formation of durable films of nanoparticles on electrode surfaces. Since the ultimate 

goal was to determine what effect, if any, that the [Ni,Fe]O phase had on water 

oxidation catalysis, it was important that the procedure not destroy the unique 

structure of the nanoparticles. Three different electrode functionalization 

approaches were compared – spin-coating (“untreated”), spin-coating followed by 

a ten second air plasma treatment at 0.2 torr at 18 W(“plasma-treated”), and spin-

coating followed by ultraviolet (254 nm) irradiation for 1 hour (“UV-treated”). The 

films were spun from 2 mg/mL solutions of Ni:Fe 51:49 nanoparticles (Figure 4.1).  

 

 

Figure 4.1  Functionalization scheme of transparent conducting oxide 

electrodes with [Ni,Fe]O  nanoparticles 
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Air plasma treatment was selected as a treatment method because it has been 

shown to remove organic ligands with minimal changes to inorganic structures and 

surfaces,38 while UV treatment was chosen because UV irradiation has been used 

to convert metal 2-ethylhexanoate precursors into amorphous metal oxide films.29 

Since metal ethylhexanoates and metal oleate bonds share similar carboxylate-

metal interactions, irradiation of nanoparticles was expected to yield similarly 

robust films. Upon each functionalization treatment, all electrodes were optically 

similar as determined by UV-visible spectrometry (Figure 4.2a), where the 

presence of nanoparticles could be clearly distinguished by their strong absorption 

in the 350 – 500 nm range (Figure 4.2b) when compared to bare ITO. 

 

Figure 4.2  (a) UV-vis spectra of differently functionalized ITO electrodes. (b) UV-

vis spectra of a concentrated solution of nanoparticles dissolved in hexane. 

 

After functionalization, water oxidation activity was measured in 0.1 M KOH. 

The potential of the electrodes was scanned positive from open circuit potential 

until the current density reached 10 mA/cm2 and then returned to open circuit 

potential, repeating this cycle until the overpotential ceased to change (Figure 4.3). 
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The water oxidation overpotential at 10 mA/cm2 of UV-treated electrodes typically 

stopped changing after two or three cycles, while the water oxidation overpotential 

for plasma-treated and untreated electrodes took up to ten cycles to stabilize. 

 

 
 

Figure 4.3  Cyclic voltammograms (first 10 cycles, sweep rate 50 mV/s) of ITO 

electrodes functionalized with Ni:Fe 51:49 [Ni,Fe]O nanoparticles via spin-coating, 

followed by (a) no further treatment (untreated), (b) air plasma for 10 seconds, and 

(c) 1 hour of UV irradiation with 254 nm light, repeated until traces became stable. 

The electrolyte was 0.1 M KOH. Green traces represent the first of ten cycles, red 

traces represent the tenth cycle. 

 

UV-treated electrodes had the lowest overpotentials for water oxidation (0.43 

V) at a current density of 10 mA/cm2
 (Figure 4.4a), while plasma-treated electrodes 

had overpotentials of 0.60 V at the same current density. However, untreated 
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electrodes rapidly lost activity such that when the voltammograms finally reached 

stability, the voltammograms of the untreated electrodes appeared similar in 

catalytic activity to bare ITO. This trend in overpotentials was reflected by the trend 

in UV-vis spectra of the electrodes post-voltammetry, where UV-treated electrodes 

underwent no change in light absorption compared to an untreated electrode not 

used for voltammetry. In contrast, plasma-treated electrodes and untreated 

electrodes had reduced absorption and a near-complete loss in absorption in the 350 

– 500 nm region, respectively, when compared to an untreated electrode before 

voltammetry (Figure 4.4b). The stability of UV-treated electrodes was also studied 

by chronopotentiometry; under the stability testing criteria suggested by McCrory 

et al. of 10 mA/cm2 for 2 hours,31 the UV-treated electrode demonstrated an 

increase in overpotential by 40 mV (Figure 4.4c). This increase in overpotential 

exists within the range of increases seen by the wide selection of catalysts studied 

by McCrory et al.39 

 

 



 129 

 

 

Figure 4.4  (a) Voltammograms of ITO electrodes functionalized with Ni:Fe 51:49 

[Ni,Fe]O nanoparticles via spin-coating, followed by 1 hour of UV irradiation with 

254 nm light (UV-treated), air plasma for 10 seconds (plasma-treated), and no 

further treatment (untreated), as well as a nanoparticle-free ITO control, in 0.1 M 

KOH. (b) UV-vis spectra of UV-treated, plasma-treated, and untreated [Ni,Fe]O 

electrodes before and after voltammetry in (a). (c) Chronopotentiometry trace of 

UV-treated [Ni,Fe]O electrodes held at a current density of 10 mA/cm2 for 2 hours 

in 0.1 M KOH. 

 

Physical differences between these three electrodes were examined using SEM 

before and after voltammetry. SEM inspection of untreated nanoparticle electrodes 

that had not been UV- or plasma-treated appeared as mostly conformal nanoparticle 

films with some regions of exposed ITO (Figure 4.5a). However, after 

voltammetry, these electrodes lost much of their nanoparticle coverage to yield 

mostly bare surfaces (Figure 4.5b). Plasma-treatment did not affect the initial 
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appearance of electrodes (Figure 4.5c), but upon voltammetry, much of the 

nanoparticle film was removed from the substrate (Figure 4.5d). Finally, UV-

treated nanoparticle films were not visibly affected by the UV treatment (Figure 

4.5e) and remained similar in appearance after voltammetry (Figure 4.5f), 

suggesting that of the functionalization procedures attempted, only UV irradiation 

was successful at forming films of nanoparticles with stable adhesion to the ITO. 

A micrograph of bare ITO has been provided for comparison (Figure 4.5g). The 

data imply that losses in catalytic activity arise primarily from losses in nanoparticle 

coverage, and that the reduction in UV-vis absorption seen in untreated and plasma-

treated electrodes arises from a loss of adhered nanoparticles. In contrast, the 

superior catalytic activity of UV-treated Ni:Fe nanoparticle electrodes appears to 

arise from the improved durability and resulting nanoparticle coverage of ITO in 

these electrodes. 
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Figure 4.5  SEM micrographs of a Ni:Fe 51:49 [Ni,Fe]O-functionalized ITO 

electrode with no further treatment procedure (a) before and (b) after voltammetry; 

a plasma-treated electrode (10 seconds, air) (c) before and (d) after voltammetry; 

and a UV-treated electrode (254 nm, 1 hour) (e) before and (f) after voltammetry. 

(g) Micrograph of blank ITO. 

 

It is established that the UV irradiation of metal-organic precursors, specifically 

of molecular transition metal complexes associated with carboxylate groups, can 

be used to fabricate amorphous metal oxide films from metal-organic 

precursors.29,40 However, analogous behaviour in nanoparticles with organic 

ligands has not been reported. If the UV-induced decomposition of metal-organic 

precursors is based on ligand-to-metal charge transfer (LMCT) from carboxylate to 

metal core,40 then carboxylate-capped nanoparticles should undergo a similar 
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process when irradiated by UV light, explaining why UV irradiation of [Ni,Fe]O 

nanoparticles forms well-adhered films of the nanoparticles. Furthermore, the 

irradiation of any mixture of carboxylate-bound metals should yield adherent films 

and metal carboxylates that do not have ethylhexanoate ligands should not be 

necessary. Therefore, a 1:1 solution of Ni:Fe oleate in hexane prepared by reflux of 

NiCl2, FeCl3, and sodium oleate in hexane, ethanol and water was spin-cast on ITO 

electrodes and irradiated with UV light for 1 hour. Previously, we demonstrated 

that this oleate precursor mixture is comprised of nickel and iron oleates – and 

therefore is composed of metal carboxylates.41 The resulting film was clearly 

visible under SEM as a thick layer (Figure 4.6a) and maintained a 1:1 composition 

of Ni:Fe as determined by EDX. The overpotential for water oxidation of these 

films at 10 mA/cm2 was 0.26 V, lower than the overpotential of the nanoparticle 

electrodes reported here but similar to electrodes fabricated using metal 

ethylhexanoates (Figure 4.6b)29 despite having the same near-unity composition of 

Ni:Fe as the nanoparticles. The reduced catalytic activity of the nanoparticles 

relative to the amorphous films appears to confirm the higher activity of amorphous 

materials over crystalline ones.29,33 However, the photolytic decomposition of 

metal oxide nanoparticles with carboxylate ligands nonetheless yields robust films 

much like films derived from molecular metal ethylhexanoates. 
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Figure 4.6  (a) SEM micrograph of the surface of a catalyst electrode formed by the 

UV decomposition (254 nm, 1 hour) of a 1:1 nickel:iron oleate mixture dissolved 

in hexane and spin-cast on ITO. (b) Voltammogram of the metal-oleate UV-treated 

ITO electrode in 0.1 M KOH. 

 

The Ni2p and Fe3p spectra of untreated, UV-treated, UV-treated/0.1 M KOH-

treated (2 hours at open circuit potential in 0.1 M KOH), and UV-treated/post-

chronopotentiometry (10 mA/cm2, 2 hours) electrodes were acquired in order to 

study nanoparticle stability. While no major differences in Fe2p peak positions were 

found after any of these treatments, the shoulder of the main peak at 708 eV 

decreased after treatment in 0.1 M KOH for two hours despite remaining unchanged 

during UV irradiation (Figure 4.7a). Since this shoulder is associated with bivalent 

iron,42 its reduction in size suggests that some of the bivalent iron is oxidized during 

the KOH treatment. However, the Fe2p satellite peak remained unchanged post-

irradiation and did not display the strong bias in position towards Fe2+ or Fe3+ 

typically seen in bivalent or trivalent iron oxides,42 suggesting that oxidation was 

limited and that the [Ni,Fe]O valences remained intact even after KOH treatment 

and electrochemistry. In the Ni2p spectra, the shape of the main peak rounded out 

upon chronopotentiometry (Figure 4.7b). This change in shape appears to be 

associated with the transformation of nickel oxide to nickel hydroxide that takes 
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place during water oxidation.13 However, compared to the 3 eV shift previously 

reported for fully transformed NiO,13 the change in NiO peaks reported in this study 

were minimal, suggesting that any transformation of nickel was limited to a small 

population. In fact, both nickel and iron XPS spectra remain mostly unchanged by 

UV irradiation, treatment in basic solution, and electrocatalysis, suggesting that 

even under harsh oxidizing conditions (0.1M KOH, ~1.7 V vs. RHE), the bivalent 

nature of the nanoparticles remained intact. Given this data, the reduction in 

catalytic activity seen in chronopotentiometry may arise from a loss in catalyst 

material, although further study would be needed to confirm this possibility. 
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Figure 4.7  (a) Fe2p and (b) Ni2p
3/2 XPS spectra of UV-treated a Ni:Fe 51:49 

[Ni,Fe]O nanoparticle-functionalized  electrode before and after UV irradiation, 

after 2 hours in electrolyte (0.1 M KOH), and post-chronopotentiometry in 0.1 M 

KOH (10 mA/cm2, 2 hours). 

 

Further surface characterization of the nanoparticle films was performed using 

FTIR of thin films of nanoparticles spin-cast on high-resistivity Si (Figure 4.8). The 

strongest absorbing feature was the ~430 cm-1 peak corresponding to the average 

position of the IR absorption peaks of NiO (~450 cm-1)43,44 and FeO (410 cm-1).45 
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Since the position and size of this peak did not change during irradiation, FTIR 

further confirmed the high stability of the nanoparticles. In contrast, absorption in 

the CH2/CH3 region (2800 – 3000 cm-1) underwent reduction with UV irradiation, 

corresponding to the photolytic decomposition of organic ligands. However, traces 

of the CH2/CH3 complex remained after one hour despite the catalytic stability of 

electrodes UV-treated for this amount of time, suggesting that complete elimination 

of ligand was not required for formation of durable films. Furthermore, although 

broad absorption was present in the 3500 cm-1 region before UV irradiation, the 

size of this peak increased after 15 minutes of irradiation and indicates the 

increasing presence of metal hydroxyl groups.46,47 Many transition metal oxide 

water oxidation catalysts appear to involve hydrated metal centers25,26,48–50 and the 

presence of these groups on the surface layer of the nanoparticles may be 

responsible for the catalytic activity of these nanoparticles. Finally, immersion in 

0.1 M KOH resulted in the removal of all organic groups, making complete removal 

of such groups during UV irradiation unnecessary as any groups would be 

automatically removed upon exposure to the electrolytic solution. 
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Figure 4.8  FTIR spectra of a Ni:Fe 51:49 [Ni,Fe]O nanoparticle film spun on high 

resistivity Si (~10 Ω·cm) after different periods of irradiation with 254 nm UV 

light, as well as after placement in 0.1 M KOH for 2 hours. The scans were collected 

in transmission mode. 

 

Since XPS and FTIR results suggested that UV irradiation did not damage the 

[Ni,Fe]O nanoparticles and that complete ligand removal via irradiation was not 

required for durable film formation, the kinetics of film formation were studied by 

irradiating untreated nanoparticle electrodes for 5, 10, 15, and 30 minutes. Stability 

was determined by the overpotential for water oxidation at 10 mA/cm2. Although 

the electrodes that had been irradiated for 5 minutes preserved enough catalyst 

material to have lower overpotentials for water oxidation (0.90 V) than untreated 

electrodes, the activity of the electrodes irradiated for 5 minutes was still far below 

that of electrodes that had been UV-irradiated for 1 hour. The overpotential of 

electrodes irradiated for 10 minutes fell drastically to 0.47 V, and finally after 15 

minutes of irradiation electrodes reached the same overpotential as the electrodes 

irradiated for 1 hour (Figure 4.9). Therefore, in order to form nanoparticle films 

that withstand water oxidation, the electrodes must be irradiated for at least 15 
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minutes in order to remove the majority of the organic ligands on the surface of the 

nanoparticles. 

 
Figure 4.9  Voltammograms of Ni:Fe 51:49 [Ni,Fe]O nanoparticle-functionalized 

electrodes in 0.1 M KOH after irradiation with 254 nm UV light for different 

lengths of time. 

 

4.2.2  Understanding Differences in Nanoparticle Composition 

The ability of UV irradiation to fabricate films of other nanoparticles was 

determined next, specifically those previously reported with variable Ni:Fe 

concentration.41 Fabricating these electrodes is of interest because the ratio of 

nickel to iron in oxide catalysts has been considered an important determinant of 

catalytic activity for water oxidation, although the exact molar ratio of Ni:Fe can 

range from 10% to 31% depending on the preparation method.30,33,48,51 Solutions 

with nanoparticle Ni:Fe ratios of 88:12, 73:27, and 24:76 were spin-cast onto ITO 

electrodes and irradiated with UV light for 1 hour. Upon testing for water oxidation 

catalysis in 0.1 M KOH, the electrodes were determined to have overpotentials of 

0.32 V, 0.36 V, and 0.50 V, respectively, at a current density of 10 mA/cm2 (Figure 

4.10a). Furthermore, the overpotentials of these electrodes could be improved by 



 139 

 

applying a layer-by-layer process of alternating spin-coating and UV irradiation 

processes to increase the amount of nanoparticles on the electrode surface. A 

modest reduction in overpotential took place between all electrodes synthesized 

using 1 and 2 layers of nanoparticle deposition, with the Ni:Fe 24:76 overpotential 

being reduced from 0.50 V to 0.47 V; the Ni:Fe 51:49 overpotential being reduced 

from 0.44 V to 0.40 V; the Ni:Fe 73:27 overpotential being reduced from 0.36 V to 

0.34 V; and the Ni:Fe 88:12 overpotential being reduced from 0.32 V to 0.30 V (all 

measured at a current density of 10 mA/cm2) (Figure 4.10b). However, further 

layers did not significantly improve overpotentials. Therefore, the [Ni,Fe]O system 

reaches a minimal overpotential for water oxidation with lower iron concentrations 

as the lowest overpotential was acquired from nanoparticles with a Ni:Fe ratio of 

88:12 – similar to other nickel iron oxide systems.30,33,48,51 

 

 
Figure 4.10 (a) Voltammograms of [Ni,Fe]O nanoparticle-functionalized 

electrodes with one layer of nanoparticles of different compositions recorded in 0.1 

M KOH. (b) Relationship of thickness based on number of layers and overpotential 

at 10 mA/cm2 in 0.1 M KOH of different nanoparticle compositions. All ratios in 

Ni:Fe. 
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The increased loading of nanoparticles significantly changed the optical 

properties of the nanoparticle films and could be quantified via UV-vis 

spectroscopy (Figure 4.11a). Using the Ni:Fe 51:49 sample as an example, 

absorption increased monotonically with increasing layers of nanoparticles, 

reducing the transmission at 450 nm from 84.5% to 69.3% over the course of 4 

layers of nanoparticles. This increase in thickness was confirmed using 

profilometry, where the measured film thickness increased with the number of 

layers (Figure 4.11b). Single-layer nanoparticle films were not analyzed via this 

method because the films were incomplete. Increasing thickness did not necessarily 

result in improving catalytic activity as improvements stopped after two layers of 

nanoparticles had been deposited, suggesting that thickness, and by extension, 

material loading, is not the only determinant of catalytic activity. SEM was 

performed on each different set of nanoparticle electrodes to determine if there was 

a noticeable physical difference between the single-layer and multiple-layer 

electrodes. For all nanoparticles studied, a single cycle of nanoparticle deposition 

yielded incomplete nanoparticle films where bare ITO could be seen in some 

regions (Figure 4.12a,c,e,g). However, these regions disappeared after one 

additional loading cycle, resulting in complete nanoparticle films (Figure 

4.12b,d,f,h). Since additional layers did not reduce overpotential, it appears that 

surface coverage, not electrode thickness, was the most important factor in 

influencing overpotential. This in turn suggests that water oxidation takes place on 

the surface of the nanoparticles – and particularly nanoparticle surfaces close to the 

electrode surface. 
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Figure 4.11  (a) UV-vis spectra of [Ni,Fe]O nanoparticle-functionalized electrodes 

with increasing numbers of layers. The composition of nanoparticles used in this 

graph was Ni:Fe 51:49. (b) Relationship between thickness (determined via contact 

profilometry) and number of layers of [Ni,Fe]O nanoparticle-functionalized  

electrodes. All ratios in Ni:Fe. 

 

 
Figure 4.12  SEM micrographs of 1 layer (left) and 2 layer (right) nanoparticle 

electrodes with different compositions of nanoparticles. From top to bottom, the 

nanoparticle Ni:Fe compositions are 24:76 (a,b), 51:49 (c,d), 73:27 (e,f), and 88:12 

(g,h). 
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4.2.3  Characterization of Water Oxidation Kinetics 

Tafel characterization was used to further study overpotentials as well as the 

kinetics of the water oxidation reaction on electrodes with two layers of 

nanoparticles, which achieved the lowest overpotentials for water oxidation with 

the least catalyst material loading. Tafel plots compare the energy input into a 

system to the catalytic output in the form of current density, and are often linear 

according to the Butler-Volmer equation:52 

 

i = i0[e
(-αnFη)/(2.3RT) – e((1 – α)nFη)/(2.3RT)] 

 

Where i is the current density, i0 is the exchange current density (the current 

density when the electrode is at equilibrium), F is Faraday’s constant, n is the 

number of electrons transferred in the reaction, α is the charge transfer coefficient, 

and η is the overpotential. The entire equation is used to describe the 

electrochemical kinetics of a two-electrode system (anode and cathode). The 

second term (e((1 – α)nFη)/(2.3RT)) describes the behaviour of the anode such as that seen 

in water oxidation. Therefore, the slope of a Tafel plot of an electrode catalytic for 

water oxidation, where exponential, can be described by the relation (1-

α)nFη/2.3RT. The charge transfer coefficient is valuable because it is a measure of 

how effective a catalyst is at transferring electrons; the larger α, the more efficiently 

a reaction proceeds. 

As found with voltammetry, the overpotentials for water oxidation acquired 

from [Ni,Fe]O nanoparticle electrodes at 10 mA/cm2 ranged from 0.30 V for Ni:Fe 
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88:12 electrodes to 0.50 V for Ni:Fe 24:76 electrodes (Figure 4.13). These water 

oxidation overpotentials lie in a higher range of values than the water oxidation 

overpotentials recorded for a similar composition range of amorphous 

nanoparticles, which existed between 0.27 V and 0.35 V, for Ni:Fe 69:31 and Ni:Fe 

25:75 compositions, respectively.51 In a study of crystalline catalysts, a Ni:Fe 60:40 

water oxidation electrode achieved a water oxidation overpotential of 0.43 V at 10 

mA/cm2, a higher value than the 0.40 V achieved by Ni:Fe 51:49 [Ni,Fe]O 

nanoparticles in this study,53 which contain less nickel. Therefore, the [Ni,Fe]O 

nanoparticles are more similar to crystalline than amorphous catalysts at higher 

current densities. However, the water oxidation overpotentials achieved by 

[Ni,Fe]O nanoparticles at lower current densities, specifically 1 mA/cm2, lie 

between 0.24 V and 0.40 V for Ni:Fe 88:12 and Ni:Fe 24:76 compositions, 

respectively. In particular, the nickel-rich Ni:Fe 88:12 and 73:27 electrodes can 

reach overpotentials that are low enough to make them as effective as amorphous 

nickel iron oxide equivalents at 1 mA/cm2, many of which have reported water 

oxidation overpotentials between 0.24 V and 0.27 V.33,51 The overpotential of 

crystalline mixed nickel-iron oxide systems at 1 mA/cm2 has been reported as 0.36 

V for Ni:Fe 60:40 electrodes – still higher than the 0.33 V seen here for [Ni,Fe]O 

Ni:Fe 51:49.53 
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Figure 4.13  Tafel curves of [Ni,Fe]O nanoparticle electrodes of different 

compositions acquired in 0.1 M KOH with 50 second step times. Ratios represented 

are in Ni:Fe. 

 

 

These differences in water oxidation overpotentials arising from composition 

and crystallinity are reflected in the slopes of the Tafel plots of [Ni,Fe]O 

nanoparticle electrodes, which exhibit low current density (<0.5 mA/cm2) and high 

current density (>2 mA/cm2) regions. In the low current density regime, the Tafel 

slopes acquired from the [Ni,Fe]O nanoparticle electrodes in order of increasing 

slope values were 36 mV/decade (Ni:Fe 73:27), 42 mV/decade (Ni:Fe 88:12), 44 

mV/decade (Ni:Fe 51:49), and 48 mV/decade (Ni:Fe 24:76) (Table 4.1). These 

values lie within the range of reported Tafel slopes for nickel iron oxide catalysts 

whether amorphous or crystalline, which are typically reported to lie between 30 

and 50 mV/decade.33,51,53 Furthermore, the lowest Tafel slope in the [Ni,Fe]O series 

came from the Ni:Fe 73:27 electrode (36 mV/decade). In comparison, crystalline 

catalysts tend to reach a minimum in Tafel slope with lower iron concentration, 

with Ni:Fe 80:20 catalysts maintaining Tafel slopes of 33 mV/decade,53 and 

amorphous nickel iron oxide catalysts reaching a minimum Tafel slope (30 
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mV/decade) when Ni:Fe is close to unity 40:60.33 Therefore, [Ni,Fe]O nanoparticle 

electrodes do not appear to follow amorphous or crystalline trends regarding Tafel 

slope at lower current densities. Above 2 mA/cm2, the Tafel slopes increased to 

over 100 mV/decade. While it is typical for metal oxide water oxidation 

electrocatalysts to undergo an increase in Tafel slope around this current density 

due to a change in the rate determining step of water oxidation,54,55 recent nickel 

iron oxide catalysts that are amorphous or porous are notable because the Tafel 

slope remains linear from the low current density regime (at a slope below 50 

mV/decade) up to 5 mA/cm2.13,51 In the [Ni,Fe]O system, Tafel slope rapidly 

increases above 2 mA/cm2 to over 100 mV/decade by the time current density 

reaches 10 mA/cm2.  

 

Table 4.1  Tafel slopes of nanoparticle electrodes at different current densities 

Composition 

(Ni:Fe) 

Tafel slope 

(mV/decade) 

(<0.5 mA/cm2) 

Tafel slope 

(mV/decade) 

(>1.5 mA/cm2) 

88:12 42 ± 3 106 ± 3 

73:27 36 ± 3 115 ± 3 

51:49 44 ± 4 113 ± 8 

24:76 48 ± 1 115 ± 12 

 

Although information on the kinetics of water oxidation on crystalline nickel 

iron oxide catalysts at high current densities (>2 mA/cm2) is limited, much of the 

Tafel behaviour can be understood through the lens of crystalline catalysts. The 

bulk volume of crystalline catalysts is typically inaccessible to catalysis due to the 

poor permeability of reactant molecules.50,54,56 In the case of [Ni,Fe]O, both the 
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Tafel behaviour of nanoparticle electrodes during water oxidation and the 

dependence of catalytic activity of [Ni,Fe]O electrodes on surface coverage as 

opposed to catalyst loading suggest that the crystalline core of [Ni,Fe]O does not 

permit the entry of any water molecules. The disordered, hydroxide-rich surface 

layer that [Ni,Fe]O naturally maintains is likely responsible for carrying out water 

oxidation. Since the electrochemical data here reflect the behaviour of the surface 

layer, it can be said that this surface layer behaves more similarly to an amorphous 

catalyst than a crystalline one, suggesting that it may potentially retain a porous, 

catalytically active structure. Even if [Ni,Fe]O does not directly participate in 

catalysis, this phase may nonetheless be the root cause of catalytic activity in the 

nanoparticles, allowing for the formation of the disordered surface layer due to the 

latent instability of Fe2+ oxides. In addition, rock-salt NiO can transform into a 

porous material under anodic conditions much easier than other phases – another 

potential source of activity arising from [Ni,Fe]O.13  

Finally, the small differences in slope at lower current densities between 

different compositions of electrodes suggests that the mechanism of water 

oxidation does not largely change between different ratios of Ni:Fe. Specifically, 

these Tafel slopes suggest that nickel oxide is the primary reaction site for water 

oxidation as the loss of nickel merely increases the overpotential but not the slope. 

Similarly, at high overpotentials, the same closeness in Tafel slopes is seen, with 

similar potential consequences. The role of iron is still unknown but several studies 

have reported the presence of high oxidation state (+4) nickel atoms in nickel based 

water oxidation catalysts.57–60 It has been proposed that such nickel sites, formed 
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by the presence of a nearby iron atom, are the active sites for water oxidation.48 

Based on these observations, the following mechanism can be proposed: 

 

 

Figure 4.14  Proposed mechanism of water oxidation on [Ni,Fe]O nanoparticle 

surfaces. 

 

As for which steps would be rate limiting, with these results it is impossible to 

determine. A specific nickel iron oxide study would be required as has been 

performed for RuO2.
55 

 

4.2.4  Effect of Temperature on Catalyst Activity 

Modification of the crystal phase should demonstrate the importance of the 

[Ni,Fe]O phase to the water oxidation activity of these nanoparticles. Previously, it 

was shown that heating [Ni,Fe]O to 400 °C results in the appearance of the spinel 

NiFe2O4 phase,41 which is less catalytic for water oxidation than any hydroxylated 

phases of iron-doped nickel oxide.49 Spinel phases are also inhibited from 

transforming into hydroxide phases like rock-salt phases, reducing their potential 

water oxidation activity.13 Furthermore, between 200 °C and 400 °C, the structure 

of the nanoparticles undergoes dehydration from nickel and iron hydroxides to 

anhydrous oxides,61–63 although it should be possible to reverse any loss in activity 
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due to the rapid reversibility of hydration when metal oxides are returned to 

aqueous environments.54 Nanoparticle electrodes were fabricated on FTO using 

five layer-by-layer cycles using Ni:Fe 51:49 nanoparticles. The electrodes were 

then heated in air for 2 hours at 200 °C, 400 °C, and 600 °C. The crystal structures 

of heated nanoparticles were as previously reported, with NiFe2O4 beginning to 

appear in small amounts at 400°C (Figure 4.15). Under SEM, electrodes heated at 

200°C appeared similar to unheated electrodes (Figure 4.16a), but at 400°C, the 

nanoparticles began to agglomerate into large clusters, precluding the possibility of 

surface area loss (Figure 4.16b). At 600 °C, sintering was highly noticeable and 

individual nanoparticles lost some of their shape (Figure 4.16c).  

 
Figure 4.15  X-ray diffraction patterns of Ni:Fe 51:49 [Ni,Fe]O nanoparticles drop-

cast on silicon substrates and heated for 2 hours in air at 200 °C, 400 °C, and 600 

°C. 
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Figure 4.16  SEM micrographs of Ni:Fe 51:49 [Ni,Fe]O nanoparticle-coated FTO 

electrodes heated for 2 hours in air at (a) 200 °C, (b) 400 °C, and (c) 600 °C. 

 
While the control and 200°C electrodes had water oxidation overpotentials 

similar to the previously achieved value of 0.40 V, an increase in overpotential of 

20 mV was noticed at 400 °C (Figure 4.17a). At 600 °C, the overpotential increased 

by 60 mV compared to the control sample, marking the only time that the 

overpotential achieved by Ni:Fe 51:49 [Ni,Fe]O electrodes was greater than the 

Ni:Fe 60:40 crystalline catalyst reported by Gerken et al.,53 even though the Ni:Fe 

51:49 system reported here had less nickel – and therefore should have had a higher 

overpotential under all conditions. This finding precludes an important distinction 

between crystalline nickel iron oxide catalysts. However, since the surface of the 

electrode was visually confirmed to have changed during heating at high 

temperatures, it was important to determine what portion of the loss in activity arose 

from a loss in surface area. Therefore, voltammetry was performed on 1,1’-

ferrocenedicarboxylic acid-functionalized films to determine the amount of charge 

transferred per unit of surface area of the electrodes (Figure 4.17b), which directly 

correlates with the present electrochemically active surface area (Figure 4.17c).64 

While charge transfer differences were found between the samples, these changes 

did not correlate directly with changes in overpotential, as the largest reduction in 
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transferred charge took place between 200 °C and 400 °C, where only a minor 

increase in overpotential had been noted, and not between 400 °C and 600 °C where 

the largest increase in overpotential had been seen. Furthermore, despite a 

significant reduction in transferred charge between electrodes left at room 

temperature and electrodes heated to 200°C, there was no significant change in 

overpotential between these samples – suggesting that re-hydration restores pre-

heating catalytic activity. Therefore, the loss in catalytic activity on heated 

nanoparticle electrodes cannot solely arise from a loss of surface area, leaving 

changes in crystal structure as the most likely reason for reduced catalytic activity 

at higher temperatures. The unique ability of [Ni,Fe]O to retain higher water 

oxidation activity than calcined nickel-iron oxides of the same composition 

emphasizes the importance of structure – and not just composition – in the search 

for new water oxidation catalysts.  

 

 
 

Figure 4.17  (a) Measurements of the water oxidation overpotential at 10 mA/cm2 

in 0.1 M KOH and (b) charge transfer measurements of Ni:Fe 51:49 [Ni,Fe]O 

nanoparticle electrodes without heating and heated for 2 hours at 200 °C, 400 °C, 

and 600 °C. Charge transfer measurements were acquired by functionalizing 

electrodes with 1,1’-ferrocenedicarboxylic acid followed by linear sweep 

voltammetry across the 0.45 V vs. Ag/Ag+ peak corresponding to 

ferrocenedicarboxylic acid binding and integrating the area of the resultant peak. 
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4.3 Conclusions 

 
This study focused on understanding the water oxidation catalytic activity for 

[Ni,Fe]O nanoparticles. By using a simple UV irradiation procedure, thin, durable 

films of nanoparticles were formed on surfaces of ITO and FTO, which could then 

be used for electrochemical testing without affecting the unique crystal structure of 

the nanoparticles. During electrochemical study, the surface of the nanoparticles 

was determined to carry out water oxidation, while the bulk structure contributed 

minimally to catalytic activity. Nonetheless, the underlying [Ni,Fe]O structure was 

still important for catalysis as introducing NiFe2O4 at the expense of [Ni,Fe]O 

through heating resulted in a reduction in catalytic activity. Therefore, the unique 

properties of [Ni,Fe]O underline that studying composition is not enough to build 

ideal catalysts; structure too must be accounted for and crystalline transition metal 

oxide catalysts should not be ignored as potential catalysts.  

 

4.4 Experimental 

Chemicals. FeCl3 (98%) (Strem Chemicals), NiCl2•6H2O (ACP Chemicals), 

sodium oleate (>97%) (Tokyo Chemical Industry), ethanol (Commercial Alcohols), 

hexanes, acetonitrile, isopropanol, and potassium hydroxide (KOH, ACS Certified) 

(Fisher Chemicals), and 1,1’-ferrocenedicarboxylic acid (96%), oleic acid 

(technical grade, 90%), tetrabutylammonium hexafluorophosphate (TBAHFP, 

≥99.0%), and 1-octadecene (technical grade, 90%) (Sigma-Aldrich) were used as 

received. Tin-doped indium oxide on glass (SiO2 passivated, Rs = 8 – 12 Ω/☐, 

“ITO”) was acquired from Delta Technologies. Fluorine-doped tin oxide on glass 
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(2 mm thickness, Rs ≈ 13 Ω/☐, “FTO”) was acquired from Pilkington via Sigma-

Aldrich. 

Synthesis of nanoparticles. All nanoparticles were synthesized as previously 

reported.41 Briefly, metal chlorides in ratios of Ni:Fe 1:5, 2:4, 4:2, and 5:1 mmol 

were refluxed with sodium oleate amounting to  2 mmol of sodium oleate per mmol 

of Ni and 3 mmol of sodium oleate per mmol of Fe in a mixture of 20 mL hexane, 

10 mL ethanol, and 10 mL water at 60°C for 4 hours. After cooling, the hexane 

portion was separated and washed with water before centrifuging to remove more 

hydrophilic contaminants and products. The red-brown liquid was dried at 100°C 

for 1 hour in an oil bath in a fume hood to remove hexane. The waxy product was 

dissolved in 20 mL of 1-octadecene with 0.951 mL of oleic acid in a 250 mL three 

neck flask. The flask was degassed by evacuation and refilling 3 times with Ar at 

room temperature, and then at 110°C. The reaction was then ramped to 305 °C at a 

rate of 3 °C/min and held at this temperature for 20 minutes. After cooling, 40 mL 

of isopropanol was added to the reaction mixture, which was then centrifuged and 

resuspended in hexane. Isopropanol was used to wash this mixture twice more 

before final storage in hexane under ambient conditions. 

Electrode Fabrication. ITO and FTO substrates were diced into 2 cm x 2 cm 

squares, which, were cleaned sequentially via sonication in methylene chloride, 

Milli-Q water (18.2 MΩ cm), and isopropanol for 10 minutes each. Nanoparticle 

solutions in hexane diluted to 2 mg/mL were then spin-cast onto ITO and FTO 

surfaces 50 μL at a time and spun at 1000 rpm for 10 seconds. The nanoparticle-

coated electrodes were then either left untreated, plasma-treated for 10 seconds 
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under air plasma at 0.2 torr (Harrick Plasma, PDC 32G, 18 W), or UV-irradiated 

for 1 hour using a 254 nm Hg penlamp (UVP) positioned 1 cm away from the 

surface of the electrode. For electrodes prepared with an oleate precursor without 

nanoparticles, the precursor reflux solution described above was prepared to a 

Ni:Fe 3 mmol:3 mmol ratio. The hexane layer was then separated and directly spin-

cast onto ITO slides by applying 50 μL the oleate mixture at a concentration of 100 

mg/mL and spinning at 1000 rpm for 10 seconds. The ITO slides with oleate 

mixture were then irradiated for 1 hour using 254 nm UV light. 

Electrode Characterization. Imaging of the electrodes was performed using a 

Hitachi S-4800 FE-SEM with an accelerating voltage of 20 kV, while thickness 

measurements were performed using a KLA Tencor P-10 Surface Profilometer. 

UV-vis measurements were performed using a Perkin Elmer Lambda 1050 UV-vis 

NIR Spectrophotometer. Energy dispersive x-ray (EDX) analysis of films 

fabricated from oleate precursors was performed on a JEOL JSM-6010LA 

InTouchScope. 

Electrochemistry. All electrochemistry was performed using a Parstat 2273 

Potentiostat with Powersuite v 2.58 software using a three-electrode 

electrochemical cell with an Ag/AgCl (saturated KCl) reference electrode 

standardized to potassium ferricyanide and platinum wire counter electrode. The 

working solution used for catalytic testing was 0.1 M KOH. Voltammetry scans 

from open-circuit potential to a current density of 10 mA/cm2, at a scan rate of 20 

mV/s were performed on all electrodes to ensure stability of recordings. Open 

circuit potential before all experiments was determined to lie between 0 and 0.1 V. 
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The software used was POWERCV. Uncompensated resistance was determined 

using a Nyquist plot generated with POWERSine based on the left-side zero-

intercept of the plot when imaginary resistance reached 0 Ω. Each point in the 

voltammogram was then corrected by subtracting from the potential the product of 

uncompensated resistance and current. Chronopotentiometry was undertaken using 

POWERStep software at a current density of 10 mA/cm2. For Tafel plots, the 

current interrupt uncompensated resistance function was used as this option was 

available in the POWERCorr Tafel software. Tafel plots were taken at a rate of 10 

mV/s with step times of 50 seconds. This time was determined by 

chronoamperometry. 

 Electrochemically active surface area was measured as previously 

described, based on the electrochemical adsorption of 1,1’-ferrocenedicarboxylic 

acid to metal oxide surfaces.64 The electrodes were plasma cleaned in air for 5 

minutes to remove potential surface contaminants before immersion in 1 mM of 

1,1’-ferrocenedicarboxylic acid in ethanol for 10 minutes. Afterwards, the 

electrodes were washed with ethanol and acetonitrile. Cyclic voltammetry was then 

performed on the electrodes using an Ag/Ag+ reference electrode in 0.1 M 

TBAHFP in acetonitrile. The scan range used was -0.50 V to 1.75 V, at a rate of 

0.10 V/s. The amount of charge transferred was taken by integrating the anodic 

peak in voltammograms using the Power Suite software and divided by the area of 

the electrode to acquire the charge transferred per area value. 

Fourier Transform Infrared Spectroscopy (FTIR). Scans were collected 

using a Nicolet Nexus 760 spectrometer with a DTGS detector and a N2-purged 
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sample chamber (256 scans, 4 cm–1 resolution). Nanoparticle samples were drop-

cast on undoped, high resistivity (~10 Ω·cm) Si wafers for data collection in 

transmission mode.  

X-ray Photoelectron Spectroscopy. X-ray photoelectron spectroscopy (XPS) 

spectra were collected by Kratos Ultra spectrometer with a base pressure less than 

4 x 10-8 Pa. A monochromatic Al Kα source (hν = 1486.6 eV) was run at a power 

of 168 W. The analysis spot was 300 x 700 μm and the analyzer resolution was 0.80 

eV for Au 4f peaks. The survey scans were collected for binding energies spanning 

1100 to 0 eV at constant energy of 160 eV and spectra for narrow regions were 

collected at pass-energy of 20 eV. Sample charging was compensated by electron 

flooding. The binding energy (BE) scale was calibrated by assigning C1s peak from 

adventitious carbon at 284.8 eV. Relative concentrations of chemical elements were 

calculated using CasaXPS, using a standard quantification routine, including 

Scofield sensitivity factors and Shirley background subtraction. 

 X-ray Diffraction. X-ray diffraction (XRD) was performed using a Bruker 

D8 Discover with a Cu Kα beam (40 kV, 40 mA, λ = 1.5406 Å) equipped with a 

2D detector. XRD spectra were collected from the 2D ring patterns by chiral 

integration. Samples were prepared by drop-casting nanoparticle solution on silicon 

(100) substrates followed by heat treatment in air at either 200 °C, 400 °C, or 600° 

C for two hours in a Lindberg/Blue M tube furnace. Scans were performed in a 

grazing incidence configuration with an incident angle of ω = 5°. 
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5 Conclusions 

  

This thesis sought to examine approaches to synthesizing and utilizing metal oxides 

for water splitting via photocatalytic and electrocatalytic means. In this final 

chapter, each preceding chapter will be summarized and future directions will be 

provided. 

 

5.1 Chapter Summaries 

5.1.1 Chapter 1 

In chapter 1, the field of water splitting was reviewed. There is a strong and 

important rationale for developing alternative energy storage systems in addition to 

systems that can convert energy using alternative sources, because many of these 

sources suffer from intermittent availabilities. The potential for producing 

hydrogen gas from water is important because water is ubiquitous on the face of 

the earth and facile. To this effect, the history of producing hydrogen from water 

was discussed, as well as the other dominant form of hydrogen production currently 

used, hydrocarbon reforming, which produces hydrogen from hydrocarbons and is 

therefore not carbon-neutral because of the generation of carbon monoxide and 

carbon dioxide. Finally, the materials perspective for water splitting was briefly 

discussed. Specifically, the past reliance of the field on scarce and or UV-absorbing 

materials has prevented any strong industrial pursuit into the field of water splitting. 
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5.1.2 Chapter 2 

Chapter 2 detailed the routes and rationale behind a water splitting z-scheme 

composed of two earth abundant semiconductors in intimate contact, functionalized 

with catalysts in order to improve activity. The two materials, hematite (α-Fe2O3) 

and copper ferrite (CuFe2O4), cannot carry out full water splitting independently 

and require a second semiconductor or hole or electron scavenger in order to carry 

out oxygen or hydrogen evolution, making a z-scheme approach ideal for any such 

system where both of these semiconductors are involved. Given that α-Fe2O3 has 

naturally poor activity, a high surface area structure of this material was created 

using a template of a sugarcane leaf, resulting in an α-Fe2O3 superstructure. This 

structure was subsequently functionalized with copper nanoparticles, and upon 

annealing at high temperature, the copper diffused into the leaf structure and formed 

CuFe2O4. The new heterostructure was then functionalized using linkers and via 

electrostatic interactions in order to make sure that the semiconductor materials 

were in contact with catalyst nanoparticles. However, despite catalysts and surface 

area, water splitting was not possible. Since CuFe2O4 is a less well-characterized 

material, further characterization was performed to confirm bandgap positions and 

photocatalytic activity. CuFe2O4 indeed had the correct band positions and was 

catalytically active, but the activity was not very high. Therefore, this approach to 

water splitting was hindered by poor material properties. Nonetheless, 

biotemplating was extended beyond TiO2 and a variety of approaches to assembling 

larger-scale materials was demonstrated. 
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5.1.3 Chapter 3 

Chapter 3 explored the synthesis of [Ni,Fe]O nanoparticles via the high-

temperature decomposition of nickel and iron oleates. These nanoparticles 

maintained a metastable rock-salt structure, which is unusual considering that such 

a material ordinarily does not exist under ambient conditions due to the instability 

of bivalent iron. Nonetheless, these nanoparticles were stable after storage for long 

periods of time in ambient conditions. Furthermore, it was possible to achieve shape 

and composition control during the synthetic process by controlling the time that 

the reaction solution was held at decomposition temperature and the drying state of 

the metal oleate precursor. Closer examination of the particles using magnetometry 

demonstrated that the surface of the nanoparticles decomposed into a less stable 

trivalent iron-containing shell that had unique magnetic properties when compared 

to the bulk of the nanoparticles. Finally, the metastability of this phase was 

confirmed by heating of the nanoparticles at high temperature, where the phase did 

not decompose until up to 400°C. The fact that this phase could be synthesized 

under specific conditions but does not exist in most conventional phase diagrams 

underscores the importance of controlled-condition nanoparticle synthetic 

techniques as means to achieve normally unattainable crystal phases. 

 

5.1.4 Chapter 4 

Chapter 4 examined the potential of [Ni,Fe]O nanoparticles synthesized in 

chapter 3 for water oxidation electrocatalysis. A simple method based on photolytic 

decomposition of metal-organic materials for amorphous oxides was extended to 
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nanoparticle systems, resulting in durable and catalytically active nanoparticle 

electrodes. Using this system, it was determined that nanoparticles with greater 

nickel content were determined to have higher catalytic activities for water 

oxidation than nanoparticles with lower nickel content.  Furthermore, the surface 

of the nanoparticles was determined to be responsible for the catalytic activity, with 

little to do with the bulk of the nanoparticles. The surface, home to a unique 

disordered mixed nickel iron oxide phase, was also determined to be important as 

the catalytic activity of the nanoparticles could be effectively reduced by heating, 

but at temperatures that were insufficiently high to destroy the rock-salt bulk 

nanoparticle structure. 

 

5.2 Proposed Research Directions 

5.2.1  Biotemplating of other metal oxides 

Since the sol-gel based templating of metal oxides has now been extended from 

solely TiO2 to Fe2O3, there is now a potential for extending this technique to allow 

for not only other pure metal oxides, but also doped or mixed metal oxides. The 

possibility that any high surface area hydroxyl-rich structure, many of which can 

be found in the living world, can be replicated and converted to another material 

with high accuracy makes biotemplating an extremely flexible technique for 

producing high surface area structures of any material. A further curiosity that was 

not explored in Chapter 2, but remains unexplored, is the potential for doping using 

a sol-gel biotemplating technique whereby a small amount of dopant precursor is 

introduced into a precursor solution. It will be interesting to determine if the 
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composition of such a dopant material can be controlled in a precise and conformal 

matter, or if precursors bind to the template with different affinities, resulting in a 

need to control reaction conditions. 

Furthermore, the application of such techniques and knowledge to other 

carbohydrate structures is interesting because such an approach may mean the 

eventual tailoring of precision structures composed of hydroxyl-rich molecules. In 

particular, DNA or protein engineering could be used to develop templates that 

have no analogue in nature.1,2 This approach would allow for the high-yield 

synthesis of inorganic nanostructures that do not exist in nature. On a larger scale, 

there is always the potential for producing templates based on non-oxide structures 

as well. The demonstration of an iron carbide leaf using a biotemplating approach 

highlighted a significant difference: in the iron carbide leaf, only leaf veins were 

replicated, resulting in a wireframe electrode that was utilized as a water splitting 

electrocatalyst.3 

 

 

Figure 5.1  SiO2 grown using CVD on DNA templates deposited on (a) mica and 

(b) gold surfaces. (c) TiO2 grown using CVD of DNA templates on silicon 

substrate. Reprinted with permission from the American Chemical Society. 
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5.2.2  Exploring the potential of CuFe2O4 for electrode applications 

These studies demonstrated that the material CuFe2O4 has a relatively small 

bandgap that can absorb a large portion of the solar spectrum. However, like many 

ferrites, CuFe2O4 is seldom explored because of the high temperature of preparation 

needed to form the material in a defect-free manner. Typically, a temperature in 

excess of 800°C is required.4 However, the literature lacks a serious 

characterization of the photo-properties of CuFe2O4, or even a strong attempt to 

optimize the conditions required for photocatalysis. Since most of the reported 

methods involve a high-temperature combustion scheme, nanoparticles are often 

aggregated with low surface area.5–7 However, at 800°C, it is possible to synthesize 

electrodes of CuFe2O4 based on the drop-casting of thin films from solution – as 

long as the electrode material can withstand the temperature. Materials such as 

fluorine-tin oxide on quartz or noble metal electrodes could be used to finally 

explore if CuFe2O4 has any potential as a solar energy material. 

The rationale and pursuit for using CuFe2O4 as a solar energy material is strong. 

Apart from the fact that little is known about the potential of this material, the high 

abundance for copper and iron, the stability of this material, and of course, the band-

gap energetics all make the material worth studying. Of course, there is the potential 

that the material simply has a low activity; however, it should be noted that these 

problems have not stopped people from examining α-Fe2O3 in great detail. 

Furthermore, in comparison to water oxidation photoanodes, there exists a far 

smaller proportion of earth abundant, low-processing cost photocathode material 

for hydrogen evolution, making pursuit of new materials desirable.  
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Figure 5.2  (a) Optical image of CuFe2O4 layers spin-coated on quartz (left) and 

CuFe2O4 powder prepared via combustion method. (b) UV-vis spectra of CuFe2O4 

on quartz electrode. 

 

 

It may also be worth exploring if it is possible to synthesize solutions of 

CuFe2O4 nanoparticles. If solution-based thermal decomposition can be used to 

make metastable materials, it may be possible to use the same technique to 

synthesize materials that require high temperatures to form. Attempts to synthesize 

CuFe2O4 nanoparticles in solution phase in the past have been unsuccessful due to 

differences in the decomposition temperatures of the precursors, typically resulting 

in nanoparticles with variable composition or outright mixtures of copper and 

ferrite.8,9 By controlling the proportion of copper in the reaction solution, or 
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changing the decomposition properties of the precursor, it may be possible to 

synthesize stoichiometric nanoparticles – recall in Chapter 3 that individual nickel 

and iron oleates yielded large yields at higher temperatures, but when combined, 

they decomposed at slower rates and had more limited yields. A potential 

synergistic effect between a copper precursor and iron oleate may have a similar 

relationship.  

  

5.2.3  Mechanism of metal oleate decomposition during formation of 

metastable [Ni,Fe]O nanoparticles 

It is worth examining the mechanism of nanoparticle formation in the metal 

oleate process for several reasons. Firstly, during the synthetic process, a variety of 

shapes were achieved. This complexity is worth exploring and understanding 

because it may be possible to achieve further shape control. Secondly, there are 

several subtleties of the reaction that are not as well understood. In particular, the 

conversion of Fe3+ to Fe2+ in the absence of an obvious reducing agent is worth 

understanding. Furthermore, the sources of oxygen in the reaction that lead to a 

metal oxide structure are worth discussing because most of the oxygen in-reaction 

appears to be derived from hydrocarbons with carboxylate groups. Understanding 

these subtleties will make it possible to understand how a rock-salt structured 

nanoparticle was derived while equivalent reactions typically yield ferrite-

structured nanoparticles.9 

Acquiring greater control during the reaction process will increase the potential 

for shapes, sizes and compositions that can be achieved, and potentially even 
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phases. It may even be possible to synthesize core-shell nanoparticles by 

understanding the order of decomposition. Metal oleates have different 

decomposition temperatures, and as a result, typically in mixtures on metal oleate 

will decompose before the other. In the case of nickel and iron oleate, it may be 

possible to control the order of decomposition via control over introduction of the 

oleate precursors as in a hot injection. Since most of these metal oxides have some 

sort of magnetic property, the goal of making such core-shell nanoparticles would 

be interesting for magnetic characterization – and even for application in exchange 

bias, where core-shell magnetic nanoparticles are desirable for their close contact 

of two materials with different magnetic properties.10,11 

 

5.2.4  Synthesis of non-oxides utilizing nickel and iron oleate 

Understanding the mechanism of nanoparticle formation will also lead the way 

to using metal oleate decomposition to synthesize non-oxide compounds. The 

potential for synthesizing mixed metal sulfides and phosphides are of interest 

because many such compounds have recently been considered as catalysts and 

photo-conversion materials. Only by understanding the mechanism of formation 

would it be possible to understand where the source of the anion arises and how it 

could therefore be incorporated into a reaction solution. This possibility has already 

been explored for sulfides, but the success has been limited due to a poor 

understanding of the materials. For metal sulfides, oleic acid was replaced with 

octadecanethiol, resulting in mixed nickel-iron nanorods with controllable 

compositions as well as variable phases (Figure 5.2). However, the purification of 
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these nanorods is currently in question. Nonetheless, nickel and iron sulfides are 

attractive contenders as future solar energy materials,12 making the iron oleate 

method here a potentially effective route to these materials. 

 

 

Figure 5.3  Electron micrograph of nickel-iron sulfide wires prepared via 

decomposition of nickel and iron oleate in the presence of 1-octadecanethiol. 

 

 

5.2.5  Conformal functionalization of high-surface area electrodes to increase 

activity 

Although much work has been done on developing materials for catalytic 

electrodes, less work has been performed on optimizing the deposition of these 

materials such that minimal amounts of material are deposited thus reducing costs 

and preventing the catalyst layer from absorbing too much light meant for the 

semiconductor. Therefore, such material systems are often unable to exploit the 

benefits of using a high surface area electrode, which can ultimately increase the 

amount of surface area that can be used for catalysis. The benefit of the [Ni,Fe]O 

nanoparticle system here, as demonstrated via the conformal functionalization of 

80 nm 
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copper and platinum nanoparticles in Chapter 2, is that it is possible to use a linker 

based system to produce a conformally functionalized surface using nanoparticle-

based methods for producing films. By combining the nanoparticle 

functionalization work in Chapter 2 with the [Ni,Fe]O nanoparticles, it is possible 

to produce a high surface area electrode that can carry out water oxidation with a 

higher current density than other electrode systems. Using a similar linker based 

system, it is possible to functionalize any electrode surface with these nanoparticles 

and determine if the increased surface area improves water splitting activity. 

 

5.2.6  Understanding detailed catalytic properties of [Ni,Fe]O nanoparticles, 

including effect of shape and surface composition 

The immediate environment of nickel iron oxide catalysts is of great interest, 

as it is generally recognized that the nickel serves as the main reaction site while 

the iron provides a supporting role since nickel oxide alone is far more catalytic for 

water oxidation than iron oxide.13–15 It is possible that differences in composition 

between different studies can be attributed to the local surface environment of 

nickel oxide. However, the exact mechanism by which iron lowers the catalytic 

barriers for water oxidation is unknown. An important direction for nickel iron 

oxide catalysts is understanding the surface environment of these catalysts. Since 

studies on understanding the surface composition of nanoparticles are published 

and therefore characterization techniques are well known, nanoparticle surface 

composition and structure could be tuned and studied before more electrochemistry 

is performed.16,17 
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Another point of interest is understanding the effect of shape on catalytic 

activity. Shape can have an important influence on catalytic activity at the 

nanoscale, primarily because differences in shape can expose different crystal 

planes or active sites that can have significant differences in catalytic activity.18–21 

Early work was done on determining if star-shaped particles were superior catalysts 

to cubes. At the time, the effect was found to be negligible, especially compared to 

the effect on composition that was studied in Chapter 4. However, this work still 

needs to be confirmed. In addition, since the synthetic results have provided such a 

variety in nanoparticle shape and size, determining if any of these properties have 

a significant effect in changing catalytic activity may open up new avenues into 

understanding their catalytic activity for water oxidation. 

 

5.2.7 Acid vs. Base Catalysts  

One issue that was not addressed in this thesis is the difference between acid 

and alkaline water oxidation catalysts. Both systems have advantages and 

disadvantages that are widely studied. Alkaline systems benefit from the use of 

earth-abundant first-row transition metal oxide catalysts such as nickel and iron, 

while acidic systems tend to require significantly rarer metals such as iridium and 

ruthenium.22,23 However, the major benefit to acidic systems is that such systems 

already have well-developed membrane technology arising from studies on fuel 

cells, and specifically proton exchange membranes.24 These membranes allow for 

the separation of H2 and O2 gases in solution, in turn laying the groundwork for 

compact devices. Membrane technology for alkaline water splitting does not yet 
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exist. For the development of devices for water splitting, both of these constraints 

will require resolution although the needs between the two systems are different 

from each other. 
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