
 

 

 

 

ELECTROCATALYTIC APPLICATION OF 3D TRANSITION METAL COMPLEXES 

FOR EFFICIENT HYDROGEN GENERATION 

 

 

 

 

 

 

 

 

JAKE THIBODEAU 

 

 

 

 

 

Thesis submitted to the University of Ottawa 

in partial Fulfillment of the requirements for the 

degree of Master of Science in Chemistry 

 

 

 

 

Department of Chemistry and Biomolecular Sciences 

Faculty of Science 

University of Ottawa 

 

 

 

 

 

 

 

 

 

 

 

© Jake Thibodeau, Ottawa, Canada, 2024 

 



ii 

 

Abstract 

The production of hydrogen gas through green processes such as electrolysis is crucial in 

shifting away from fossil fuel derivatives, in order to enhance the viability of hydrogen as a 

sustainable energy alternative. This work investigates several complexes based primarily on 3d 

transition metals, in particular Mn, Fe, Ni, Cu, and additionally Mo for their electrocatalytic 

capabilities towards hydrogen evolution reactions (HER) with the electrolysis of water as the ideal 

proton source. A secondary proton source, acetic acid, was also investigated. In particular, the 

complexes explored were pyridine-based bidentate and tridentate Mn(I), Mo(0) and Mo(VI) 

species, macrocyclic quinquedentate complexes of Mn(II), Fe(III), Ni(II), Cu(II), and open-ended 

tetradentate complexes for Ni(II) and Cu(II). Four unreported crystal structures, using single 

crystal X-ray diffraction analysis, for Mn(II), Fe(III) and Ni(II) complexes were found. This research 

cumulated in the creation of a NiO/Ni(OH)2 film electrodeposited onto a FTO glass electrode, with 

the source material being an open-ended tetradentate Ni(II) complex in 0.1 M KCl aqueous 

solution. This Ni-derived film provided good HER performance for the electrolysis of water in 0.1 

M KCl solution, with results providing an average of 46.7 μmol of hydrogen as detected by GC-TCD 

with the electrode held at -1.2 V (vs. Ag/AgCl) over 1 hr, with a Faradaic efficiency of ~96%. 
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Chapter 1: Introduction 

1.1 – Energy Sources and Hydrogen 

Energy and the effective application of available resources is a perpetual demand 

in our society. When evaluating energy sources, a critical factor comes from not only the 

total energy output the source can deliver, but in terms of energy density. Energy density 

reflects both in terms of weight and volume per energy unit. Fossil fuels represent an 

attractive source of energy due to their stability, high energy density, and extensive 

industrial infrastructure built around their use throughout history. They generally have 

high volumetric energy density (~35-40 MJ/L), and a good gravimetric energy density, 

(~45-60 MJ/kg).1 However, with the well-documented adverse impact that fossil fuel 

consumption has on climate change and global warming, there is a considerable effort to 

provide sustainable alternative energy sources. 

Hydrogen (H2) is a contender to fulfill these energy demands. It has an extremely 

high gravimetric energy density at ~140 MJ/kg in its liquid state, but has deficiencies 

relating to how much volume it requires, being just below ~10 MJ/L.1 With appropriate 

hydrogen storage technologies under research such as metallic hydrogen, hydrogen 

storage alloys, and inorganic/liquid hydrides, this remains an important part of improving 

viability for widespread use.2,3 Pairing with this is the production component of hydrogen 

gas, which currently the vast majority (96%) of such comes from fossil fuel derivatives – 

48% from natural gas, 30% from petroleum fractioning and 18% from coal gasification.4,5 
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The remaining 4% is attributed to electrolysis and other water-splitting methods, such as 

solar thermochemical, photo-electrocatalysis and photocatalysis.4,6,7 The steam-methane 

reforming process, paired with a water-gas shift reaction, is the most common for 

creating hydrogen gas (95% in the United States).8 The process generally heats water 

mixed with methane to a high temperature (700-1000 °C) and pressure (3-25 bar) which 

itself demands consumption of fossil fuels for heating.8,9 These two processes utilize the 

following redox reactions in Equation 1 for steam-methane reformation, and Equation 2 

in a water-gas shift reaction: 

𝐶𝐻4 + 𝐻2𝑂 (+ℎ𝑒𝑎𝑡) → 𝐶𝑂 + 3 𝐻2   (1) 

𝐶𝑂 + 𝐻2𝑂 → 𝐶𝑂2 + 𝐻2    (2) 

However, this overall process also yields considerable amounts of CO2, reporting 

around 9-14 kg CO2 / kg H2.8 With the stated total worldwide production of hydrogen 

being at approximately 120 million tons per year and the relevant conversion to CO2 past 

1 billion tons, this represents a significant portion of the total CO2 emissions at ~35.8 

billion tons per year.10 It is reported that approximately 90% of this produced hydrogen 

is used in industries such as fertilizer production by ammonia synthesis, methanol 

production, oil and fat hydrogenation, petrochemical processing, and metallurgical 

applications.11,12 Improvements are being made to the overall efficiency of hydrogen 

production, such as using electrified steam reforming, improving efficiency to ~5.3-5.5 kg 

CO2 / kg H2.13 Others seek to be carbon neutral by replacing methane with ethanol 

sourced from biofuels.14 Cost remains an important consideration throughout all this. The 
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conventional process above for hydrogen production comes to a cost of $2.76 / kg H2, 

with the expected electrified process averaging $3.49 / kg H2.13  

With the above considerations, electrolysis emerges as an opportunity for 

hydrogen production without carbon emissions or other adverse climate impacts. The 

process itself is straightforward in that it generally involves applying a significant electrical 

potential into water or a water-containing solution, the resulting by-products of 

hydrogen, hydroxide, and oxygen pose minimal environmental concerns.  The general 

reaction for electrolysis is by two half-reactions of a Hydrogen Evolution Reaction (HER) 

and an Oxygen Evolution Reaction (OER) with HER in pH=7 solution is displayed in 

Equation 3, and OER in Equation 4.15–17 The primary expense of production comes from 

the electrical demand of the process, currently stated at 50 kWh / kg H2.18 This can 

significantly impact the baseline cost, with the reference’s conversative estimate of $0.06 

/ kWh and likewise $3.00 / kg H2. With respect to optimization, it should be highlighted 

that amperage (or Ampere-hour) is the key relevant factor in Faradaic efficiency and thus 

electrolysis, and not kWh directly. With the conversion noted in Equation 5, a lower 

voltage can lead to an overall higher efficiency in the system.  

2 𝐻2𝑂 + 2 𝑒− → 𝐻2 + 2 𝑂𝐻−   (3) 

4 𝑂𝐻−  → 𝑂2 + 2 𝐻2𝑂 + 4 𝑒−   (4) 

𝐴𝑚𝑝𝑒𝑟𝑒 =  
(𝑊𝑎𝑡𝑡∙ℎ𝑜𝑢𝑟)

(𝑉𝑜𝑙𝑡∙ℎ𝑜𝑢𝑟)
    (5) 

In addition to electrical costs, using a working electrode that is cost-efficient and 

reliable is of importance. Rare metals such as platinum, palladium, ruthenium, and iridium 

are considered to be the best performers for their high suitability and efficient hydrogen 
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generation.19–22 This would include derivatives such as their oxide counterparts.19 The 

availability of such metals and associated costs however generally limits their widespread 

use, spurring research into alloys or using similar metals that might show performance 

close to these ideal groups.21,23 An important component in this search are the relative 

abundance and cost of a particular metal. Directly above platinum and palladium located 

in the 3d transition metals lies nickel, a notable example to be explored here. Similar 

metals right next to nickel are cobalt and copper – copper being of interest here as a 

prompt for further research.  

This thesis will address both homogeneous and heterogeneous electrochemical 

reactions. These refer to the physical state of the catalyst and of the intended reaction 

substrate.  In this case, the term homogeneous refers to both being in the solution state 

while heterogeneous refers to a solid-state catalyst and a solution reactant.  

 

1.2 – Electrochemical Features for Non-Electrochemists 

1.2.1 – Cyclic Voltammetry and Controlled Potential Electrolysis 

In this thesis, the main device for characterization and assessing the ability of a 

species for hydrogen production is a potentiostat – an electronic device that controls the 

application of potential (V) or current (A) and can measure the 

potential/current/resistance passed through a system. Two main techniques will be 

applied – cyclic voltammetry (CV) and controlled potential electrolysis (CPE). Cyclic 
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voltammetry applies a variable potential at a chosen rate of change and measures the 

detected current during this process. An example would be starting from 0 V and passing 

to -1.5 V, changing at a rate of 0.1 V s-1. One pass from 0 to -1.5 V, back to 0 V can be 

referred to as one cycle. This technique is useful for the characterization of a possible 

catalyst, along with assessing the electrochemical cell response. The latter can include 

details such as the potential window – reduction of the solvent at the electrode (negative 

potential) and oxidation (positive potential) without catalyst present.24 A negative applied 

potential can result in reduction and is referred to as a cathodic potential, with positive 

applied voltages associated with oxidation and termed anodic potentials. Cyclic 

voltammetry will be presented according to the IUPAC standards, with the plotting of 

increasing reduction potentials to the left-hand side of the plot and reduction currents 

plotted on the negative y-axis.24 Anodic or oxidation currents will be reversed with 

increasing anodic potential to the right and oxidation currents plotted on the positive y-

axis. For interest, the US standard differs from this and essentially rotates the display of 

this information by 180 degrees.24 

With cyclic voltammetry measurements, there are several normal ideal 

characteristics. An ideal solution without substrate or catalyst will largely be flat in current 

with a minimal difference between the outgoing scan and the return scan (~10 mA or 

less), essentially showing the non-reactivity of the solution. With an added catalyst, it is 

desirable to see a strong increase in current at a potential (V), with a decline in current 

after, forming a curve or ‘peak’ (Figure 1). This peak represents a maximum of the current 

curve in that region and is designated as ip or icat, with Ecat termed as the potential required 
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for catalysis.24–26 These observations are linked with a redox event and are typically 

associated with the reduction peak (Ered) or oxidation peak (Eox) of the species, depending 

on the applied potential. The voltage associated with the increasing current is termed the 

onset potential.27 As this onset potential is sometimes less than clear, a reference point 

can be assigned based on a defined current density (e.g. 0.1 mA cm-2) with an associated 

voltage.17,20,28 Overpotential (η) directly relates to this defined current density, defined as 

the difference between the thermodynamic potential and the given potential at which 

the catalyst operates at the given current.26 The thermodynamic potential relates to the 

Nernst equation in the reduction of protons.26 The addition of a substrate to this system 

can lead to an increase in the current associated with the redox event, this current 

enhancement is a signature of catalysis. This increased current must be compared against 

the background to establish if this is attributable to catalyst functionality.   

 

Figure 1: Example of a cathodic scan cyclic voltammogram of a potential catalyst complex, 

highlighting onset, reduction peak (ip), and enhancement with 0.04 M acetic acid as a substrate. 
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The second main technique that will be employed is controlled potential 

electrolysis (CPE). In a CPE experiment, a defined voltage is applied for a given timeframe 

(e.g. -1.3 V for 3600 s). Using the current flow and the time, the number of electrons 

transferred during this time is calculated. This technique will be primarily used for the 

identification and quantitative measurement of a product (e.g. hydrogen) of catalysis. 

Ideally, the applied potential will be below that of any background product formation, 

and a measurement of CPE should be done to compare product formation with and 

without the presence of a catalyst. Using the current delivered by the potentiostat to the 

system multiplied by the given time period, the total coulombs delivered can be 

determined, which can further be compared against the amount of product to determine 

Faradaic efficiency.  

 

1.2.2 – Faradaic Efficiency 

Faradaic efficiency (FE) is determined by the ratio of the moles of product to the 

moles of electrons delivered by the potentiostat.29 In this equation 6 for hydrogen 

generation, 𝑛𝐻2
 represents the mols of H2, 𝑛𝑒 represents the mols of electrons nominally 

needed to form one molecule of diatomic hydrogen from water (𝑛𝑒 = 2); 𝐹 represents 

Faraday’s Constant (96485.3321 s A mol-1 or C mol-1); 𝑄 is the total charge passed in 

Coulombs, from the integrated area of current (A) · time (s) over the duration of CPE. 

𝑛𝐻2·𝑛𝑒·𝐹

𝑄
  · 100%    (6) 
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1.2.3 – Electrochemical Cell 

An electrochemical cell has a few general key components. These general parts 

are the electrodes, a solution with the immersed electrodes, and an enclosed container 

to hold these components. Typically, three electrodes are used - a working electrode, a 

counter electrode, and a reference electrode. For this thesis, the working and counter 

electrodes are located at opposing ends of the cell, with the reference electrode placed 

in between, closer to the working electrode (Scheme 1). The reference electrode is placed 

closer to the working electrode to reduce the influence of ohmic drop between the two, 

or otherwise resistance of the solution influencing the detection by the reference 

electrode. 

 

Scheme 1: General Schematic of an Electrochemical Cell Setup. 

 

The working electrode serves as the output device in which the potential is set 

and the current flowing through the system is measured. In this thesis, the working 

electrode for cyclic voltammetry is typically a glassy carbon electrode, often used for its 

wide potential solvent window and sensitivity due to the polished and small surface 
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area.30 This smaller surface area also greatly reduces the total reaction rate, a benefit in 

that a more finite change in the material can be observed if desired. During CPE, the 

electrode was changed to one that provides a larger surface area, allowing a greater total 

rate of reaction but losing some degree of finer sensitivity to peak shape and resolution. 

Graphite rods are normally suitable for this purpose, although many alternatives exist 

such as fluoride-doped tin oxide glass.30,31 The reference electrode is used to sense the 

actual potential applied across the working and counter electrodes, controlled by the 

potentiostat. The counter electrode is present to complete the circuit and ideally will be 

largely inert to the solution components, although it has been found that the counter 

electrode material can potentially alter reactions significantly. As literature reports in one 

case where the counter electrode was cathodic, a 90% yield was given for platinum, 60% 

for nickel, and no reaction with graphite.30 Yields were consistently high when the anodic 

working electrode was exchanged, with platinum held as the counter electrode.  

 

1.2.4 – Potential Windows and References 

The term ‘potential window’ generally refers to the upper and lower limits of 

voltage that can be applied within an electrochemical cell. Related to this is a ‘solvent 

window’ or ‘potential solvent window’, both referring to the solvent of the 

electrochemical cell.30 This defines the voltage limits of solvent non-reactivity before it 

becomes reduced or oxidized at the electrode, depending on the applied voltage. These 

solvent windows are well documented in literature, and not only depend on the solvent 
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itself but the type of working electrode and electrolyte present in the solution.30 

Acetonitrile is a common organic solvent of choice with a window spanning from ~-3 V to 

~2 V (vs. Ferrocene/Ferrocenium or Fc/Fc+). Paired with acetonitrile is the electrolyte 

Tetrabutylammonium hexafluorophosphate (TBAHFP), used for its generally non-reactive 

properties and electrochemical stability.32 Water is an ideal choice as a hydrogen source 

due to sustainability issues but has a relatively small potential solvent window before a 

reaction occurs. Water’s base potential window in a pH=7 system is defined with a 

reversible reduction potential of -0.41 V (vs. RHE) and a reversible oxidation potential of 

0.81 V (vs. RHE).16,33,34 These potentials are modified by pH values according to the Nernst 

Equation, discussed in more detail in the next section. Referring back to the working 

electrode choice, platinum nominally has an overpotential requirement of -0.01 V from 

this theoretical value, with glassy carbon at -1.13 V.30 The potential window can be 

experimentally observed by cyclic voltammetry to confirm electrode and electrolyte 

impact. 

 The use of references is critical as electrochemical systems have unique variances 

that often shift the detected potentials. Two reference types are used to address this. The 

first is an Ag/AgCl wire reference electrode with 3 M KCl aqueous solution contained in a 

small glass vessel, with conductive sensing through a small frit. This reference type is 

preferred due to its stability and established potential shift, optimized for use in aqueous 

solutions. The other method uses a bare silver wire present in the electrochemical cell as 

a pseudo-reference and is commonly employed in organic solution, with ferrocene added 

in the solution as a known redox reference. Ferrocene is useful in two notable 
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characteristics – it is typically non-reactive and innocent for electrocatalytic activity 

outside of its respective known redox peaks, and these peaks have a known ideal shape 

that allows ease of measurement (Figure 2). These are detected as a reversible 

ferrocene/ferrocenium redox couple during an anodic CV scan, typically passing from 0 to 

1.0 V. The mean potential of the observed redox peaks (E1/2) is used for referencing (e.g. 

0.5 V).24 However, the detected potentials can vary significantly (e.g., +/- 0.4 V) primarily 

due to the cell setup and solution present. These reference peaks will provide a constant 

point of reference in the event the added substrate does affect the entire cell potential. 

In theory, the peak-to-peak separation between reduction and oxidation peaks will be 57 

mV, and ‘the width at half max on the forward scan of the peak’ as 59 mV.24 These values 

are often observed as larger values, attributed to ohmic drop by increased resistance in 

solution.24 This can be compensated by higher electrolyte concentrations, but overall, this 

is highlighted as a nuance of the electrochemical system.  

 

Figure 2: An example of an observed ferrocene redox event in acetonitrile, from this work. 
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There are disadvantages to the pseudo-reference electrode approach. There are 

times when comparing uncorrected data with substrate addition (such as water or glacial 

acetic acid) may provide a consistent reduction peak. Correcting with ferrocene (by 

subtraction of the E1/2 potential) couple may give small variations in the measured applied 

voltage. This is usually not a major concern, only a factor to consider during analysis, and 

ferrocene remains fairly reliable as a reference with this note. Another scenario is where 

ferrocene and the relative cell potential correction does not adequately explain a peak 

shift. For example, if a reduction peak shifts by 100 mV, yet the ferrocene reference has 

only moved 50 mV, it may be reasoned that the cell potential shifting is not entirely 

responsible for the reduction peak change. Further cyclic voltammetry characteristics 

such as shape and current may help define and explain any changes. When examining 

anodic or positive potentials by cyclic voltammetry, the added ferrocene will dominate 

any electrocatalytic events in the vicinity of the reference peaks, and so it is unsuitable 

for it to be present if performing any oxidative characterization. Notably as well, 

ferrocene will significantly colour the solution and obscure visual observations of product 

produced at the electrodes. 

With either the Ag wire or an Ag/AgCl electrode setup, the potentiostat will adjust 

the potential provided at the working electrode as sensed by the reference electrode. The 

reference electrode is sensitive according to distance from the working electrode, but this 

effect is minimal in the self-contained Ag/AgCl reference, as the conductivity is largely 

controlled and standardized by the frit permittivity. In contrast, the bare Ag wire has no 

protective qualities and is susceptible to large variances (such as 0.2 V) with moderate 
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repositioning, as observed by the ferrocene/ferrocenium redox peaks shifting. However, 

if the reference electrode position is held constant, ferrocene correction is fairly reliable 

as it is held to that detected redox event. 

 

1.2.5 – Nernst Equation and Potential Referencing 

In the literature, it can be seen that Ag/AgCl is a common reference electrode in 

aqueous solutions. However, reported voltages are often converted to compare against 

a reversible hydrogen electrode (RHE) or a normal hydrogen electrode (NHE) in order to 

provide a reliable comparison in literature, with a 3 M KCl Ag/AgCl reference held to be 

0.197 V (vs. RHE/NHE). RHE and NHE are generally equivalent, however, RHE accounts for 

pH change in the solution while NHE is defined as the potential of platinum within an ideal 

solution of pH=0 and H2 at 1 atm.35–37 A standard hydrogen electrode (SHE) can also be 

referred to for scaling and is equivalent to NHE.35 RHE is one of the most often reported 

voltage references in literature and it derives its relationship directly with the simplified 

Nernst equation.15 The general idea for this equation is that it accounts for the minimum 

possible voltage for electrolysis in an aqueous system, accounting for the pH in a defined 

manner. In this way, a calculation converting the detected potential using an Ag/AgCl 

reference to RHE can be done (Equation 7).  EAgCl
0   is equivalent to 0.197 V vs. RHE. 

ERHE =  EAgCl  +  2.303
RT

F
· pH +  EAgCl

0    

=  EAgCl + 0.059 · pH + EAgCl
0     (7) 
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This method has come under much debate regarding the accuracy and reliability 

of conversion to RHE.15 For example, some researchers experimentally determined the 

RHE potential for electrolysis via two platinum foil electrodes, purging the cell and 

solution with pure hydrogen and conducting their calibration against the Ag/AgCl 

reference. Their experimental value of 0.706 V significantly exceeds that of the calculated 

value of 0.611 V at the base pH of 7. Furthermore, they tested the solution pH to be 5.46, 

placing their calculated value at 0.520 V - a difference of 0.186 V from their experimental 

value. This leads to some notion that comparison and conversion via the Nernst equation 

may be less than ideal. With these stated values deviating notably from standard 

calculation with the Nernst equation, it exacerbates simple comparison and highlights the 

need for additional confirmation data. An example is testing in H2SO4 as a highly common 

electrolysis characterization solvent, with platinum serving as a known reported data 

point.31,38 

While the Nernst equation and references to NHE/RHE are interesting and 

relevant, especially in terms of thermodynamic potential and determining the minimum 

onset potential possible for electrolysis, it does not necessarily fully relate to real-life 

conditions. For example, one group conducted their hydrogen production test at -0.26 V 

vs. RHE, with a small test at -0.055 V vs. RHE to confirm their overpotential value.39 

Another group conducted their hydrogen production testing at a stated -1.2 V vs. Ag/AgCl 

and appropriately provided a molar value of H2 production, allowing for some finer 

comparisons in terms of performable achievement.28 With these considerations, the 
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Nernst equation in this thesis primarily serves as the baseline for conversion between 

reference voltages as needed. 

 

1.3 – Sabatier Principle and Hydrogen Evolution Reactions (HER) 

The Sabatier Principle is an important concept in catalysis, particularly 

heterogeneous catalysis, as the reaction substrate (such as water) must bind or interact 

in some fashion with the catalyst to create a product.40,41 Ideally, this interaction should 

be a balance between overly weak and overly strong. Overly weak means that there will 

be no interaction of the substate, and overly strong means that the substrate will bind 

too tightly and fail to dissociate.30 The latter may result in unfavourable decomposition 

or modification of the molecular structure of the catalyst or deposition on the electrode.30  

A graph of the ideal balance of reactions and their general representation with 

transition metals can be termed a ‘volcano plot’, marking the metals general location in 

terms of binding strength and rate of production.40 An optimal metal such, as platinum, 

will appear  near center of this plot  of binding strength and rate of production, placing it 

at the top of this ‘volcano’.22 This has been demonstrated to directly relate to 

electrocatalytic activity and Hydrogen Evolution Reactions (HER), in one example by 

experimentally comparing different metal foils placed in 0.1 M H2SO4 solutions connected 

by a KNO3 salt bridge.40 They compare the current density (current divided by surface area 

of the working electrode) at a selected potential of -1.7 V and compare this against the 

hydrogen binding Gibbs energies using Density Functional Theory calculations. The 
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general findings here correlate well with the use of other substrates and without needing 

electrochemical application, such as with decomposition of formic acid.42  

However, this applies to the tested metal performing as a smooth and 

homogeneous surface exposed to the substrate. There are several approaches to 

modifying the reactivity and selectivity of materials, such as surface area exposure to the 

substrate (particularly on the atomic level), discrete catalytic sites, or electrode surface 

modification with conductive materials such as graphene or carbon nanotubes.31,43,44 

These changes can affect the local atomic reactivity/selectivity, modify the 

electrochemical reduction potentials to be higher or lower, or act as a reduction site in 

conjugation with the metal.43 Stability and decomposition can also be supplanted by 

supporting elements or through surface protection. 

 Heterogeneous HER is proposed to proceed through step-based mechanisms, 

namely the Volmer-Tafel mechanism or Volmer-Heyrovsky mechanism.45 Generally, this 

refers to the electrochemical adsorption of hydrogen (Volmer – Equation 8), followed by 

desorption by electrochemical means (Heyrovsky – Equation 9) or chemical (Tafel – 

Equation 10).46  

𝐻+ + 𝑀 + 𝑒−  → 𝑀𝐻𝑎𝑑𝑠   (8) 

𝑀𝐻𝑎𝑑𝑠 + 𝐻+ + 𝑒−  → 𝑀 + 𝐻2   (9) 

2 𝑀𝐻𝑎𝑑𝑠 → 2 𝑀 + 𝐻2   (10) 

The exact mechanism for these steps can be further broken down depending on whether 

it occurs in neutral/alkaline media or acidic media, primarily identifying water as part of 

the decomposition process and providing the adsorbed hydrogen in the case of 
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neutral/alkaline environments.20 These steps can be rate-determining, with one step 

proceeding at a significantly faster or lower rate than the other. This relates to the binding 

strength of the adsorbed species and thus the rate of adsorption and desorption. This 

impacts onset and overpotential (η) requirements for rates of hydrogen production, 

although this is modified by the conditions of the electrochemical environment, 

particularly pH.15 This can be directly related to voltage changes via the Nernst equation. 

1.4 – Outline and Objectives of this Thesis 

This thesis covers the exploration of several metal-centered complexes for their 

ability to function as electrocatalysis for hydrogen production. The primary focus is on 

using water as the substrate with some exploration of using acetic acid as a substrate. The 

complexes that were explored centered on 3d transition metals. Specifically, manganese, 

iron, nickel, and copper complexes were prepared and their ability to perform 

electrocatalyst was explored. Efforts to employ a set of complexes designed around the 

4d-metal molybdenum are also presented. Chapter 2 will focus on the initial exploration 

of five complexes using manganese and molybdenum, particularly focusing on observed 

stability and reactions occurring at the electrode. Chapter 3 is a more generalized 

electrochemical examination of 3d metal complexes supported by macrocyclic ligands. 

There is a shift to heterogeneous catalysts in Chapter 4 where some copper and nickel 

complexes were discovered to lead to deposition of heterogeneous materials on the 

working electrodes. This chapter focuses on characterizing the performance of these 

materials for hydrogen production. 
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Chapter 2: Initial Electrocatalytic Exploration using 

Pyridine-Based Complexes 

2.1 – Preamble 

In the process of creating a successful homogeneous electrocatalytic complex for 

hydrogen evolution reaction (HER), several steps must be taken:  

• Synthesis of the complex and subsequent characterization, identifying that the 

desired product was made.  

• Examine suitable solvents that the complex may dissolve in and that have an 

appropriate potential window for the catalytic reaction.  

• Employ an innocent electrolyte providing necessary conductivity for the system.  

• Perform electrochemical characterization (typically cyclic voltammetry) to identify 

reduction and oxidation events for the complex. 

• Review possible substrates (e.g. water, glacial acetic acid) that could serve as the 

source of protons for hydrogen generation. 

• Examine electrochemical and visual changes with these substrates added, 

identifying current enhancement if present and matching optimal substrate 

concentration. 

• Subject system to CPE, typically hold a steady chosen potential for a given time 

period such as 1 h. 
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• Analyse for products such as hydrogen, by relevant method such as gas 

chromatography (gaseous product), NMR (liquid/soluble product). 

In this chapter, five different complexes will be evaluated for electrocatalytic 

hydrogen production. Importantly, this will include identifying the impacts of the 

unintended decomposition of the complexes as part of this process. Full synthesis and 

experimental details for the complexes will be at the end of the chapter. The focus in this 

chapter will be on the impacts of electrochemical characterization on the overall stability 

of the tested complexes from applied voltages. It must be expected that not all 

electrochemical experiments will result in the desired reaction occurring and 

unintentional products may result.30 Within an electrochemical cell, the complex under 

investigation will be subjected to cathodic and anodic potentials and this may result in 

the formation of a more reactive species from reduction or oxidation. The catalyst needs 

to act as a conduit for the transfer of electrons from the electrode to the reaction 

substrate, ideally lowering the energy required (and likewise potential) for the complete 

reaction. However, the reaction that occurs may not follow the one that is desired. Some 

outcomes that may result are irreversible decomposition or conversion of the catalyst, 

fouling either working or counter electrode, or a new product that remains in solution. 

These effects might be clearly seen in electrochemical characterization such as cyclic 

voltammetry (CV) with distortion or elimination of reduction/oxidation peaks, as well as 

distinct visual changes to the electrodes and electrochemical cell solution. Visual 

observations are simple, immediately accessible, and can provide valuable information to 

correlate with acquired CV data.  
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2.2 – Mn-TPA and Mn-DPA 

The initial target was to examine the electrochemical oxidation characteristics of 

the [Mn(κ3-TPA)(CO)3]+Br- (Mn-TPA) complex. The complex consists of one tris(2-

pyridylmethyl)amine (TPA) molecule as a ligand to a central manganese (I) atom bonded 

through three of the nitrogen groups, leaving one pyridine group uncoordinated (Scheme 

2). Three carbonyl groups additionally attach to the manganese atom, and the entire 

structure is complemented with a bromide counter anion which aids solubility in polar 

solvents. A similar complex, [Mn(κ3-DPA)(CO)3]+Br- (Mn-DPA), with bis(2-

pyridylmethyl)amine (DPA) as the ligand was also selected for investigation. The TPA 

ligand was synthesized with the identity confirmed by 1H NMR, with DPA used as received 

from a supplier. Mn-TPA complex was confirmed by 1H NMR and high-resolution ESI-MS. 

Similarly, Mn-DPA complex was confirmed by 1H NMR and 13C NMR. These complexes had 

been previously prepared and characterized by our group under reduction potentials for 

reduction events.47 Furthermore, the effects of water addition acting as the proton source 

for hydrogen production via electrolysis had been examined.47 We now carried out a more 

thorough examination for the complex’s redox behavior, specifically exploring possible 

oxidation events. 
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Scheme 2: Structures for [Mn(κ3-TPA)(CO)3]+Br- (Mn-TPA) and [Mn(κ3-DPA)(CO)3]+Br- (Mn-DPA) 

complexes. 

 

To establish a correlation with literature values, CV characterization was first 

performed in the cathodic region.47 For Mn-TPA, voltammetry showed three clear, 

irreversible reduction peaks are observed at -1.95 V, -2.3 V and -2.7 V vs. Fc/Fc+, with 

associated current strengths of 18 µA, 21 µA, and 18 µA respectively as seen in Figure 3. 

With water additions, a significant increase was observed for the first peak, growing to 29 

µA with 1.4 M water. This peak maximizes at approx. 7.4 M water addition and 57 µA, 

holding until ~11.1 M before reducing with further additions, 14.8 M indicating 49 µA but 

retaining a clear, defined peak. The maximum current represents an approx. three-fold 

increase in current from the baseline, and with this peak being clear and well-defined, it 

presents good characteristics of enhancement and catalysis with water addition. The 

second peak at -2.3 V is enhanced and retained until 7.4 M at ~40 µA, at which point the 

potential window of the system dominates in reduction. The third peak initially observed 

rapidly becomes no longer observable with addition of water, due to the potential solvent 
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window of water (reduction of water by the electrode itself) dominating past the -2.3 V 

region. 

 

Figure 3: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mn-TPA, 0.1 M 

TBAHFP as electrolyte in 15 mL acetonitrile under N2 with increasing amounts of water added, 

noted in legend in molarity. Performed at a scan rate of 100 mV s-1. 

 

The oxidation region for Mn-TPA was examined from 0 to 3.0 V (vs. Ag wire) and 

displayed notable irreversible oxidation events, at 1.03 V with a current of 14 μA and 1.62 

V at a current of 24 μA (Figure 4). Note that this experiment is not corrected against 

ferrocene, as it would overlap the examined potential window. Water was additionally 

added to examine if oxygen evolution reactions were viable. Water additions shift the 

oxidation peaks slightly to higher potentials, now appearing at 1.26 V, 1.66 V, and 1.94 V 

with 0.37 M water present with current strengths of 13 µA, 20 µA, and 27 µA respectively. 



 

23 

 

Adding additional water to a concentration of 0.74 M further shifts these peaks to 1.40 V, 

1.82 V, and 2.12 V and displaying the same current strengths as previously observed. 

Further additions past 1.0 M quickly flattened these minor peaks, with a possible minor 

event at 1.27 V at 1.9 M, and 1.44 V at 3.0 M. Generally, these peaks were assessed to be 

minor, with little opportunity to be explored for catalytic activity. 

 

 

Figure 4: Cyclic voltammetry under anodic potentials (vs. Ag wire) of 1.0 mM Mn-TPA, 0.1 M 

TBAHFP in 15 mL acetonitrile under N2 at a scan rate of 100 mV s-1. 

 

Following this general electrochemical characterization, hydrogen production was 

tested using a graphite working electrode at constant cathodic potential of -1.8 V (~-2.1 

V vs. Fc/Fc+) for 3600 s with 7.4 M water in 15 mL acetonitrile, with an otherwise identical 

electrochemical cell setup under CV testing. 7.4 M was chosen due to the maximum 

enhancement observed here with the first reduction peak. Hydrogen was not detected 
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with gas chromatography under these set conditions. A subsequent test with 3.7 M water 

at -1.8 V (~-2.15 V vs. Fc/Fc+) for 3600 s was conducted, with results of 13.0 µmol of H2 

produced. This does provide some level of comparability with reference material, which 

states an outcome of 16 µmol with 7.4 M water at -2.0 V vs. Fc/Fc+. However, it should be 

noted that this was a difficult result to acquire, with some lower potentials set at -1.65 V, 

-1.70 V (uncorrected) for 3.7 M water not yielding a detectable amount of hydrogen. This 

is likely partially attributable to the use of Ag wire as the pseudo-reference electrode 

which is unfortunately is not always stable and can demonstrably result in voltage shifts 

up to ±0.2 V with positioning. This hinders precise calibration of potential if not relying on 

ferrocene correction, something that may not be present in hydrogen production tests. 

This would later be addressed with the introduction of an Ag/AgCl reference, a self-

contained reference which greatly mitigates this possible level of potential shift and 

increases accuracy of the electrochemical cell readings. 

The visual observations made during these measurements were noteworthy. At 

this potential of -2.15 V vs. Fc/Fc+, clear visible bubbles were observed coming from the 

working electrode, a positive outcome in hydrogen generation. However, decomposition 

and conversion of the Mn complex was clearly present, with the counter electrode 

tarnished brown and brown specks floating in the solution. Generally, this would suggest 

the catalyst is structurally changed, with physical deposition on the counter electrode. 

The exact reason for this occurring is not known, but since oxidation occurs at the counter 

electrode this was likely related to the changes noted during the anodic scans described 

above. For some complexes with the TPA ligand, it is noted that ‘In water… free and 
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complexed tpa are in equilibrium’ and can create dimeric hydroxo-bridged complexes in 

water presence.48,49 

During these tests, it was found that Mn-TPA was soluble in water. This would be 

the ideal solvent to use for HER, acting as the proton source in hydrogen production by 

electrolysis, and removing the need for organic solvent as part of the reaction. Therefore, 

electrochemical testing was performed with 1.0 mM Mn-TPA and 0.5 M NaCl in 15 mL of 

water. It was found via cyclic voltammetry that the test with Mn-TPA was not significantly 

different from that of background without catalyst (Figure 5). However, there was an 

interesting irreversible peak at -1.63 V (vs. Ag/AgCl), with a current strength of 69 µA, as 

compared to 48 µA of background, indicating a reduction of the complex here before 

reaching the potential window.  For CPE analysis of hydrogen production, a potential 

of -1.8 V (vs. Ag wire) was chosen and held for 3600 s. Results from these measurements 

were unfavourable, with 34.4 µmol of H2 generated with catalyst but a larger amount of 

H2 (95.6 µmol) was obtained in the absence of catalyst. The relatively high amount of 

hydrogen here is attributed overall to the high overpotential applied here, noting that a 

minimum potential (onset) must be reached before catalysis/electrolysis of water occurs. 

With these results, fouling of the counter electrode with brown tarnishing was again 

observed. This could be removed with a light manual polishing afterward. This electrode 

fouling may be the reason for the reduced performance as compared to the background 

without a catalyst. Due to the high total potential of the observed reduction peak, 

appearance after the onset potential of the background, and negative results under CPE, 

it was decided to examine a similar catalyst, Mn-DPA.  
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Figure 5: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) with 1.0 mM Mn-TPA (red) 

and without (black), 0.5 M NaCl as electrolyte in 15 mL water under N2 at a scan rate of 100 mV 

s-1. 

 

Similar to Mn-TPA, a complex of Mn-DPA was prepared to investigate 

electrochemical activity and to compare it with the Mn-TPA complex. Focusing on the 

cathodic scans, the first reduction peak is sharp and clear at (~-1.9 V vs. Fc/Fc+), with a 

slightly lower reduction potential than the first peak of Mn-TPA at -1.95 V (Figure 6). There 

is a minimal second reduction event at -2.28V which blends into a stronger reduction peak 

at -2.43 V. The current enhancement response at this first reduction peak with the 

addition of water appears significantly stronger than that of Mn-TPA. Current 

enhancement maximized at 6.7 M water at 158 µA vs. Mn-TPA of 57 µA at 7.4 M, or 
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otherwise a five-fold increase in current compared to the three-fold seen with Mn-TPA. 

Peak enhancement is maintained up to 8.1 M but declines to 106 µA with 10.4 M water 

present (Figure 7). The second peak at -2.42 V greatly enhances to 95 µA with 1.4 M water. 

With further additions, this significantly shifts to -2.17 V with 3.7 M present, maximizing 

with a current strength of 107 µA. Subsequent water addition diminishes this peak, 

virtually disappearing past 6.7 M. 

 

 

Figure 6: Cyclic voltammetry under cathodic potentials comparing 1.0 mM Mn-TPA (black) and 1.0 

mM Mn-DPA (red). Solid lines with no water substrate added are represented with dashed lines 

with respective listed amounts. Performed in 15 mL acetonitrile solution, 0.1 M TBAHFP under N2 

at a scan rate of 100 mV s-1. 
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Figure 7: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mn-DPA, 0.1 M 

TBAHFP in 15 mL acetonitrile under N2 with increasing amounts of water added as indicated in 

legend. Performed at a scan rate of 100 mV s-1. 

 

While enhancement is signficant, unfortunately it arises to a similar issue as 

encountered with Mn-TPA. During electrochemical characterization, decomposition was 

observed again but in a different manner. Instead of depositing on the counter electrode 

as a brown coating and turning the solution brown, the working electrode visibly 

produced what appeared to be a soluble red material (Figure 8). CPE was not necessary 

to induce this, rather brief CV scans were able to cause this effect. Hydrogen production 

testing also proved negative, with one experiment of 5.9 M water at -1.75 V (~2.05 V vs. 

Fc/Fc+) for 3600 s yielded no detectable hydrogen, and 3.7 M water yielded 0.37 µmol, 

close to negligible. This result however pairs well with the observable decomposition of 
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product at the working electrode, as well as the brown effluent produced at the counter 

electrode with applied CPE (Figure 8). Mn-DPA is likely higher in reactivity compared to 

Mn-TPA with the lack of one pyridine arm and greater degree of access to the metal 

center with this. This is reflected with the higher enhancement of the first reduction peak 

with addition water relative to Mn-TPA. 

 

 

Figure 8: Comparison of visual observations attributable to possible decomposition - (A) Initial 

visual state in acetonitrile before testing (Mn-TPA/Mn-DPA), (B) 1.0 mM Mn-DPA in acetonitrile 

solution with 0 M water present during 0 to -2.5 V CV (vs. Ag wire), (C) 1.0 mM Mn-TPA in 

acetonitrile solution with 7.4 M water after applied -1.7 V (vs. Ag wire) CPE over 3600 s (D), 1.0 

mM Mn-DPA in acetonitrile solution with 3.7 M water present during 0 to -2.5 V CV (vs. Ag wire).  
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2.3 – Mo-TPA 

Following these attempts, a similar complex in Mo(κ3-TPA)(CO)3 (Mo-TPA) was 

made (Scheme 3). Molybdenum was chosen for a few reasons, with Mo(CO)6 reacting 

with TPA it would be able to create a similar base structure to Mn-TPA, but would offer 

differences in being at zero oxidation state versus +1 for Manganese. The Mo-TPA 

complex was confirmed via 1H NMR, 13C NMR and FTIR.50,51 Synthesis and experimental 

details are listed at the end of the chapter. 

 

Scheme 3: Structure for the [Mo(κ3-TPA)(CO)3] (Mo-TPA) complex. 

 

An electrochemical cell was set up to assess the electrocatalytic properties of the 

Mo-TPA sample, and if any reduction of substrate for hydrogen production was possible. 

The cell was set up to the initial standard 15 mL of acetonitrile or dichloromethane to 

compare effects of solvents, 0.1 M of TBAHFP, and 1.0 mM of Mo-TPA, while purged 

under a nitrogen atmosphere. In this initial reading, the variations between the two 
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solvents are significant (Figure 9). In acetonitrile, an irreversible reduction is seen at -1.34 

V (vs. Fc/Fc+), with a large oxidation peak observed at -0.38 V. In contrast, solutions in 

dichloromethane displayed a reduction peak at -1.54 V with a return oxidation close to 

the same voltage (-0.45 V) as with acetonitrile, although significantly differing in shape. 

Furthermore, the dichloromethane solution displayed a larger reduction current and a 

smaller oxidation than the acetonitrile solution.   

 

 

Figure 9: Cyclic voltammetry (vs. Fc/Fc+) of 1.0 mM Mo-TPA in acetonitrile (black), in 

dichloromethane (red) and 0.1 M TBAHFP as electrolyte. 

 

Literature offers a reference CV in dichloromethane for a similar complex, where 

the free arm of pyridine is replaced with a benzyl arm.51 The reference provides an 

oxidation peak at -0.3 V (vs. Fc/Fc+) and their reduction peak at -0.95 V. Notably, it is 

stated that the reduction peak only occurs on the second pass, while this is not apparent 
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during these trials. While it is suspected that the ~-0.4 V oxidation and ~-1.4 V reduction 

are linked, these peaks were not isolatable by restricting CV scans to each event alone 

(e.g., 0 to 1.5 V, or 0 to -3.0 V). These trials also exhibit a larger split in relative oxidation 

and reduction potentials to that of literature – oxidation roughly occurring at the same 

point (~0.1 to ~0.15 V), but reduction potentials expand past the reference literature. 

Besides molecular differences of benzyl versus pyridine, there are other differences such 

as electrolyte (Bu4NPF6 vs Bu4NBr), scan rate used (100 mV s-1 vs 200 mV s-1), and 

ferrocene correction that may provide some ambiguity to reliably compare here. 

The ability of the complex Mo-TPA to produce hydrogen from water was then 

explored. A cathodic scan from 0 V to -3.0 V (uncorrected) in acetonitrile and 0 M water 

displayed the single irreversible event, with the reduction peak at ~-1.5 V (vs. Fc/Fc+) 

(Figure 10). Under these conditions the reduction peak was broad and not well-defined. 

With 0.37 M water to the acetonitrile solution, there was an increase in current from the 

first reduction peak to 23 µA, and the development of a second peak was observed 

at -2.15 V. With 1.5 M water, two reduction events shifted to -1.36 V and -1.87 V. These 

peaks are not particularly strong or well-defined. At 1.9 M water the second reduction 

event is gone. Increasing the water concentration to 11 M yielded a smaller reduction 

current at the first reduction at -1.36 V. 
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Figure 10: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-TPA in 15 mL 

acetonitrile and 0.1 M TBAHFP electrolyte, with the additions of 0.37 M, 1.5 M, 1.9 M, 3.7 M and 

11 M water. 

 

It has been reported that acetonitrile solutions of Mo-TPA are oxidized 

quantitatively in the air to produce a Mo(VI) complex Mo(O)3(tpa)H2O.50 While this aspect 

was not explored in experimentation here in detail, it may account for the CV changes 

including the appearance of reduction peaks with the presence of water. 

With the relatively minor increases in current with water addition and the lack of 

further notable enhancement with increasing amounts of water, it is suggested that there 

is no notable catalysis occurring. The development of a second peak which was not 

observed during initial scans, and with all peaks continuing to shift and even decline could 

suggest a structural change of the complex taking place. The combination of these factors 

led to the decision to not pursue hydrogen production attempts with water.  
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Acetic acid (AcOH) provides an alternative proton source to water and was used 

for some further investigations of Mo-TPA as shown in Figure 11. In acetonitrile, the first 

reduction peak at -1.5V appeared to display current enhancement with acetic acid 

addition.  With further additions of acetic acid, this reduction peak shifted anodically 

to -1.2 V (23 µA) with 0.22 M AcOH and further to -1.1 V (37 µA) with 0.55 M AcOH. The 

current intensity of this reduction showed a decrease with further addition of acetic acid. 

Parallel background measurements without Mo-TPA being present are also shown in 

Figure 11. Interestingly, these experiments gave a larger current response at the same 

voltages. This suggests that Mo-TPA is not contributing to the current enhancement and 

that the peak in the -1.12 V region in the presence of acetic acid is wholly attributed to 

acetic acid alone. While it is noted that the initial current response of the 0 M test is 

diminished in contrast to the previous comparison in water, possibly indicating the 

reduced properties of the material (e.g. due to oxidation), this factor alone would not 

explain the relatively lower current with acetic acid. As a result, no further experiments 

with Mo-TPA were carried out.  
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Figure 11: Cyclic voltammetry (vs. Fc/Fc+) with 1.0 mM Mo-TPA (solid lines) and without (dotted 

lines) in 15 mL acetonitrile and 0.1 M TBAHFP electrolyte, with listed amounts of acetic acid 

present. 

 

2.4 – Mo-DAD and Mo-BPY Complexes 

In a search for new complexes that may be suitable for HER, two molybdenum 

complexes were tested and displayed in Scheme 4.  The compounds are termed Mo-DAD 

((tBuN)2MoCl2·(tBuDADH)) and Mo-BPY ((tBuN)2MoCl2·bpy)). These compounds were 

prepared by Michael Land, a PhD candidate from Carleton University, with key 

characterization performed by him with 1H NMR, 13C NMR, FTIR, melting point and 

elemental analysis.52 Both compounds consist of two tert-butylimido (tBuN) groups, with 

Mo-DAD having a 1,4-di-tert-butyl-1,3-diazabutadienyl (DAD) group and Mo-BPY having a 
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2,2’-bipyridine (BPY) group coordinated to the central molybdenum atom. Both of these 

complexes have Mo in the +6-oxidation state. The main objectives here were to 

determine electrochemical characteristics with select solvents (acetonitrile, water, 

dichloromethane), for the primary purpose of hydrogen generation, examined with 

additions of water and glacial acetic acid as the proton source. 

 

 

Scheme 4: Structure for Mo-DAD ((tBuN)2MoCl2·(tBuDADH)) and Mo-BPY((tBuN)2MoCl2·bpy) 

complexes. 

 

For initial examination, 1 mM (7.2 mg) of Mo-DAD was placed into 15 mL 

acetonitrile and 0.1 M TBAHFP electrolyte with a GC working electrode and a platinum 

counter electrode. Water additions were incremented to a total of 0.37 M, 1.1 M, 1.9 M, 

2.6 M, 3.7 M, 7.4 M, 11.1 M, and 18.5 M. The cyclic voltammetry measurements for 

solutions with 0 M, 0.37 M, 1.1 M, 1.9 M, and 3.7 M of water are shown in Figure 12. At 

0 mL water, an irreversible reduction peak is observed at ~-1.9 V (vs. Fc/Fc+) with the total 
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current at 37 µA, with no associated oxidation peak visible. No other reduction events are 

seen before the potential window is reached around -2.6 V. With 0.37 M water addition, 

the reduction peak significantly increased to 56 µA, and the reduction peak shifted to less 

negative voltage of -1.71 V. A small oxidation peak also became visible at ~-1.0 V. This 

relatively large potential shift with the reduction peak is noted even without ferrocene 

correction (~-1.77 V uncorrected), and so should be noted as likely a structural change in 

the catalyst. This is correlated with further additions of water. 1.1 M led to a small 

increase the maximum peak to ~-1.78 V with a current of 63 µA. 1.9 M shows a strong 

change in this trend, essentially collapsing this peak with further additions. 

 

 

Figure 12: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of Mo-DAD in 15 mL 

acetonitrile and 0.1 M TBAHFP electrolyte, with the additions of 0.37 M, 1.1 M, 1.9 M, and 3.7 M 

water. 
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An examination was subsequently done with dichloromethane as the solvent, in 

order to verify if solvent served as a key factor, similar to that seen with Mo-TPA. The 

initial response of the complex gave a more distinct signature, with a reduction peak in 

the -1.3 to -1.47 V (vs. Fc/Fc+) region with a current of 17 µA (Figure 13). Another 

reduction can be observed at ~-2.2 V. With additions of water from 0.37 M to 1.9 M, the 

first peak interestingly shifts to a more negative potential (anodically) to -1.77 V with 0.37 

M water. 0.74 M brings this peak to -1.66 V, and 1.1 M the reduction event returned to 

its original potential, at -1.44 V and 25 µA. However further additions diminish this peak. 

This suggests that 1.1 M is a turning point for water potentially binding with the base 

complex, as the enhancement maximizes here both in acetonitrile and dichloromethane.  

 

 

Figure 13: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of Mo-DAD in 15 mL 

dichloromethane and 0.1 M TBAHFP electrolyte, with the additions of 0.37 M, 0.74 M, 1.1 M, 1.5 

M, 1.9 M water. 
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Testing with Mo-BPY followed the same procedure, starting with 15 mL 

acetonitrile and 0.1 M TBAHFP electrolyte. The first CV from -0.65 V to -2.15 V (vs. Fc/Fc+), 

where an overlapping trend develops at the first reduction peak at -1.79 V with a current 

of 54 µA, as seen in Figure 14. The next scan from -0.65 to -3.15 V overlays the first 

reduction peak as well as a second reduction peak at -2.7 V. However, there are some 

changes to the first reduction peak at -1.79 V with continuous scans, as it appears to shift 

to more negative voltage and decrease in current. This could be seen in this instance of a 

CV scan, where continuous scans out to -3.15 V fairly rapidly degrades and flattens the 

first peak at -1.79 V. This same behaviour does not occur with the first scan limited from 

-0.65 V to -2.15 V, with the peak remaining constant at the same current strength. One 

possibility is that by reaching this second reduction point of the complex (past ~-2.7 V (vs. 

Fc/Fc+)) an irreversible transformation by reduction occurs and influences the first 

reduction peak. If the structure of the complex is irreversible change (by such that a ligand 

component is removed), then reversibility is diminished, and the observed peaks 

gradually decline. This concern would be correlated during later testing with acetic acid 

additions. 
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Figure 14: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of Mo-BPY in 15 mL 

acetonitrile, 0.1 M TBAHFP with no added substrate, starting from -0.65 V to -2.15 V (blue) 

performed first, and -0.65 V to -3.15 V (red) performed second at a scan rate of 100 mV s-1. 

 

From here, testing with water additions to the complex in acetonitrile was carried 

out. Additions were made from 0.37 M to 11 M, with choice additions highlighted in 

Figure 15 for clarity. Immediately with 0.37 M addition, a significant change is seen in the 

appearance of two reduction peaks at ~-1.9 V and ~-1.55 V (vs. Fc/Fc+). These reduction 

events continue to change with increasing water concentration.  This could be explained 

by the coordination of water molecules to the complex, particularly directly to the 

molybdenum atom where chloride is present. This type of coordination is fairly common 

where accessibility to these halides allows substitution, especially in high polar solvents 

such as water.53 Further additions of water nominally enhance this peak to a maximum 

current of 57 µA at -1.29 V at 3.7 M water.  
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Figure 15: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of Mo-BPY in 15 mL 

acetonitrile with water additions of 0 M, 0.37 M, 0.74 M, 1.9 M, and 3.7 M, scanning from 0 to -

2.0 V at a scan rate of 100 mV s-1. 

 

Overall, the performance observed with the addition of water does not 

particularly suggest HER catalytic activity, with a minimal increase of current from 50 µA 

to 57 µA. The indication that the original peak was eliminated with the creation of a new 

peak is not typically associated with favourable results, due to materials trending to more 

stable configurations where possible in the local environment. Pairing with these results 

are visual observations indicating strong changes with small additions of water. The initial 

colour of the solution with no water present was transparent yellow. At 0.74 M of water 

present, the solution turned clear, and at 1.9 M the solution became cloudy white. Colour 

change is a distinct indicator that one of the substrates is being modified, most commonly 
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this being the complex present in the solution, and this correlates strongly with the 

significant shift in peaks detected in CV. 

With the observation that minor amounts of water caused a rearrangement of the 

detected CV peaks with no notable enhancement of current, it was decided to investigate 

the electrochemical effects of adding acetic acid to this complex, serving as a proton 

source. In the presence of acetic acid and correlating with the previous tests regarding 

potential window limits (Figure 14), it was determined that scans out to -3.15 V (vs. Fc/Fc+) 

would induce a dramatic shift in the overall electrochemical chemistry as compared to 

restricting scans to -2.15 V (Figure 16). With 0.02 M addition of acid, the CV displayed a 

reduction at -1.90 V (vs. Fc/Fc+). However, the sample that was scanned to -3.15 V shows 

a smaller current comparatively. Background in the absence of complex shows some 

effect from the acetic acid addition, but no significant reduction at -1.90 V. This large 

difference in potential is theorized to be attributed to decomposition and fouling of the 

electrodes, as reduction of acetic acid should parallel that of background as a maximum 

reduction point. Likewise, this is beyond the possible variance of Ag wire placement and 

ferrocene correction, with the relative maximum impact of those potential variables 

being approx. ± 0.2 V at extremes. Visual observations of the working electrode indicated 

mild tarnishing and blackening, but further testing such as polishing and re-insertion of 

the working electrode was not performed. Rather, test conditions were adjusted to 

restrict the potential to -2.2 V (vs. Fc/Fc+), with positive results thereafter in regard to 

total enhancement with acetic acid. 
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Figure 16: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-BPY and 

background in acetonitrile with 0.02 M AcOH additions. Background without catalyst present 

(blue), Mo-BPY scans from 0 to -3.1 V (red), Mo-BPY scans from 0 to -2.1 V (green). 

 

With the restrictions for cyclic voltammetry set to a maximum of -2.2 V (vs. Fc/Fc+), 

sequential additions of acetic acid were performed with and without catalyst present. The 

most significant enhancements and deviation from background occurred at low amounts 

of acetic acid present, with 0.01 M enhancing the peak at -1.79 V (vs. Fc/Fc+) from a 

relative 53 µA to 112 µA peaking at -1.91 V, as seen in Figure 17. The relative background 

current here at -1.91 V increases from 8 µA to 15 µA in comparison. With 0.04 M AcOH 

the current enhancement remains favourable with 108 µA vs. 45 µA, with and without 

catalyst respectively, although the peak has lost some definition and background is 

beginning to increase (Figure 17). As an alternative method to highlight overpotential 
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requirements, using 100 µA as a comparison point, the 0.04 M AcOH solution with catalyst 

present requires -1.86 V to that of -2.03 V for background.  

 

 

Figure 17: Cyclic voltammetry comparison under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-

BPY in 15 mL acetonitrile, 0.1 M TBAHFP with complex present (blue) and background (red). 

Increments of 0.01 M and 0.04 M AcOH are shown with complex present (light blue) and 

background (light red). 

 

The background continued to increase parallel to that with catalyst present, up to 

the maximum with 0.62 M AcOH. Here a reduction peak associated with acetic acid 

dominates at around -1.25 V at 30 µA, with full onset reduction continuing soon after 

around -1.4 V (Figure 18). The presence of catalyst nominally improves this initial peak to 

37 µA, but soon after trends close to that of background. Full graphing of the additions of 

AcOH, with and without catalyst, can be seen in Figures 19 and 20. 
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Figure 18: Cyclic voltammetry comparison under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-

BPY in 15 mL acetonitrile, 0.1 M TBAHFP with complex presence in 0.40 M AcOH (red) and with 

0.62 M AcOH (blue). Without complex or substrate present (black) and with 0.40 M, 0.62 M AcOH 

(green/purple). 

 

 

Figure 19: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-BPY in 15 mL 

acetonitrile, 0.1 M TBAHFP with catalyst present, scaling from 0 M to 0.62 M AcOH additions. 



 

46 

 

 

Figure 20: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM Mo-BPY in 15 mL 

acetonitrile, 0.1 M TBAHFP without catalyst present, scaling from 0 M to 0.62 M AcOH additions. 

 

With the possibility of usable catalytic activity observed with Mo-BPY, CPE was 

performed with an applied potential of -1.17 V (vs. Ag wire, -1.75 V vs. Fc/Fc+) over 3600 

s with a concentration of 0.11 M AcOH. This potential was chosen to target the initial Ecat 

of the reduction peak at 0 M seen at -1.79 V (vs. Fc/Fc+), with the amount of acetic acid 

chosen to modestly surpass the minimum amounts required, expecting some possible 

consumption of the substrate over time. However, this potential was determined to be 

likely too low to be effective, as the average hydrogen detected over three runs was 

calculated to be 0.6 ± 0.36 µmol H2, generally determined to be too close to negligible. 

Therefore, the potential was increased to -1.35 V (vs. Ag wire, -1.93 V vs. Fc/Fc+), with 

trials covering 0.04 M, 0.33 M, and 0.55 M AcOH. With these new parameters, 0.04 M 

AcOH yielded positive results, with 2.2 µmol H2 detected compared to the background of 

0.02 µmol. These results indicate a slight capability for hydrogen production above that 
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of background, although the total amounts of H2 remain negligible. The trials at 0.33 M 

were less clear, with 15.0 µmol and 13.2 µmol H2 obtained with and without catalyst 

respectively. This is further correlated with trials at 0.55 M AcOH, providing results of 28.4 

µmol and 30.6 µmol H2 obtained with and without catalyst respectively. At these higher 

acetic acid concentrations, it is less clear if the complex is positively contributing to H2 

production. These trials were not extensively repeated since there was little if any 

difference between background and catalyst trials.  

Visual observations during these CPE experiments highlight significant changes 

during experiments carried out with -1.17/-1.35 V (vs. Ag wire), as seen in Figure 21. The 

original state of solution changes from transparent yellow to a bright reddish hue, only 

occurring in the presence of Mo-BPY. This process gradually occurs over the timeframe of 

applied potential becoming more deeply coloured. With the sample transferred to a 

non-N2 purged vial, the colour does fade gradually over the course of hours in open air. 

The colour is likely lost due to oxidation of the product with atmospheric exposure.  

 

Figure 21: Comparison of 1.0 mM Mo-BPY to initial state in acetonitrile with catalyst present, no 

substrate added (A), with 0.11 M AcOH present and after 3600 s CPE at -1.17 V (vs. Ag wire) (B), 

with 0.55 M AcOH present and after 3600 s CPE at -1.35 V (vs. Ag wire) (C). 
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In this chapter, we have covered several differing complexes, both in metal 

centers and ligand structures. We have observed the variations in cyclic voltammetry 

results that they may produce, with and without added substrate. Furthermore, we can 

observe the effects of substrate addition and applied reduction potentials on visual 

observations of the experiment and potential outcomes for the end objective of effective 

hydrogen production versus background. An important consideration is that 

enhancement of a known reduction peak is a good indicator of a type of catalytic process 

occurring, but this does not necessarily lead to the desired reaction (e.g. hydrogen 

production). Conversion of the catalyst into another form, seen as decomposition and 

fouling of the electrodes, both counter and working electrodes is key to recognize as part 

of the analysis process. Occasionally, however, conversion of the catalyst and even fouling 

of the electrode may result in remarkably positive attributes, as will be further explored 

in Chapter Four. 

 

2.5 – Experimental Details 

2.5.1 – General Methods 

Commercial reagents were purchased from Sigma-Aldrich, Alfa-Aesar and TCI 

America and were used without further purification. Synthesis reactions that were 

performed in an inert atmosphere were conducted under nitrogen. NMR spectra 

measurements were carried out on a Bruker Avance II 400 instrument at room 
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temperature. ESI-MS was performed on a Waters SYNAPT G2 High-Definition Mass 

Spectrometer. Electrochemical measurements were performed on a Princeton Applied 

Research VersaSTAT 3 Potentiostat (Mn-TPA, Mn-DPA) and PGZ 301 VoltaLab 

Potentiostat (Mo-TPA, Mo-DAD, Mo-BPY). Gas chromatography measurements were 

performed using an Agilent 7820 A equipped with a thermal conductivity detector (TCD) 

and Agilent select permanent gases column. For detection of hydrogen gas, gas samples 

of 200 μL were taken using a 250 μL gas tight syringe, extracted from the headspace of 

the electrochemical cell. Hydrogen molar quantities were calculated from the detected 

area (μV·s) by GC-TCD from a prepared hydrogen calibration curve. 

 

2.5.2 – Electrochemical Cell Setup 

Electrochemical characterization of the complex was performed in a 40 mL three-

neck flask with a glassy carbon working electrode for CV characterization, a silver wire as 

the reference electrode, and a platinum wire for the counter electrode. A graphite rod for 

the working electrode and a platinum mesh as the counter electrode were used when 

CPE hydrogen production experiments were performed. The regular cell standard is 15 

mL of acetonitrile, 0.1 M of TBAHFP, and 1 mM of examined sample, while purged under 

a nitrogen atmosphere. When water was the solvent, an Ag/AgCl reference electrode (3 

M KCl) was used in place of the silver wire.  

 

 



 

50 

 

2.5.3 – Synthesis of Tris(2-pyridylmethyl)amine (TPA) Ligand 

Synthesis of the Tris(2-pyridylmethyl)amine (TPA) ligand – 0.25 mL of 

2-picolylamine (1.049 g/mL, 108.14 g/mol, 2.4 mmol), 0.475 mL of 

2-pyridinecarboxaldehyde (1.126 g/mL, 107.11 g/mol, 4.99 mmol), 1.56 g of sodium 

triacetoxyborohydride (211.94 g/mol, 7.36 mmol) acting as the catalyst were added in an 

approximate 1:2:3 molar equivalence to 37.5 mL of dichloromethane. The mixture was 

stirred in a closed 100 mL round bottom flask for two days at room temperature. Solution 

was orange before and after this time period. At that point, 37.5 mL of saturated NaHCO3 

was poured into the flask, continuing the previous stirring for 30 min at room 

temperature. Immediate foaming occurred with a visible separation of two layers over a 

few minutes, a clear-orange top layer for water and an opaque-orange bottom layer for 

dichloromethane, with some foaming continuing at the interface between the two layers. 

The foaming is indicative of the sodium bicarbonate neutralizing excess acid from the 

reaction process. This mixture was poured into an extraction funnel with 25 mL of ethyl 

acetate added to separate components further. After extraction, the bottom layer of 

dichloromethane was retained as the organic layer and this extraction was passed 

through a large filter with a large amount of sodium sulfate as a drying agent. The 

remaining solvent was removed by rotary evaporation, yielding an orange-brown oil. This 

oil was washed thoroughly and repeatedly in the same flask using pentane to capture the 

desired product, with the pentane kept and placed in a 100 mL beaker. The pentane was 

left to evaporate overnight, and a yellow-orange solid remained, weighing 0.615 g (87% 

yield). 1H NMR spectra with CDCl3 of this material compared well with reported TPA.  
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2.5.4 – Synthesis of Mn-TPA, Mn-DPA, and Mo-TPA 

Synthesis of the Mn-TPA: In a nitrogen filled glovebox, 0.351 g of the TPA ligand 

(290.36 g/mol, 1.21 mmol) and 0.323 g of Mn(CO)5Br (274.892 g/mol, 1.18 mmol) and 18 

mL of THF was placed in a 50 mL round bottom flask. This flask was covered in aluminum 

foil to protect the reaction mixture from ambient light and sealed before being taken out 

of the glovebox and brought to a purged vertical condenser and carefully attached with 

steps taken to minimize oxygen contamination. The flask was stirred and heated to reflux 

for 2 h, with a large amount of yellow precipitate formed after this time period. The 

solution and precipitate were passed through a Fisher Scientific P8 coarse filter paper, 

washed with additional THF and the remaining product was left to dry overnight in an 

open vial. The final product was a 0.420 g yellow powder (product 429.0759 g/mol, 83% 

yield). Reported yield for Mn-TPA synthesis is 82% from literature.47 The identity of Mn-

TPA was confirmed by comparison of the 1H NMR in dimethyl sulfoxide-d6 and by high 

resolution ESI-MS to reported values.47 General reaction scheme is provided in Scheme 5. 

Synthesis for the Mn-DPA complex followed the same procedure as for Mn-TPA, 

using 0.167 g (0.838 mmol) of bis(2-pyridylmethyl)amine (DPA) in place of the TPA ligand. 

0.225 g (0.818 mmol) of Mn(CO)5Br with DPA was dissolved in 25 mL of THF, refluxing for 

a period of 2 h. The resulting precipitate was filtered with coarse filter paper and dried in 

air, resulting in a beige powder. The final mass was 0.231 g with a yield of 68%. The 

identity of Mn-DPA was confirmed by comparison of the 1H NMR in dimethyl sulfoxide-d6 

with reported values.54 General reaction scheme is provided in Scheme 5. 
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Scheme 5: Reaction schemes for the synthesis of [Mn(κ3-TPA)(CO)3]+Br- (Mn-TPA) and [Mn(κ3-

DPA)(CO)3]+Br- (Mn-DPA) complexes. 

 

Synthesis of the Mo-TPA Complex: 0.249 g of the TPA ligand (290.36 g/mol, 0.858 

mmol), and 0.206 g of Mo(CO)6 (264.026 g/mol, 0.780 mmol) and 15 mL of ethanol was 

placed in a 50 mL round bottom flask. This flask was purged with nitrogen, and after 

reagents added, covered in aluminum foil to protect from ambient light. This flask was 

brought to a nitrogen-purged vertical condenser with attention to maintain a purged 

state. The initial solution was a deep red brown colour. The flask was stirred and placed 

under reflux for 2 h, with an observable large amount of reddish-orange precipitate 

formed after this time period. The solution and precipitate were passed through a paper 

filter, washed with additional ethanol and left to dry overnight. The final product was a 

0.221 g orange powder, 59% yield of Mo-TPA with visual appearance matching 

description of literature.   The identity of Mo-TPA was confirmed by comparison of FTIR 

and 1H, 13C NMR in dimethyl sulfoxide-d6 with reported values.50,51 
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Chapter 3: Macrocyclic Complexes 

3.1 – Preamble 

With the findings of instability and decomposition from the previous complexes, 

the search for electrocatalytic complexes shifted to a different family of macrocyclic 

complexes. Rather than relying on a ligand that partially encloses the metal ion with tri-

dentate/bi-dentate arms, macrocyclic complexes with a closed-ring ligand are reported 

to be stable and resistant to acids and alkalis.55 In this chapter, we will cover the synthesis 

and electrochemical characterization for a number of macrocyclic complexes. These 

complexes will be based around the complexes of Mn(II), Fe(III), Ag(I), and Ni(II) using 

quinquedentate N5 and N3O2 macrocyclic ligands.56 A brief description of the synthesis 

procedure will be provided, with in-depth synthesis and characterization details provided 

at the end of the chapter. In establishing a naming convention for these complexes, these 

are synthesized with two ligand components. Since 2,6-diacetylpyridine (2,6-dap) is 

common to all of these compounds it was not used in the abbreviated naming (Scheme 

6, left). The second main ligand component was a diamine and was the variable 

component of the ligands, consisting on one of 1,8-diamino-3,6-dioxaoctane (1,8-dia), 

triethylenetetramine (TETA), or 1,2-bis(3-aminopropylamino)ethane (1,2-bis) (Scheme 6, 

right).  
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Scheme 6: Molecular structures for 2,6-diacetylpyridine (left), 1,8-diamino-3,6-dioxaoctane (top 

right), triethylenetetramine (center right), and 1,2-bis(3-aminopropylamino)ethane (bottom 

right).  

 

Simplifying a naming convention for the complexes, the complex names will be 

the metal, followed by the number and nature of the coordinated elements attached to 

the metal center with the complete complex (e.g., Mn3N2O). In the case of identical 

metals, the oxidation state will be noted (Fe3+3N2O, Fe2+3N2O). To differentiate between 

triethylenetetramine and 1,2-bis(3-aminopropylamino)ethane complexes, a suffix 

denoting the number of carbons present between the nitrogen atoms will be placed, as 

they differ primarily in that manner (e.g., Mn5N-2,2,2 for triethylenetetramine 

complexes, Mn5N-3,2,3 for 1,2-bis(3-aminopropylamino) complexes.  

The macrocyclic complexes covered in this chapter will be for initial attempts to 

create Mn3N2O, Fe3+3N2O, Fe2+3N2O, followed by an alternative synthesis to create 

Mn3N2O, Mn5N-2,2,2, Mn5N-3,2,3, Fe5N-2,2,2 and Ni5N-3,2,3. Ag5N-3,2,3 is 

synthesized as an precursor to Ni5N-3,2,3 synthesis via transmetalation.  The full names 

for the complexes explored are as follows in Table 1 and shown in Scheme 7. Mn3N2O 

was not characterized by single crystal XRD, with the basic proposed structure in Scheme 
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7. The preliminary investigation section complexes in Section 3.2 are not included due to 

them being determined as early unsuccessful syntheses.  

 

Table 1: Full nomenclature for main complexes explored in Chapter 3 and associated short name 

version. 

Full Nomenclature Short Name 

Diaqua-(2,13-dimethyl-6,9-dioxa-3,12,18-triazabicyclo[12.3.1]octadeca-

1(18),2,12,14,16-pentaene-κN3,κN12,κN18,κO6,κO9)-manganese(II) 

perchlorate chloride 

Mn3N2O 

Diaqua-(2,13-dimethyl-3,6,9,12,18-pentaazabicyclo[12.3.1]octadeca-

1(18),2,12,14,16-pentaene-N3,N6,N9,N12,N18)-manganese(II) perchlorate 

chloride 

Mn5N-2,2,2 

Chloro-(2,15-dimethyl-3,7,10,14,20-pentaazabicyclo[14.3.1]eicosa-

1(20),2,14,16,18-pentaene-N3,N7,N10,N14,N20)-aquamaganese(II) 

perchlorate 

Mn5N-3,2,3 

Dichloro-(2,13-dimethyl-3,6,9,12,18-pentaazabicyclo[12.3.1]octadeca-

1(18),2,12,14,16-pentaene-N3,N6,N9,N12,N18)-iron(III) perchlorate 
Fe5N-2,2,2 

(2,15-dimethyl-3,7,10,14,20-pentaazabicyclo[14.3.1]eicosa-

1(20),2,14,16,18-pentaene-N3,N7,N10,N14,N20)-silver(I) perchlorate 
Ag5N-3,2,3 

Methanol-(2,15-dimethyl-3,7,10,14,20-pentaazabicyclo[14.3.1]eicosa-

1(20),2,14,16,18-pentaene-N3,N7,N10,N14,N20)-nickel(II) diperchlorate 
Ni5N-3,2,3 
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Scheme 7: Schematic structures for main complexes in Chapter 3. 

 

Some inspiration for exploring these macrocycle complexes came from the work 

of Wang et al. (2019).57 This reference covers the use of four macrocyclic complexes with 

variation of the metal centers between Co2+/Mn2+/Fe3+/Zn2+ and compared their 

reduction events and HER catalytic behavior in the presence of aqueous pH 7.0 sodium 

phosphate buffer solution. Cobalt in particular showed a strong catalytic response at a 

peak of -1.1 V (vs. NHE), with a significant increase in current density 0.5 mA cm-2 to ~3.5 

mA cm-2. CPE experiments at this potential were found to produce hydrogen, with an 

output of 390 mol H2 (mol catalyst)-1 h-1 cm-2 and a Faradaic efficiency of 99 ± 4% under 

20 µM concentration, 1 hr timeframe and 1.0 cm-2 working electrode. This result may be 

tempered with the fairly high overpotential requirements of 680 mV (vs. NHE) for this 
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work, but otherwise highlights a foundation for macrocycle molecular synthesis and 

electrochemical analysis with substrate addition.  

 

3.2 – Initial Investigation with 3N2O Complexes 

Three macrocycles were planned with Mn2+, Fe3+ and Fe2+, with 2,6-

diacetylpyridine and 1,8-diamino-3,6-dioxaoctane as the ligand components (Scheme 8). 

Critically, this synthesis calls for the use of 1:1 water/ethanol with a small amount of AcOH 

added as a catalyst. Each product from these attempts was distinct in visual appearance 

– Mn3N2O appeared as a light brown solid, Fe3+3N2O displayed a fluffy light yellow 

material, and Fe2+3N2O was a black and clumped solid.  

 

 

Scheme 8: General reaction scheme for initial series of M3N2O type macrocycle complexes. 

 

Cyclic voltammetry was performed on these three species using the same cell 

conditions - 15 mL of acetonitrile with 0.1 M TBAHFP, a silver wire as the reference 

electrode (externally referenced to ferrocene/ferrocenium couple), a glassy carbon 

working electrode, and a platinum wire as the counter electrode. These were assessed 
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individually – however, an interesting pattern became quickly apparent. With all three 

samples, the CV was nearly identical, displaying only slight potential shifts from one 

another, likely attributable to the variability of using ferrocene as the reference along 

with the silver wire (Figure 22). The first reduction peak is aligned approximately to that 

of -2.15 V (vs. Fc/Fc+). A second weaker reduction was seen at approximately -2.45 V. The 

next reduction peak is approx. at -2.85 V, forming on its return oxidation an unusual 

narrow gap at -2.75 V, not previously observed in any testing. A CV was then carried out 

with only 2,6-diacetylpyridine present with the normal electrochemical cell setup. This 

voltammogram was essentially the same as those of the purported 3N2O complexes 

(Figure 22). With the near exact similarity between the three samples and that of 

2,6-diacetylpyridine, it is proposed that the macrocyclic formation was incomplete 

perhaps due to the use of water in this synthesis procedure. This is supported by 

subsequent research that suggested that water may inhibit the formation of the 

macrocycle. In literature from an extensive collaboration of scientists that tested a great 

number of these macrocycles, they note specifically ‘If the reaction is carried out in the 

presence of water, hydrolysis occurs to give an octahedral complex of the ring-opened 

ligand’.58,59 
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Figure 22: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) for attempts at Mn3N2O, 

Fe3+3N2O, Fe2+3N2O, 2,6-diacetylpyridine (2,6-dap) and Mn3N2O after stirring, N2 purging. 

 

3.3 – Alternative Preparation of Macrocyclic Complexes 

After these results, further review of literature was conducted for an alternative 

synthesis procedure. One was found with a rather simple change – removal of water and 

using only ethanol, and removal of acetic acid addition.60 A generalized reaction scheme 

is presented in Scheme 9. The presence of water may not be wholly responsible for the 

previous findings. However, the high level of difference in end product, most readily 

visually and electrochemically by cyclic voltammetry, appears to substantiate the change 

in procedure. Electrochemical characterization was conducted by cyclic voltammetry with 

the cell setup identical to the previous samples. Ferrocene correction was not performed 
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for Mn3N2O, Mn5N-2,2,2 and Mn5N-3,2,3 samples due to this being a cursory 

exploration as well as ferrocene presence obscuring oxidation responses above 0 V. 

 

 

Scheme 9: Generalized reaction scheme for second series of M3N2O, M5N-3,2,3, and M5N-2,2,2 

type macrocycle complexes. 

 

3.3.1 – Mn3N2O Macrocycle Complex 

The final product of Mn3N2O using the new procedure appeared as a bright 

orange powder contrasting to the previous Mn3N2O sample. Mn3N2O complex was 

characterized by FTIR and cyclic voltammogram measurements compared with previous 

section tests. While there are certain key FTIR characteristics noted in literature that may 

indicate a successful synthesis of the macrocyclic complex, such as an identical response 
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of the pyridine ring at 1590 cm-1, and absence of a peak in the 3200-3300 cm-1 region, the 

complex formation is not confirmed by alternative characterization such as single crystal 

XRD, or 1H NMR due to paramagnetism.56   

Starting with Mn3N2O in 15 mL acetonitrile, 0.1 M TBAHFP as electrolyte – the 

oxidation side electrochemistry presents a clear reversible oxidation event at E1/2 = 0.94 

V (vs. Ag wire), with a current strength of 12 µA and 10 µA for the oxidation and reduction 

peaks here (Figure 23). A possible oxidation event is also observed in the 2.2 V region, 

appearing as an oxidation peak at ~2.25 V and a return reduction peak at ~2.15 V. These 

peaks are not well defined and overlap with the solvent window limits. In the cathodic 

region, the first reduction appeared as an irreversible reduction event, with the peak 

at -1.10 V (vs. Ag wire) and 19 µA (Figure 23). A smaller less-defined reduction peak is also 

observed at -1.25 V and 18 µA. A third broad reduction peak is observed at -1.78 V with 

21 µA current. No return oxidation peaks are observed. With water addition, the first 

reduction peak gradually increases in current with each step of addition, maximizing with 

5.6 M at 77 µA. The second reduction peak from 0.37 M onward is observable but 

significantly varies in potential with each addition. The first and second reduction peak 

maximizes from ~5.6 M to 9.3 M. The third reduction peak enhances significantly with low 

amounts of water (0.74 M, 39 µA), although this reduction event appears to diminish for 

water additions past this point, with 5.6 M and above eliminating observability entirely.  
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Figure 23: Cyclic Voltammetry under cathodic potentials (vs. Ag wire) of 1.0 mM complex Mn3N2O 

in 15 mL acetonitrile, 0.1 M TBAHFP with listed amounts of water addition. The inset graph is 

cyclic voltammetry under anodic potentials in acetonitrile without water present from 0 to 2.5 V 

(vs. Ag wire). 

3.3.2 – Mn5N-2,2,2 Macrocycle Complex 

Mn5N-2,2,2 synthesis was confirmed by single crystal XRD matched in the 

Cambridge database and FTIR. Examining Mn5N-2,2,2 under anodic potentials, the inset 

in Figure 24 shows a quasi-reversible couple was seen at an E1/2 = 1.62 V (vs. Ag wire), and 

an irreversible reduction peak at 0.68 V. Under cathodic potentials, the only 

electrochemical response in acetonitrile was a broad irreversible reduction peak in 

the -1.5 to -1.7 V region (vs. Ag wire) (Figure 24). This reduction event appeared to change 

with the addition of water. With 1.1 M water present, two irreversible reduction peaks 

appear at approximately -1.32 V and -1.47 V. Expanding the potential window from 0 V 
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to 0.5 V for a sample with 2.6 M water (Figure 24, green and purple), it appeared the first 

reduction is linked to an oxidation event at -0.04 V. With this oxidation event overlayed, 

the first reduction peak is seen at -1.4 V as part of the entire reduction event. Interesting 

is the significant increase of current for this reduction, growing from 63 µA to 109 µA 

at -1.5 V with no other changes. Further additions of water enhance this peak to a 

maximum of 158 µA at 4.6 M, diminishing in current strength gradually with higher 

amounts. Additionally, a quasi-reversible couple develops at E1/2 = -0.49 V that holds 

steady after 4.6 M is present. The potential window for reduction of water at the 

electrode is observed past -1.8 V with amounts of water higher than ~1.1 M. 

 

 

Figure 24: Cyclic voltammetry under cathodic potentials (vs. Ag wire) of 1.0 mM complex Mn5N-

2,2,2 in 15 mL acetonitrile, 0.1 M TBAHFP with listed amounts of water addition. The inset graph 

is cyclic voltammetry under anodic potentials in acetonitrile from 0 to 2.5 V (vs. Ag wire). 
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The enhancement that is observed is likely to be attributable to the first reduction 

peak in the -1.5 V region, developing roughly in-line with the peak at 1.1 M and -1.47 V. 

This peak develops at the same approximate potential with further additions of water, 

with no major shifts observed. The current growth from ~20 µA to 158 µA does indicate 

a reasonable possibility for catalytic hydrogen production from water as a substrate, 

although clear visible indicators such as bubble formation on the working electrode were 

not present. Fouling or other homogeneous products were not observed on the working 

or counter electrode after testing.  

 

3.3.3 – Mn5N-3,2,3 Macrocycle Complex 

Mn5N-3,2,3 synthesis was confirmed by single crystal XRD. Exploring with cyclic 

voltammetry under anodic potentials, the inset in Figure 25 shows a single irreversible 

oxidation event at 1.44 V, with no other notable features. Under cathodic potentials, 

similar to Mn5N-2,2,2, a single broad irreversible reduction peak is observed, although 

appearing at a much lower potential of -1.28 V (vs. Ag wire) (Figure 25). With water 

addition, the peak at -1.28 V gradually enhances to a maximum of 51 µA at -1.35 V, with 

a clear oxidation peak at 0.18 V. However, additions of water past this point significantly 

changes the reduction curve, developing two new reduction peaks at -0.85 V and -1.86 V. 

Additionally, the oxidation peak that developed at 0.18 V was eliminated entirely. The 

maximum current of the two reduction peaks is 58 µA and 144 µA respectively.  
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Figure 25: Cyclic voltammetry under cathodic potentials (vs. Ag wire) of 1.0 mM complex Mn5N-

3,2,3 in acetonitrile with listed amounts of water addition. The inset graph is cyclic voltammetry 

under anodic potentials in acetonitrile from 0 to 2.5 V (vs. Ag wire). 

 

While the maximum current strength of 144 µA at -1.86 V (vs. Ag wire) is notably 

high compared to 0 M, and thus perhaps a sign of effective electrolysis of water, it should 

be noted that the potential window for reducing water at the electrode has not been 

observed here up to -2.0 V. Instead, a reduction event is occurring at this potential of 

~-1.8 V with the observation of a clear reduction peak. This correlates with the visual 

observation of fouling on the counter electrode as an orange coating. Furthermore, the 

peak strength at ~-1.8 V notably diminishes with continuous CV cycles, suggesting that 

the complex is being irreversibly consumed in some form. With this change only occurring 

with the presence of water, it suggests that water facilitates the deposition of Mn5N-3,2,3 
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on the electrode in some form, materially changing the complex. This was not observed 

with the similar complex Mn5N-2,2,2. Looking at the structural configuration in the crystal 

structure, Mn5N-3,2,3 is distorted, with the macrocyclic ligand bending at ~110° from the 

side and is accompanied by only one chloride. This configuration would lead to a higher 

susceptibility to substituting molecules such as chloride for water, and this decomposition 

possibly induced by electrolysis with water, although this was not explored in detail. 

 

3.3.4 – Ni5N-3,2,3 Macrocycle Complex 

The Ni5N-3,2,3 synthesis was conducted by two separate procedures, one by 

direct synthesis and another later by transmetalation with a prepared Ag template. 

Despite the complex being reported as not possible to directly synthesize, the complex 

was attempted to be made regardless. This led to a positive outcome where a discrete 

purple powder was made as a final product and was found to support the formation of a 

heterogeneous film under electrolysis. This product was established as not forming the 

intended macrocyclic complex, but an open-ended complex with 1,2-bis(3-

aminopropylamino)ethane and NiCl2. This product will be covered in detail in Chapter 4. 

The second procedure following the reported synthesis pathway in making Ni5N-3,2,3 

involves the formation of the complex using Ag(I), then using transmetalation to 

substitute it with Ni(II).61 A PhD candidate in our group, Somayeh Norouziyanlakvan, 

followed the initial procedural steps and successfully created the Ag precursor complex, 

with myself following up with the Ni complexation and further creation of Ag complex for 
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additional Ni5N-3,2,3 synthesis. Nitrite reduction to ammonia and/or hydroxylamine 

would later be tested as supplemental information in comparing to their previous 

incomplete Ni5N-3,2,3 macrocyclic complex. Ag5N-3,2,3 synthesis would be confirmed by 

single crystal XRD performed by Somayeh and 1H NMR in CD3CN. Ni5N-3,2,3 synthesis was 

confirmed by single crystal XRD. 

Exploring cyclic voltammetry of Ni5N-3,2,3 under cathodic potentials, two 

reversible reductions events were observed with E1/2 = -1.23 V and -1.85 V (vs. Fc/Fc+) 

(Figure 26). The inset in Figure 26 shows under anodic potential a single irreversible 

oxidation event observed at 1.43 V (vs. Ag wire).  Additions of water indicate an increase 

of current from the second reduction peak, moving from 27 µA to 51 µA with 0.37 M 

water present (Figure 27). The first reduction event increase in current as well from 11 µA 

to 28 µA, although the oxidation peak loses form and could be considered quasi-

reversible. From 3.7 M to 5.6 M, a clear peak develops at -1.36 V, and maximizes at 7.4 

M, -1.30 V at 76 µA. The potential continues to shift slightly right with further water 

additions, decreasing in current strength at 11 M and -1.26 V. It is not known whether this 

peak develops directly from the first reduction peak at 0 M, ~-1.4 V. A CV scan isolating 

from -0.31 to -1.51 V (vs. Fc/Fc+) at 9.3 M does indicate that the reduction event is quasi-

reversible, with Ered = -1.27 V, Eox = -1.17 V, E1/2 = -1.22 V. With the quasi-reversibility here, 

the high amount of potential shift it experiences (including accounting for ferrocene), and 

the disappearance/reemergence of the peak at 3.7 M water - it is suggested that the 

reduction event is not wholly transformed via decomposition. However, it does appear to 

be structurally affected beyond simple enhancement of the original first reduction peak. 
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With the second reduction event, information can be clearly gathered up to 5.6 M. At 5.6 

M water, the reduction peak is approx. at -1.72 V with the return oxidation broadly 

around -1.60 V. Further additions gradually reduce the presence of the second reduction 

event, likely due to eclipsing of water reduction by the working electrode and the limits 

of the potential window.  

 

 

Figure 26: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM complex Ni5N-

3,2,3 in 15 mL acetonitrile and 0.1 M TBAHFP as electrolyte, from -0.31 V to -2.31 V (black), 

and -0.31 V to -1.51 V (red). Inset graph is cyclic voltammetry under anodic potentials in 

acetonitrile from 0 to 2.0 V (vs. Ag wire). 
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Figure 27: Cyclic voltammetry under cathodic potentials (vs. Fc/Fc+) of 1.0 mM complex Ni5N-

3,2,3 in acetonitrile and 0.1 M TBAHFP as electrolyte with listed amounts of water addition. 

 

The Ni5N-3,2,3 complex was also tested for its potential for nitrite reduction using 

NaNO2 in aqueous solution. The cell setup consists of 0.1 M KCl aqueous solution, with 

KCl as the electrolyte, 0.1 M 3-morpholinopropanesulfonic acid (MOPS) as buffer, adding 

1.0 mM of Ni5N-3,2,3, and additions of NaNO2 up to 100 mM. The electrodes used were 

the standard GC electrode for working electrode, 3.0 M KCl with Ag/AgCl reference 

electrode, and platinum counter electrode wire. A minor error was made in using the 0.1 

MOPS as a free acid rather than the prepared pH 7 buffer version, but this did allow 

insights into the reactivity of the MOPS acid form.  

The initial solution setup of 0.1 M KCl aqueous solution and 0.1 M MOPS was held 

as it needed establishment if MOPS possessed any innate reactivity on its own in solution. 

Looking at Figure 28, the addition of 0.1 M MOPS causing the cathodic shift of the onset 
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to ~-1.2 V (vs. Ag/AgCl) occurs significantly earlier compared to background of 0.1 M KCl 

alone. The overall width of current between reduction and return oxidation passes is 

pronounced in the reduction area past -1.20 V, but not regarded as impactful to testing. 

With 1.0 mM Ni5N-3,2,3 added, the initial CV shifted significantly lower in potential, with 

an irreversible reduction event onsetting at ~-0.8 V and increasing in current, peaking at 

-1.40 V at 865 µA. At this same current, the 0 mM solution required -1.88 V to induce this 

current rate. It should be noted that upon addition of the catalyst and application of 

current by CV, continuous gas bubbles were induced at the electrode, disrupting the 

scans. After 20 min, the production of bubbles significantly diminished, and repeatable 

CV scans were permitted with no detected disruption to the current.  

 

Figure 28: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) with and without 1.0 mM 

complex Ni5N-3,2,3 in 0.1 M KCl aqueous solution, 0.1 M MOPS. Background measurement with 

0.1 KCl alone (black), adding 0.1 M MOPS (red), and adding 1.0 mM Ni5N-3,2,3 (blue). Inset graph 

is a zoomed view of the main graph. 
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 With NaNO2 addition starting with 10 mM, the peak initially observed at -1.40 V 

at 865 µA shifted to ~-1.3 V and 690 µA (Figure 29). Notably, the onset for this reduction 

has significantly shifted to a lower potential of ~-0.5 V from the initial -0.82 V. 20 mM 

NaNO2 generally completes this significant shift, with the peak moving to the ~-1.0 V 

region and 425 µA, with 30 mM paralleling this finding. Further additions up to 80 mM 

gradually maximizes the increase of current at -0.94 V and 490 µA. Overall, although there 

is an interesting cathodic shift of the reduction to significantly lower potentials, the lack 

of enhancement of current with higher amounts of NaNO2, as well as the lack of a defined 

peak led to the conclusion that there was no appreciable catalytic reduction of NO2
- under 

these conditions. 

 

 

Figure 29: Cyclic Voltammetry under cathodic potentials (vs. Ag/AgCl) of 1.0 mM complex Ni5N-

3,2,3 in 0.1 M KCl aqueous solution, 0.1 M MOPS with listed amounts of NaNO2 addition. 
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In conclusion, this chapter covers the brief exploration of a number of macrocyclic 

complexes. The primary goal here was the creation and characterization of the 

complexes, which led to three new crystal structures not present in the Cambridge 

database. Furthermore, these macrocyclic complexes were investigated for their general 

electrochemical functionality in acetonitrile and for possible catalytic enhancement with 

the addition of water as a substrate. Mn3N2O, Mn5N-2,2,2 and Ni5N-3,2,3 showed 

interesting enhancements in the -1.0-1.5 V ranges, potentially indicative of some degree 

of HER process occurring and worthy of further investigation. However, with the 

remarkable discoveries made in Chapter 4, and the general detriments of organic solvent 

to that of aqueous, this was left as possible future work to explore. 

 

3.4 – Crystal Structure 

3.4.1 – Fe5N-2,2,2, Mn5N-2,2,2, and Ni5N-3,2,3 

Fe5N-2,2,2 is arranged in a pentagonal bipyramidal configuration with the ligand 

forming a highly planar ring around the Fe(III) atom, with two chloride atoms on opposing 

sides (Figure 30). A perchlorate atom is observed tangentially attached to the main 

complex. Bond angle for Cl(1)-Fe(1)-N(1) is noted at 89.74 degrees, correlating to the 

observed planar ring structure. The sum of bond angles for nitrogen atoms coordinated 

around the iron atom is 360.44 degrees, noting higher or lower deviations from 360 

degrees as distortions of a perfect ring structure. With Cl(1)-Fe(1)-Cl(2), the bond angle is 
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179.38, indicating minimum distortion from internal ring configuration or external 

perchlorate anion influence.  

The bond distance for the chloride atoms are 2.3192 Å for Fe(1)-Cl(1) and 2.3462 

Å for Fe(1)-Cl(2). These distances are quite similar to the base reagent FeCl3·6H2O for the 

complex, reported at 2.296 Å for Fe-Cl, suggesting a slightly weaker bond due to the 

additional length.62 The Fe-N bonds are relatively closer, with the N(1/3/4/5) connections 

having distances ranging from 2.22-2.25 Å. In contrast, the Fe(1)-N(2) bond on the 

pyridine ring is markedly shorter at 2.175 Å, likely due to the higher electron density 

present along the conjugated pyridine ring. Additional crystal sample data and selected 

bond lengths and bond angles are provided in Table 2 and 3. 

 

Figure 30: Structural representation of Fe5N-2,2,2 (Dichloro-(2,13-dimethyl-3,6,9,12,18-

pentaazabicyclo[12.3.1]octadeca-1(18),2,12,14,16-pentaene-N3,N6,N9,N12,N18)-iron(III) 

perchlorate), obtained from single crystal X-ray analysis. One perchlorate molecule and hydrogen 

atoms have been excluded for clarity. 
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Mn5N-3,2,3 is arranged in a distorted octahedral configuration, with the ligand 

forming a complete macrocycle around the Mn(II) atom, and a single chloride atom 

coordinated to the manganese atom on one side (Figure 31). One perchlorate and one 

water molecule are tangentially adjacent to the complex. The ligand ring is moderately 

distorted to one side opposite to the chloride. Bond angle for Cl(1)-Mn(1)-N(1) of the 

pyridine ring is 133.74 degrees, highlighting the overall flexing of the pyridine counter to 

the chloride, likely due to electron density repulsion. In contrast, Cl(1)-Mn(1)-N(2) bond 

angle is modest at 93.84 degrees, Cl(1)-Mn(1)-N(3) at 108.65 degrees, signifying the 

primary repulsion at the pyridine ring, with lesser flexing at the opposite side of the 

macrocycle ring. The sum of bond angles for nitrogen atoms coordinated around the iron 

atom is 363.73 degrees, paralleling to the overall ring flexing. 

The bond distance for the chloride atoms are 2.4005(6) Å for Mn(1)-Cl(1). 

Compared to the base reagent MnCl2·4H2O for synthesis of the complex, reported at 

2.549 Å for Mn-Cl, this reduced distance suggesting a slightly stronger bond with this 

length.63 The Mn-N bonds are relatively closer, with the N2/4/5 connections having bond 

lengths close to 2.33 Å, with Mn(1)-N(3) notable longer at 2.3642 Å. The Mn(1)-N(1) bond 

on the pyridine ring is similar to Fe5N-2,2,2, in that it is shorter at 2.2297 Å, likely due to 

the higher electron density present along the conjugated pyridine ring. Overall, the 

nitrogen atom bond distance is increased to the metal center as compared to the previous 

Fe5N-2,2,2 complex. Additional crystal sample data and selected bond lengths and bond 

angles are provided in Table 2 and 4.  
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Figure 31: Structural representation of Mn5N-3,2,3 (Chloro-(2,15-dimethyl-3,7,10,14,20-

pentaazabicyclo[14.3.1]eicosa-1(20),2,14,16,18-pentaene-N3,N7,N10,N14,N20)-aquamaganese(II) 

perchlorate), obtained from single crystal X-ray analysis. One perchlorate molecule, one water 

molecule, and hydrogen atoms have been excluded for clarity. 

 

Ni5N-3,2,3 is arranged in an octahedral configuration with the ligand forming a 

complete macrocyclic, however distorting so that four nitrogen atoms (including the 

pyridine) are planar with each other, while one nitrogen atom of the macrocycle is 

approximately opposite to that of the coordinating methanol molecule with the central 

Ni(II) atom (Figure 32). Two perchlorate anions are tangentially adjacent to the complex, 

with one perchlorate hydrogen bonding with the methanol O-H group. Bond angle for 

N(4)-Ni(1)-O(1) is at 90.33 degrees, with the N(2/3/5) bonds to O(1) ranging from 86-92 

degrees. The N(1)-Ni(1)-O(1) bond angle is 166.44 degrees, likely restricted in angle by 

the adjoining macrocycle ligand structure. Total bond angle around the N(2/3/4/5) planar 
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coordination is 359.98 degrees, highlighting a strong conformation to the octahedral 

configuration despite the clear non-planar nature to the entire macrocyclic ligand. 

Bond lengths are overall shorter than the previous listed complexes, with Ni(1)-

N(1/2/3/5) bond lengths approximately equal, ranging from 2.07 Å to 2.13 Å, with the 

N(1) atom opposite of methanol having the greatest length (2.132 Å). Ni(1)-N(4) from 

pyridine is notably shorter at 1.992 Å, likely due to the higher electron density the 

conjugated pyridine ring can provide. The Ni(1)-O(1) parallels the other bond lengths at 

2.113 Å, indicating a highly balanced bond configuration. Additional crystal sample data 

and selected bond lengths and bond angles are provided in Table 2 and 5. 

 

 

Figure 32: Structural representation of Ni5N-3,2,3 (Methanol-(2,15-dimethyl-3,7,10,14,20-

pentaazabicyclo[14.3.1]eicosa-1(20),2,14,16,18-pentaene-N3,N7,N10,N14,N20)-nickel(II) 

diperchlorate), obtained from single crystal X-ray analysis. Two perchlorate molecules and 

hydrogen atoms from the main macrocyclic complex have been excluded for clarity. 
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3.4.2 – Crystal Sample Data and Select Bond Angles, Bond Lengths 

Table 2: Crystal sample data for Fe5N-2,2,2, Mn5N-3,2,3 and Ni5N-3,2,3. 

 Fe5N-2,2,2 Mn5N-3,2,3 Ni5N-3,2,3 
Empirical Formula C15H21Cl2N5O4

Fe 
C17H29Cl2N5O5Mn C18H31Cl2N5O9Ni 

Formula weight 
(g⋅mol-1) 

497.57 509.29 591.09 

Crystal System monoclinic triclinic monoclinic 
Space group P 21/c P -1 P 21/c 
a (Å) 7.9559(2) 8.0365(3) 9.9524(5) 
b (Å) 22.2128(5) 10.9805(5) 16.5098(6) 
c (Å) 11.4670(4) 13.8218(6) 15.1274(7) 
α (°) 90 67.127(1) 90 
β (°) 90.159(2) 84.234(1) 90.825(1) 
γ (°) 90 81.266(1) 90 
V (Å3) 2026.47(10) 1109.61(8) 2485.36(19) 
Z 4 2 4 
T (K) 200(2) 200(2) 200(2) 
ρcalcd (g⋅cm-3) 1.613 1.524 1.580 
µ (mm-1) 1.172 0.874 1.053 
2θmax (°) 52.778 53.066 58.260 
Parameters 255 331 319 
Total Reflections 4093 4584 6686 
R, wR2 [Io ≥ 2σ(Io)] 0.0689, 0.1865 0.0288, 0.0771 0.0474, 0.1261 
S (Goodness of fit) 1.060 1.032 1.058 

 

Table 3: Selected bond lengths and bond angles for Fe5N-2,2,2 crystal sample data. 

Selected Bond Distances for Fe5N-2,2,2  Selected Bond Angles for Fe5N-2,2,2 

Atom-Atom Length (Å)  Atom-Atom-Atom Angle (˚) 

Fe(1)-N(1) 2.221(5)  N(1)-Fe(1)-N(2) 71.12(17) 

Fe(1)-N(2) 2.175(5)  N(1)-Fe(1)-N(3) 141.69(17) 

Fe(1)-N(3) 2.248(5)  N(1)-Fe(1)-N(4) 147.46(18) 

Fe(1)-N(4) 2.227(5)  N(1)-Fe(1)-N(5) 72.79(17) 

Fe(1)-N(5) 2.239(5)  N(1)-Fe(1)-Cl(1) 89.74(13) 

Ni(1)-Cl(1) 2.3192(17)  Cl(2)-Ni(1)-Cl(1) 179.38(7) 

Ni(1)-Cl(2) 2.3462(17)    
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Table 4: Selected bond lengths and bond angles for Mn5N-3,2,3 crystal sample data. 

Selected Bond Distances for Mn5N-3,2,3  Selected Bond Angles for Mn5N-3,2,3 

Atom-Atom Length (Å)  Atom-Atom-Atom Angle (˚) 

Mn(1)-N(1) 2.2297(16)  N(1)-Mn(1)-N(2) 69.13(6) 

Mn(1)-N(2) 2.3321(19)  N(1)-Mn(1)-N(3) 106.75(6) 

Mn(1)-N(3) 2.3642(16)  N(1)-Mn(1)-N(4) 121.86(6) 

Mn(1)-N(4) 2.3334(19)  N(1)-Mn(1)-N(5) 69.37(6) 

Mn(1)-N(5) 2.3263(15)  N(1)-Mn(1)-Cl(1) 133.74(4) 

Mn(1)-Cl(1) 2.4005(6)  N(2)-Mn(1)-Cl(1) 93.84(4) 

 

Table 5: Selected bond lengths and bond angles for Ni5N-3,2,3 crystal sample data. 

Selected Bond Distances for Ni5N-3,2,3  Selected Bond Angles for Ni5N-3,2,3 

Atom-Atom Length (Å)  Atom-Atom-Atom Angle (˚) 

Ni(1)-N(1) 2.132(2)  N(1)-Ni(1)-N(2) 83.34(10) 

Ni(1)-N(2) 2.074(2)  N(1)-Ni(1)-N(3) 100.07(10) 

Ni(1)-N(3) 2.107(2)  N(1)-Ni(1)-N(4) 101.46(10) 

Ni(1)-N(4) 1.992(2)  N(1)-Ni(1)-N(5) 84.34(11) 

Ni(1)-N(5) 2.098(2)  N(1)-Ni(1)-O(1) 166.44(10) 

Ni(1)-O(1) 2.113(2)  N(2)-Ni(1)-O(1) 85.60(10) 

   N(4)-Ni(1)-O(1) 90.33(10) 

 

3.5 – Experimental Details 

3.5.1 – General Methods 

Commercial reagents were purchased from Sigma-Aldrich, Alfa-Aesar and TCI 

America and were used without further purification. Synthesis reactions that were 

performed in an inert atmosphere were conducted under nitrogen. NMR spectra 

measurements were carried out on a Bruker Avance II 400 instrument at room 

temperature. Electrochemical measurements were performed on a Princeton Applied 
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Research VersaSTAT 3 Potentiostat. Single crystal XRD measurements were performed by 

the X-ray Core Facility staff at the University of Ottawa. 

 

3.5.2 – Electrochemical Cell Setup 

Electrochemical characterization of the complex was performed in a 40 mL three-

neck flask with a glassy carbon working electrode for CV characterization, a silver wire as 

the reference electrode, and a platinum wire for the counter electrode. The regular cell 

standard is 15 mL of acetonitrile, 0.1 M of TBAHFP, and 1 mM of examined sample while 

purged under a nitrogen atmosphere. When water was the solvent, an Ag/AgCl reference 

electrode (3 M KCl) was used in place of the silver wire. 

 

3.5.3 – Initial Synthesis Attempts for Mn3N2O, Fe3+3N2O, Fe2+3N2O 

Synthesis of Mn3N2O Complex: MnCl2·4H2O (0.247 g, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 1.25 mmol), and 1,8-diamino-3,6-dioxaoctane (0.185 g, 0.96 

g/mL, 1.25 mmol), and were measured in a 1:1:1 molar ratio. These reagents were 

dissolved in 6 mL ethanol with an additional 6 mL DI water added within a 50 mL round 

bottom flask. After all reagents were dissolved resulting in a light brown solution, 0.125 

mL (0.002 mol) of glacial acetic acid was added under stirring. The solution turned black 

upon impact of the acetic acid. The reaction flask was kept under reflux under moderate 

stirring for a period of 18 h, after which the flask was removed from heat, appearing as a 

light brown solution. After cooling, sodium perchlorate (0.168 g, 1.38 mol) was added in 
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a 1.1 molar ratio and stirred for 30 min. Pressure was reduced to remove ethanol from 

the mixture, which appeared to leave white/brown crystalline residue on the sides. This 

was filtered and washed with cold water, resulting in a light brown clumping material, left 

to dry overnight. Product mass was 0.175 g. No yield is calculated as the initial synthesis 

attempts were shown to be unsuccessful. 

Synthesis of Fe3+3N2O Complex: FeCl3·6H2O (0.338 g, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 1.25 mmol), and 1,8-diamino-3,6-dioxaoctane (0.185 g, 0.96 

g/mL, 1.25 mmol), were measured in a 1:1:1 molar ratio. These reagents were dissolved 

in 6 mL ethanol with an additional 6 mL DI water added within a 50 mL round bottom 

flask. After all reagents were dissolved resulting in a light orange solution, 0.125 mL (0.002 

mol) of glacial acetic acid was added under stirring. An orange floating precipitate 

appeared and collated at the bottom of the flask. The reaction flask was kept under reflux 

under moderate stirring for a period of 18 h, after which the flask was removed from heat, 

appearing as an opaque orange solution with brown chunks of matter. After cooling, the 

solution changed to opaque yellow, and sodium perchlorate (0.168 g, 1.38 mol) was 

added in a 1.1 molar ratio and stirred for 30 min. Pressure was reduced to remove ethanol 

from the mixture, with it filtered and washed with cold water. This was left to dry 

overnight, resulting in a light-yellow fluffy product. Product mass was 0.043 g. No yield is 

calculated as the initial synthesis attempts were shown to be unsuccessful. 

Synthesis of Fe2+3N2O Complex: FeCl2 (0.158 g, 1.25 mmol), 2,6-diacetylpyridine 

(0.204 g, 1.25 mmol), and 1,8-diamino-3,6-dioxaoctane (0.185 g, 0.96 g/mL, 1.25 mmol), 

were measured in a 1:1:1 molar ratio. These reagents were dissolved in 6 mL ethanol with 
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an additional 6 mL DI water added within a 50 mL round bottom flask. After all reagents 

were placed and mixed into solution, the solution appeared as opaque dark blue, with 

white-blue crystalline material collecting on the sides. After, 0.125 mL (0.002 mol) of 

glacial acetic acid was added under stirring. The solution turned black with an orange 

tinge. The reaction flask was kept under reflux under moderate stirring for a period of 18 

h, after which the flask was removed from heat, appearing as an opaque dark blue 

solution. Sodium perchlorate (0.168 g, 1.375 mol) was added in a 1.1 molar ratio and 

stirred for 30 min. Pressure was reduced to remove ethanol from the mixture, with it 

filtered and washed with cold water. This was left to dry overnight, resulting in a black 

chunky, magnetic material. Product mass was 0.133 g. No yield is calculated as the initial 

synthesis attempts were shown to be unsuccessful. 

 

3.5.4 – Synthesis of Mn5N-2,2,2, Fe5N-2,2,2, Mn5N-3,2,3, Ag5N-3,2,3, 

Ni5N-3,2,3 

Synthesis of the Mn5N-2,2,2 complex: MnCl2·4H2O (0.247 g, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 1.25 mmol), and triethylenetetramine (0.188 g, 1.25 mmol), 

were measured in a 1:1:1 molar ratio. Each reagent was pre-dissolved in ~5 mL 95% 

ethanol, with holding vials washed with ~1 mL ethanol to collect remnants, to be 

combined in a 50 mL round bottom flask. The initial solution colour was dark orange, and 

the reaction flask was refluxed under moderate stirring for a period of 2 h, after which 

the flask was removed from heat. After cooling, sodium perchlorate (0.168 g, 1.38 mol) 
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was added in a 1.1 excess molar ratio and stirred for 30 min. An orange precipitate 

presented which was filtered and washed with ethanol through a coarse silica frit. This 

was left to dry overnight, with the dry powder mass as 0.462 g and a yield of 74%. Crystals 

of Mn5N-2,2,2 suitable for SC-XRD were acquired by slow diffusion of acetonitrile with 

diethyl ether. 

Synthesis of the Fe5N-2,2,2 complex: FeCl3·6H2O (0.3379 g, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 1.25 mmol), and triethylenetetramine (0.188 g, 1.25 mmol), 

were measured in a 1:1:1 molar ratio. Each reagent was pre-dissolved in ~5 mL 95% 

ethanol, with holding vials washed with ~1 mL ethanol to collect remnants, to be 

combined in a 50 mL round bottom flask. The initial solution colour was orange brown, 

with the reaction flask refluxed under moderate stirring for a period of 2 h, after which 

the flask was removed from heat. After cooling, sodium perchlorate (0.168 g, 1.38 mol) 

was added in a 1.1 molar ratio and stirred for 30 min. The solution was passed and washed 

with ethanol through a paper filter and left to dry overnight. The final product was a light 

brown powder, with a dry product mass of 0.560 g and a yield of 90%. Crystals of Fe5N-

2,2,2 suitable for SC-XRD were acquired by slow diffusion of acetonitrile with diethyl 

ether. 

Synthesis of the Mn5N-3,2,3 complex: MnCl2·4H2O (0.247 g, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 1.25 mmol), and 1,2-bis(3-aminopropylamino)ethane (0.218 g, 

0.952 g/mL, 1.25 mmol) were measured in a 1:1:1 molar ratio. Each reagent was pre-

dissolved in ~5 mL 95% ethanol, with holding vials washed with ~1 mL ethanol to collect 

remnants to a total of 40 mL ethanol, combined in a 50 mL round bottom flask. These 



 

83 

 

were added step-wise by the order above to the flask with the initial solution colour being 

orange, no change with 2,6-diacetylpyridine addition, and a strong colour change to 

orange with addition of 1,2-bis(3-aminopropylamino)ethane. The reaction flask was 

refluxed under moderate stirring for a period of 2 h, after which the flask was removed 

from heat. After cooling, sodium perchlorate (0.168 g, 1.38 mol) was added in a 1.1 molar 

ratio and stirred for 30 min. After leaving to sit overnight, the sample crystallized out of 

solution as large orange crystals. These crystals were collected and filtered out of solution, 

with the dry crystal mass resulting as 0.341 g, with a yield of 54%. Crystals were 

characterized by SC-XRD. 

Synthesis of the Ag5N-3,2,3 complex: AgClO4·H2O (0.192 g, 0.854 mmol), 2,6-

diacetylpyridine (0.140 g, 0.856 mmol), and 1,2-bis(3-aminopropylamino)ethane (0.140 

g, 0.952 g/mL, 0.86 mmol) were measured in an approximate 1:1:1 molar ratio. Each 

reagent was pre-dissolved in ~5 mL methanol (99.8% assay), with holding vials washed 

with ~1 mL methanol to collect remnants, to be combined in a 50 mL round bottom flask. 

These were added step-wise by the order above to the flask with the initial solution colour 

being clear, changed to cloudy white with 2,6-diacetylpyridine addition, and a colour 

change to yellow with addition of 1,2-bis(3-aminopropylamino)ethane.  The reaction flask 

was refluxed under moderate stirring overnight (~16 h), after which the flask was 

removed from heat. The flask held large quantities of olive green precipitate, with the 

yellow solution decanted into a new flask. The solvent was removed by rotary 

evaporation, with a yellow precipitate remaining in the flask. The precipitate was lightly 

washed with methanol and placed under vacuum overnight. Final product was a flaky 
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yellow precipitate with a dry product mass of 0.074 g and a yield of 13%. Product was 

confirmed via 1H NMR in CD3CN to crystallized samples suitable for SC-XRD. 

Synthesis of the Ni5N-3,2,3 complex: NiClO4·6H2O (0.027 g, 0.073 mmol) and 

Ag5N-3,2,3 (0.051 g, 0.079 mmol) was measured in an approximate 1:1 molar ratio. Each 

reagent was pre-dissolved in ~5 mL methanol (99.8% assay), with holding vials washed 

with ~1 mL methanol to collect remnants, with a total of 15 mL methanol present in a 50 

mL round bottom flask. The reaction flask was refluxed under moderate stirring for 2 h, 

after which the flask was removed from heat. Ag5N-3,2,3 required heating to dissolve 

fully. The initial solution colour was yellow, rapidly turning brown (~10 min) after heat 

was applied. Brown precipitate was observed after removed from heat, and the remaining 

methanol was left to evaporate. The precipitate washed with small amounts of ethanol 

and placed under vacuum overnight. The final product was a brown powder with a dry 

mass of 0.042 g and yield of 96%. Crystals of Ni5N-3,2,3 suitable for SC-XRD were acquired 

by slow diffusion of methanol with diethyl ether. 
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3.5.5 – FTIR  

FTIR characterization was performed on samples Mn3N2O, Mn5N-2,2,2, and 

Fe5N-2,2,2. Notable features for the macrocyclic complexes in literature are mentioned 

are the imine linkage at 1650 cm-1, the pyridine ring for 1590 cm-1, and absence of residual 

carbonyl groups (as part of 2,6-diacetylpyridine) with a lack of absorption at  1700 cm-1.56 

In particular for complexes with ether linkages (e.g. Mn3N2O), no absorption detected 

for the 3200-3300 cm-1 region.  

First comparing Mn3N2O, notable in the 4000 to 1800 cm-1 region are two, clear 

peaks at 2884 and 2927 cm-1 (m, C-H) and one peak at 3494 cm-1 (m, N-H) (Figure 33).  

There is mild absorption in the 3200-3300 cm-1 region, but no defined peak significantly 

deviating from the baseline rate. From 1800 to 600 cm-1, responses are approximately 

similar, with choice peaks highlighted as 1650 cm-1 (m, N-H), 1580 cm-1 (m, C=C), 1460 

cm-1 (m, C-H), 1351 cm-1 (m, C-N, pyridine), 1250 cm-1 (m, C-O), and a broad, strong peak 

at ~1060 cm-1 (s, C-O and C-N). Briefly comparing with reported data for 2,6-

diacetylpyridine, the reported very strong peak at 1700 cm-1 associated with the carbonyl 

groups is not significantly present in Mn3N2O, which assists in establishing the reaction 

of 2,6-diacetylpyridine with the associated ligand, 1,8-diamino-3,6-dioxaoctane.64 
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Figure 33: FTIR readings of samples Mn3N2O, Mn5N-2,2,2 and Fe5N-2,2,2. 

 

With samples Mn5N-2,2,2 and Fe5N-2,2,2, strong similarities were found in the 

lower region (1800 – 600 cm-1), with some moderate differences in the upper region 

(4000-1800 cm-1) (Figure 33). In this upper region, Mn5N-2,2,2 presented peaks at 3494 

cm-1 (m, N-H), 3199 cm-1 (m, N-H), 2916 cm-1 (m, C-H) and 2871 cm-1 (m, C-H). Fe5N-2,2,2 

presents a peak at 3254 cm-1 (m, N-H), 2940 cm-1 (m, C-H) and 2877 cm-1 (m, C-H), notably 

lacking the absorption at 3494 cm-1. In the lower region (1800 – 600 cm-1), notable peaks 

are 1648 cm-1 (m, N-H), 1582 cm-1 (m, C=C), 1455 cm-1 (m, C-H), 1429 cm-1 (m, C-H), 1375 

cm-1 (m, C-H), 1351 cm-1 (m, C-N), 1267 cm-1 (m, C-N)  and 1083 cm-1 (m, C-N). Fe5N-2,2,2 

does not strongly present the peaks at 1375 cm-1 and 1351 cm-1 seen with Mn5N-2,2,2 

and Mn3N2O. 
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Chapter 4: Heterogeneous Catalysis 

4.1 – Preamble 

Early during the exploration of the macrocycle complexes and soon after the 

adjustment of the reaction solvent to 95% ethanol from 50:50 water/ethanol, it was 

decided to try an experimental run with copper in an attempt to form the macrocycle 

complex similar to Mn3N2O. Although it had been reported previously that this type of 

macrocycle formation was not possible, there was a few positive aspects in attempting 

this regardless.56 One is that the general synthesis is relatively straight-forward, although 

some live adjustments based on observations were necessary to obtain a successful 

product. Another is that copper complexes have shown reductions in the general area for 

water reduction, with some possibility that the previous authors had some deviation in 

testing that made their macrocycle synthesis unsuccessful. Even though these authors 

were the ones that led to the earlier shift to 95% ethanol solvent use, some small changes 

could lead to different outcomes. At this time, heterogeneous catalysis was not in the 

scope for possible objectives. However, certain discoveries such as the formation of a thin 

film on the working electrode and the formation of bubbles under applied potential gave 

this area an increased interest and culminating into the main focus for the remainder of 

this thesis. 

Three complexes will be covered in this chapter, with a focus on formation of 

electrode films and the heterogeneous catalytic abilities of these films towards HER and 

electrolysis of water. Specifically, the three complexes schematically shown in Scheme 10. 
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These are Dibromo-(2,13-dimethyl-6,9-dioxa-3,12,18-triazabicyclo[12.3.1]octadeca-

1(18),2,12,14,16-pentaene-κN3,κN12,κN18,κO6,κO9)-copper(II) (Cu3N2O), Dichloro-

(N1',N3-ethane-1,2-diyldipropane-1,3-diamine)-nickel(II) (Ni4N) and Dibromo-(N1',N3-

ethane-1,2-diyldipropane-1,3-diamine)-copper(II) (Cu4N). Initial exploration was 

performed on Cu3N2O, with the main focus settling on Ni4N’s capabilities and Cu4N 

created for a supplemental comparison. These complexes were synthesized by direct 

reaction of the divalent metal halide and the appropriate chelating ligand (Scheme 11) 

with full details in the Experimental Details at the end of the chapter. 

 

 

Scheme 10: General scheme for Cu3N2O, Ni4N and Cu4N complexes. 

 



 

89 

 

 

Scheme 11: General synthesis path for the three complexes Cu3N2O, Ni4N, and Cu4N. 

 

4.2 – Cu3N2O  

Electrochemical testing of Cu3N2O was done using acetonitrile with incremental 

additions of water up to 11 M to the initial 15 mL solution (Figure 34). Initial scans from 0 

to -2.5 V (vs. Ag wire) revealed no detected electrochemical events. This appeared to be 

an issue with the solubility and a large amount of precipitate (undissolved complex) 

remained at the bottom of the electrochemical cell. Additions of water resulted in 

improved solubility and gave rise to the appearance of two clear reduction peaks at -0.70 

V and -1.10 V. Associated oxidation peaks at -1.06 V and -0.66 V (vs. Ag wire) displayed 

smaller current responses. With continued addition of water, these events shifted in 

potential and the reduction peaks gave increased currents. The maximum current was 

observed with addition of 7.4 M water (Figure 35). At this point the first reduction 

appeared at -0.53 V and the second at -0.93 V. Similarly, the oxidation peaks also shifted. 
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With a total addition of 11 M of water, the reduction events appeared as a single event 

at -0.83 V and oxidation peaks appeared to have become a single event at -0.37 V. These 

observations are thought to be associated with an irreversible reaction or complexation 

with water. Further exploration of these results revealed that this complex will deposit 

and form a layer that can effectively produce hydrogen. 

 

 

Figure 34: Cyclic Voltammetry under cathodic potentials (vs. Ag wire) of Cu3N2O in 15 mL 

acetonitrile and 0.1 M TBAHFP as electrolyte, without complex present (black), with 1.0 mM 

Cu3N2O (red), and with additions of 0.74 M water (blue), 1.9 M water (green).  
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Figure 35: Cyclic Voltammetry under cathodic potentials (vs. Ag wire) of Cu3N2O in 15 mL 

acetonitrile and 0.1 M TBAHFP as electrolyte, without complex present (black), and with 1.0 mM 

Cu3N2O with 3.7 M water (red), 7.4 M water (blue), 11 M water (green). 

 

Further testing was performed with Cu3N2O in 15 mL 0.1 M KCl aqueous solution, 

with later additions of acetic acid to test viability of hydrogen production with that 

substrate. Scanning from 0 to -2.0 V (vs. Ag wire) in the absence of AcOH, there was an 

immediate strong current response past ~-1.2 V (vs. Ag/AgCl) (Figure 36). An interesting 

peak formed at -1.56 V, with a current of ~386 μA, indicating the reaction of the complex 

with water at this reduction event. More importantly though, repeated scans significantly 

strengthened this current response with each pass, with magnitudes well into the mA 

level. Two associated peaks also began to appear at this time – a reduction peak around 

-0.64 V and some overlapping oxidation peaks around -0.27 V. It is difficult to firmly define 

these peaks as being located at a certain potential, especially with the strong reduction 
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peak having some variability. Once the scans appeared stable, one scan from 0 to -1.5 V 

was done with the reduction peak seen at -0.60 V. However, scans performed to more 

negative potentials, from 0.5 to -1.7 V, displayed a reduction peat at -0.80 V.  Generally, 

this is thought to be a merging of catalytic events from the complex still present in 

solution and of the coating that has been created on the surface of the electrode. Some 

mild gas bubbles were observed to be formed on the working electrode during these CV 

trials before acetic acid additions.  

 

Figure 36: Cyclic Voltammetry under cathodic potentials (vs. Ag/AgCl) of 1.0 mM Cu3N2O in 0.1 

M KCl aqueous solution, without complex (black), initial continuous scans of the sample (red), an 

expanded window from 0.5 V to -1.7 V (green), and the final scan before AcOH additions (blue). 

Inset graph in bottom right is a zoomed view of the main graph. 
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Testing proceeded with acetic acid additions being incrementally added from 0.02 

M to 0.28 M, dissolved in a 1:4 ratio with water for higher accuracy additions. With acid 

concentrations of 0.02 M an immediate response appeared with an increase of current 

starting around -0.7 V, and a strong reduction peak forming at -1.08 V at 148 μA (Figure 

37). The return oxidation scan closely follows that of the original solution without acetic 

acid present. Interesting is that the previous reduction/oxidation peaks have disappeared 

and is now marked with a reduction at -0.13 V and an oxidation past 0 V. Sequential 

additions increases the enhancement trend past the onset at -0.7 V, with 0.05 M forming 

the reduction peak at -1.19 V and 532 μA, and 0.08 M AcOH at approx. -1.32 V and 1.03 

mA. With additions to 0.08 M and higher, the reduction peak becomes less clear, and the 

overall reduction becomes linear.  Additions of AcOH begin to have negligible impact on 

current increases from 0.16 M to the final addition to 0.28 M. For comparison, the final 

current at -1.5 V for 0.16 M was ~2.7 mA, with 0.28 M at ~3.0 mA. 
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Figure 37: Cyclic Voltammetry under cathodic potentials (vs. Ag/AgCl) of Cu3N2O in 0.1 M KCl 

aqueous solution, without complex present (black), without acetic acid present (red), and with 

additions of acetic acid as shown from 0.02 M to 0.28 M. Inset graph in bottom right is a zoomed 

view of the main graph. 

 

During the previous trials in the absence of acetic acid, evidence of hydrogen 

formation was indicated by visual observation of gas bubbles forming on the electrode. 

This led to testing with 0.1 M KCl aqueous solution using a graphite electrode as the WE 

in an attempt to produce hydrogen via electrolysis from water. For this test, CPE was 

performed at -1.3 V (vs. Ag/AgCl) held for 1 h. Gas bubbles formed on the WE disperse 

over time, with bubbles accumulating on the surface as foam. After the run and during 

cleaning, a shiny copper-colour coating was observed at the bottom of the graphite 

electrode (~0.5 cm height), with a blue colour coating (~0.5 cm) forming closer to the top 

where it would meet the air/solution general interface. These coatings are suggested to 
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be copper metal and copper hydroxide species by visual colour assessment alone. Using 

cyclic voltammetry to compare before and after state of the WE, the overall current 

increased after the experiment, at -1.5 V from 6.2 mA to 9.0 mA (Figure 38). The hydrogen 

gas as detected by GC-TCD was 24.2 μmol (Appendix, Table 13), noting this quantity to 

earlier results occurring at a significantly lower overpotential (-1.3 V vs. Ag/AgCl to ~-2.1 

vs. Fc/Fc+). This was remarkably comparable to Majumder et al.’s results of 21.6 μmol 

with their copper-based complex.28 Although in this comparison, it should be noted that 

differing test parameters regarding the FTO glass, surface area, pre-coating, cell 

headspace and voltages (-1.3 V for 1 h vs. -1.2 V for 4000 s) are significant considerations. 

This group’s findings would continue to be a valuable reference in detailing future 

experiments and testing criteria.28 

 

 

Figure 38: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) for coating a graphite WE 

with Cu3N2O in 0.1 M KCl aqueous solution, before coating (black) and after coating (red). 
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As a final comparison point to confirm the effectiveness of the Cu3N2O-derived 

films over that of copper metal, background measurements were carried out using copper 

wire as the WE as a comparative model. The copper wire was finely sanded down to clean 

the surface immediately before use as the working electrode. A CV scan from 0 to -1.7 V 

(vs. Ag/AgCl) was performed before and after testing, showing a similar reduction peak 

to Cu3N2O at -0.6-0.7 V, although with minor shifts (Figure 36, 38, 39). It should be noted 

that during voltage measurement more cathodic than -1.5V (~4 s per pass), minor gas 

bubbles began to form on the copper wire electrode, indicating that it will function for 

electrolysis past those points. Afterwards, CPE was conducted at -1.3 V for 3600 s. Despite 

observed bubble formation during CV testing, the hydrogen that was detected was 

negligible at only 1.2 μmol. With this result, it was generally determined that plain copper 

as a working electrode at -1.3 V is beyond the range of concern for background 

comparison and reinforces -1.3 V and below as a suitable target for testing. Overall, 

Cu3N2O was not further explored this point for heterogeneous catalysis, as Ni4N 

gradually indicated to be a superior option in terms of total hydrogen production, but 

Cu3N2O remains an interesting species in this regard. 
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Figure 39: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) of a copper wire as the WE 

in 0.1 M KCl aqueous solution, with before (black) bulk CPE at -1.3 V for 1 hr and after CPE (red). 

 

4.3 – Ni4N 

4.3.1 – Preliminary Electrochemical Investigation  

The investigation of Ni4N continued from the findings using Cu3N2O, specifically 

towards film formation and heterogeneous HER in water. Literature support for this 

approach was found for some analogous use of copper-based complex for the formation 

of Cu-based films.28 Nickel presented an opportunity for comparison with these previous 

findings, and particularly with determining the efficacy of copper vs. nickel. This work 

began with the attempted synthesis of a nickel macrocycle using the template method 

previously described with 2,6-diacetylpyridine and 1,2-bis(3-aminopropylamine)ethane 

(1,2-bis) used for ligand construction. This reaction yielded crystals viable for single crystal 
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XRD that revealed the formation of a complex that consisted of NiCl2 coordinated with 

the starting tetraamine, 1,2-bis, as shown in Scheme 11. Therefore, this complex was 

further synthesized by the direct addition of 1,2-bis to NiCl2 in ethanol. The complex was 

then examined as a starting material for possible film formation under similar conditions 

that were used with Cu3N2O. 

Initial testing with Ni4N focused on water electrochemistry and comparing results 

to that of Cu3N2O, primarily for overall current in the -1.0 V to -1.5 V region (vs. Ag/AgCl) 

for electrolysis targeting. Cyclic voltammetry was performed with a glassy carbon WE in 

0.1 M KCl aqueous solution with an Ag/AgCl reference electrode (3 M KCl), and platinum 

wire as counter electrode with 1.9 mM Ni4N complex present (Figure 40). The initial CV 

from 0 to -1.5 V displayed a strong deviation from that of background, with a reduction 

onset around -1.0 V. The indications of heterogeneous activity here are less certain than 

was observed in Cu3N2O, with the lack of a defined peak and substantial growth of 

current with each pass (Figure 36). However, a small cross-over event is observed with 

the first pass at -1.35 V. This cross-over of the current is a typical sign of a heterogeneous 

reaction occurring as well – a reactant present in solution agglomerating to the electrode 

surface which may modify conductivity with the solution and thus the changes in current. 

Continuing to -2.0 V the current is significantly stronger, with 3.6-4.0 mA observed with 

Ni4N versus the maximum of 1.2 mA with Cu3N2O. At -1.5 V the difference is less 

significant, with Ni4N in the 0.5-0.6 mA range and Cu3N2O within 0.4-0.5 mA. Visually at 

the end of testing, the glassy carbon WE had a grey coating on the surface. With the 



 

99 

 

overall high current strength and the formation of a film on the WE, further examination 

with Ni4N continued. 

 

Figure 40: Initial CV under cathodic potentials (vs. Ag/AgCl) with 1.9 mM Ni4N in 0.1 M KCl 

aqueous solution, showing background without complex (black), initial CV from 0 to -1.5 V (red), 

and from 0 to -2.0 V (blue). The inset graph is an expanded view of the CV. 

  

Heterogeneous hydrogen production was examined following an analogous 

process as was used with Cu3N2O, using a graphite working electrode, 1.9 mM of Ni4N 

complex immersed into a 0.1 M KCl aqueous solution with an Ag/AgCl reference electrode 

and platinum mesh counter electrode. The cell was purged with nitrogen and sealed with 

parafilm. After initial CV scans were complete, CPE was performed at -1.3 V (vs. Ag/AgCl) 

for 1 hr, with the hydrogen analysis by GC. The graphite rod has a strong overall current, 

but the overall current increases after the coating process, increasing from 5.3 mA to 9.4 

mA at -1.5 V (Figure 41). Compared to Cu3N2O’s 6.2 mA to 9.0 mA, this is a relatively large 
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increase (77% vs. 45%). However, the main results arose from hydrogen production. From 

the coating process 29.0 μmol was found to be produced (24.2 μmol for Cu3N2O), with 

the prepared coated electrode in fresh solution producing 52.9 μmol (Appendix, Table 

13). These observations and the fact that HER seemed slightly higher than with Cu3N2O 

encouraged further investigation. Visually, the coat itself appeared dull grey on the 

graphite. 

 

 

Figure 41: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) for 1.9 mM Ni4N with 0.1 

M KCl aqueous solution using a graphite WE, showing the blank graphite with Ni4N (black), the 

coated graphite (red), pre-CPE (blue) and post-CPE (green). 
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4.3.2 – FTO Glass as the Working Electrode 

At this point a more suitable electrode for coating was desired, as continuously 

coating the graphite rod may eventually incur damage or passivation of some kind, as well 

as needing to have a consistent known surface area of exposure. A disposable electrode 

that has the capability to send out samples for testing or harsher experiments was also 

noted, including cutting of samples for equipment sizing requirements. FTO glass was 

chosen due to fulfilling these requirements, as well as it being a common for working 

electrodes. It is critical to consider that there is a wealth of variables that can be 

considered with varying amounts of significance on the total outcome. Some of note 

include: (1) FTO surface area immersed, (2) FTO electrical connection to solution contact 

distance, (3) FTO surface cleanliness, (4) electrolyte concentration, (5) electrolyte choice, 

(6) catalyst concentration, (7) start/end pH, (8) purging of DI water, (9) electrode type 

(FTO vs ITO, graphite, GC, etc.), (10) electrode distance, (11) stir bar effect both 

positive/negative, (12) solution/headspace volume, (13) potential set for coating, (14) 

time of coating, (15) potential/time of coating on impact of surface stability. The surface 

area of the FTO glass was generally held as the most significant of these variables on 

performance, as it modifies the amount of surface-interaction with the solution and thus 

impacts current flow amounts. This in turn has the most direct correlation with the total 

formation rate of hydrogen as that formation of product naturally necessitates 

interaction with the working electrode. The FTO glass preparation and coating details are 

listed in the experimental details section. 
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The majority of these variables were standardized, and attempts were made to 

minimize them in the testing and characterization, but likely several variables will require 

further investigations for their specific impact. With this in mind, most attention focused 

on identifying optimal catalyst concentration and the interactions of the catalyst with the 

FTO plate, specifically with the goal of maximizing hydrogen production. Particular 

attention was given to the characteristics needed for water electrolysis onset parameters 

for comparison and consideration of the real-world production applications. This is 

important as the primary complex highlighted here (Ni4N) has recently in 2012 been 

examined for electrochemical activity in a similar water electrochemical cell.65 These 

researchers specifically state restricting their CV scans to not go beyond -1.2 V versus their 

1 M KCl reference electrode, since ‘below that voltage the reduction of the solvent (water) 

started to dominate the electrochemistry’.65 However, it is argued here that if an added 

complex’s presence will substantially affect the electrochemistry, it can still be observed 

past the background reduction as seen in Figure 40. Furthermore, it is generally noted in 

even teaching literature that ‘While the thermodynamic potential difference required to 

drive water electrolysis is theoretically 1.23 V, significant overpotentials (η) are required 

to achieve a desired current density on both electrodes kinetically’.17 As a result of the 

cathodic potential not reaching values less than -1.2 V, these researchers did not fully 

appreciate the electrochemical significance of this particular complex, at least in terms of 

heterogeneous catalysis, and thus potentially limiting further electrochemical research 

for this complex. An example for the visualization of the coated samples can be seen 

below in Figure 42. With the subsequent trials, guidance and comparisons would continue 
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to be used with Majumder et al.’s copper complex results, as briefly mentioned in 

Cu3N2O’s results.28  

 

Figure 42: Examples of coated samples of Cu3N2O on a graphite electrode (A), a Ni4N-coated FTO 

glass (B), and a Cu4N-coated FTO glass with salt deposits remaining on surface (C). 

 

Compared against FTO glass without complex presence via the same procedure, it 

shows a highly repeatable linear trend, starting a slow increase in current at -1.2 V and 

more rapidly around -1.3 V (Figure 43). The after graph shows an affected electrode, with 

an increase in current around -0.42 V, ramping down to around -0.70 V and 60 μA. The 

curve inclining for the potential window also occurs earlier, generally declining 

around -1.05 V and more rapidly around -1.2 V instead. While the overall current density 

is significantly less than that of the coated variant, perhaps a magnitude less, this suggests 

that the FTO glass is not entirely inert or non-affected by experimentation in this setup 

and has some potential of affecting the CV shape or hydrogen production itself. Overall, 

hydrogen production was deemed the critical factor to consider, and it was determined 

as negligible at 1.2 μmol and comparable to background. 
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Figure 43: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) in 0.1 M KCl aqueous 

solution comparing a blank FTO glass before (black) and after (red) bulk CPE testing, with no 

complex present in solution. 

4.3.3 – Electrochemical Characterization with FTO Glass 

Investigation of the electrochemical features for the FTO glass in 0.1 M KCl 

aqueous solution began with a CV scan in the absence of a complex. The appearance was 

very similar to a glassy carbon WE and displayed a flat current trend until an onset of ~-1.1 

V (vs. Ag/AgCl) (Figure 44). At -1.5 V, the maximum current density is 0.12 mA cm-2, 

representative of the background behavior. With the addition of 1.9 mM Ni4N into 

solution, cyclic voltammetry follows a similar profile to that of testing Ni4N with a glassy 

carbon WE. The current with solutions of Ni4N increase from the first to second 

voltametric cyclic, changing from 1.3 mA cm-2 to 2.0 mA cm-2, then settling to 1.3 mA cm-2.  

In addition, a cross-over event is apparent with the first scan, a signature of film 

formation. 
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Figure 44: Initial CV scans under cathodic potential (vs. Ag/AgCl) of an FTO glass showing 

background without catalyst (black), and sequential scans with Ni4N complex present. 

 

An important consideration on the overall film forming process is the impact of 

cycling the voltage after coating. Figure 45 shows the relative impact that continuous 

scans can have on reduction and oxidation events, even from low variations of voltage 

from 0 to -1.5 V (vs. Ag/AgCl). Broadly, during reduction, the baseline current during the 

first cycle of ~0.5 mA cm-2 increased, by the sixth cycle, to 1.6 mA cm-2 at -1.1 V. In 

addition, there is a corresponding oxidation event at -0.3 V that also increases from 1.4 

mA cm-2 to 2.2 mA cm-2 with an increasing number of voltage cycles. The possible impact 

of this on the experiment was recognized, however in evaluating if a FTO glass was 

successfully coated, the responsiveness and strength of current with the film was 

important in predicting overall performance in hydrogen testing. Generally, if the overall 
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current was reduced during CV, it could be expected to perform proportionally lower. To 

standardize potential impact, the post-coating cyclic voltammetry were typically held at 

a maximum of three scan cycles. However, this area could be explored further for exact 

effects on total outcomes such as hydrogen production, and film surface morphology. 

 

 

Figure 45: Post-coating cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) for Ni4N (red), 

showing continuous CV passes and the impact on detected reduction and oxidation events. FTO 

glass without complex present (black) is included as reference. 

 

4.3.4 – Background Comparison with NiCl2 and FTO Glass 

To examine if the presence of the polyamine ligand was essential for these 

observations, a simple nickel salt NiCl2·6H2O was examined for comparison. A similar 

approach was described for the Cu work of Majumder et al.’s work where they used CuCl2 
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as their comparative analogue.28 Identical processing steps was performed with 

NiCl2·6H2O under CPE conditions at -1.3 V (vs. Ag/AgCl) for 1 h, with CVs conducted before 

and after. With the CVs, an interesting peak develops with both NiCl2 and Ni4N, with a 

peak at -1.04 V with 0.19 mA cm-2 for NiCl2 and a significantly stronger response from 

Ni4N at the same potential of 1.62 mA cm-2, with the peak broadly in the -1.1 V region 

(Figure 46). A significant return oxidation event is observed for both NiCl2 and Ni4N, 

presenting at -0.25 V and 0.16 mA cm-2 for NiCl2, and -0.30 V with 2.15 mA cm-2 for Ni4N. 

The general shape and appearance of the post-CPE CV is very similar to that for Ni4N; 

however, the magnitude of current is significantly less. The current strength at -1.5 V is at 

~0.45 mA cm-2 for NiCl2, whereas Ni4N is at ~4.3 mA cm-2.  

 

Figure 46: A comparison of cyclic voltammetry (vs. Ag/AgCl) for coating an FTO glass in 0.1 M KCl 

aqueous solution, with 1.0 mM NiCl2·6H2O with an initial blank FTO (black) and NiCl2-coated FTO 

(red), 0.5 mM Ni4N with the initial blank FTO (blue), and Ni4N-coated FTO (green). Inset graph in 

the bottom right is a zoomed view of the main graph. 
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Visual observations of the films provided another important difference between 

these two starting materials. For example, the films formed from NiCl2 appear to be 

darker than those from Ni4N. During reduction, bubble formation was only observed in 

the case of the Ni4N originated films and was absent for NiCl2 derived films. Notably, the 

production of hydrogen was also particularly low for films generated from NiCl2, providing 

only 2.6 μmol of H2. With the similarities in CV shape between Ni4N and NiCl2, it can be 

reasoned that nickel substrates are likely being formed on some level on the surface of 

the FTO glass. However, the stability and exact molecular method of coating must 

significantly differ, with the NiCl2 discolouring the glass grey enough to be fairly opaque. 

The significant differences in overall current strength, along with hydrogen production 

amounts and general visual observations, suggest that although NiCl2 films are similar to 

those obtained from Ni4N, as the post-coating CV does show strong similarity in shape, 

the quality of the films is much lower in quality. 

 

4.3.5 – CPE during Ni4N-Coating Process 

The previous CV scanning would be followed with CPE at a potential -1.3 V (vs. 

Ag/AgCl) held steady for 3600 s as part of the electrodeposition process. For baseline 

comparisons, samples with 1 mM of NiCl2 in place of Ni4N and with FTO glass alone were 

run under the same initial conditions, with their individual CV analysis carried out after 

this process. These results are displayed in Figure 47. The sample with Ni4N stands out 

with a rapid increase in current density early in the process that levels out at 1.75 mA cm-2 
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(Figure 47). The test with NiCl2 also rapidly increased to 0.15 mA cm-2, however this 

immediately levelled out and approximately remained at this current for the duration. 

The bare FTO in contrast started with a lower initial current of 0.02 mA cm-2 and gradually 

approached an end current of ~0.16 mA cm-2 similar to the NiCl2 sample. Hydrogen 

production was also compared. Although these runs were tested during the coating 

process, typical hydrogen production during coating can minimally range from 23 to 26 

μmol using the Ni4N catalyst, occasionally going above. NiCl2 and FTO glass during this 

same process yield only 2.6 μmol and 1.2 μmol respectively. 

 

 

Figure 47: CPE results for the electrodeposition process in 0.1 M KCl aqueous solution of a blank 

FTO plate without complex presence (black), 0.5 mM Ni4N (red) and 1.0 mM NiCl2 (blue), held at 

-1.3 V (vs. Ag/AgCl) over 3600 s. 
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4.3.6 – Ni-Coated FTO Surface Characterization 

Surface characterization for the Ni-coated FTO samples were performed by Dr. 

Jurca’s research group. Key analysis numbers and initial graphs were provided by them, 

with further graph refinement, discussion points provided by myself. To assess the surface 

morphology and composition, characterization was done by scanning electron 

microscopy with energy dispersive spectrometer (SEM-EDS), atomic force microscopy 

(AFM), energy dispersive X-ray spectroscopy (EDX) analysis, X-ray photoelectron 

spectroscopy (XPS), and powder X-ray diffraction (XRD) with full details provided in 

Section 4.6. Two overview examples are provided here. The surface morphology of the 

Ni4N-coated FTO sample by SEM can be seen in Figure 48 at 1 µm scaling. The coating 

appears to be a fairly regular pattern, with evenly distributed irregularites across the top 

layer. Closer features are noted to be spherical formations that may range from 100 to 

300 nm in size, forming non-uniform protrusions and channels on the surface. The XPS 

survey is shown in Figure 49, showing a strong response at 856 eV and 532 eV, fitted with 

experimental data to Ni 2p and O 1s respectively, with O 1s identified for metal-

oxygen/(OH)2 species and of chemisorbed water. This contributes significantly to the 

finding for this coating to be comprised primarily from NiO/Ni(OH)2. Further examination 

of these elements by high-resolution XPS is provided in Section 4.6. 
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Figure 48: SEM-EDS imaging of a Ni4N-coated FTO species, scaling at 1 µm. 

 

Figure 49: XPS survey for a Ni4N-coated FTO sample, with fitted experimental (black) and 

associated deconvoluted peaks. 
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4.3.7 – Ni-Coated FTO Glass Oxidation CV 

For a comprehensive examination of the Ni-coated FTO electrode, oxidation 

electrochemistry was initially performed by CV from 0 to 1.0 V (vs. Ag/AgCl). This 

investigation was to establish if OER-type catalysis could be attainable with this material, 

and otherwise determine the characteristics present under applied oxidative potentials. 

Stability of the material under this type of loading would also be of interest. However, 

exploration of the Ni-coated FTO sample under oxidative scans was found to be highly 

limited. As demonstrated in Figure 50, a large one-time oxidation event occurs for the 

FTO supported film. The example shows two sample runs with an oxidation peak at 0.36 

V (vs. Ag/AgCl) with a current density of 1.74 mA cm-2, and at 0.68 V with 5.66 mA cm-2. 

After this event, the current drops to ~1.0 mA cm-2, a value corresponding to the 

electrochemical behavior of an FTO electrode. Visual observations of the FTO glass after 

the oxidation event indicated loss of the film material and subsequent reduction CVs are 

similar to that of the bare FTO before coating. These observations suggest that application 

of a positive/oxidative potential led to Ni-based film destabilization or oxidation.  
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Figure 50: Cyclic voltammetry under anodic potentials (vs. Ag/AgCl) of two samples of a Ni4N-

coated FTO glass tested from 0 to 1.5 V (black) and 0 to 2.0 V (red). 

 

4.3.8 – Ni4N Potential Required for Coating FTO Glass 

For further investigation into what potential was required to coat the FTO glass 

using Ni4N, a brief set of tests was conducted using CPE as the analysis method with a 

summary provided in Table 6. It was noted early on in experimentation that the typical 

coating process with Ni4N complex at -1.3 V over 1 hr included a steep increase of current 

from the initial state and gradually levelled off at a significantly higher current. This 

increase of current has been seen in all coating trials, levelling broadly in the region of 

1.5-2.0 mA cm-2. With this concept that an increase in sustained current with a set 

potential correlate to successful coatings, CPE was performed at five-minute intervals at 

lower specified potentials was done to observe this increase. The five-minute time 
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interval was considered to be a long enough duration to indicate substantive changes. 

The general intention of this analysis is not purely quantitative, but to gain some insight 

into the general trends or patterns that might be observed, focusing on percent current 

change and total current. The initial current at -1.00 V (vs. Ag/AgCl) is low at 29.4 μA cm-2, 

with little change over the five-minute duration (Table 6). However, at -1.05 V this current 

increases by 19.6% over the timeframe. Lowering the voltage from here shows a 

continuous increase in initial current as well as increases over five minutes, to a minimum 

of -0.70 V. At this point, the voltage was reset to -1.05 V, with a notably higher initial 

current than previous (152 vs 44 μA cm-2). Voltage was incrementally increased from here 

with a final voltage of -1.30 V held over 1 h to parallel the typical film formation process 

and compare relative end currents, approximately 1.5 mA cm-2 versus 1.75 mA cm-2 

observed in Figure 47. With these results, it was theorized that the FTO glass surface must 

be conditioned at a relatively higher potential (-1.05 V), where the initial 

electrodeposition of Ni4N onto the surface. This initial formation increases the capability 

for further formations of the heterogeneous species, which is reflected as increases in 

current as well as reducing the minimum voltage required.28 It is proposed that this 

relates to a minimum onset of electrolysis with water, which provides the source of 

oxygen and hydroxide in the formation of NiO/Ni(OH)2 layers. As an additional note, a 

brief test for the minimum potential viable with for detectable hydrogen production 

yielded 5.9 μmol at -1.0 V (vs. Ag/AgCl), and 15.9 μmol at -1.1 V using CPE over 3600 s.  
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Table 6: Sequential testing of a Ni4N-coated FTO glass in 0.1 M KCl aqueous solution at varied 

cathodic potentials (vs. Ag/AgCl) held for 5 min, with detected current output at the stated 

potentials, and the current change after 5 min. 

Potential  
(V) 

Initial Current 
(µA cm-2) 

Percent change 
(End Current) 

End Current 
(µA cm-2) 

-1.00 29.4 1.4% 29.8 
-1.05 44.1 19.6% 52.8 
-1.00 45.5 15.8% 52.7 
-0.95 51 15.3% 58.8 
-0.90 59.2 8.3% 64.1 
-0.85 69.6 5.5% 73.4 
-0.80 76.3 4.4% 79.6 
-0.75 76.4 6.2% 81.2 
-0.70 82.7 1.6% 84.0 
-1.05 152.0 -4.9% 144.5 
-1.10 189.6 0.0% 189.6 
-1.15 278.5 7.1% 298.4 
-1.20 453.2 11.4% 504.7 
-1.23 680.1 6.5% 724.5 
-1.25 880.7 3.6% 912.0 
-1.27 1100.9 -1.4% 1082.9 

-1.30 (1hr) 1374.9 8.9% 1497.1 
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4.3.9 – Ni4N Concentration Optimization and H2 Production Results 

Experiments were also performed to determine the effect of Ni4N complex 

concentration on film formation with the specific focus on the impact of this on hydrogen 

production from the film. Concentrations of 0.1, 0.3, 0.5, and 1.0 mM were chosen to be 

tested. Tests with 0.5 mM appeared to have consistently the highest results. Films 

prepared from 0.5 mM concentration generated H2 ranging from 44 to 49 μmol. For 

comparison, films prepared from solution with 1.0 mM Ni4N showed decreased 

performance typically yielding around 35 to 37 μmol of H2. Two tests using solutions with 

0.3 mM Ni4N showed results with a broader range of 35.0 μmol and 43.2 μmol of H2. A 

single test with 0.1 mM solution of Ni4N produced 25.4 μmol of H2, notably lower than 

the other results. While exploratory, the general consistency of the other results in the 

40+ μmol range gave enough evidence to settle on 0.5 mM as the optimal concentration 

in regard to preparing the most effective Ni-based films for hydrogen production. 

Using the films prepared from initial concentrations of 0.5 mM, 0.3 mM, and 0.1 

mM of Ni4N, H2 production results are summarized in Table 7. An average of 46.7 μmol 

was produced with the 0.5 mM samples, with the inclusion of 0.3 and 0.1 mM samples 

bringing the average to 40.5 μmol. Faradaic efficiency for the 0.5 mM trials indicates an 

average FE of 95.8% and an error of ± 6.2% (Table 7). The inclusion of the 0.3 and 0.1 mM 

concentrations gave FE > 90% and brings the average FE to 96.6% and an error of ± 4.5%. 

Two 5-hour experiments are also included, using two different initial Ni4N 

concentrations. H2 detected for the 1.9 mM was 114.0 μmol and 0.5 mM with 131.2 μmol, 

with a Faradaic efficiency of 41.3 % and 57.1 % respectively, calculated by Equation 6. This 
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lower Faradaic efficiency is suspected to be due to potential cell leakage of H2 gas over 

the longer duration, which combined with a higher accumulation of H2 present in the 

headspace, increases the total rate of leakage. The use of a single cell compartment may 

also impact results as potential products created at the anode/counter electrode, such as 

oxygen, is not separate from hydrogen output. The change of pH of the solution by 

depletion of H2 may also be of concern, although this was not explored here. CPE current 

generally increased over this 5-hour duration, increasing from ~1.1 mA cm-2 to ~1.5 mA 

cm-2. Hydrogen calibration details are provided in the experimental details section.  

 

Table 7: Comparison of final Ni4N-coated FTO samples for gaseous H2 production, showing values 

for Initial Ni4N concentrations for coating, Time (seconds), H2 area (as detected by GC-TCD), H2 in 

μmol, current area (A·seconds), Faradaic efficiency (%). The lower two rows indicate the average 

results for 0.5 mM and 0.5, 0.3, 0.1 mM tests. 

Initial Ni4N 

Concentrations 

Time 

(seconds) 

H2 Area 

(uV·s) 

H2 

(μmol) 

Current Area 

(A·seconds) 

Faradaic 

Efficiency (%) 

0.5 mM 3600 1206.1 44.4 9.30 92.3 

0.5 mM 3600 1325.6 48.9 9.16 103.0 

0.5 mM 3600 1271.9 46.9 9.83 92.1 

0.3 mM 3600 1168.5 43.0 8.47 98.0 

0.3 mM 3600 946.5 34.8 6.70 100.3 

0.1 mM 3600 686.4 25.1 5.15 94.1 

5 hr 1.9 mM 18000 3082.4 114.1 53.30 41.3 

5 hr 0.5 mM 18000 3546.9 131.4 44.45 57.1 

0 Area (BG) 3600 0 -0.4 -- -- 

Avg. 0.5 mM 3600 1267.9 46.7 9.43 95.8 (6.2) % 

Avg. 0.5-0.1 mM 3600 -- 40.5 -- 96.6 (4.5) % 
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4.3.10 – Linear Sweep Voltammetry Testing with H2SO4 

Noting that the onset and overpotentials are less than clear for the Ni4N-derived 

film on FTO in 0.1 M KCl aqueous solution, an alternate investigation was conducted 

following the methodology of Pumera et al.66 This would allow a clear observation of 

onset with HER by reduction at the electrode with measurements of overpotentials at 

given current densities. Additionally, it would allow calculation of a Tafel slope that would 

provide a comparison point versus literature. A Ni4N-coated FTO was placed in 0.5 M 

H2SO4, performing an LSV at 2 mV s-1 scan rate (vs. Ag/AgCl) and comparing performance 

to that of a platinum working electrode. The general approach is to provide an ideal 

proton-rich source and compare against a known high performance HER catalyst. In 

Figure 51, a Pt electrode showed an onset at approximately -0.208 V (vs. Ag/AgCl), or 11 

mV (vs. RHE), which is similar to reported values of 10 mV (vs. RHE).31 Onset voltage values 

defined by set current density values were -0.249 V (vs. Ag/AgCl) for 0.1 mA cm-2, 

and -0.278 V at 1.0 mA cm-2. With the Ni4N-coated FTO sample, the onset potential was 

-0.265 V (vs. Ag/AgCl) or an approximate overpotential of 68 mV (vs. RHE). Again, the 

onset voltages needed to generate a set current value were measured to be 0.417 V (vs. 

Ag/AgCl) at 0.1 mA cm-2 (220 mV vs. RHE), and -0.542 V (vs. Ag/AgCl) at 1.0 mA cm-2 (345 

mV vs. RHE). These values compared well with Majumder et al.’s work, with overpotential 

values of 168 mV (vs. RHE) for onset, 210 mV at 0.1 mA cm-2 and 440 mV at 1.0 mA cm-2.28 

A comparison of the onset and overpotentials at 0.1 mA cm-2 and 1.0 mA cm-2 can be 

found in Table 8. 
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Figure 51: LSV comparison under cathodic potentials (vs. Ag/AgCl) of Ni4N-coated FTO glass (red) 

and a bare platinum wire (blue) as the working electrode in 0.5 M H2SO4 at a scan rate of 2 mV s-1. 

(A) expands from -0.01 to -0.05 mA cm-2, (B) expands from 0 to -1.0 mA cm-2. 

 

Table 8: Comparison of LSV overpotentials (vs. RHE) of Ni4N, Pt Wire, and Cu2L as reference, at 

onset, 0.1 mA cm-2 and 1.0 mA cm-2. 28   

 Ni4N Pt Wire Cu2L 

Onset 68 mV 11 mV 168 mV 

0.1 mA cm-2 220 mV 52 mV 210 mV 

1.0 mA cm-2 345 mV 81 mV 440 mV 
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A Tafel plot was constructed from the data acquired using 0.5 M H2SO4, in order 

to help isolate the kinetics of the Ni4N-derived film, as the exchange current density 

relates to the catalytic activity.67 From the potentials of -184 mV to -247 mV (vs. RHE), the 

Tafel slope was found to be 94 mV dec-1 (Figure 52), as found with equation 11. More 

conventionally, this notes how much potential is required to induce one log unit worth of 

current change. 

1 𝑉

10.67 𝑑𝑒𝑐
∗  

1000 𝑚𝑉

1 𝑉
     (11) 

A second sample for Ni4N with identical coating standards is included to correlate 

the detected slope along the linear region. This value of 94 mV dec-1 places it highly similar 

in rankings to such examples as methyllithium (102 mV dec-1), tert-butyllithium (94 mV 

dec-1), n-butyllithium (96 mV dec-1) as lithium intercalation used in exfoliation of bulk 

MoS2 – with Pt/C as superior at reported values of 30, 35 mV dec-1.66,67 The high 

correlation with these known HER catalysts under the same test conditions further 

substantiates  performance. Figure 53 additionally shows the Tafel plot for a platinum 

wire WE, calculating to 32 mV dec-1, which is comparable to the reference slope of 30, 35 

mV dec-1 for platinum.66,67  
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Figure 52: Tafel plot of two identical Ni4N-coated FTO samples as the WE with LSV performed 

under cathodic potentials at 2 mV s-1 in 0.5 M H2SO4. Ni4N Sample 1 (black) is the main sample for 

comparison, with Ni4N Sample 2 (red) as additional reference for the slope as detected. 

Horizontal lines included at -3.5 and -4.5 log mA cm-2 are present for ease of comparison. 

 

Figure 53: Tafel plot of a platinum wire as the WE with LSV performed at 2 mV s-1 in 0.5 M H2SO4. 
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4.3.11 – Ni4N Discussion 

In this section for the creation of a NiO-based film, it should be noted that there 

are several NiO-based films or heterogeneous materials present in recent literature.68–71 

These are all capable electrocatalysts with effective properties, particularly in regard to 

Tafel slope and overpotential, with many more stated in literature.20 The following 

examples are not exhaustive, but provide a sample comparison (Table 9).  

 

Table 9: Comparison of selected NiO-type heterogeneous catalysts for HER. 

Name Solvent 
Tafel Slope 

(mV dec-1) 

Overpotential 

(vs. RHE) 
Synthesis 

NiO/Ni-CNT68 1.0 M KOH 82 
<100 mV 

10 mA cm-2 

Low temperature hydrolysis 

of Ni salts with NiOH, CNT, 

followed by low pressure 

annealing at 300 °C in Argon. 

NiOx-SC/FTO69 0.5 M KOH 89 
350 mV, 

10 mA cm-2 

1:1 water/ethanol mix of 0.1 

M NiCl2·6H2O, interval spray 

on preheated FTO to 250 °C.  

NiO/Ni70 
1.0 M 

Phosphate 
115 

88 mV 

10 mA cm-2 

Ni-MOF precursor, stepwise 

calcination in Argon. 

Ni/Gd2O3/NiO71 1.0 M KOH 45 
190 mV 

10 mA cm-2 

Electrospinning Nickel 

Acetate/Gadolinium Nitrate 

solution, 25 kV, 2 mL/h, 

calcined at 600 °C under 

air/argon for 3 hr.  

This work 

(Ni4N) 

Water 

+ 0.1 M KCl 

(0.5 M H2SO4) 

94 
345 mV 

1 mA cm-2 

Electrodeposition with 0.5 

mM Ni4N solution at -1.3 V 

(vs. Ag/AgCl) over 1 hr. 

 

 Note that the current density between this work and literature has some disparity, 

however this is also observed using platinum as the WE. The tested overpotential for 
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platinum in 0.5 M H2SO4 requires 170 mV (vs. RHE) for 10 mA cm-2, 250 mV for 20 mA 

cm-2, with a literature example requiring ~40 mV, ~70 mV for the same current densities 

(Appendix, Figure 77).70 This suggests that the difference may relate to the 

electrochemical cell parameters as platinum should provide an optimal comparison. 

Notable with the above references in Table 9, and likewise with many other HER 

catalysts, the primary solvent typically used for testing is either 0.5/1.0 M KOH or 0.5/1.0 

M H2SO4.20,72 These solvents provide an ideal known environment for testing the catalytic 

performance of their prepared species, particularly in relation to the Nernst equation and 

pH calculations and provide valuable characterization conditions.  However, it is fairly 

uncommon that they are reported under more benign or neutral conditions, such pH 7 

salt solutions or near pH 7 buffer solutions. The above reference (Table 9) with NiO/Ni 

performs their characterization under these conditions with 1.0 M phosphate buffer.70 

This neutral pH is more likely to reflect real world conditions as used in bulk electrolysis. 

The other factor is ease of synthesis with cost of materials. Some syntheses require more 

exotic materials, such as carbon nanotubes (CNT) or metal organic frameworks (MOFs) or 

require highly specific conditions such as high heat (250 °C to 600 °C), and under argon. 

It’s possible these considerations can be streamlined or otherwise minimized, but they 

remain overall factors in greater scaling. 

With this work, the most immediate positive aspect is that this catalyst can work 

under the simplest and perhaps desirable conditions. Ni-based film formation was carried 

out in water and KCl, and the process of generating hydrogen carried out under the same 

conditions. Water is generally the most sought-after substrate due to the environmental 
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impact, its ready availability and low cost, and KCl is similar in terms of cost and safety. 

Not needing an additional substrate such as a buffer to help protonation is also ideal. The 

most ideal conditions for exploitation may be ocean water already providing an ample 

electrolyte, with the idea that this can be diluted if necessary. The material required is 

not necessarily restricted to FTO glass with the limited observations towards this aspect 

– coating onto a graphite rod for example and producing similar levels of hydrogen. 

Relatively long-term stability in the same solution appears to be productive for at least up 

to 5 h, if not eventually becoming inert due to hydrogen expulsion and the possibility for 

the pH of the solution becoming too basic. 

The synthesis of the complex is very simple, with the mixture of the two reagents 

NiCl2·6H2O and 1,2-bis(3-aminopropylamino)ethane in equal molar amounts in 15 mL of 

95% ethanol, and a low application of heat for 2 h. Upscaling of the synthesis would be 

relatively simple with minimal in-depth chemical knowledge needed or training. In terms 

of potential negative factors, there are aspects that give some cause for concern, or at 

least have a need to address for full optimization of the complex. A consideration to factor 

would be stability of the film under anodic potentials. It was demonstrated that the films 

can be readily oxidized and destroyed with an applied potential of ~0.5 V or above (vs. 

Ag/AgCl).  

In more general aspects for future work, optimization of the coating procedure as 

well as determining an optimal electrode for electrodeposition of the complex. It has been 

shown that this Ni4N complex can form films that have a similar degree of hydrogen 

production while attached to a graphite rod. Whether or not it is more functional under 
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this alternate electrode is a pertinent question, along with simpler, cheaper forms such 

as solid steel or copper plates, meshes to take advantage of surface area exposure, or 

other formats of a platform. Annealing may improve the properties of this film, noted to 

dehydrate Ni(OH)2 substituents to NiO, which may improve the overall electrical 

conductivity.73 Some other notable limitations for the exploration performed here are the 

impact of similar salts or other pH neutral electrolytes. The impacts of buffers in particular 

due to their noted ability to reduce the overpotential of a particular electrocatalyst (e.g. 

180 mV lowered to 30 mV vs RHE).39 However, it is also possible for a buffer to negatively 

affect the overpotential requirements, increasing it >40 mV as an example.74 These 

various factors for development should be ranked in terms of maximum possible impact 

– such as better overall efficiency, onset/overpotentials, cost, simplification, 

environmental impact and so on.  

In concluding this chapter, this has discussed creating a thin-film NiO/Ni(OH)2 

catalyst that performs HER efficiently in a neutral pH solution which requires only a simple 

mix of 0.1 KCl and water, without need of an additional proton donor source. The 

hydrogen output is comparable with the primary literature reference operating under 

similar conditions, with the chosen optimal concentration providing ~47 µmol H2 with a 

Faradaic efficiency of ~96% versus the references 21.6 μmol and FE of ~92%.28 Longer-

term stability for hydrogen production over 5 h yielded 131.2 μmol, indicating a moderate 

longevity to consistent output from a single solution. Primary considerations to be 

addressed is assuring stability of the coating, and refining the coating process to maximize 

hydrogen production.  
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4.4 – Cu4N 

 An examination of the application of an analogous Cu complex, dibromo-(N1',N3-

ethane-1,2-diyldipropane-1,3-diamine)-copper(II) (Cu4N), was stimulated by the 

performance of the complex Ni4N. In this case, the investigations are of a more limited 

scale to serve as a point of comparison. A brief overview of the electrochemical 

characteristics of the species is carried out here. With the likelihood that Cu4N would 

likely electrodeposit and form films on the working electrode similarly to Cu3N2O and 

Ni4N, testing began with using a blank FTO glass with 0.1 M KCl with an Ag/AgCl reference 

electrode. Initial CV response from the blank FTO with 0.5 mM Cu4N presents a minor 

reduction event at -0.53 V (vs. Ag/AgCl) with 0.07 mA cm-2, and an associated undefined 

oxidation event at -0.31 V at a current of ~0.14 mA cm-2 (Figure 54). These peaks would 

be associated with the large peaks seen in the Cu4N-derived films on FTO that will be 

detailed below. Comparing against a blank FTO without complex present generally onsets 

reduction at ~-1.3 V at 0.02 mA cm-2, with a current of 0.24 mA cm-2 at -1.5 V – 

approximately 8 times higher current when Cu4N is present in solution. After film 

formation, a clear reduction peak is observed at -0.78 V (vs. Ag/AgCl) with a current of 

1.53 mA cm-2. The oxidation peak linked with this reduction appears at -0.23V with 

current density of 0.84 mA cm-2, although this remains broad and not well-defined. 

Continuing in the cathodic directeion another reduction appears with an onsetsat -1.07 V 

and 0.26 mA cm-2. The current at -1.5 V remains largely the same as the initial state, 

reaching ~2.1 mA cm-2. The Cu4N-derived film on FTO electrode was removed, dried, 
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dipped in DI water for 2 min to remove residual KCl surface deposition, and placed in fresh 

0.1 M KCl solution further CVs conducted. 

 

 

Figure 54: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) for a blank FTO without 

complex (black), blank FTO with 0.5 mM Cu4N present in solution (red), the Cu4N-coated FTO 

(blue). 

 

CPE was carried out for electrodeposition of Cu4N onto the FTO glass, in 0.1 M KCl 

at -1.3 V (vs. Ag/AgCl) for 3600 s. The current increase is surprisingly similar to what was 

observed during the analogous process with Ni4N (Figure 55). However, in the case of 

Cu4N the current density did not appear to plateau as Ni4N does. At the end of the CPE 

run with Cu4N, the current density was 1.26 mA cm-2 compared to 1.74 mA cm-2 in the 

film formation with Ni4N. After the coating process was complete, hydrogen production 

with the film was tested. 
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Figure 55: CPE results for the electrodeposition process of an FTO plate in 0.1 M KCl alone (black), 

0.5 mM Cu4N (red), and 0.5 mM Ni4N (blue) held at -1.3 V (vs. Ag/AgCl) over 3600 s. 

 

Hydrogen production testing by CPE followed the same procedure as with Ni4N, 

applying -1.2 V (vs. Ag/AgCl) over 3600 s, with hydrogen results detected by GC-TCD 

measurement. Cu4N-coated FTO yielded a modest 19.7 µmol vs. 46.7 µmol for Ni4N, 

noting the significant difference clearly in favour for the Ni4N-derived films. Cyclic 

voltammetry was additionally performed before hydrogen production by CPE (Pre-CPE) 

and comparing to after hydrogen production (Post-CPE) (Figure 56). For Cu4N-derived 

films, there appears to be no notable difference between Pre-CPE and Post-CPE CVs. With 

Ni4N-derived films, a minor decrease in current strength is observed, notably at -1.5 V 

from ~4.1 mA cm-2 to 3.6 mA cm-2. This potentially may indicate that despite a lower 

hydrogen output, Cu4N-derived films may be more stable than Ni4N-derived films during 

HER with water, but this would need to be further investigated to verify. 
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Figure 56: Cyclic voltammetry under cathodic potentials (vs. Ag/AgCl) comparison of Cu4N-coated 

FTO pre-CPE (black), post-CPE (red) and of a Ni4N-coated FTO species, pre-CPE (blue) and post-

CPE (green). 

 

4.5 – Crystal Structure for Ni4N, Cu4N Complexes 

4.5.1 – Ni4N, Cu4N Structure 

Ni4N is arranged in an octahedral configuration with the open-ended tetradentate 

ligand forming a relatively planar open-ended macrocycle around the Ni(II) atom, with 

two chloride atoms on opposing sides (Figure 57). No solvent molecules or other 

molecules aside from the main complex is observed in the crystal structure. Bond angles 

for nitrogen atoms are approximately 90 degrees, with N(1)-Ni(1)-N(2) as 92.39(11)°, 

N(1)-Ni(1)-N(4) as 93.18(12)° (Table 11). Total bond angles for nitrogens around the nickel 
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atom amount to 359.98 degrees, with this calculated value being exact to that of Ni5N-

3,2,3, highlighting to the planarity of both complexes. Opposing nitrogens reveal little 

distortion of the ligand, with N(1)-Ni(1)-N(3) at 175.61(11)°, N(2)-Ni(1)-N(4) at 174.37(12)° 

(~1.3 degree difference). Chloride atoms bond close to 90 degree intervals, with N(1)-

Ni(1)-Cl(1) at 89.60(8)°, Cl(1)-Ni(1)-Cl(2). Bond lengths between central atoms are highly 

regular, with Ni(1)-N(1-4) lengths ranging 2.075-2.099 Å. Ni-Cl bond lengths mildly 

deviate, with Ni(1)-Cl(1) as 2.4680(10) Å, and Ni(1)-Cl(2) as 2.5198(9) Å. Further crystal 

sample data is presented in Table 10. 

 

 

Figure 57: Structural representation of Dichloro-(N1',N3-ethane-1,2-diyldipropane-1,3-diamine)-

nickel(II) (Ni4N), obtained from single crystal X-ray analysis. Hydrogen atoms have been excluded 

for clarity.  

 

The structure of Cu4N is reported in the Cambridge database with the identified 

‘AYIZEO’. Connectivity was establised by crystallography to confirm the identity as 
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dibromo-(N1',N3-ethane-1,2-diyldipropane-1,3-diamine)-copper(II), with the structure 

not completely solved (Figure 58). As seen in Figure 59, the structure presents with as a 

bromide bridged dinuclear [(N1',N3-ethane-1,2-diyldipropane-1,3-diamine)Cu]2 cation 

with an additional bromide anion that is beyond bonding distance. The bond length 

between bromide demonstrated as attached and the nearest without bonding is 2.875(3) 

Å and 3.196(4) Å respectively (Table 12). An ancillary perchlorate and acetonitrile 

molecule additionally is observed as part of the overall crystal structure. It forms a Jahn-

Teller ‘distorted CdI2 type’ structure, layering in a 4+2 coordination where four short bond 

lengths of 2.4143 Å and two longer bond lengths of 3.1478 Å.75 

 With the above consideration, Cu4N is arranged in an distorted configuration, with 

the ligand forming a relatively planar open-ended tetradentate ligand around the Cu(II) 

atom, with two bromide atoms on opposing sides. Bond angles for the Br-Cu-N are 

approximately 90 degrees, with N(5)-Cu(3)-Br(1) (89.5(5)°) and N(6)-Cu(3)-Br(1) (87.6(5)°) 

(Table 12). Bond angles for Cu-N bonds are approximately 90 degrees, with choice bonds 

highlighted as N(5)-Cu(3)-N(6) (91.7(7)°) and N(5)-Cu(3)-N(8) (86.0(7)°). Total bond angles 

for nitrogen atoms coordinated around the copper atom amount to 359.7 degrees, 

correlating to a high degree of planarity. Opposing nitrogens reveal the mild degree of 

flexing the ligand experiences to one side of the plane, with N(5)-Cu(3)-N(7) (170.9(7)°) 

and N(6)-Cu(3)-N(8) (177.2(8)°) (~7.2 degrees difference). At a larger scale the bonded 

internal bromide distorts slightly to the open-ended side of the ligand. Interestingly, the 

ligands as observed also align as a pair, effectively mirroring each other. This greater 

structural behaviour is not observed in the later Ni4N crystal structure. The proposed 
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reason is the larger bromide atom is sterically inclined to the open, less-conflicting side of 

the ligand as opposed to chloride in Ni4N. 

 

Figure 58: Structural representation of Dibromo-(N1',N3-ethane-1,2-diyldipropane-1,3-diamine)-

copper(II) (Cu4N), obtained from single crystal X-ray analysis. One perchlorate molecule, one 

acetonitrile molecule, one bromide atom and hydrogen atoms have been excluded for clarity. 

 

Figure 59: Alternate structural representation of Dibromo-(N1',N3-ethane-1,2-diyldipropane-1,3-

diamine)-copper(II) (Cu4N), highlighting position of bromide relative to remainder of complex. 
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4.5.2 – Crystal Sample Data and Select Bond Angles, Bond Lengths  

Table 10: Crystal sample data for Ni4N, Cu4N. Cu4N is noted as lower quality. 

 Ni4N Cu4N 
Empirical Formula C8H22Cl2N4Ni C8H22Br2N4CuClO4 
Formula Weight 
(g⋅mol-1) 303.90 497.09 

Crystal System orthorhombic monoclinic 
Space group P 21 21 21 P 21/m 
a (Å) 6.6004(3) 9.2508(8) 
b (Å) 8.4134(4) 20.7134(17) 
c (Å) 24.0478(8) 9.2706(10) 
α (°) 90 90 
β (°) 90 114.342(5) 
γ (°) 90 90 
V (Å3) 1335.42(10) 1618.5(3) 
Z 4 15 
T (K) 200(2) 200(2) 
ρcalcd (g⋅cm-3) 1.512 2.268 
µ (mm-1) 1.830 6.107 
2θmax (°) 57.820 56.602 
Parameters 136 82 
Total Reflections 3487 3533 
R, wR2 [Io ≥ 2σ(Io)] 0.0295, 0.0605 0.1505, 0.3692 
S (Goodness of fit) 0.990 1.606 

 

 

Table 11: Select bond lengths and bond angles from Ni4N crystal sample data. 

Bond Lengths for Ni4N  Bond Angles for Ni4N 

Atom-Atom Length (Å)  Atom-Atom-Atom Angle (˚) 

Ni(1)-N(1) 2.075(3)  N(1)-Ni(1)-N(2) 92.38(11) 

Ni(1)-N(2) 2.090(3)  N(1)-Ni(1)-N(3) 175.61(11) 

Ni(1)-N(3) 2.099(3)  N(1)-Ni(1)-N(4) 93.18(12) 

Ni(1)-N(4) 2.080(3)  N(2)-Ni(1)-N(4) 174.37(12) 

Ni(1)-Cl(1) 2.4680(10)  N(1)-Ni(1)-Cl(1) 89.60(8) 

Ni(1)-Cl(2) 2.5198(9)  Cl(1)-Ni(1)-Cl(2) 179.20(4) 
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Table 12: Select bond lengths and bond angles from Cu4N crystal sample data. 

Bond Lengths for Cu4N  Bond Angles for Cu4N 

Atom-Atom Length (Å)  Atom-Atom-Atom Angle (˚) 

Cu(3)-N(5) 2.036(18)  N(5)-Cu(3)-N(6) 91.7(7) 

Cu(3)-N(6) 2.027(17)  N(5)-Cu(3)-N(7) 170.9(7) 

Cu(3)-N(7) 2.026(17)  N(5)-Cu(3)-N(8) 86.0(7) 

Cu(3)-N(8) 1.993(16)  N(6)-Cu(3)-N(8) 177.2(8) 

Cu(3)-Br(1) 2.875(3)  N(5)-Cu(3)-Br(1) 89.5(5) 

Cu(3)-Br(2) 3.196(4)  N(6)-Cu(3)-Br(1) 87.6(5) 

 

4.5.3 – FTIR for Cu3N2O, Ni4N and Cu4N  

FTIR characterization was performed on Cu3N2O, Ni4N and Cu4N. Much like the 

criteria presented in Chapter 3, the macrocyclic complexes employed in this thesis are 

noted for their characteristic imine C=N stretches at 1650 cm-1, for the pyridine ring at 

1590 cm-1, and absence of residual carbonyl C=O stretches at approximately 1700 cm-1 

that were associated with unreacted 2,6-diacetylpyridine.56 When ether linkages replace 

the amine linkages with NH moieties, no absorption is observed in the 3200-3300 cm-1 

region of the spectra. Cu3N2O is compared to Mn3N2O in Figure 60 as a reference point. 

The overall aspects between these samples are very similar for nearly all features, with 

exceptions of a reduced absorbance at 1650 cm-1 (m, C=N). The similarity of all four 

samples at 1580 cm-1 could be represented by (m, C=C) for Mn3N2O and Cu3N2O, and 

(m, N-H) for Ni4N, Cu4N. Peaks at 2900-2800 cm-1 (m, C-H) match for all samples. The 

absorbance at 1450 cm-1 (m, C-H) is likewise shifted. Key features appear to be 

represented, with two peaks at 2926 cm-1 and 2876 cm-1 (m, C-H). As expected, these 

spectra did not show absorbances characteristic of the carbonyl starting materials at 1700 
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cm-1. Other features align with Mn3N2O, with peaks at 1350 cm-1 (m, C-N, pyridine), 1250 

cm-1 (m, C-O), and a broad, strong peak at ~1060 cm-1 (s, C-O and C-N). Examining Ni4N 

and Cu4N, notable absences relative to Cu3N2O, Mn3N2O occurs at 1650 cm-1 (m, N-H) 

and 1350 cm-1 (m, C-N, pyridine). Defined peaks are observed for Ni4N, Cu4N in the 3300-

3200 cm-1 region (m, N-H). A significant reduction and variability in transmittance are also 

observed at 1100-900 cm-1, while lacking a response at ~810 cm-1 which is present for 

Cu3N2O and Mn3N2O. With single crystal XRD obtained for Ni4N and Cu4N confirming 

their synthesis, and the high similarity between Mn3N2O and Cu3N2O samples, there is 

substantial evidence in the successful synthesis for these two latter complexes. 

 

 

Figure 60: FTIR measurements of samples Cu3N2O, Cu4N, and Ni4N, with Mn3N2O provided as a 

comparison point. 
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4.6 – Surface Characterization of Ni4N-Coated FTO Glass 

Surface characterization for the Ni4N-coated FTO samples were performed by Dr. 

Jurca’s research group at the University of Central Florida. Key analysis numbers and 

initial graphs were provided by them, with further mild refinement, discussion points 

provided by myself. Scanning Electron Microscopy (SEM) imaging was performed on the 

FTO Ni4N-coated sample. The surface morphology is observed at three magnifications. As 

seen in Figure 61 (1 µm scale bar), the surface appears to form a regular pattern across 

the observed area. Irregularities in the layering are evenly dispersed on the top layer. At 

higher magnifications of 200 nm and 100 nm it would appear that the irregular features 

contribute significantly to distributed spherical formations approximately 100-300 nm in 

size, with non-uniform protrusions and channels across this layer. Atomic force 

microscopy (AFM) measurements of seven 1.0 µm x 1.0 µm sample areas indicated an 

average root mean-square surface roughness of 53.45 (5.63) nm, a mean roughness of 

42.16 (3.62) nm, and a surface area per 1 µm2 project area of 1.60 (0.19) µm2 (Figure 62, 

Figure 63). EDX analysis of the Ni4N-coated FTO sample indicated the presence of C and 

N in a single strong peak in the lower 0 to 0.5 eV range, and peaks for nickel in the 0.9 and 

7.5 eV range (Figure 64). Au presents as a result of gold dusting in preparation of EDX 

analysis, Sn from the FTO glass itself, and Cl as residual surface elements from solution 

electrolyte KCl during film creation. 

Further characterization was carried out using X-ray photoelectron spectroscopy 

(XPS) to conduct an overall survey as well as high-resolution scans for specific elements 
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of the sample presented in Figure 65. Isolating to specific atoms, Figure 66 shows the 

spectrum for the Ni 2p spectrum. This spectrum was fit to the Ni 2p3/2 (855.84 eV) and Ni 

2p1/2 (873.51 eV) peaks as fitted to a Ni(II) halide component at 855.75 eV. A second Ni(II) 

halide component at 857.02 eV fit the experimental values for Niδ+ in the figure for Ni 

2p3/2 (857.50 eV) and Ni 2p1/2 (857.02 eV). (Figure 66). The spectrum for Cl-Ni was fitted 

for components of Cl 2p3/2 (198.34 eV) and Cl 2p1/2 (200.04 eV) (Figure 67). The O 1s 

spectrum was fitted to two peaks at 531.18 and 532.11 eV, attributed to lattice oxygen 

and adsorbed oxygen, respectively (Figure 68). These associations directly align to our 

primary reference values for 531.1 eV and 532.4 eV, determined to be assigned to metal-

oxygen and (OH)2 species and of the chemisorbed water. Similarly, the N 1s spectrum 

displayed a peak with binding energy of 399.94 eV which was deconvoluted into two 

contributions that were assigned as C-NH-C (399.39 eV) and C-NH2 (400.49 eV) (Figure 

71). SnO2 from the FTO glass itself is likewise fitted for Sn 3d3/2 (487.33 eV) and Sn 3d3/2 

(495.73 eV) (Figure 70). Fitting for fluoride was below detection limits, as would be 

present from the FTO glass (Figure 71). Fitting for C 1s peak binding energy provides four 

data points, C-C (284.84 eV), C-N (285.40 eV), C-O-C (286.00 eV), and O-C=O (288.77 eV) 

(Figure 72). Accompanying in the figure is fitting for K 2p3/2 (293.77 eV) and K 2p1/2 (296.11 

eV), notably with area counts per second per eV (Area CPS eV-1) of 646.21 and 236.35 

respectively (Figure 72). Compared to a Ni4N-coated FTO sample with KCl residue left on, 

the Area CPS eV-1 is ~34800 and ~15900 for K 2p3/2 and K 2p1/2 (Figure 73). Testing with Cl 

likewise follows this increase, with the prepared Ni4N-coated FTO sample indicating an 

Area CPS eV-1 of ~1070 and ~580 for Cl 2p3/2/2p1/2 respectively, with the KCl residue 
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sample presenting ~20100 and ~9500 for the same fittings. The large difference in 

response (approximately 20 fold) between these two samples may suggest that the 

rinsing method used in removing excess surface salt is acceptable. Powder XRD 

measurements as tested on the prepared Ni4N-coated FTO glass displayed no diffraction 

peaks assignable to the deposited film (Figure 74). From these combined observations 

and data, the proposed film constitution is of an amorphous Ni(OH)2 and NiO layer. 

 

 

Figure 61: SEM-EDS surface morphology of a Ni4N-coated FTO species, scaling represented at 1 

µm (A), 200 nm (B) and 100 nm (C). 
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Figure 62: 2D representation of AFM surface scans for a Ni4N-coated FTO glass sample. 

 

 

Figure 63: 3D representation of AFM surface scans for a Ni4N-coated FTO glass sample. 
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Figure 64: EDX spectrum of the Ni4N-coated FTO glass. Acc. Voltage: 20.0 kV, Take Off Angle: 35.0 

deg. 

 

Figure 65: XPS survey for a Ni4N-coated FTO sample, with fitted experimental (black) and 

associated deconvoluted peaks. 
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Figure 66: High-resolution XPS scan centered on the Ni 2p peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 

 

 

Figure 67: High-resolution XPS scan centered on the Cl 2p peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 
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Figure 68: High-resolution XPS scan centered on the O 1s peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 

 

 

Figure 69: High-resolution XPS scan centered on the N 1s peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 
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Figure 70: High-resolution XPS scan centered on the Sn 3d peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 

 

 

Figure 71: High-resolution XPS scan centered on the F 1s peaks for a Ni4N-coated FTO sample, 

with fitted experimental (black) and associated deconvoluted peaks. 
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Figure 72: High-resolution XPS scan centered on the C 1s and K 2p peaks for a Ni4N-coated FTO 

sample, with fitted experimental (black) and associated deconvoluted peaks. 

 

 

Figure 73: High-resolution XPS scan centered on the C 1s and K 2p peaks for a Ni4N-coated FTO 

sample with KCl deposition kept on surface, with fitted experimental (black) and associated 

deconvoluted peaks. 
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Figure 74: Graph of powder XRD for a blank FTO glass (black) and for a Ni4N-coated FTO sample 

(red). 

 

4.7 – Experimental Details 

4.7.1 – General Methods 

Commercial reagents were purchased from Sigma-Aldrich, Alfa-Aesar and TCI 

America and were used without further purification. FTO Glass was purchased from 

Sigma-Aldrich. Synthesis reactions that were performed in an inert atmosphere were 

conducted under nitrogen. Electrochemical measurements were performed on a 

Princeton Applied Research VersaSTAT 3 Potentiostat. Single crystal XRD measurements 

were performed by the X-ray Core Facility staff at the University of Ottawa. Gas 

chromatography (GC) measurements were performed using an Agilent 7820 A equipped 

with a thermal conductivity detector (TCD) and Agilent select permanent gases column. 
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For detection of hydrogen gas, gas samples of 200 μL were taken using a 250 μL gas tight 

syringe, extracted from the headspace of the electrochemical cell. Hydrogen molar 

quantities were calculated from the detected area (μV·s) by GC-TCD from a prepared 

hydrogen calibration curve. 

 

4.7.2 – Electrochemical Cell Setup 

Electrochemical characterization of the complex was performed in a 40 mL three-

neck flask with a glassy carbon working electrode for CV characterization, a silver wire as 

the reference electrode, and a platinum wire for the counter electrode. The regular cell 

standard is 15 mL of acetonitrile, 0.1 M of TBAHFP, and 1 mM of examined sample while 

purged under a nitrogen atmosphere. When water was the solvent, an Ag/AgCl reference 

electrode (3 M KCl) was used in place of the silver wire.  

 

4.7.3 – Hydrogen Calibration Curve 

Hydrogen results were calibrated by quantized gas injections of pure hydrogen 

into an Agilent 7820 A equipped with a thermal conductivity detector (TCD) and Agilent 

select permanent gases column. Four injections of 5 μL and 10 μL were performed, with 

single injections of 50 μL and 100 μL. A non-fixed zero data point was also included. Main 

calibration fitting including all data points is Y = 139.5x + 9.71 with R2 = 0.999 (Figure 75). 

As an example, excluding the 50 and 100 μL samples, fitting is Y = 137.68x - 38.39 with R2 
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= 0.995. Area results were parsed into the equation and converted from μL into μmol by 

the ideal gas law equation (PV = nRT) at NTP of 20 °C and 1 atm. Experimental tests 

injected a 200 μL gas sample of the electrochemical cell, with this result converted 

upward to 24.95 mL of contained headspace. 

 

 

Figure 75: H2 Calibration Curve with pure hydrogen samples injected into a GC-TCD. 

 

4.7.4 – Surface Characterization Methods 

Surface characterization measurements were performed by Dr. Jurca’s group at 

the University of Central Florida. SEM-EDS measurements were performedon a Zeiss 

ULTRA-55 FEG SEM. Samples were mounted on the holder using carbon tape and coated 

with gold for measurement to improve imaging. The Noran System 7 EDS system with 

Silicon Drift Detector x-ray detector acquired the EDS spectrum. The resolution is 1 nm at 



 

148 

 

15 KV and 1.7 nm at 1 KV. AFM was performed in contact mode (Park NX10) at a 

resonance frequency of 200-400 kHz and force constant of 13-77 N/m using a AppNANO 

cantilever (SPM Probe model: ACTA Part # ACTA-20). Measurements were conducted on 

several areas (1 μm × 1 μm) to yield an average roughness for each sample. Data was 

processed via Gwyddion software. XPS data was obtained using a Thermo Scientific 

ESCALAB XI+ X-ray Photoelectron Spectrometer with an Al Kα X-ray source (1486.67 eV) 

and spot size of 200 μm. Samples were mounted on carbon tape for analysis. A pass 

energy of 20.0 eV was used with energy step sizes of 0.05 eV and 50 ms dwell times for 

the high-resolution spectra and step sizes of 0.5 eV with 20 ms dwell times for the survey 

scans. XPS peak fitting was completed through Thermo Scientific’s Advantage Data 

System. Binding energies acquired were calibrated to carbon 1s sp3 at 284.8 eV. 

 

4.7.5 – Synthesis of Cu3N2O, Cu4N, Ni4N 

Synthesis of the Cu3N2O Complex: CuBr2 (0.279 g, 223.37 g/mol, 1.25 mmol), 2,6-

diacetylpyridine (0.204 g, 163.17 g/mol, 1.25 mmol), and 1,8-Diamino-3,6-dioxaoctane 

(0.185 g, 148.20 g/mol, 0.96 g/mL, 1.25 mmol), were measured in a 1:1:1 molar ratio. 

Each reagent was pre-dissolved in ~5 mL 95% ethanol, with holding vials washed with ~1 

mL ethanol to collect remnants, to be combined in a 50 mL round bottom flask. These 

were added stepwise by the order above to the flask with the initial solution colour of 

CuBr2 alone being brown-black, lighter brown with 2,6-diacetylpyridine addition, and with 

addition of 1,8-diamino-3,6-dioxaoctane slowly changed colour to a lighter green. The 

reaction flask was kept significantly below reflux temperature and heated to 
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approximately 45-50 °C under moderate stirring for a period of 1 h, where the solution 

slowly changed colour to dark green blue (Figure 76, A and B). After 1 h, a large amount 

of light green precipitate was observed. After cooling to room temperature, this solution 

with precipitate was filtered and washed with ethanol, which left a wet light green solid 

was initially agglomerated together. After drying overnight this solid easily broke apart 

and formed a light green powder weighing 0.171 g, with the yield calculated for the 

proposed product as 34% (397.64 g/mol). The species was characterized by FTIR with 

positive correlations at 1650 cm-1 (m, N-H, imine), 1580 cm-1 (m, C=C, pyridine), lack of 

absorption at 1700 cm-1 (carbonyl), and discrete differences to species Ni4N and Cu4N.56 

During the initial trial to synthesis Cu3N2O, it experienced some troubles during 

the initial steps. During the initial heating, the temperature was brought up to 55 °C and 

rising as detected in the oil bath, intending to reflux the ethanol solution over 2 h. It was 

observed that the solution slowly discoloured from a prominent green blue to a murky 

brown, with black precipitate stuck to the bottom of the flask (Figure 76, C). Overall, the 

physical characteristics did not match that of expected observations, with distinct colours 

often decorating metal complexes and colours along brown or black may indicate some 

form of unsuccessful synthesis. Retaining the temperature lower at 45-50 °C, the solution 

retained its primary green colour and produced a light green precipitate, used in further 

testing (Figure 76, D).   
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Figure 76: Reaction flask for synthesis of Cu3N2O at varying stages. Initial state of flask (A), flask 

under ~45-50 °C after 10 min (B), flask under ~55-60 °C after 2 h (C), flask retained at lower ~45-

50 °C, after 1 h, removed from heat (D). 

 

Synthesis of the Ni4N complex: NiCl2·6H2O (0.297 g, 237.69 g/mol, 1.25 mmol), 

and 1,2-bis(3-aminopropylamino)ethane (0.218 g, 174.29 g/mol, 0.952 g/mL, 1.25 mmol), 

were measured in a 1:1 molar ratio. Each reagent was pre-dissolved in ~5 mL 95% ethanol, 

with holding vials washed with ~1 mL ethanol to collect remnants, to be combined in a 50 

mL round bottom flask. These were added step-wise by the order above to the flask with 

the initial solution colour being light green, and a strong colour change to dark blue-

purple with addition of 1,2-bis(3-aminopropylamino)ethane. The reaction flask was 

refluxed under moderate stirring for a period of 2 h, after which the flask was removed 

from heat. The solution appeared blue at this point. This solution was placed under rotary 
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evaporation until a minimal amount of liquid remained (~1-2 mL). A significant amount of 

light purple precipitate was observed collecting on the sides and bottom. ~40 mL of 

diethyl ether was added to collect the remaining liquid as well as to cause remaining 

product to precipitate out. With two additional washings with diethyl ether, the solution 

was removed and the solid was left to dry overnight, seen as a dark purple powder. The 

product weighed 0.293 g (303.89 g/mol), with a yield of 77%. Crystals of Ni4N suitable for 

SC-XRD were acquired by slow diffusion of acetonitrile with diethyl ether. 

Synthesis of the Cu4N Complex: CuBr2 (0.279 g, 223.37 g/mol, 1.25 mmol), 2,6- 

diacetylpyridine (0.204 g, 163.17 g/mol, 1.25 mmol), and 1,2-bis(3-aminopropylamino)-

ethane (0.218 g, 174.29 g/mol, 0.952 g/mL, 1.25 mmol), were measured in a 1:1:1 molar 

ratio. Each reagent was pre-dissolved in ~5 mL 95% ethanol, with holding vials washed 

with ~1 mL ethanol to collect remnants, to be combined in a 50 mL round bottom flask. 

These were added step-wise by the order above to the flask with the initial solution colour 

of CuBr2 alone being brown-black, lighter brown with 2,6-diacetylpyridine addition, and a 

strong colour change to dark purple-blue with addition of 1,2-bis(3-

aminopropylamino)ethane. The reaction flask was refluxed under moderate stirring for a 

period of 2 h, after which the flask was removed from heat with the solution colour as 

dark blue green. After cooling, sodium perchlorate (0.168 g, 1.375 mol) was added in a 

1.1 molar ratio and stirred for 30 min. This solution was filtered with a paper filter, and 

the solution was placed under rotary evaporation with solvent removed until approx. 2 

mL remained. The remaining blue liquid had ~40 mL of diethyl ether mixed with it. The 

solution turned cloudy purple, with dark blue solid rapidly (<30 seconds) agglomerating 
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on the sides. With two additional washing with diethyl ether, the solution was removed 

and the solid was left to dry overnight. While wet this powder was dark blue, and after 

drying seen as a purple powder with a mass of 0.538 g (497.09 g/mol), with a yield of 87% 

yield. Crystals of Cu4N suitable for SC-XRD were acquired by slow diffusion of acetonitrile 

with diethyl ether. 

 

4.7.6 – FTO Glass Preparation 

The FTO plate has been manually cut using a glass cutter from an original 5 cm by 

5 cm plate, cut into 1 cm by 5 cm sections for experimental use. The 1 cm plate width 

could be estimated to be generally ± 1 mm from the desired 1 cm measurements using a 

ruler. This sample FTO plate was cleaned with DI water and dry Kimwipe before insertion 

into the electrochemical cell. The plate electrical connection was made with an alligator 

working electrode clip passed through a standard rubber septa size 19/22. With synthesis 

for coating of the FTO plate, approximately 2 cm x 1 cm of the FTO plate is immersed in 

solution, with the conductive surface facing into the center of the cell. A counter 

electrode with a platinum wire and platinum mesh held at the opposite side, with an 

Ag/AgCl reference electrode held in place in the approx. center of the two other 

electrodes. The approximate distance between electrodes is 3 cm. The solution was 15 

mL of DI water, 0.1 M KCl (0.112 g), and 0.5 mM of complex when the coating process 

occurs – concentration of complex varying by experiment. DI water is purged of air with 



 

153 

 

bubbling N2 for 15 min before use and 15 min after cell is set-up in order to establish a 

nitrogen atmosphere in solution and in the cell. 

Typical settings of the electrochemical coating process include a CV scan from 0 

to -1.5 V for 3 passes, a CPE experiment holding potential at the working electrode at -1.3 

V for 1 h, and a post-CPE CV scan from 0 to -1.5V (vs. Ag/AgCl) with 3 passes. After the 

coating process is complete, the FTO plate is removed and left to air dry without further 

cleaning. Before testing, the FTO plate is immersed in DI water for 2 min to remove 

residual salt layers and to assist in ensuring that there are no free-standing remnants on 

any particular sample. The test for hydrogen production follows the above steps with 

noted held potential (-1.0 V, -1.1 V, -1.2 V, -1.3 V), with the main tested potential being -

1.2 V (vs. Ag/AgCl). The electrochemical cell was subsequently taken to gas 

chromatography to detect gases present in the cell headspace. 
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Chapter 5: Conclusion and Outlook 

This thesis covers the electrochemical exploration of several complexes based on 

Mn, Mo, Fe, Ni and Cu 3d transition metals. The primary objective was to catalyze the 

hydrogen evolution reaction (HER), focusing on using electrolysis of water as the ideal 

proton source. As an alternative, acetic acid as a substrate was also investigated. Chapter 

2 introduces the electrochemical exploration of five metal complexes, primarily those on 

pyridine-based tridentate and bidentate complexes with Mn(I), Mo(0) and Mo(VI). In the 

course of this exploration, it was found that non-desirable reactions or by-products 

occurred through the reduction of these complexes, often attributable to the presence of 

water or acetic acid. This is presented visually and by electrochemical characterization. 

Visually as deposition onto the working and counter electrode or by dispersing into 

solution. Electrochemically, this is shown in cyclic voltammetry as shifts of redox peaks, 

changes in current including growth as enhancement, or elimination. Even though these 

were not favourable outcomes, it led to greater knowledge and handling of these metal 

complexes. 

 Chapter 3 shifts the focus to a new series of complexes using macrocyclic closed-

ring ligands also displaying a pyridine-ligating group. Six complexes with Mn(II), Fe(III), 

Ag(I) and Ni(II) were synthesized with quinquedentate N5 and N3O2 macrocyclic ligands. 

Three new structures were elucidated by single crystal XRD that are not present in the 

Cambridge database. The electrochemical characterizations were primarily exploratory, 

with cyclic voltammetry performed in acetonitrile with additions of water to observe if 
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HER catalytic enhancement was present. Ni5N-3,2,3 was additionally explored in the 

presence of MOPS free acid and NaNO2, to observe reduction event characteristics and if 

the NO2
- anion could be reduced with these events, which was determined not to occur. 

Future work with these macrocyclic complexes may continue, exploring different ligand 

choices and modifying the substrate used for electrocatalytic activity. 

In Chapter 4, electrodeposition of the Cu3N2O complex on the working electrode 

was found to occur in aqueous solution under applied reduction potentials. This was 

observed as a copper-colour film along with a dark-blue film at differing sections of the 

electrode. This film was found to produce quantifiable amounts of hydrogen gas by 

electrolysis of water, at potentials below background influence (-1.3 V vs. Ag/AgCl). This 

was compared with copper wire as an analogue to the electrodeposited film, where the 

hydrogen output yielded a significant difference, Cu3N2O as 24.2 μmol and the copper 

wire as 1.2 μmol.  

Development of these findings continued with Ni4N, an open-ended tetradentate 

complex. The Ni4N complex was crystallized and characterized by single crystal XRD to 

yield a structure not present in the Cambridge database. The initial cyclic voltammetry of 

the complex in 0.1 M KCl aqueous solution revealed a significantly stronger current flow 

to electrodeposited films from Cu3N2O. At -2.0 V (vs. Ag/AgCl), a current of ~4.0 mA was 

observed compared to ~1.2 mA with the film from Cu3N2O. Analysis of the evolved 

hydrogen gas testing indicated a moderately higher H2 amount produced of 29.0 μmol. 

From here an FTO glass electrode was chosen for the electrodeposition and a dark-grey 

film was observed. This was compared with films generated with NiCl2 as a starting 
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material, which interestingly showed similar electrochemical features to that of Ni4N-

coated FTO and likewise creating a relatively darker grey film, but with a current density 

about 1/10 of that from Ni4N.  

Experiments into the various properties of the Ni4N-coated FTO were carried out. 

The minimum starting potential for initiation of electrodeposition appeared to be at -1.05 

V (vs. Ag/AgCl), but after this initiation has begun, it appears a lower potential e.g. -0.70 

V was effective for continued deposition. This is theorized as likely due to the initial 

formation of film on the FTO surface supporting further film formation at lower 

potentials. Brief testing indicated that applied potential of -1.0 V led to detectable 

hydrogen production at 5.9 μmol and increased potential of -1.1 V producing 15.9 μmol 

H2. For better comparability to literature, -1.2 V (vs. Ag/AgCl) was chosen for CPE during 

hydrogen production. The optimal Ni4N concentration for initial coating was evaluated to 

be 0.5 mM based on hydrogen output, which averaged 46.7 μmol with a Faradaic 

efficiency of 95.8% ± 6.2%. Over an extended period of 5 h, films produced in this manner 

were found to produce 131.4 μmol H2, with a Faradaic efficiency of 57%. To identify onset 

and overpotentials, an alternative setup with 0.5 M H2SO4 was used. The onset for 

hydrogen evolution was determined to be 68 mV (vs. RHE), and overpotentials with 

current densities of 0.1 and 1.0 mA cm-2 were 220 mV and 345 mV respectively. The Tafel 

slope was determined to be 94 mV dec-1, comparing well with literature. Surface 

characterization was performed on the Ni4N-coated FTO glass by SEM-EDS, AFM, EDX, 

XPS, and powder XRD, and indicated that the film as NiO/Ni(OH)2.  
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Potential future work stemming from this thesis could be further exploration of 

the Ni4N-derived film and optimizing the quality of these films. Further investigation of 

the long-term stability during HER, exploring the effects of higher potentials on the film 

formation and total hydrogen production, and the nature of the film being susceptible to 

oxidative potentials. Annealing the film may provide another avenue for research, as it 

has been noted in literature that thermal treatment can dehydrate Ni(OH)2 to NiO, 

potentially increasing conductivity of the film and thus HER effectiveness.73 Additionally, 

synthesizing alternative metal complexes, such as using cobalt with 1,2-bis(3-

aminopropylamino)ethane to form a similar starting material for film formation may be 

fruitful for investigation. 
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Appendix 

Table 13: List of various H2 production tests conducted for Chapter 4. 

Name of test Potential (V) Area H2 H2 (μmol) O2 Area  
Cu3N2O, Graphite WE -1.3 V 654 24.2 236.7 
Cu wire WE (Background) -1.3 V 32.9 1.2 393.7 
Graphite Coat (Ni4N) -1.3 V 785 29.0 568.7 
Graphite Test (Ni4N) -1.3 V 1434 53.0 386.2 
FTO1 Coat  -1.3 V 847 31.3 480.6 
FTO1 Test -1.3 V 2217 82.0 476.7 
Blank FTO (Background) -1.3 V 32.3 1.2 354.1 
FTO4 (Sequential Test) -1.0 V 161.9 5.9 498 
FTO4 (Sequential Test) -1.1 V 430.5 15.9 390.7 
FTO4 (Sequential Test) -1.2 V 337.7 12.5 649.8 
rFTO4 recoat -1.3 V 1212.4 44.8 378.5 
rFTO4 test -1.2 V 783.7 29.0 349.7 
r2FTO4 coat -1.3 V 771.5 28.5 455 
FTO7 5 hr test -1.2 V 3082 114.0 699.1 
FTO12 test 1.9 mM -1.2 V 909 33.6 371.8 
NiCl2 coat (Background) -1.3 V 71.1 2.6 465.3 
FTO13 1.0 mM coat -1.3 V 761 28.1 742.7 
FTO15 0.5 mM coat -1.3 V 888 32.8 582.3 
FTO15 0.5 mM test  -1.2 V 950 35.1 315.7 
FTO16 0.3 mM coat -1.3 V 803 29.7 725.7 
FTO22 1.0 mM test -1.2 V 1157.9 42.8 313.6 

FTO16 0.3 mM test  -1.2 V 946.5 35.0 148.2 
FTO18 0.5 mM test -1.2 V 1325.6 49.0 183.1 
FTO19 1.0 mM test -1.2 V 959.4 35.5 180.4 
FTO20 1.0 mM test  -1.2 V 1153.8 42.7 279.9 
FTO13 1.0 mM test  -1.2 V 1003 37.1 423.7 
FTO23 0.5 mM test -1.2 V 1206.1 44.6 156.8 
FTO24 0.3 mM test -1.2 V 1168.5 43.2 102.4 
FTO21 0.1 mM test -1.2 V 686.4 25.4 158.7 
FTO26 0.5 mM 5 hr -1.2 V 3546.9 131.2 479.6 
Cu4N FTO28 0.5 mM -1.2 V 533.05 19.7 149.6 
FTO32 0.5 mM -1.2 V 1271.9 47.0 167.4 
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Figure 77: Expanded LSV comparison (vs. Ag/AgCl) of Ni4N-coated FTO glass (red) and a bare 

platinum wire (blue) as the working electrode in 0.5 M H2SO4 at a scan rate of 2 mV s-1.  

 


