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ABSTRACT 

 The need for the development of new technologies to reduce our dependence on 

fossil fuels requires the combination of different energy sources such as wind, solar, 

nuclear as well as new energy storage and powering devices. Amongst these new 

technologies fuel cells are a promising technology capable of transforming chemical 

energy stored in fuels into electric power at higher efficiencies than combustion 

processes. However, the commercialization of fuel cells has been limited due to the high 

costs associated with electrocatalysts needed for the corrosive environments in which 

proton-exchange membrane fuel cells operate.  Electrocatalysts for such fuel cells are 

based on expensive noble metals such as platinum. Nevertheless, the resurging interest on 

the development of alkaline fuel cells presents a number of advantages addressing the 

limitations of proton-exchange membrane fuel cells. Alkaline fuel cells operate at high 

pHs which allow the use of a wider variety of inexpensive and abundant materials such as 

transition and rare-earth metals. Moreover, faster kinetics have been reported in alkaline 
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environments for both oxidation and reduction processes occurring at each of the 

electrodes. 

 The discussion related to the first part of this dissertation focuses on the 

development of novel electrocatalysts for the oxidation of hydrazine for application in 

direct hydrazine alkaline fuel cells. Hydrazine is a carbon-free nontraditional fuel with 

high energy density (5kW·h/kg), which is often considered a green fuel since its 

oxidation only produces nitrogen and water and does not contribute to the production of 

greenhouse gases emissions. It has been reported that transition metal catalysts such as Ni 

and Co demonstrate better performances than the commonly used Pt catalyst.  Based on 

these preliminary findings, we have developed novel electrocatalysts with enhanced 

performance due to the addition of a second metal. α-NiZn electrocatalysts have shown 

improved performance due to an intrinsic effect cause by the alloying of an electron-

dense atom such as Zn with Ni. Moreover, enhanced performance was also observed by 

the addition of a second phase, La(OH)3.  La(OH)3 promotes the catalytic oxidation of 

hydrazine by providing oxygen species to the surface of the electrode for the 

dehydrogenation of hydrazine. Extensive ex situ characterization of materials using a 

number of different electron microscopy and X-ray spectroscopy techniques in 

combination with in situ electrochemical infrared studies provided insightful knowledge 

about the role of the components in the mechanism of the reaction. 

 The knowledge gained from the studies performed for the development catalyst 

for hydrazine oxidation was applied to a more complex reaction, the electrooxidation of 

ethanol in alkaline media.  Complex kinetics have been reported for the oxidation 

reaction of ethanol resulting in only a partial oxidation producing acetate. Highly active 
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Pd/SnO2 catalysts were developed with three times the performance of Pd. Moreover, 

thorough understanding of the mechanisms of the ethanol reaction at different electrolyte 

concentrations was carried out using in situ infrared studies. Results show that better 

performances were obtained at 1 M KOH, but ethanol only partially oxidized to acetate. 

On the other hand, when the concentration of the electrolyte was reduced to 0.1 M KOH 

complete oxidation of ethanol to CO2 was observed. However, this resulted in higher 

overpotentials and lower rate constants. Mechanistic studies of reactions in both 

electrolytes concluded that higher concentrations of electrolyte allow for the oxidation of 

ethanol to occur at lower overpotentials due to the availability of hydroxide ions at the 

surface of the electrode, which participate in the oxidation of the adsorbed ethanol 

species. On the other hand, by the decreasing the concentration of electrolyte, diffusion of 

the hydroxide ions to the surface of the electrode is limited allowing the oxidation of 

ethanol to proceed to completion without desorbing the intermediate acetate product.  
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1. Introduction 

The need for the development of new technologies to reduce our dependence on 

fossil fuel resources along with reducing carbon emissions is one of the most significant 

challenges faced today. The solution to these challenges will involve a combination of 

different technologies such as solar, wind, geothermal, nuclear, in addition to alternative 

fuel sources, electrochemical and energy storage devices. Diversification to non-

traditional fuels such as hydrogen, hydrazine, methanol, and ethanol, as well as the 

improvement of currently available storage and electrochemical devices will play an 

important role in powering from portable devices to automobile transportation. A 

promising emerging technology that can convert the chemical energy stored in such fuels 

into electric power is fuel cells.  

Fuel cells consist of three main components: two electrodes, an anode and a 

cathode, and an electrolyte medium (Figure 1.1). Two complimentary reactions occur for 

the operation of a fuel cell. Oxidation of the fuel takes place at the anode while the 

cathode promotes the electrochemical reduction of the oxidant, i.e. oxygen from air. 

Oxidation of the fuel produces electrons that travel to the cathode through an outside 

circuit. The flow of electrons resulting from the electrochemical reaction at the anode is 

then used to power the device. Additionally, the ion-conducting electrolyte transports 

ions generated during the oxidation and reduction reactions between the electrodes [1]. 
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Figure 1-1. Schematic of the main components of a fuel cell. 

For several decades the advancement of fuel cell technology has been focused on 

proton exchange membrane fuel cells (PEMFCs) mainly due to the success in the 

development of perfluorinated cation exchange membranes, specifically the discovery of 

Nafion by E.I. Dupont Company in the late 1960s [2]. Most research related to PEMFCs 

has focused on using hydrogen as the fuel.  Although, hydrogen-fueled PEMFCs are well 

developed there are a number of drawbacks that have limited their commercialization. 

One of these drawbacks includes the need for a new infrastructure to safely store and 

transport hydrogen fuel. Steam reforming processes to produce hydrogen fuel onboard 

have been suggested. However, the steam reforming of organic fuels in mobile 

applications would require an onboard reformer operating at high temperature and 

producing products that could poison the PEMFC catalysts. PEMFC requires expensive 

noble metal catalysts such as platinum due to its corrosive environment. Thus, the need 
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for an onboard steam reformer would increase the cost of already costly PEMFCs. These 

limitations have significantly hindered success from fuel cell technology.  

In order to eliminate the need for a new infrastructure required for hydrogen-

fueled PEMFCs, direct liquid-fed fuel cells have been suggested. In direct liquid-fed fuel 

cells, a liquid fuel is directly oxidized at the anode without the need of a steam reformer. 

Nevertheless, the corrosive environment of PEMFCs still requires Pt-based catalysts for 

the oxidation and reduction processes in direct liquid-fed fuel cells. The combination of 

all of these limitations has shifted research interests to the resurgence of alkaline fuel 

cells (AFCs).  Operation of AFCs at high pHs do not have the limitation of using only 

noble metal catalysts allowing for the development of novel electrocatalysts based on 

cheaper and more abundant materials. Furthermore, the ionic flow in AFCs is in the 

opposite direction of PEMFCs directing any possible fuel crossover back to the anode, 

which is a cause of significant voltage loss in PEMFCs. 

The main drawback of AFCs is the sensitivity of the alkaline electrolyte to CO2. 

In strong alkaline electrolytes, CO2 forms carbonates according to the following reaction, 

CO2 + 2OH-  CO3
-2 + H2O.     (1.1) 

The poor solubility of carbonates leads to the precipitation of crystals capable of blocking 

electrolyte pathways as well as decreasing the pH of the electrolyte, both of which will 

result in decreased performance of AFCs [3, 4]. New interest in the development of AFCs 

has increased research focused to develop anion-exchange membranes (AEM) that will 

help reduce the formation of carbonates. Introducing quaternary ammonium moieties to 

polymer matrices is considered the most effective method of preparing AEMs [5, 6]. 
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Varcoe et al. have made progress towards the development of AEM by using fluorinated 

polymers [7]. Fluorinated polymers are known for their good interface properties such as 

low surface tension and electrostatic loading in addition to good chemical and mechanical 

stability. Their membrane was based on poly(ethylene-co-tetrafluoroethylene) groups  

and exhibited enhanced tensile strength and improved conductivities of about 34 mS/cm 

at 50°C. Recently, Tanaka et al. have reported novel anion conductive membranes based 

on poly(arylene ether)s containing quaternary ammonium-substituted fluorene groups 

demonstrating high conductivity and durability [8]. Their reported conductivity was 144 

mS/cm at 80°C which was retained for 5000 h. These reports demonstrate a promising 

future for the development of AEMs.  

The principles of operation of PEMFCs and AEMFCs are similar. Figure 1.2 

below highlights the main differences between both types of fuel cells.  

 

Figure 1-2. Comparison of working principles of PEMFCs and AFCs. 

For PEMFCs the ion exchanged through the membrane is the hydrogen ion which travels 

from the anode to the cathode. Conversely, AEMFCs require membranes to transport 
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hydroxide ions from the cathode to the anode. Water is formed at the cathode through the 

reduction of oxygen in PEMFCs according to the following reaction, 

O2 + 4e- + 4H+  2H2O.     (1.2) 

In the case of AEMFCs, the reduction of oxygen produces hydroxide ions at the cathode 

according to, 

O2 + 2H2O + 4e-  4OH- .    (1.3) 

In PEMFCs, the reduction of oxygen (ORR) is limited by slow kinetics with low 

exchange current densities ranging in the 10-10 A/cm2 range. Furthermore, overpotentials 

for the ORR range between 200-300 mV contributing to the highest catalyst performance 

loss in PEMFCs. On the contrary, the kinetics of the ORR are much more rapid in 

alkaline environments [9]. Exchange current densities are about one to two orders of 

magnitude higher than in acid electrolytes. Additionally, the benefits observed for the 

oxygen reduction reaction are also observed for the oxidation reactions occurring at the 

anode [10, 11].  

Alkaline fuel cell technology was first demonstrated by Francis Thomas Bacon 

starting in the late-1930s [12, 13]. Bacon’s work was later licensed by Pratt & Whitney 

Division of United Technologies Corporation for the manufacturing of AFCs used to 

power the Apollo space shuttle flights in the 1960s [4]. Due to their success in space 

applications, AFCs were tested in many other applications. Allis-Chalmers 

Manufacturing Co. developed a 15 kW alkaline fuel cell stack to power a farm tractor. 

The fuel cell stack consisted of over 1000 cells with nickel-based catalysts and was able 
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to pull about 1.5 tons of weight (Figure 1.3). Allis-Chalmers maintained a research 

program with the U.S. Air Force building an AFC powered golf cart, a submersible, and a 

forklift.  

 

Figure 1-3. Alkaline fuel cell tractor developed by Allis-Chalmers Manufacturing Co. 

During the late 1990s, Zero Emission Vehicle Company (ZEVCO) launched its first 

prototype taxi in London using a 5 kW AFC with cobalt-based catalysts. Even though 

AFCs developed by Allis-Chalmers and ZEVCO used inexpensive transition metals as 

catalysts, the fuel used for these fuel cells remained hydrogen. Therefore, in order to 

transform fuel cell technology into an affordable and tangible technology the future might 

lie in the use of anion-exchange membranes, liquid fuels, and non-noble metal catalysts.   
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2. Electrochemical Processes 

2.1 The Metal/Solution Interface 

Electrochemical processes in fuel cells occur at the interface between the 

electron-conducting material (electrode) and an ionic conductive phase (electrolyte).  It is 

at this metal/solution interface where electron transfer occurs between reacting chemical 

species. These electron transfer processes involve the chemisorption of the reactant, 

intermediates, and product species. Thus, the rates and mechanisms of reaction are 

dependent on the chemical structure of all species at the interface.  

The Helmholtz model was the first model in reference to the metal/solution 

interface [14]. It was described as a simple capacitor with two layers, known as the 

electrochemical double layer. At one layer is the charged metal surface while the other is 

formed by a layer of ions in solution. This simplistic model was later modified by Louis 

Georges Gouy [15, 16] and David Chapman [17] independently to include the concept of 

a diffusion layer. The greatest concentration of charge would be adjacent to the electrode, 

where electrostatic forces are able to overcome thermal processes. Lesser concentrations 

would be found a greater distances from the electrode as the electrostatic forces become 

weaker. If either the charge of the electrode increases or the concentration of the 

electrolyte increases, the diffusion layer becomes more compact and the capacitance 

should increase. Even though the Gouy-Chapman was a significant improvement 

compared to the simple Helmholtz model, it had its limitations. The most unrealistic 

limitation was the unlimited differential capacitance. In other words, according to the 

Gouy-Chapman model at high polarizations the separation distance between the metal 
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and the ions in solution goes to zero. However, the ions cannot approach the surface any 

closer than its ionic radius. In the case that the ion is strongly solvated, the separation 

distance might even be higher. A model addressing these limitations was suggested by 

Stern [18]. Stern postulated an improved model by combining the Helmholtz model with 

the Gouy-Chapman model. Stern’s model included an inner layer, also called the inner 

Helmholtz plane (IHP), which consisted of specifically adsorbed ions; an outer layer, or 

outer Helmholtz plane (OHP), consisting of solvated ions; and a diffusion layer which 

extends from the OHP into the bulk of the solution (Figure 2.1). The diffusion layer is 

composed of nonspecifically adsorbed solvated ions and its thickness depends on the 

ionic concentration of the solution. The structure of this Gouy-Chapman-Stern 

electrochemical double layer is important as it can affect the rates of electrochemical 

processes.  

 

Figure 2-1. Gouy-Chapman-Stern model of the electrical double layer. Adapted from [19]. 
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2.2 Electrochemical Kinetics and Thermodynamics 

Interpreting the rate of an electrode reaction is more complex than deriving rates 

for homogeneous reactions. Electrochemical reactions are complex involving a series of 

different steps.  The current (or electrode reaction rate) obtained from electrochemical 

reactions is governed by the rates of different processes.  

 

Figure 2-2. Different processes occurring at the metal/solution interface. 

Figure 2.2 highlights some of the most important processes occurring at the surface of the 

electrode. The simplest electrochemical reactions involve the mass transfer of the 

reactants from the bulk solution to the electrode surface, an electron transfer involving 

nonadsorbed species, and mass transfer of the products back in to the bulk solution. 

Consequently, the overall rate of reaction will depend on both the rate of electrochemical 
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reaction on the surface, and the rate the electrochemically active species are supplied to 

the electrode surface.  

In electrochemical reactions, the rate of reaction occurring at the electrode-

electrolyte interface is described as follows: 

𝑟𝑎𝑡𝑒 =  𝑖
𝑛𝐹𝐴

=  𝑗
𝑛𝐹

     (2.1) 

where i is the current, j is the current density in A/cm2, n is the stoichiometric number of 

electrons transferred in the reaction, and F is the Faraday constant (electric charge of one 

mole of electrons = 95485 C/mol). Information about the kinetics and structural 

properties of the electrochemical interface can be obtained from measurements of faradic 

and non-faradic currents as a function of the electrode potential and/or time. 

 Considering a simple reversible one step reaction where species O are being 

reduced to species R with a transfer of n number of electrons, 

𝑂 + 𝑛𝑒− ↔ 𝑅. 

The rate of the forward reaction can be written as follows, 

𝑟𝑓 = 𝑘𝑓𝐶𝑂(0, 𝑡) = 𝑖𝑓
𝑛𝐹𝐴

    (2.2) 

In a similar way, the rate of the backward reaction is equal to, 

𝑟𝑏 = 𝑘𝑏𝐶𝑅(0, 𝑡) = 𝑖𝑏
𝑛𝐹𝐴

    (2.3) 
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where CO(0,t) and CR(0,t) are the surface concentrations of the reactants and products. 

Consequently, the net reaction rate is described as follows, 

𝑟𝑛𝑒𝑡 = 𝑟𝑓 − 𝑟𝑏 = 𝑘𝑓𝐶𝑂(0, 𝑡) − 𝑘𝑏𝐶𝑅(0, 𝑡) = 𝑖𝑓−𝑖𝑏
𝑛𝐹𝐴

= 𝑖𝑛𝑒𝑡
𝑛𝐹𝐴

  (2.4) 

Assuming that the rate constants kf and kb, follow an Arrhenius form, they can be written 

as, 

𝑘𝑓 = 𝐴𝑓𝑒
�− 

∆𝐺𝑓
𝑅𝑇 �    (2.5) 

𝑘𝑏 = 𝐴𝑏𝑒
�− 

∆𝐺𝑏
𝑅𝑇 �    (2.6) 

For an electrochemical system, the change in Gibbs free energy, ΔG, is given by  

∆𝐺 = −𝑛𝐹𝐸.     (2.7) 

Therefore, if the potential is changed to a new potential by ΔE the energy barrier will also 

be modified. Equation (2.7) can then be used to write the rate constants in terms of an 

applied potential, 

𝑘𝑓 = 𝑘𝑓0𝑒�−𝛼𝑛𝑓(𝐸−𝐸0)�     (2.8) 

𝑘𝑏 = 𝑘𝑏0𝑒
�(1−𝛼)𝑛𝑓(𝐸−𝐸0)�    (2.9) 

where f = F/RT, k0 are the rate constants for the standard potentials, E0, of the forward 

and backward reactions, α is the transfer coefficient and is related to the symmetry of the 

reaction. At E0, the forward and reverse rate constants have the same value, i.e. kf
0 = kb

0 
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= k0. Substituting the rate constants back into equation (2.4), a relation between current 

and potential can be obtained, 

𝑖𝑛𝑒𝑡 = 𝑘0𝑛𝐹𝐴[𝐶𝑂(0, 𝑡)𝑒�−𝛼𝑛𝑓�𝐸−𝐸
0�� − 𝐶𝑅(0, 𝑡)𝑒�(1−𝛼)𝑛𝑓�𝐸−𝐸0��]. (2.10) 

This relation is a very important used to describe electrode kinetics in terms of current 

and potential. Equation (2.10) is broadly known as the Butler-Volmer equation. 

Several important parameters can be derived from the Butler-Volmer equation. At 

equilibrium the net current is equal to zero; therefore, equation (2.10) becomes, 

0 = 𝐶𝑂(0, 𝑡)𝑒�−𝛼𝑛𝑓�𝐸−𝐸
0�� − 𝐶𝑅(0, 𝑡)𝑒�(1−𝛼)𝑛𝑓(𝐸−𝐸0)� (2.11) 

or 

𝐶𝑂(0,𝑡)
𝐶𝑅(0,𝑡)

= 𝑒�𝑛𝑓(𝐸−𝐸0)�.     (2.12) 

At equilibrium the surface concentrations are equal to the bulk concentrations. Equation 

(2.12) can be rewritten to give another important relation in electrochemistry, known as 

the Nernst equation: 

𝐸𝑒𝑞 =  𝐸0 + 𝑅𝑇
𝑛𝐹
𝑙𝑛 𝐶𝑂

𝐶𝑅
.    (2.13) 

An important reference point for an electrochemical system is its equilibrium potential 

which can be obtained from the Nernst equation. 

 Even though at equilibrium the net current is zero, there is an exchange of 

electrons in both directions of the interface which are equal in magnitude but opposite in 
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charge. This magnitude is known as the exchange current density, i0, and can be obtained 

from the Butler-Volmer equation, 

𝑖0 = 𝑛𝐹𝐴𝑘0𝐶𝑂1−𝛼𝐶𝑅𝛼.    (2.14) 

Electrochemical reactions, however, do not occur at the thermodynamic 

equilibrium potential experimentally. A higher than the thermodynamic potential is 

needed in order for the reaction to occur. This additional potential is referred to as the 

overpotential, η, and is defined as, 

𝜂 = 𝐸 − 𝐸𝑒𝑞     (2.15) 

Reducing the overpotential value is the goal of electrocatalysts in fuel cells. 

 The combination of equations (2.10), (2.14) and (2.15), gives the current-

overpotential equation widely used to describe electrode kinetics. The behavior obtained 

from equation (2.16) can be observed in figure 6. 

𝑖 = 𝑖0[𝐶𝑂(0,𝑡)
𝐶𝑂

𝑒(−𝛼𝑛𝑓𝜂) − 𝐶𝑅(0,𝑡)
𝐶𝑅

𝑒�(1−𝛼)𝑛𝑓𝜂�]   (2.16) 
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Figure 2-3. Current-overpotential curves with α = 0.5 and T = 298 K. Adapted from [19]. 

The solid curve from figure 2.3 represents the total current, which is the sum of the 

currents obtained from the forward and backward reactions, ic and ia respectively. At 

large positive or negative overpotentials the current levels off. In these level regions, the 

current is limited by mass transfer rather than reaction kinetics. 

At large overpotentials for an anodic reaction, i.e. backward reaction, and no mass 

transfer effects, CO(0,t) ~ CO, equation (2.16) can be simplified to, 

𝑖 = 𝑖0[𝑒�(1−𝛼)𝑛𝑓𝜂�]    (2.17) 

or 
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𝜂 = 𝑅𝑇
(1−𝛼)𝑛𝐹

ln(𝑖) − 𝑅𝑇
(1−𝛼)𝑛𝐹

ln (𝑖0)   (2.18) 

which is widely known as the Tafel equation.  
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3. Research Objectives 

The development of novel electrocatalysts for the oxidation of fuels in direct 

alkaline fuel cells requires knowledge of the physical and chemical structure of the 

catalyst along with the understanding of the role of each of its components in the 

mechanism of reaction. There are a number of ex situ microscopy techniques already 

used to better understand the physical structure of new materials. Among these ex situ 

techniques there are electron microscopy and X-ray spectroscopy techniques such as 

scanning electron microscopy (SEM), transmission electron microscopy (TEM), X-ray 

diffraction (XRD), and X-ray photoelectron spectroscopy (XPS). The combination of all 

of these techniques provides a thorough insight into the structure, morphology, phase and 

surface compositions of new materials. However, in situ characterization techniques that 

can be applied directly to the metal/solution interface of electrochemical reactions are 

only starting to emerge. One of these in situ techniques is infrared reflection absorption 

spectroscopy (IRRAS). IRRAS provides information about surface intermediates and 

products. This information greatly benefits the development of novel electrocatalysts that 

could be fine-tuned for specific catalytic purposes. The combination of ex situ and in situ 

techniques will be exploited for the development of high performing novel 

electrocatalysts for the oxidation of hydrazine and ethanol for applications in direct 

liquid-feed alkaline fuel cells. 

Part I—Direct Hydrazine Alkaline Fuel Cells 

Daihatsu Motor Corporation is leading an initiative to develop a new type of 

direct liquid-fed fuel cell using a carbon-free fuel such as hydrazine (N2H4).  Direct 



 

 17 

hydrazine fuel cells will employ anionic-exchange membranes in alkaline environments 

permitting the use of inexpensive and abundant electrocatalysts. Moreover, the oxidation 

of hydrazine produces only nitrogen and water; therefore, the use of hydrazine does not 

contribute to greenhouse gases emissions. These features make hydrazine fuel cells a 

promising technology that could make fuel cell technology affordable. 

The primary objectives of this work are to develop novel high-performing 

multifunctional electrocatalysts for the oxidation of hydrazine in direct hydrazine anionic 

fuel cells (DHAFCs). The development of novel electrocatalysts will be based on the 

study of promotion of catalysis by the alloying and/or addition of an oxide phase to the 

primary metal catalyst. Extensive knowledge will be gained by a number of different ex 

situ characterization techniques of synthesized materials in order to understand the role of 

each component in the mechanism of reaction. In situ spectroelectrochemical infrared 

studies will be performed to elucidate mechanisms of reaction and better understand the 

promotion of catalysis of alloyed or mixed phases.  

Part II—Direct Ethanol Alkaline Fuel Cells 

Similar assessment to the one established for the development of electrocatalysts 

for the oxidation of hydrazine will be performed on highly active elelctrocatalysts for the 

oxidation of ethanol for application in direct ethanol anionic fuel cells (DEAFCs).  The 

interest in using ethanol as a fuel comes from a number of different factors. Ethanol is a 

biorenewable organic fuel that could be produced from biomass. Additionally, ethanol 

has high energy density, low toxicity, and can be stored and transported with the current 

infrastructure for hydrocarbon fuels. However, the limitations of using ethanol as a fuel 
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for fuel cells lie in the poor kinetics of its oxidation in both acidic and alkaline 

environments. The latter part of this work will seek to demonstrate the utility of the in 

situ infrared reflection-absorption spectroscopy on understanding the mechanism of 

reaction of highly active electrocatalysts for the oxidation of ethanol in an alkaline 

environment. Particularly, attention will be focused to the understanding of the selectivity 

versus performance of the ethanol oxidation reaction at different pHs. 
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4. Experimental Methods 

4.1 Electrocatalyst Synthesis 

Unsupported electrocatalysts were synthesized via the spray pyrolysis of metal 

nitrate precursors (Figure 4.1). Spray pyrolysis involves the atomization of an initial 

precursor solution with a desired chemical composition into aerosolized droplets which 

are typically carried by an inert gas or air through a furnace where decomposition occurs 

[20]. Inside the furnace the precursor solution evaporates and intraparticle reactions occur 

forming a catalyst precursor powder. These precursor powders are collected on a Teflon 

filter and post-processed either in a reducing or oxidizing environment depending on the 

phase formation desired. Advantages of the spray pyrolysis technique include the high 

purity of product powders, uniform composition, and the simplicity and facile scale-up 

process. 

 

Figure 4-1. Illustration of the spray pyrolysis technique used for the synthesis of 

electrocatalysts. 
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The particle formation process involves a series of steps starting with the 

atomization of the solution, solvent evaporation from the surface of the droplet, solute 

condensation, drying, decomposition of the precipitated particles, and sintering (Figure 

4.2). 

 

Figure 4-2. Stages of the spray pyrolysis process [21]. 

The characteristic of the aerosol generator determines the production rate and droplet size 

distribution, and thus particle size distribution, of the powders. Particular hollow particles 

are formed when a solute concentration gradient is created during evaporation, 

characteristic of precursors with low melting points. The solute precipitates first at the 

more highly supersaturated surface if sufficient time is not available for solute diffusion 

in the droplet. If a crust is formed and is not permeable to the solvent, pressure will build 

within the particle upon further heating and exploded particle fragments can result. Solid 

particle formation is promoted by high-solubility precursors, low evaporation rates, small 

droplet sizes, low solution concentrations, long residence times, and precursors that form 

permeable salts. Figure 4.3 below highlights the different particle morphologies that 
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could be attained from the spray pyrolysis synthesis of materials depending on 

precipitation conditions. 

 

Figure 4-3. Effect of precipitation conditions on particle morphology [21]. 

4.2 Structural Characterization of Electrocatalysts 

4.2.1 Electron Microscopy 

Scanning electron microscopy (SEM) was used to provide morphological 

information of the synthesized catalysts. In scanning electron microscopy, an electron 

beam is thermoionically emitted from a tungsten filament cathode electron gun at 

accelerating voltages ranging from 2 to 30 keV. The emitted beam is focused by 

magnetic condenser lenses to a final lens where it is deflected in both x and y directions 

to perform a raster scan over the surface of the sample. The interaction between the 

electron beam and the sample causes a loss of energy by repeated random scattering and 

absorption within the interaction volume. These interactions cause elastic scattering of 

the electrons, inelastic scattering via secondary electrons, and electromagnetic radiation 
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emissions each of which can be detected by specialized detectors. In SEM, magnification 

results from the ratio of the dimensions of the raster on the sample to the raster on the 

display device. Therefore, magnification is controlled by the current supplied to the x and 

y scanning coils or the voltage supplied to the x and y deflector plates. Transmission 

electron microscopy (TEM) was used to obtain information about particle morphology, 

lattice parameters, and phase compositions. Differing from SEM, TEM uses the 

interaction of a beam of electrons transmitted through an ultrathin sample to form an 

image. TEM uses accelerated voltages ranging from 100 to 300 keV.  

4.2.2 X-Ray Spectroscopy 

Energy-dispersive X-ray spectroscopy (EDS) in conjunction with electron 

microscopy was used to determine bulk and particle composition of the synthesized 

materials. The principle of operation of EDS is possible due to the bombardment of the 

sample with high energy electrons ejecting unexcited ground state electrons from the 

atoms at the surface of the sample. A higher energy electron fills the resulting hole left 

behind by the ejected electron. The energy difference is released as an X-ray. The energy 

emitted by the X-rays in quantified by a detector providing information about the atomic 

composition of the sample. 

Another X-ray technique providing valuable information about the crystal 

structure and phase composition of a sample is X-ray diffraction (XRD). XRD is an X-

ray scattering technique that obtains information from the interference caused by the 

atomic planes of a crystal. This interference causes a diffraction of incoming x-rays 

which are collected by a detector at controlled angles. Each crystal structure of a specific 
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composition has a unique diffraction pattern which is used to distinguish between crystal 

phases present in the sample. 

X-ray photoelectron spectroscopy (XPS) was used to provide information about 

the elemental composition, empirical formula, chemical and electronic state of the 

elements composing a material. XPS spectra are generated from the bombardment of a 

beam of X-ray to a sample while measuring the kinetic energy and number of electrons 

escaping from the top 1-10 nm of the sample being analyzed. An XPS spectrum is 

generated from the plot of the number of electrons detected versus the binding energy. 

Each element produces a characteristic peak of binding energy that corresponds to the 

electron configuration of the electrons within the atoms.  

4.3 Electrochemical Characterization 

Electrochemical studies were performed in a three-electrode half-cell consisting 

of a working electrode (glassy carbon), a counter electrode (Pt wire), and a reference 

electrode. The counter electrode balances the reaction being studied at the working 

electrode. The reference electrode is used as a standard to measure the applied potential 

at the working electrode. 

4.3.1 Cyclic Voltammetry 

In voltammetry, a controlled potential is applied to the electrochemical system 

while the resulting current is being monitored. The measured current is indicative of the 

amount of charge transfer occurring at the surface of the electrode by electrochemical 

processes. An important voltammetry technique that has become popular as a rapid 
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process to investigate new electrochemical systems is cyclic voltammetry (CV). CV is a 

potentiodynamic measurement technique where the potential is being swept at a constant 

rate, dE/dt, between an upper and a lower limit. A cyclic voltammogram is obtained by 

plotting the measured current as a function of the applied potential (Figure 4.4). In CV, 

an anodic sweep occurs when then potential is swept in the positive direction. 

Conversely, the cathodic sweep occurs by the reverse of the anodic sweep. The value of 

the current is a direct measure of the reaction rate while the behavior of the cyclic 

voltammogram gives information about the thermodynamic and reaction overpotentials 

(as described in chapter 2). 

 

Figure 4-4. Waveform in cyclic voltammetry (a). i vs. E representation of a cyclic 

voltammogram (b) [19]. 

4.3.2 Rotating Disc Electrode (RDE) 

Kinetic studies of the electrochemical reactions occurring at the surface of the 

electrode require a well-defined mass transport system. The rotating disk electrode (RDE) 

is a technique that allows electrochemical studies with limited mass transport limitations. 

When the electrode is rotating it pumps the electrolyte toward the surface and then 
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radially disperses the electrolyte back to the bulk of the solution. This pumping action 

prevents the extension of the concentration gradient limiting the diffusion layer to very 

short distances from the electrode surface.   

4.3.3 In Situ Infrared Reflection-Absorption Spectroscopy (IRRAS) 

A more complete assessment of reaction intermediates occurring at the 

electrochemical double layer of the metal/solution interface can be obtained from in situ 

vibrational characterization of adsorbed species. in situ infrared reflection-absorption 

spectroscopy (IRRAS) provides time resolved vibrational and chemical information 

which can help determine important information about the electrochemical reaction such 

as rate-limiting steps, final products, and kinetic parameters based on the understanding 

of electron transfer reaction occurring. 
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Part I.  

Direct Hydrazine Fuel Cells 
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5. Direct Hydrazine Alkaline Fuel Cells 

5.1 Introduction 

The development of emerging fuel cell technologies with the focus on improving 

air quality by reducing greenhouse emissions has seen promising results from 

nontraditional nitrogen-containing fuels such as hydrazine (N2H4). Hydrazine is a carbon-

free fuel of particular interest since their consumption yields N2 as the main product [22-

24]. The utilization of hydrazine as a fuel has a number of advantages: starting from the 

products obtained from its decomposition (nitrogen and water), high energy density (5.26 

kW·h/kg) [25], and the possibility of using the current infrastructure for the 

transportation and storage of hydrazine hydrate as a fuel. An industrial process is already 

in place for the production of hydrazine. This industrial process is the Raschig process. 

5.1.1 The Raschig Process 

The Raschig process was first discovered in 1907. The main chemical reactions of 

the Raschig process involve three steps: 

NaOH + Cl2  NaOCl + HCl    (5.1) 

NH3 + NaOCl  NH2Cl + NaOH    (5.2) 

NH2Cl + NH3 + NaOH  N2H4·H2O + NaCl   (5.3) 

In the Raschig process NaOCl is produced by feeding chlorine into a 30% aqueous 

caustic solution in a circulating reactor system. The reaction temperature is kept below 

30°C and the NaOH concentration is kept below 1 g/L to prevent decomposition and 
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chlorate formation. Hydrazine hydrate synthesis involves the partial oxidation of 

ammonia using the formed sodium hypochlorite in the presence of gelatin or glue at 

temperatures around 160-180°C and elevated pressures (Equation 5.3). The reaction 

liquor contains 1% hydrazine hydrate and 4% NaCl. Ammonia is condensed and 

recycled. The product is concentrated by fractional distillation to obtain a higher 

concentration of hydrazine hydrate.  

5.2 Development of Hydrazine Fuel Cells 

The utilization of hydrazine for direct hydrazine fuel cells (DHFCs) in an alkaline 

electrolyte has been suggested since the 1960s [26, 27]. Since then, a number of different 

companies such as Chloride Electric Storage Company, Shell Research Company, Allis 

Chalmers Manufacturing Company, Electrochimica Corporation and Monsanto Company 

have researched the possible development and applications of hydrazine fuel cells. The 

most noteworthy progress was carried through by Allis Chalmers Manufacturing 

Company. Allis Chalmers developed a 3 kW hydrazine fuel cell with a maximum power 

density of 250 mW/cm2 which was used to power a golf cart. 

However, a report on the toxicity of hydrazine published in 1977 hindered further 

research on DHFCs as it reported that hydrazine is both highly toxic and mutagenic [28]. 

Daihatsu Motor Co. has addressed the toxicity concerns of using hydrazine by developing 

a detoxification technique in which hydrazine is safely stored as hydrazone (>C=N-NH2) 

or hydrazide (-CO-NH-NH2) (Figure 5.1) [29]. Hydrazine hydrate is then released by the 

addition of a solvent when required. 
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Figure 5-1. Schematic of safe storage of hydrazine. 

As introduced in chapter 1, alkaline fuel cells utilizing anion-exchange 

membranes (AEMs) possess a number of advantages over PEMFCs which require 

corrosive acidic electrolytes and expensive noble metal catalysts. The less-corrosive 

alkaline electrolyte permits the use of non-noble transition metals as catalysts, which are 

more abundant and less expensive, thus, making fuel cells more affordable. Moreover, 

improvement in the oxidation and reduction kinetics has been reported for alkaline 

environments over acidic environments [10, 11]. Lastly, DHFCs do not suffer from CO 

poisoning, a main drawback for PEMFCs using Pt-based catalysts [24, 27, 30]. 

 The theoretical cell voltage for a direct hydrazine fuel cell is 1.56 V, higher than 

that obtained from a hydrogen/oxygen fuel cell. The electrochemical half-reactions of the 

DHFC are as follows: 

 

Anode Reaction: 

N2H4 + 4OH-  N2 + 4H2O + 4e-     E0 = -0.33 V (vs. RHE) (5.1) 

Cathode Reaction: 

O2 + 2H2O + 4e-  4OH-               E0 =  1.23 V (vs. RHE)  (5.2) 
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Overall Cell Reaction: 

N2H4 + O2  N2 + 2H2O                  E0 =  1.56 V (vs. RHE) (5.3) 

 

Figure 5-2. Schematic of a direct hydrazine anionic fuel cell. 

Development of new direct hydrazine anionic-exchange membrane fuel cells 

(DHAFCs) has been led by the Daihatsu Motor Corporation [8, 29, 31-37]. Research 

related to the development of new anionic-exchange membranes for hydrazine fuel cells 

has been reported by several groups. Tanaka et al. reported results of an anionic 

conductive block poly(arylene ether) membrane containing quaternized ammonia-

substituted fluorine groups. These membranes showed considerably high hydroxide ion 

conductivities of about 144 mS/cm at 80°C. Durability studies reported the retention of 

high conductivities in water at 80°C for 5000 h. When tested in a noble metal-free direct 

hydrazine fuel cell, the obtained maximum power density was 297 mW/cm2 achieving a 
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current density of 826 mA/cm2. Another development in anionic-exchange membranes 

for hydrazine fuel cells was reported by Zhang et al. [38]. Zhang reported a 

polytetrafluoroethylene (PTFE) based membrane with good conductivities of 49 mS/cm 

at room temperature as well as good stability and strength. Therefore, promising results 

have already been reported in relation to the development of new anionic-exchange 

membranes targeted for direct hydrazine fuel cells. 

 A number of different catalysts have been reported for the anodic oxidation of 

hydrazine. Among these catalysts are Pt [26, 30, 31, 39-41], Pd [42-45], Ag [46-48], Au 

[48], Hg [30, 48, 49], Ni [32, 42, 50], and Co [32, 44]. Daihatsu Motor Co. has reported 

electrochemical activity from a number of different metal catalysts [32, 33]. Various 

polycrystalline metal electrodes (Ni, Co, Fe, Cu, Ag, Au) were compared to Pt which is 

often the electrocatalysts of choice for the oxidation of small molecules. Lower onset 

potentials from Ni and Co were observed when compared to Pt. Furthermore, higher 

power densities from fuel cell testing were also observed from both Ni and Co when 

compared to Pt. However, Co exhibited a higher rate of hydrazine decomposition to form 

ammonia compared to Ni [51]. Consequently, Ni was determined to be the most suitable 

anode catalyst. 

 It has been extensively reported that the performance of catalysts can be 

significantly improved by alloying or addition of secondary phases to promote the rate of 

catalysis.  Therefore, it is the goal of this dissertation to conduct research related to the 

enhancement of active Ni catalysts for the oxidation of hydrazine in alkaline media by 

studying the promotion of catalysis by alloying or combining with an oxide phase. 

Chapter 6 will be devoted to the study of nickel alloying with zinc, an electron dense and 
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oxophilic metal that could cause an intrinsic effect improving the catalytic performance 

of nickel. Chapter 7 will be focused on the discussion of the promotion effect caused by 

the synergism created by the presence of an oxide phase of lanthanum and nickel. 
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6. Ni1-xZnx Electrocatalysts: Promotion by an Alloyed Phase 

6.1 Introduction 

 In addition to the advantages provided by the use of alkaline media, the utilization 

of binary and/or ternary metal catalytic systems have been known to provide stability, 

increased reactivity and functionality over single-metal catalytic systems [52, 53]. Ye et 

al. reported on the electrocatalytic activity of a heterogeneous Pd-Ni/C composite 

compared to that of its single-constituents. The study found better performance from the 

Pd-Ni/C catalyst than both Pd/C and Ni/C for the electrooxidation of hydrazine [42]. 

Nevertheless, the non-homogeneity of the Pd-Ni/C catalyst makes it difficult to deduce 

any mechanism since in addition to the synergy of the Pd-Ni catalyst different reactions 

could also happen at each of its counterparts. Moreover, Sakamoto et al. reported the 

catalytic activity of unsupported NixCoy catalysts. They found Ni50Co50 exhibited higher 

mass activity than the compositions Ni75Co25 and Ni25Co75 as well as their pure 

components Ni and Co [35]. Sanabria-Chinchilla et al. performed a study on the reaction 

pathways of these highly active Ni-Co alloys. Differentially pumped electrochemical 

mass spectroscopy (DEMS) studies suggest competing faradic (electrochemical) and 

nonfaradic (chemical) reaction pathways [34].  

 The enhanced activity provided by intermetallic catalytic systems has been 

attributed to two different phenomena: bifunctional and electronic effects. A bifunctional 

effect is attributed to the synergistic contribution of each of the constituents of the 

catalyst towards a particular reaction mechanism. A ligand or electronic effect refers to 

the altering of the electronic properties of an atom promoted by its neighbouring atoms. 
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This chapter focuses on the study of the effect on the catalytic activity and reaction 

pathways of aerosol-derived unsupported Ni1-xZnx catalysts. We hypothesize that the 

alloying of an oxophilic and electron-dense atom such as Zn with Ni could provide a 

Lewis-base type of catalyst capable of producing a ligand effect increasing its reactivity 

and functionality. Additionally, Zn atoms could also offer a synergistic type of effect by 

providing oxygen species near the surface of the electrode at lower potentials to oxidize 

and remove adsorbed intermediates.  

6.2 Experimental Methods 

6.2.1 Electrocatalyst Synthesis 

Synthesis of unsupported Ni1-xZnx electrocatalysts was achieved using spray 

pyrolysis (see Fig. 1). Ni, Zn, and Co nitrates (99.999%, Sigma-Aldrich Co.) were 

dissolved in 10% HNO3 to a final concentration of 5 wt% to specific stoichiometric 

ratios. The dissolved bimetallic solution was ultrasonically atomized and pyrolyzed using 

a quartz tube (1 in. OD, 24 in. long) in a furnace operating at 500°C using N2 (1 L/min) 

as the carrier gas. Pyrolyzed particles were collected and air dried on a Teflon filter. 

Alloys and solid solutions were formed by reduction of the oxide precursor powders 

under flowing 5% H2 in N2 at 400°C.  Ni and three different stoichiometric compositions 

of Ni and Zn nitrates were synthesized: Ni0.87Zn0.13, Ni0.50Zn0.50, and Ni0.33Zn0.67, 

representing different phases of the Ni1-xZnx system as discussed later.  

6.2.2 Structural and Compositional Characterization 

After reduction, phase purity, morphology, and composition of synthesized 
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powders were characterized using X-Ray Diffraction (XRD), Scanning Electron 

Microscopy (SEM), High-Resolution Transmission Electron Microscopy (HRTEM), and 

Energy Dispersion Spectroscopy (EDS). X-ray powder diffraction spectra were recorded 

using Scintag Pad V diffractometer with DataScan 4 software (MDI, Inc.) for system 

automation and data collection. Cu Kα radiation (40 kV, 35 mA) was used with a Bicron 

Scintillation detector (with a pyrolitic graphite curved crystal monochromator). Data sets 

were analyzed with Jade 9.5 Software (MDI, Inc.) using the ICDD (International Center 

for Diffraction Data) PDF2 database (rev. 2004) for phase identification. 

Scanning electron microscopy (SEM) was performed on a Hitachi S-5200, with a 

resolution of 0.5 nm at 30 kV and 1.7 nm at 1 kV, equipped with PGT EDS. 

Transmission electron microscopy (TEM) was performed on a JEOL 2010F FASTEM 

field emission gun scanning transmission electron microscope equipped with Oxford 

EDS. The probe size was 1.0 nm, and accelerating voltage was 200kV. 

6.2.3 Electrochemical Characterization 

An aqueous suspension (4 mg/mL in THF:1-Propanol [1:4]) of each powder was 

prepared and sonicated to disperse the powder in solution.  A 2 wt% anion ionomer 

solution (A3, Tokuyama Corp.) was added to the suspension to act as a binder. 3 µl 

aliquots of the aqueous suspension were deposited onto a glassy carbon rotating-disc 

electrode (RDE) and allowed to air dry. Electrochemical measurements were conducted 

in a jacketed electrochemical cell containing 1 M KOH at 60 °C.  

Hydrazine hydrate (24-26% in H2O, Sigma-Aldrich Co.) was dissolved to 5 wt% 

in 1 M KOH to perform linear sweep voltammetry (LSV) measurements at a scan rate of 

20 mV/s. A Pt-coil was used as a counter electrode and a Hg/HgO electrode (XR440, 
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Radiometer Analytical SAS) was used as reference electrode. Before each experiment, 

the electrolyte solution was deoxygenated by bubbling Ar gas for at least 15 minutes 

prior to taking any measurements. 

6.2.4 Infrared Studies 

In situ Infrared Reflection Adsorption Spectroscopy (IRRAS) experiments were 

performed at room temperature with a Nicolet 6700 FT-IR spectrometer equipped with a 

Mercury Cadmium Telluride (MCT) detector cooled with liquid nitrogen. Experimental 

setup is described previously [54]. For each spectrum, 128 interferograms were added 

together at a resolution of 8 cm-1 with unpolarized light. Absorbance units of the spectra 

are defined as A = -log(R/R0), where R and R0 represent reflected IR intensities 

corresponding to the sample and reference single beam spectrum, respectively. Thus, a 

positive peak in the resulting spectrum indicates a production of species, while a negative 

peak indicates consumption or decrease in concentration of a species compared to the 

reference spectrum. The reference spectrum was collected at -0.42 V (vs. RHE) with 0.1 

M hydrazine and 1 M KOH. A thin layer of ink was pipetted onto a polished glassy 

carbon electrode with a diameter of 5 mm. A ZnSe hemisphere was used as the IR 

window, and the working electrode was pressed against the window, creating a thin 

solution layer with a thickness of a few micrometers. The incident angle of the IR 

radiation passing through the ZnSe window was 36° [55]. Argon was used to purge the 

electrolyte while dry air was used to purge the spectrometer and chamber, reducing the 

spectral interference from ambient CO2 and water vapor. 
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6.3 Results and Discussion 

6.3.1 Electrocatalyst Synthesis and Characterization 

Unsupported Ni1-xZnx electrocatalysts were synthesized through the pyrolysis of 

aerosolized precursors (Figure 6.1).  

 

Figure 6-1. Schematic of the spray pyrolysis process for the synthesis of Ni1-xZnx 

electrocatalysts. 

Spray pyrolysis allows for thermally driven processes to occur in aerosolized 

droplets of the precursor while the dispersion of such micron-sized liquid droplets is 

being carried in a laminar flow through a controlled temperature hot-wall reactor/furnace. 

A wide variety of materials including metals, their alloys, oxides, carbides, nitrides, and a 

broad spectrum of composites including one or more of those classes have been 

exemplified by spray pyrolysis [20, 21, 56-59]. Spray pyrolysis offers the advantage of 

generating particles with uniform compositions due to the unique control of particle 

formation within droplets ensuring complete retention of the precursor stoichiometry.  

 The characteristic morphology of synthesized electrocatalysts post-pyrolysis and 
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post-reduction were analyzed using scanning electron microscopy (SEM) (Figure 6.2, a 

and b).  

 

 

Figure 6-2. SEM micrographs of α-Ni0.87Zn0.13. a) after the pyrolysis process (inset: hollow 

spherical micron-size particles are composed of 5-10 nm agglomerates) and b) after the 

post-reduction process. 

Figure 6.2a illustrates bimetallic oxide precursor particles obtained post-pyrolysis 

for the α-Ni0.87Zn0.13 catalyst. During pyrolysis, 5-10 nm particles agglomerate within 

each droplet to form hollow micron-size spherical particles (inset in Figure 6.2a). Hollow 

particles can be formed due to surface precipitation. As the salts precipitate at the outer 
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layer of the aerosolized particles, the permittivity of the gases produced through the 

molten salts is reduced causing the internal pressure, and volume, of the particle to 

increase and create hollow particles [20, 21]. As these hollow particles are reduced at 

400°C in a flowing 5% H2 environment, sintering of the nanoparticles occurs while 

retaining the micron-size spherical morphology observed for the bimetallic oxide 

precursor (Figure 6.2b). For miscible metals as is the case for the α-Ni0.87Zn0.13 illustrated 

in Figure 6.2b, a network of particles with a sponge-like morphology is observed. BET-

surface area of synthesized catalysts ranged from 5-7 m2/g. 

 X-ray diffraction was used to confirm crystal structures and phase purities of the 

synthesized Ni1-xZnx electrocatalysts.  

 

Figure 6-3. XRD spectra of Ni1-xZnx electrocatalysts. a. Predominantly ZnO at x = 0.67 at% 

Zn. b. FC tetragonal β1-NiZn. c. FC cubic α-NiZn. 
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XRD spectra for the three synthesized Ni1-xZnx electrocatalysts are shown in figure 6.3. 

The three compositions of Ni1-xZnx catalysts, Ni0.87Zn0.13, Ni0.50Zn0.50, and Ni0.33Zn0.67, 

belong to different regions of the Ni-Zn phase diagram [60].  

 

Figure 6-4. Ni-Zn phase diagram [60]. 

The α-NiZn phase is formed by the random substitution of Ni atoms with Zn atoms while 

retaining the Ni FCC crystal structure. Although the crystal structure is retained, lattice 

spacing changes due to the difference in atomic size which causes a shift on the XRD 

spectrum. This α-NiZn phase exists for ranges from 0 to 28-37 at% Zn. The α-Ni0.87Zn0.13 

catalyst shows characteristic FCC peaks at 2θ angles 44.0°, 51.3°, and 75.5° which 

correspond to the (111), (200), and (220) planes, respectively (Figure 6.3c). At ranges 

from 44-52 at% Zn, a highly ordered intermetallic NiZn structure is formed. This β1-
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phase structure consists of a FC tetragonal superlattice with Ni and Zn atoms occupying 

the alternate (001) planes [61]. Characteristic peaks of this β1-phase are observed in the 

XRD spectrum of the β1-Ni0.50Zn0.50 catalyst (Figure 6.3b). Peaks observed at 2θ angles 

43.5° and 46.8° correspond to planes (011) and (110), respectively, and have already 

been reported as the peaks responsible for the L10 structure of the intermetallic β1-NiZn 

phase [62]. The spectrum of the β1-Ni0.50Zn0.50 catalyst also shows minimal traces of ZnO 

with peaks at 32°, 34.5°, and 36°. This ZnO phase is predominant in the spectrum for the 

Ni0.33Zn0.67 catalyst (Figure 6.3a). According to the NiZn phase diagram, a composition 

of Ni0.33Zn0.67 should yield a mixture of the β1 structure plus a cubic (γ-phase) structure. 

However, neither of these phases is present. The post-treatment reduction process yielded 

a more thermodynamically stable ZnO phase and some α-NiZn particles for concentration 

of Zn higher than 50 at%.  

  Prior to the reduction post-treatment, spray pyrolyzed materials consist of oxide 

phases. Figure 6.5 below shows the XRD spectrum of Ni0.87Zn0.13 after the pyrolysis 

process. The main phase present is NiO with characteristic 2θ angles at 37.0°, 43.1°, 

62.5°, 75.1°, and 79.1° which correspond to planes (111), (200), (220), (311), and (222) 

respectively. Reflections appearing at 2θ angles between 10° and 35° correspond to 

intermediate hydroxide phases, Zn(NO3)2·2Zn(OH)2 and Ni(NO3)2·Ni(OH)2·2H2O.  
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Figure 6-5. XRD spectrum of Ni0.87Zn0.13 prior to the post-treatment process. 

 High-Resolution Transmission Electron Microscopy (HRTEM) micrographs of α-

Ni0.87Zn0.13 are shown in figure 6.6. The overall morphology of the aerosol-derived 

catalysts is illustrated in Figure 6.6a. Crystallinity of these catalysts is illustrated in figure 

6.6b. Lattice spacings of 0.20 nm and 0.18 nm measured from the FFT diffraction pattern 

shown in the inset of figure 6.6b corresponds to the (111) and (200) planes, respectively. 

Thus, confirming the FCC structure observed from the XRD spectrum. 
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Figure 6-6. HRTEM micrographs of α-Ni0.87Zn0.13 catalyst. Catalyst is formed of crystalline 

agglomerates ranging from 20-60 nm in size. 

6.3.2 Electrochemical Performance  

Once the understanding of the material structure and phase purity of the 

synthesized electrocatalysts was established, their performance as anode catalysts for the 

oxidation of hydrazine was examined in a 1 M KOH electrolyte.   
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Figure 6-7. LSV of aerosol-derived Ni1-xZnx catalysts compared to Ni0.50Co0.50 and Ni. 

Reaction conditions: 20 mV/s in 1M KOH and 5% hydrazine at 60 °C and 1600 rpm. 

Figure 6.7 compares the mass activity of Ni0.87Zn0.13, Ni0.50Zn0.50, Ni0.33Zn0.67, 

Ni0.50Co0.50, and Ni catalysts. All electrocatalysts tested were synthesized using spray 

pyrolysis. The Ni0.50Co0.50 catalyst was included in this comparison since it has been 

reported that Ni-Co catalysts are highly active for the oxidation of hydrazine in alkaline 

media. Sakamoto et al. reported on the activity of unsupported NiCo catalysts 

synthesized by the liquid reduction process [35]. The study finds Ni0.50Co0.50 as the most 

active catalyst with a maximum mass activity of 171.2 A/g at 0.05 V (vs. RHE) and an 

onset potential of -0.21 V when compared to Ni0.25Co0.75, Ni0.75Co0.25, Ni, and Co. 

Sanabria-Chinchilla et al. also reported on the catalytic activity and mechanism of a 

Ni0.60Co0.40/C catalyst [34]. Maximum mass activity was found to be 1300 A/gtotal metal at 
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0.22 V (vs. RHE) followed by a decrease in mass activity due to the passivation of the 

electrocatalyts. The onset potential is observed at about -0.15 V and has a mass activity 

of 480 A/gtotal metal at 0.05 V (vs. RHE). The Ni0.60Co0.40/C catalyst was synthesized by an 

impregnation/freeze-drying procedure where metal precursors were supported on high-

surface-area carbons and then converted to the zerovalent state in a reductive H2 

atmosphere followed by thermal annealing. A direct comparison between the results 

obtained for the spray pyrolyzed materials reported in this study with the results reported 

by Sanabria-Chinchilla et al. cannot be determined due to the lack of understanding of 

the role played by the difference in surface areas and the carbon support. However, a 

similar performance was observed from the spray pyrolyzed unsupported Ni0.50Co0.50 

catalyst near the onset potential (Figure 6.7). The onset potential of the electrooxidation 

of hydrazine starts near -0.15 V and has a mass activity of 440 A/g at 0.05 V. No 

passivation for the potential range swept was observed and a maximum activity of 3000 

A/g at 0.4 V (vs. RHE) was reached. This phenomenon could be due to the in situ 

reduction of the electrocatalyst surface by hydrazine or one of its intermediates. 

Nevertheless, α-Ni0.87Zn0.13 and β1-Ni0.50Zn0.50 catalysts exhibit higher mass activity than 

the Ni0.50Co0.50 catalyst, with the α-Ni0.87Zn0.13 catalyst showing a better activity near the 

onset potential. Onset potentials are similar for all catalysts, starting at around -0.15 V 

(vs. RHE), but mass activity is about 1000 A/g higher than Ni0.50Co0.50 at 0.4 V. As 

reported before [32, 33], Ni and Co are both catalytically active for the oxidation of 

hydrazine in alkaline media; thus, the high mass activity observed for Ni-Co bimetallic 

catalysts could be due to a co-catalytic mechanism in which active sites are found in both 

constituents. On the other hand, Zn is nearly inactive for the oxidation of hydrazine; thus, 
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high mass activity observed for α-Ni0.87Zn0.13 and β1-Ni0.50Zn0.50 catalysts must be due to 

a bifunctional and/or electronic effect of the Zn on the active Ni catalyst. A DFT 

evaluation showed that the interaction between hydrazine and surfaces depends strongly 

on the composition. Hydrazine is predicted to decompose on Ni(111) to form two NH2 

fragments with a combined binding energy of EB = 1.5 eV. In contrast, hydrazine remains 

molecular on β1-Ni0.50Zn0.50 with the lone pair pointing toward Ni and filling the Ni 3d 

shell. The binding energy of hydrazine to Ni in the presence of Zn is much lower, EB = 

0.8 eV. These results indicate that the contribution of Zn is to stabilize molecular 

hydrazine and reduce its binding energy such that it can be oxidized in an alkaline 

environment. Further studies using in situ IRRAS were performed to understand the 

mechanism of oxidation on these highly active catalysts. 

6.3.3 In Situ IRRAS Experiments 

In situ infrared reflection absorbance spectroscopy (IRRAS) studies were 

conducted to identify intermediates and understand the mechanism of reaction of the 

highly active α-Ni0.87Zn0.13. Figure 6.8 shows the infrared spectra taken at 25 °C and 0 

rpm from the potential range of -0.4 V to 0.4 V (vs. RHE). All spectra shown in Figure 

6.8 are compared to a reference spectrum taken at the starting potential. Therefore, a 

trough represents the disappearance of species, while a peak represents a new kind of 

species being formed. Following the adsorption of hydrazine, the spectrum at -0.39 V 

shows troughs at 3225, 1646, and 801 cm-1. These bands belong to the N-H and O-H 

species; therefore, these troughs represent a decrease of these species. At the same 

potential, peaks at 2775, 1900, and 1080 cm-1 appear. The peak at 2775 cm-1 signifies the 

formation of an amine salt –NH2
+2 possibly due to the partial dehydrogenation of 
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hydrazine as it adsorbs. Furthermore, the peak at 1080 cm-1 corresponds to the N-N 

stretch of the adsorbed hydrazine species as reported by Gland et al. [63] and confirmed 

by infrared hydrazine studies reported by Giguere and Liu [64] along with Tipton et al. 

[65]. The most important finding from the infrared spectra experiments is the species 

formed at 1900 cm-1. The vibrational frequency at 1900 cm-1 corresponds to the Ni-H 

stretch [66]. This finding in correlation with the decrease of NH and OH species observed 

can be attributed to two different steps of the mechanism of reaction. In the first step, 

hydrazine hydrate adsorbs to the Ni active site losing the water molecule (Equation 6.4); 

in the second step, hydrazine is partially dehydrogenated by neighbouring Ni atoms 

forming the adsorbed N2H2
+2 salt (Equation 6.5).  

 

Figure 6-8. IRRAS spectra of the oxidation of hydrazine on α-Ni0.87Zn0.13. 
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Table 6-1. IRRAS band assignments for the electrooxidation of hydrazine on α-Ni0.87Zn0.13. 

Wavenumber (cm-1) Assignment 
3225 N-H, O-H stretch 
2775 -NH2

+2 
1900 Ni-H stretch a 

1646, 1587 HNH, HOH bend 
1080 -N-N stretch (in hydrazine)b 

801, 840 OH, NH deformations 
a ref: [66]. b refs: [63-65].  

 

Figure 6.9 below displays the absorbance ratio of the Ni-H species (1900 cm-1) 

normalized to the N-N species (1080 cm-1).  

 

Figure 6-9. Graph of the Ni-H vibrational frequencies normalized to the N-N frequencies 

and the corresponding linear sweep voltammogram (LSV) of the hydrazine oxidation 

reaction. Reaction conditions: 1 mV/s, 1M KOH, and 0.1M hydrazine at 25°C and 0 rpm. 
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The [Ni-H]abs/[N-N]abs ratio increases as the potential is increased, reaching a maximum 

at -0.17 V vs. RHE. At higher potentials, 0.03 V and 0.08 V, hydroxide ions begin to 

appear near the surface of the electrode as can be observed from the widening of the peak 

at 2775 cm-1 and the emergence of the peak at 840 cm-1 in figure 6.8. As the onset 

potential is reached, hydroxide ions near the surface of the electrode oxidize the adsorbed 

hydrogen species forming water (Equation 6.6). This reaction causes the decrease of the 

[Ni-H]abs/[N-N]abs
 ratio observed in Figure 6.9 and the disappearance of the Ni-H peak at 

1900 cm-1 detected from the IRRAS spectra at 0.19 V (Figure 6.8). In summary, the 

mechanism of reaction can be described as follows, 

 N2H4·H2O  N2H4ads + H2O    (6.4) 

 N2H4ads  2Hads + N2H2
+2

ads    (6.5) 

2Hads + N2H2
+

ads + 4OH-  N2 + 4H2O + 4e-    (6.6) 

Kodera et al. had suggested a similar mechanism for the oxidation of hydrazine 

on a Pt electrode in alkaline media [41]. However, evidence that the N2H2
+2

ads species 

were stable was lacking and therefore chose a different mechanism of dehydrogenation 

forming N2H2ads species instead. Evidence that those charged species prevail until these 

species are removed at the moment of electrooxidation is shown here. Another important 

aspect of this mechanism is the ability of the α-Ni0.87Zn0.13 catalyst to partially 

dehydrogenate hydrazine. This ability was not observed on the Ni-Co catalysts reported 

by Sanabria-Chinchilla et al. [56] nor is it observed for the oxidation mechanism on pure 

Ni (Figure 6.10). 



 

 50 

 

Figure 6-10. IRRAS spectra for the oxidation of hydrazine on Ni. 

Ni-H formation could help in preventing passivation of the catalyst and extend the 

durability of the catalyst. Thus, we conclude that Zn alloying with Ni intrinsically 

modifies the catalytic activity of Ni by creating a Lewis base catalyst in which it 

enhances the ability for Ni to act as electron-pair donor capable of inducing hydrazine 

adsorption and partial dehydrogenation. 

6.4 Conclusions 

We have reported in this study the synthesis and characterization of highly active 

unsupported Ni1-xZnx electrocatalysts synthesized through spray pyrolysis, which proved 

to be a versatile and facile technique that is easily scalable. XRD analysis showed that at 

low at% of Zn phase pure α-NiZn can be obtained. At atomic concentrations of Zn higher 
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than 50% a more thermodynamically stable ZnO phase is predominant. LSV results 

showed high mass activity from both α-Ni0.87Zn0.13 and β1-Ni0.50Zn0.50, with the α-

Ni0.87Zn0.13 showing a better performance near the onset potential (-0.15 V vs. RHE, at 60 

°C). In situ IRRAS studies conducted for the α-Ni0.87Zn0.13 catalyst indicated a pathway 

of hydrazine oxidation in which the α-Ni0.87Zn0.13 catalyst partially dehydrogenates 

hydrazine forming Ni-H complexes which could prevent the passivation of α-Ni0.87Zn0.13 

catalysts. Consequently, Ni alloying with Zn intrinsically modified the catalytic activity 

of Ni creating a Lewis base catalyst in which Ni is able to act as an electron-pair donor 

capable of inducing the adsorption and partial dehydrogenation of hydrazine, making 

aerosol-derived α-Ni0.87Zn0.13 a viable anode catalyst for applications in direct hydrazine 

anionic fuel cells for a number of different applications.  
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7. Ni1-xLax Electrocatalysts: Promotion by an Oxide Phase 

7.1 Introduction 

 The promotion effect of metal oxides on the electrochemical activity of several 

catalysts has been reported for numerous reaction systems [54, 67, 68]. However, there 

are only a few reports on the promotion effect of oxides for the electrooxidation of 

hydrazine [69, 70]. Karim-Nezad et al. reported an improved performance in the kinetics 

of the hydrazine oxidation by a copper hydroxide-modified copper electrode compared to 

bare copper electrodes [69]. Rare-earth metal oxides have been widely used in high 

temperature fuel cell. Recently, the use of rare-earth metal oxides to function as either 

catalysts or co-catalysts has been suggested for low-temperature fuel cells [71]. From the 

viewpoint of material resources, transition and rare-earth metals are abundant and less 

costly than noble metal catalysts, so their use could potentially reduce the cost of fuel 

cells. CeO2 is one of the most commonly used rare-earth metal oxide for the promotion of 

catalysis on platinum electrocatalysts. Pt-CeO2/C electrocatalysts have shown improved 

performance and stability over traditional Pt/C for the oxidation of alcohols [72, 73].  

As reported before, Ni-based electrocatalysts have shown best performance for 

the hydrazine oxidation when compared to Pt [32, 34-36, 42, 50]. The studies reported in 

this chapter aim to investigate the promotion effect observed from La2O3 and La(OH)3 

phases on the electrocatalytic activity of Ni for the oxidation of hydrazine hydrate in an 

alkaline electrolyte. Thorough physical and electrochemical characterization was 

performed along with in situ infrared studies to understand the mechanism of oxidation. 
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Lastly, the fuel cell performance using Ni/La(OH)3 electrocatalysts was reported in a 

direct hydrazine anionic fuel cell. 

7.2 Experimental Methods 

7.2.1 Electrocatalyst Synthesis 

Synthesis of unsupported Ni1-xLax electrocatalysts was achieved using spray 

pyrolysis (Figure 7.1). Ni and La nitrates (99.999%, Alfa-Aesar) were dissolved in 10% 

HNO3 to a final concentration of 5 wt% to specific stoichiometric ratios. The dissolved 

solution was ultrasonically atomized and pyrolyzed using a quartz tube in a furnace 

operating at 500°C using N2 (1 L/min) as the carrier gas. Pyrolyzed particles were 

collected and air dried on a Teflon filter. Post processing of collected catalysts was 

performed in a reducing environment using 5% H2/95% N2 gas at 500°C.   

7.2.2 Structural and Compositional Characterization 

X-ray powder diffraction spectra were recorded using Scintag Pad V 

diffractometer with DataScan 4 software (MDI, Inc.) for system automation and data 

collection. Cu Kα radiation (40 kV, 35 mA) was used with a Bicron Scintillation detector 

(with a pyrolitic graphite curved crystal monochromator). Data sets were analyzed with 

Jade 9.5 Software (MDI, Inc.) using the ICDD (International Center for Diffraction Data) 

PDF2 database (rev. 2004) for phase identification.  

SEM was performed on a FEI Quanta 3D Field Emission Gun SEM equipped 

with EDAX Apollo 40 EDS system. HRTEM were performed on a JEOL 2010F 

FASTEM field emission gun scanning transmission electron microscope equipped with 
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EDS. Probe size for high resolution work was 0.2 nm, 1.0 nm for analytical work, and 

accelerating voltage was 200 kV. 

X-ray photoelectron spectroscopy (XPS) was performed on a Kratos Axis Ultra 

X-ray photoelectron spectrometer. Spectra were recorded under the operating pressure of 

around 2 × 10−9 Torr using a monochromatic Al Kα source operating at 300 W with 

charge compensation. Broad-range spectra were acquired at 80 eV pass energy while 

high resolution spectra were acquired at a pass energy of 20 eV. Ambient Pressure-XPS 

experiments were carried out at ISIS, the catalysis beamline of the Fritz Haber Institute at 

the 3rd generation synchrotron BESSY II (Helmholtz-Zentrum Berlin). The powder 

samples were pressed into self-supporting ∼1 mm disks thick that were mounted in the in 

situ heated holder and exposed to gases at up to 0.25 mbar. Spectra were generated using 

incident photon energies of 120 eV above monitored B.E. energy window and adjusted 

for beamline photon flux variations. Quantification of XPS was performed using 

CasaXPS software. Curve-fitting was carried out using individual peaks with 70% 

Gaussian/30% Lorentzian line shape and widths and binding energies were constrained to 

best experimental fittings of reference Ni and La2O3 materials. 

7.2.3 Electrochemical Characterization 

An aqueous suspension (4 mg/mL in THF:1-Propanol [1:4]) of each powder was 

prepared and sonicated to disperse the powder in solution.  A 2 wt% anion ionomer 

solution (A3, Tokuyama Corp.) was added to the suspension to act as a binder. 3 µl 

aliquots of the aqueous suspension were deposited onto a glassy carbon rotating-disc 
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electrode (RDE) and allowed to air dry. Electrochemical measurements were conducted 

in a jacketed electrochemical cell containing 1 M KOH at 60 °C.  

Hydrazine hydrate (24-26% in H2O, Sigma-Aldrich Co.) was dissolved to 5 wt% 

in 1 M KOH to perform linear sweep voltammetry (LSV) measurements at a scan rate of 

20 mV/s. A Pt-coil was used as a counter electrode and a Hg/HgO electrode (XR440, 

Radiometer Analytical SAS) was used as reference electrode. Before each experiment, 

the electrolyte solution was deoxygenated by bubbling Ar gas for at least 15 minutes 

prior to taking any measurements. 

7.2.4 Infrared Studies 

In situ Infrared Reflection Adsorption Spectroscopy (IRRAS) experiments were 

performed at room temperature with a Nicolet 6700 FT-IR spectrometer equipped with a 

Mercury Cadmium Telluride (MCT) detector cooled with liquid nitrogen. Experimental 

setup is described previously [54]. For each spectrum, 128 interferograms were added 

together at a resolution of 8 cm-1 with unpolarized light. Absorbance units of the spectra 

are defined as A = -log(R/R0), where R and R0 represent reflected IR intensities 

corresponding to the sample and reference single beam spectrum, respectively. Thus, a 

positive peak in the resulting spectrum indicates a production of species, while a negative 

peak indicates consumption or decrease in concentration of a species compared to the 

reference spectrum. The reference spectrum was collected at -0.42 V vs. RHE with 0.1 M 

hydrazine and 1 M KOH. A thin layer of ink was pipetted onto a polished glassy carbon 

electrode with a diameter of 5 mm. A ZnSe hemisphere was used as the IR window, and 

the working electrode was pressed against the window, creating a thin solution layer with 
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a thickness of a few micrometers. The incident angle of the IR radiation passing through 

the ZnSe window was 36° [55]. Argon was used to purge the electrolyte while dry air 

was used to purge the spectrometer and chamber, reducing the spectral interference from 

ambient CO2 and water vapor. 

7.2.5 DHFC Evaluation 

100 mg of the catalyst was combined with 0.96 ml of isopropanol, 0.24 ml of 

THF and 0.2 ml of a 5 wt% anionic ionomer solution. The ink was then sonicated for 5 

min. Following sonication, the mixture was better dispersed using ZrO2 beads 

(d=2.0mm, Nikkato Corp.) for 15 min. The prepared ink was directly sprayed onto an 

anionic electrolyte membrane (A201, Tokuyama). Co-PPY-C (PPY: polypyrrole, Hokko 

Chemical Industry) cathode catalyst was formed into an electrode using a similar method 

to that for the anode. The membrane was then pressed for 5min at room temperature to 

bond between catalyst layers and a membrane. The membrane was immersed in 1.0M 

KOH solution for 8 h. 

The prepared MEA was inserted in a single cell to measure the cell performance 

using a round shaped working electrode area of 1 cm2. The fuel of 1.0M KOH + 20% 

N2H4•H2O was supplied to the anode at flow rate of 2 ml/min, and oxygen gas humidified 

at 50°C was supplied to the cathode at the flow rate of 500 mL/min. The anode had a 

serpentine flow-field design while the cathode was comb-shaped. The cell temperature 

was controlled at 80°C. The operating pressures on both anode and cathode sides were 20 

kPa. 
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7.3 Results and Discussion 

7.3.1 Electrocatalyst Synthesis and Characterization 

Four different compositions of Ni1-xLax electrocatalysts (x=0.05, 0.10, 0.15, 0.17) 

were synthesized by the pyrolysis of aerosolized precursors (Figure 7.1).  Spray pyrolysis 

ensures complete retention of the precursor stoichiometry by generating aerosolized 

droplets with uniform composition due to the unique control of particle formation within 

droplets. 

 

Figure 7-1. Schematic of spray pyrolysis technique for the synthesis of Ni1-xLax 

electrocatalysts. 

 Spray pyrolysis of Ni1-xLax nitrate precursors generated hollow spherical particles 

(Figure 7.2). Synthesized catalysts are hollow due to the surface precipitation of the metal 

precursors. As the salts precipitate at the outer layer of the aerosolized particles, the 

permittivity of the gases produced through the molten salts is reduced causing the internal 

pressure, and volume, of the particle to increase and create hollow particles [20, 21]. 
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Figure 7-2. SEM micrographs of synthesized Ni0.90La0.10 (left) and Ni0.95La0.05 (right). 

Further information about the phase composition of the electrocatalysts was 

obtained from X-ray diffraction. Figure 7.3 below shows the XRD spectra of the four 

synthesized Ni1-xLax electrocatalysts (x=0.05, 0.10, 0.15, and 0.17). The predominant 

phase for catalysts Ni0.95La0.05, Ni0.90La0.10, and Ni0.85La0.15 is the FCC Ni phase with 

reflections at 2θ angles 44.5°, 51.8°, and 76.3° which correspond to planes (111), (200), 

and (220) respectively. The reflections at 26.0° and 30.0° for the Ni0.95La0.05 catalyst 

corresponds to the (100) and (011) planes of the hexagonal β-La2O3 phase. A different La 

phase was observed for the Ni0.90La0.10 catalyst. 2θ angles at 15.6°, 27.9°, 39.5°, 48.7°, 

and 55.5° correspond to the planes (100), (101), (201), (211), and (112) of the hexagonal 

La(OH)3 phase. It is not unexpected to see a hydroxide forming from an oxide phase for 

lanthanum, as it has been reported that lanthanum oxide reacts with water vapor at room 

temperature to form lanthanum hydroxide [74, 75]. For the Ni0.85La0.15 catalyst, 

lanthanum formed the cubic α–La2O3 phase. 2θ angles for the α–La2O3 phase appear at 

26.8°, 31.0°, and 52.6° for planes (222), (400), and (622). While the Ni0.95La0.05, 
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Ni0.90La0.10, and Ni0.85La0.15 electrocatalysts are composed of predominantly Ni and a 

lanthanum oxide phase, the electrocatalyst Ni0.83La0.17 is largely composed of two oxide 

phases, NiO and β-La2O3, in addition to the FCC Ni phase.  

 

Figure 7-3. XRD Spectra of Ni1-xLax electrocatalysts. 

Further confirmation of the lanthanum hydroxide phase in the Ni0.90La0.10 catalyst 

was obtained using HRTEM (Figure 7.4). FFT analysis of two different areas within the 

HRTEM micrograph revealed the presence of both La(OH)3 (HCP) as well as Ni (FCC). 

Lattice spacings of 0.33 nm, 0.32 nm, and 0.19 nm were measured from the FFT 

diffraction pattern shown in the inset on the left of figure 7.4. These lattice spacings 

20 30 40 50 60 70 80 90
0

2000

4000

 Ni
 NiO
 β-La2O3

 α-La2O3

 La(OH)3

In
te

ns
ity

2θ

Ni0.95La0.05

Ni0.90La0.10

Ni0.85La0.15

Ni0.83La0.17



 

 60 

correspond to the planes (110), (101), and (211), respectively. A similar analysis of a 

particle towards the right of the micrograph reveals lattice spacings of 0.22 nm and 0.17 

nm, which correspond to the (111) and (200) of the Ni FCC structure. 

 

Figure 7-4. HRTEM micrograph of Ni0.90La0.10 showing both La(OH)3 and Ni phases. 

7.3.2 Electrochemical characterization  

The promotion effect of the oxide phases on the Ni catalyst was assessed for the 

electrochemical oxidation of hydrazine hydrate in a 1 M KOH electrolyte. Figure 7.5 

below shows the current density performance observed for all Ni1-xLax electrocatalysts. 
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Figure 7-5. Linear Sweep Voltammetry of aerosol-derived Ni1-xLax electrocatalysts.  

Reaction conditions: 20 mV/s, 1M KOH, 5% hydrazine hydrate, 60°C, and 1600rpm. 

Onset potentials for all electrocatalysts are similar, starting at -0.06 V vs. RHE. 

However, the observed electrochemical activity was higher for both Ni0.95La0.05 and 

Ni0.90La0.10, with the Ni0.90La0.10 catalyst showing a slight higher current density.  

Ni0.85La0.15 also showed an improved performance over pure Ni although the activity was 

not as high as it was for the previously mentioned catalysts. No improvement was 

observed from the Ni0.83La0.17 due to the large amount of oxide phases present. The active 

phase for the oxidation of hydrazine is the FCC Ni. However, most of the Ni in the 

Ni0.83La0.17 catalyst is present in the NiO phase, thus the activity of the Ni0.83La0.17 

catalyst comes from only the reduced form of Ni promoted by the oxide phases. The 
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enhanced performance observed from the electrocatalysts with the lowest concentration 

of lanthanum oxide phase demonstrates a promotion effect of the lanthanum oxide phase 

on the Ni catalysts activity. Maximum performance was observed for La at% no higher 

than 10%. Further evaluation of the higher performing Ni0.90La0.10 and Ni0.95La0.05 

electrocatalysts will be discussed using XPS, DFT, and in situ infrared studies to 

understand the role of the lanthanum oxide phase. 

7.3.3 XPS Characterization 

 Information about the chemical and elemental surface composition of the 

Ni0.95La0.05 catalyst was obtained from X-ray photoelectron spectroscopy (XPS) studies. 

Figures 7.6 and 7.7 below shows the XPS spectra for the La 3d and O 1s regions of the 

Ni0.95La0.05 sample taken under vacuum and in water. Figure 7.6a shows the characteristic 

binding energies in the La 3d region for the core levels and satellite peaks representing 

the La2O3 phase. These energies are tabulated below (Table 7.1). However, when the 

sample is exposed to H2O the intensities of the satellite peaks change (Figure 7.6b). The 

increase in the intensities of the satellites is due to the decrease in electronegativity of 

binding. Therefore, as the electronegativity of the anions composing the ligand cluster 

around the La3+ decreases the intensity of the satellites increases until they become more 

intense then the parent peaks. This may indicate OH- binding to La which is also 

confirmed by O 1s signal in figure 7.7. 
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Figure 7-6. XPS spectra of the La 3d region for the Ni0.95La0.05 catalyst in vacuum (a) and in 

H2O (b). 

Indication of the formation of a La-OH phase can be confirmed by investigating the O 1s 

region shown in figure 7.7 below. The strongest peak for both spectra shown in figure 7.7 

appears at 530.2 eV. This peak is attributed to the oxygen in La2O3 as it has been reported 

La2O3 signature in the La 3d region under vacuum 

La 3d region in H2O 
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previously [76, 77]. The second strongest component observed in both vacuum and H2O 

samples appears at 532.0 eV. This peak is characteristic of the OH in La(OH)3 [78]. 

Lastly, a smaller peak is observed in the Ni0.95La0.05 catalyst under H2O at 533.5 eV. This 

peak has been identified before as the adsorption of water [79].  

 

 

Figure 7-7. XPS spectra for the La 3d and O 1s region in vacuum. 

O 1s region under vacuum 

O 1s region in H2O 
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Table 7-1. Peak positions and relative intensities for La 3d5/2 and O 1s regions. 

 La 3d5/2  O 1s 
Position (eV) 834.6 837.0 838.2 841.3  530.2 532.0 533.5 
Identification La2O3 satellites  La2O3 OH H2O 

In vacuum 45.4 18.2 36.4 0.0  79.6 20.4 -- 
In H2O 8.5 38.9 30.9 21.8  46.4 35.9 17.6 

7.3.4 In Situ IRRAS Experiments 

In situ infrared reflection absorbance spectroscopy (IRRAS) studies were 

conducted to identify intermediates and understand the mechanism of reaction of the 

most active electrocatalyst Ni0.90La0.10. Figure 7.8 shows the infrared spectra taken at 25 

°C and 0 rpm from the potential range of -0.4 V to 0.4 V (vs. RHE). All spectra shown in 

Figure 7.8 are compared to a reference spectrum taken at the starting potential. Therefore, 

a trough represents the disappearance of species, while a peak represents a new kind of 

species being formed.  
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Figure 7-8. IRRAS spectra of hydrazine oxidation on the Ni0.90La0.10 electrocatalyst.  

The summary of the peaks and troughs observed from infrared spectra are shown 

in table 7.2. 

Table 7-2. IRRAS band assignments for hydrazine oxidation on Ni0.90La0.10 electrocatalysts. 

Wavenumber (cm-1) Assignment 
3240 N-H, O-H stretch 
2740 -N-H2

+2 
1830 Ni-H stretch 
1630 NH, OH bend 
1070 -N-N stretch (in hydrazine) 
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At low potentials, troughs appear at 3240 cm-1 and 1624 cm-1 representing a decrease in 

N-H/O-H species. This decrease of O-H species could be attributed to the adsorption of 

hydrazine hydrate releasing water according to the following reaction, 

N2H4·H2O  N2H4ads + H2O.    (7.1) 

Correspondingly, as the hydrazine is adsorbed amine salts are formed due to the 

dehydrogenation of hydrazine as follows, 

N2H4ads  2Hads + N2H2
+2

ads    (7.2) 

Or 

N2H4ads + 2OH-  2H2O + N2H2
+2

ads.   (7.3) 

These amine salts appear in the infrared spectrum at wavenumbers 2718 cm-1 (-N-

H2
+2) and 1064 cm-1 (-N-N stretch in hydrazine) [63-65]. Promotion of catalysis by the 

presence of lanthanum hydroxide could be observed by the broad infrared peak occurring 

at 1836 cm-1, which could be attributed to the Ni-H vibration as shown in equation (7.2) 

[66].  Thus, lanthanum hydroxide promotes the dehydrogenation of hydrazine by nickel 

as it has been reported for Ni alloys [36]. 

Figure 7.9 below displays the peak areas for the absorbance of the N-H and O-H 

vibrations along with the –N-NH2
2+ species plotted along with the linear sweep 

voltammogram for the reaction.  
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Figure 7-9.  Corresponding LSV of the hydrazine reaction on Ni0.90La0.10.  

Conditions: 1 mV/s, 1 M KOH, 0.1 M hydrazine hydrate, 25°C, 0 rpm. 

From this figure, it can be observed that the decrease in the N-H/O-H species due to the 

adsorption and partial dehydrogenation of hydrazine at the beginning of the sweep start to 

increase as the reaction approaches the onset potential. Simultaneously, the –N-NH2
2+ 

species start to decrease. These simultaneous reactions can be attributed to the oxidation 

of the amine salt to form nitrogen and water according to the following reaction, 

 N2H2
+2

ads + 2OH-  N2 + 2H2O + 2e-  (7.4) 

As the reaction reaches its maximum current at 0.06 V, the presence of –N-NH2
2+ species 

nears zero and no more water is being produced. At this point the catalyst is completely 

passivated and inactive towards the oxidation of hydrazine.  
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Similar mechanisms of the hydrazine oxidation have already been suggested. A 

highly active α-NiZn catalyst was previously reported with a similar mechanism of 

oxidation in which the increased performance was due to an intrinsic effect caused by the 

Zn on the Ni catalyst [36]. For the oxidation of hydrazine on a Pt electrode, Kodera et al. 

suggested the formation of a N2H2
+2

ads intermediate [41].  

7.3.5 Fuel Cell Performance Evaluation of the Ni0.90La0.10 Catalyst  

Figure 7.10 shows the single MEA fuel cell performance of DHAFCs operated at 

80°C using Ni0.90La0.10 as an anode catalyst compared to a conventional Ni catalyst 

(210H, INCO) as reference. Co−PPY−C was used as a cathode catalyst for both fuel 

cells. The results of MEA evaluation are summarized in table 7.3. Open circuit voltages 

(OCV) were similar for both electrocatalysts, 0.746 V for Ni and 0.751 V for Ni0.90La0.10. 

A maximum power density of 453 mW∙cm−2 was obtained from the Ni0.90La0.10 DHAFC, 

which is 1.14 times higher than that obtained from the Ni DHAFC.  Thus, the improved 

performance observed from the RDE evaluations was confirmed at the fuel cell level. 

Both DHAFCs tested revealed high performances without the need of precious metal 

catalysts for both anode and cathode electrodes highlighting the promising development 

of affordable fuel cell technology. 
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Figure 7-10. Single MEA fuel cell performance of the Ni0.90La0.10 electrocatalyst compared to 

Ni (210H, INCO). Loading of anode / cathode is 2.7 / 0.24 mg∙cm−2 

Table 7-3. Results of fuel cell performances. 

Anode Catalyst Open Circuit Voltage 
(V) 

Maximum Power Density 
(mW/cm2) 

Ni (210H, INCO) 0.746 397 
Ni0.90La0.10 0.751 453 

 

7.4 Conclusions 

This study has reported a thorough understanding of the physical and chemical 

structure, reaction mechanisms, and electrochemical performance of spray pyrolyzed Ni1-

xLax electrocatalysts. Physical and chemical characterization through a number of 

different techniques revealed the presence of a β-La2O3/La(OH)3 phases for the most 

active catalysts. XPS studies revealed the formation of a La-OH species on the surface of 
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the Ni0.95La0.05 catalyst when exposed to water. Thus, the improved performance 

observed from both Ni0.90La0.10 and Ni0.95La0.05 can be attributed to the presence of an 

La(OH)3 phase responsible for the providing hydroxide ions to the surface of the 

electrode for the oxidation of N-NH2
2+ adsorbed species as it was observed from the in 

situ IRRAS studies. Promotion of catalysis by an oxide phase could be attributed to 

synergistic effect where the oxide phase is capable of bringing hydroxide ions near the 

surface of the electrode at much lower potentials than pure metals. Observed single MEA 

fuel cell performance of the Ni0.90La0.10 electrocatalyst is comparable to the performances 

observed from H2/O2 PEMFCs. Therefore, the development of new DHAFCs using Pt-

free electrocatalysts present a promising and affordable technology for applications 

ranging from stationary to mobile applications. 
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Part II. 
Direct Ethanol Fuel Cells 
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8. Direct Ethanol Fuel Cells 

8.1 Introduction 

The necessity for clean, renewable alternative fuel sources to reduce the 

dependence on petroleum has focused its attention on using ethanol as a fuel. Ethanol can 

be obtained through the fermentation of renewable biomass resources such as sugar cane 

and corn. There is considerable research and development of fuel cell technologies using 

direct alcohol fuel cells (DAFCs) in which alcohols are directly oxidized at the anode 

instead of being used in steam reforming for hydrogen production.  Methanol, although 

not renewable, is the simplest and the most investigated alcohol.  However, the toxicity 

and low boiling point exhibit important disadvantages for using methanol as a fuel 

source. Ethanol has low toxicity, high boiling point, and more importantly, an energy 

density similar to that of gasoline (8 kWh/kg). Additionally, ethanol can be stored and 

transported with the use of the current infrastructure. Therefore, direct ethanol fuel cells 

(DEFCs) is a promising emerging technology that can transform the chemical energy 

stored in ethanol into electrical energy to power a number of devices ranging from 

portable applications to vehicles. However, the commercialization of DEFCs has been 

limited by the use of expensive noble catalysts generally used for the oxidation of small 

molecules as well as poor kinetics of the electrooxidation of ethanol.  

Regardless of its high cost and scarcity, current catalysts of choice for the 

oxidation of small molecules remain Pt-based catalysts. However, these compounds 

present important drawbacks for their employment as catalysts for the electrooxidation of 



 

 74 

ethanol. Pt-based catalysts have shown to only partially oxidize ethanol into 

acetaldehyde, acetic acid, or acetate, depending on the pH of the solution. Partial 

oxidation of ethanol produces only a 2- and 4-electron transfer. Maximum performance 

from DEFCs can be achieved by completely oxidizing ethanol into CO2 producing a 12-

electron transfer. The mentioned electrochemical reactions for a low pH environment are 

listed below.  

Complete oxidation reaction C2H5OH + 3H2O  2CO2 + 12H+ + 12e- (8.1) 

Partial oxidation reactions C2H5OH  CH3CHO + 2H+ + 2e- (8.2) 

 C2H5OH + H2O  CH3COOH + 4H+ + 4e- (8.3) 

Another issue with Pt-based catalysts is the poisoning of the catalytic active sites due to 

the strong adsorption of the intermediate CO species formed. These challenges highlight 

the need for the development of new multifunctional electrocatalysts that will fully 

oxidize ethanol into CO2 in addition to eliminating poisoning problems caused by CO 

adsorption. 

The main challenge to reach complete oxidation of ethanol at the anode lies in the 

inability to cleave the C-C bond. High yields of acetaldehyde and acetic acid have been 

seen as the main products using Pt catalysts in acid media [80, 81]. Electrocatalytic 

systems used today do not possess the selectivity to completely oxidize ethanol into CO2. 

The best performing catalytic systems currently used for the electrooxidation of ethanol 

are Pt-based binary catalysts, PtSn and PtRu. Overall, bimetallic systems used as 

catalysts have been known to provide stability, increased reactivity, and increased 

functionality for many catalytic systems. The superior performance observed on these 
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catalysts is attributed to two different effects caused by the addition of a second metal to 

Pt.  The bifunctional or promoted mechanism effect refers to a synergistic contribution by 

each of the components of the binary system. In the case of alcohols, the presence of 

oxophilic metals such as Sn and Ru promotes the oxidation of adsorbed oxygen-

containing species. An electronic or intrinsic mechanism effect takes place when the 

presence of an additional metal in proximity to each Pt atom modifying its electronic 

structure. This electronic modification can be fine-tuned into a more desirable surface 

electronic structure by coupling different metal ligands according to the desired catalytic 

reaction [82, 83]. 

An extensive review of publications on PtSn and PtRu catalytic systems was 

published by Antolini [82].  In summary, when comparing the results obtained from PtSn 

and PtRu catalysts, Pt is a better performing catalyst for the electrooxidation of ethanol 

when alloyed to Sn as compared to Ru [84, 85]. However, there is no agreement as to 

which composition of PtSn is the ideal composition for maximum activity. Different 

synthesis methods have produced different results. For example, Zhou et al reported 

optimum composition with 33-40 at.% Sn for PtSn catalysts synthesized by a modified 

polyol process [85].  Conversely, Lamy et al found an optimum composition in the 10-20 

at.% Sn range for PtSn catalysts synthesized by the Bönneman method [86]. The 

difference in performance for PtxSny alloys might be attributed to the homogeneity of 

each catalyst tested. While two catalysts with the exact same composition might be 

expected to perform similarly, there are a number of factors that have to be considered to 

determine whether two catalysts are comparable.  Among these factors the most 

important includes the extent of the alloying, in other words, the performance of the 
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PtxSny catalyst will depend on whether PtxSny forms a single phase or whether PtxSny is a 

multiphase catalyst.   

Jiang et al highlighted the importance of PtxSny alloys with either homogenous or 

heterogeneous phases [87]. They found that a heterogeneous Pt-SnOx catalyst has a 

higher catalytic activity for ethanol electrooxidation than a single phase homogeneous 

PtSn alloy, both having the same Pt:Sn ratio of 3:1. They attribute the higher activity to 

the favorable ethanol adsorption on Pt nanoparticles in conjunction with SnOx particles 

offering oxygen species for the oxidation of CO-like species adsorbed on Pt sites.  In the 

case of the PtSn alloy, the lower activity can be caused by the inhibition of the hydrogen 

adsorption/desorption region, and thus dehydrogenations steps, which was shown by 

cyclic voltammetry. 

Although PtSn and PtRu are the better catalysts for ethanol oxidation in acidic 

media, neither of these catalysts are selective towards the complete oxidation of ethanol 

[88]. A more selective catalyst has been found in PtRh [89, 90]. PtRh/C catalysts 

increased the efficiency of ethanol oxidation to CO2 from 0.08 for Pt/C to 0.50 for 

Pt47Rh53/C (at 0.7 V vs. RHE).  Increased selectivity is attributed to modification on the 

electronic structure of Pt by the addition of Rh in a way that Pt-adsorbate interactions are 

weakened, thus, lowering the energy barrier for oxidation. Unfortunately, current 

densities obtained from this catalytic system did not increase in response to increased 

selectivity. This phenomenon could be attributed to a decrease of Pt content by the 

substitution of Pt atoms with Rh atoms in the bimetallic catalysts, or also, the segregation 

of Rh to the surface of the nanoparticle due to the higher adsorption energy for Rh-CO 
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than for Pt-CO. Therefore, Pt-based catalysts have not addressed the need for a highly 

selective and high performing catalyst for the oxidation of ethanol. 

Selection of metal ligands is limited when using an acidic electrolyte due to its 

inherently corrosive environment. Advantageously, recent studies have reported faster 

kinetics can be achieved for methanol and ethanol oxidation in high alkaline pHs [10, 

11]. These alkaline environments present the opportunity of using a wider range of 

catalytic systems due to the less corrosive environment. Furthermore, kinetics of the 

oxygen reduction reaction have been found to be more facile in alkaline electrolyte when 

compared to acidic electrolytes such as H2SO4 and HClO4 [91, 92]. Thus, the wider range 

of catalytic systems available in alkaline media might provide the solution for the 

development of a highly selective catalyst for the complete oxidation of ethanol.  

The advantages of operating in alkaline conditions are numerous. In addition to 

the improved kinetics previously mentioned, high pH environments provide the 

advantages of having a wider range of possible catalytic systems due to the abundance 

and low cost of non-noble transition and rare-earth metals. Conversely, the main 

disadvantage of using direct alcohol alkaline fuel cells is the possible carbonation of the 

electrolyte due to CO2 retention from the oxidation of the fuel as well as from the air.  

This carbonation can cause solid precipitation of carbonate salts and decrease the pH of 

the solution. However, development of new solid alkaline electrolytes as well as new 

concepts such as electrolyte recirculation and carbonate electrolytes are keeping the 

interest on direct alcohol alkaline fuel cells alive [5, 93, 94]. Research on the 

electrooxidation of ethanol in alkaline media is only at its early stages and has not been 
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researched to the same extent of alcohol oxidation in proton exchange membrane fuel 

cells. Thus, the field is wide open to contributions in this area. 

Numerous reports have shown Pd as a better catalyst for the oxidation of ethanol 

in alkaline media when compared to Pt [72, 95-97]. Other reports have compared the 

performance of Pt/C and Pd/C with the addition of oxides such as CeO2, ZrO2, MgO, 

Co3O4, Mn3O4, NiO and In2O3 in alkaline media [97]. For all of these catalytic systems 

tested, Pd-NiO/C showed the highest activity in terms of both the lowest onset potential 

and highest peak current density (Figure 8.1) [68, 72]. Further studies attributed this 

finding to a weaker adsorption of CO species on Pd-NiO/C [98]. Moreover, the addition 

of oxides benefits the onset potential of ethanol oxidation in comparison to the pure metal 

systems, Pd/C and Pt/C. This phenomenon can be due to a similar mechanism compared 

to that of Ru and Sn play in Pt-based catalysts in acidic environments, where a surface 

hydroxide is formed at the oxide particles facilitating the oxidation of CO-like species at 

lower potentials. 
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Figure 8-1. Performance comparison of Pt/C and Pd/C in alkaline media (1M KOH, 1M 

ethanol, 0.30 mg Pd/cm2, left) [72]. Comparison of performance of the addition of different 

oxides: [A. Pt/C; B.PtRu/C; C.Pd/C; D.Pd-CeO2/C; E.Pd-Co3O4/C; F. Pd-Mn3O4/C; G. Pd-

NiO/C] (1M KOH, 1M ethanol, 0.30 mg Pd/cm2, right) [68]. 

Bambagioni et al. has also reported the high performance of a catalyst prepared 

by spontaneous deposition of Pd through redox transmetalation reaction on Ni-Zn/C and 

Ni-Zn-P/C supports [99]. According to this report, Pd-(Ni-Zn)/C performs better than Pd-

(Ni-Zn-P)/C and Pd/C catalysts (Figure 8.2). Characterization of these materials 

demonstrated that the highest performing ternary catalytic system, Pd-(Ni-Zn)/C, is 

actually a binary system composed of separate Pd and Ni nanoparticles, which are not 

alloyed; thus, the redox transmetalation reaction occurred between Pd and Zn. Although 

this catalyst is able to produce specific currents around 3600 A/gPd, comparing this result 

to that obtained by Xu et al [72], it is more likely that this result is due to a particle size 

and dispersion effect rather than an effect produced by the presence of Ni particles in the 

binary system. 
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Figure 8-2. Cyclic voltammograms of ethanol oxidation on Pd/C, Pd-(Ni-Zn)/C, and Pd-(Ni-

Zn-P)/C electrodes (E vs. Ag/AgCl/KClsat, 2M KOH, 10 wt% ethanol) [25]. 

 In order to improve the catalytic activity of Pd systems toward the complete 

electrooxidation of ethanol it is necessary to design catalysts that will hinder the 

formation of undesired intermediates as well as improving the kinetics of the desired rate 

determining step.  For this goal to be achieved further understanding of the possible 

reaction mechanism is necessary. It is generally agreed that oxidation of alcohols occurs 

following two different pathways: one is the C-C breakage involving a CO intermediate, 

and the other pathway involves the conservation of the C-C bond which results into 

acetaldehyde, acetic acid, or acetate depending on the operating pH of the solution. For 

either pathway, the role of the hydroxide ions in alkaline electrolytes must be taken into 

account as it becomes important for the final step of the oxidation of adsorbed CO 

species from the active sites of the catalyst. 
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Zhao et al has reported on a mechanistic study of the partial oxidation of ethanol 

on a Pd catalyst in alkaline media [100]. The mechanism derived by DFT studies can be 

summarized as follows: 

CH3CH2OH + OH-  CH3CHOH- + H2O   (8.4) 

Pd + CH3CHOH-  Pd-CH3CHOHads + e-   (8.5) 

CH3CHOH  CH3CHO + Hads    (8.6) 

According to this study the main reason that Pd is not an active catalyst for the oxidation 

of ethanol in acidic media is due to the lack of OH- groups necessary for cleaving of the 

α-H atom (CH3CH2OH) and activating the ethanol molecule. Additionally, this article 

suggested that the rate determining step for the partial oxidation of ethanol is the removal 

of the adsorbed species through oxidation by Pd-(OH)ads groups in proximity to the 

adsorbed acyl group, i.e. 

Pd-(COCH3)ads + Pd-OHads   Pd-CH3COOHads + Pd  (8.7) 

The reaction mechanism proposed suggests a dependence on the concentration of 

hydroxide ions at the surface of the electrode as the hydroxide ions are important for the 

improvement of the rate determining step of the oxidation of ethanol in alkaline media on 

Pd-based systems by removing adsorbed species. More importantly, in order to achieve 

full oxidation of the ethanol molecule it is necessary to cleave the β-H atom 

(CH3CH2OH) in order for the β-C to adsorb. Several groups have suggested these C1ads 

and C2ads as the intermediates formed towards the complete oxidation of ethanol [82, 101, 
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102]. Adzic et al were able to fully oxidize ethanol into CO2 by employing a ternary 

PtRh-SnO2/C catalyst in an acidic electrolyte. The suggested mechanism following the α-

H atom dehydrogenation and adsorption is as follows: 

CH3CH2OHadsCH3CH2Oads + Hads  CH2CH2Oads + 2Hads  CH2ads + CH2Oads + 2Hads 

The ability to break the C-C bond in this ternary catalyst was attributed to a specific 

property found in each of its constituents. Pt atoms are involved in the initial and 

subsequent dehydrogenation reactions, Rh or a PtRh alloy is responsible for the cleavage 

of the C-C, and SnO2 is involved in the activation of H2O at low overpotentials and 

further oxidize the COads complex into CO2. 

 As reported by Zhao et al, the rate limiting step in the oxidation of ethanol using 

Pd as a catalyst was stated to be the oxidation of CO-adsorbed species [100]. This step is 

limited by the Pd properties for water activation since it requires the presence of Pd-

OHads species. Oxophilic metals require a much lower potential to activate water and 

form the necessary oxide layer. The design of new multifunctional catalysts for the 

complete electrooxidation of ethanol based on principles of rational design gained from 

the knowledge and understanding from parallel projects moves closer towards the goal of 

catalyst design. Furthermore, understanding of the role of oxiphilic ligands in the 

mechanism of ethanol oxidation in alkaline media is essential for the application to other 

fuels or the development of a ternary catalytic system to break the C-C bond. 

  



 

 83 

9. Pd/SnO2 Electrocatalysts for the Oxidation of Ethanol 

9.1 Introduction 

Fundamental studies of the ethanol electrooxidation on Pt-based catalysts in acid 

electrolytes have been widely reported in the literature [54, 80, 88, 89, 103, 104]. 

However, very few mechanistic studies exist for ethanol oxidation in alkaline solutions. 

The electrooxidation of ethanol is a very complex reaction with multiple pathways. In an 

alkaline electrolyte, ethanol electrooxidation can result in a 2-, 4-, or 12-electron transfer 

as shown below.   

CH3CH2OH + 2OH-    CH3CHO + 2H2O + 2e-    (9.1) 

CH3CH2OH + 4OH-    CH3COOH + 3H2O + 4e-    (9.2) 

CH3CH2OH + 12OH-  2CO2 + 9H2O + 12e-    (9.3) 

Unquestionably, the desired reaction is the complete oxidation of ethanol to CO2 

producing a 12-electron transfer to obtain the maximum energy density. Zhou et al. and 

Fang et al. [105, 106] have reported in situ FTIR studies on the mechanism of ethanol 

electrooxidation on Pd electrodes in alkaline environments at different concentrations. 

Both studies report acetate as the main oxidation product. Fang et al. observed the best 

performance in a 1M NaOH solution. 

Improved stability, reactivity, and functionality has been observed from alloyed 

and supported catalysts. The improved performance of these multifunctional catalysts has 
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been attributed to two different effects caused by the interaction of the primary catalyst 

with a second element either by a promotion or intrinsic effect. A promotion effect refers 

to a synergistic contribution by each of the components of the multiphase system. In the 

case of alcohols, the presence of oxide supports has shown to promote the catalytic 

activity of the main catalysts. Xu et al. has demonstrated this promotion effect on Pd 

catalysts using CeO2, NiO, Co3O4, and Mn3O4 to improve the electrooxidation 

performance on a number of different alcohols [72, 73]. An intrinsic effect is caused by 

the alloying of a second metal modifying the electronic structure of the primary catalyst 

inducing a higher catalytic performance. Oxophilic metals, such as Ru, Sn, and Ni, have 

shown to improve the catalytic performance of Pt and Pd catalysts for alcohol 

electrooxidation [59, 107-110].  

There have been a few studies reporting the improvement on the catalytic activity 

of Pd by alloying with Sn for the electrooxidation of ethanol in alkaline environments. 

Du et al. [108] has reported the benefit of alloying Sn with Pd on carbon supported 

catalysts synthesized via the polyol method. The study reports an increased current 

density of two times over commercial Pd/C catalysts, with an optimal Sn content of 14 

at%. Reaction studies suggest ethanol is only partially oxidizing to produce acetic acid as 

the main product. Similarly, He et al. [111] reported the promoting effect of Sn on 

Pd2.5Sn/C catalysts resulting in increased current densities in 0.25 M KOH. However, 

there are no reports on using Pd/SnO2 in alkaline environments. 

This study reports on the activity of highly active Pd/SnO2 catalysts for the 

electrooxidation of ethanol along with mechanistic studies based on in situ FTIR 
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spectroscopy. Reaction mechanisms will be analyzed in two different electrolyte 

concentrations 0.1 M and 1M KOH, i.e. different pH. Particular attention will be focused 

to the pH effect in relationship to performance versus selectivity of the ethanol 

electrooxidation. 

9.2 Experimental 

9.2.1 Synthesis of Electrocatalysts 

Two different methods were utilized to synthesize SnO2: spray pyrolysis (SP) and 

sacrificial support (SS).  Spray pyrolyzed SnO2 was synthesized using a SnCl4 precursor 

(Sigma-Aldrich Co.) dissolved in deionized water to a final concentration of 5 wt.%. The 

precursor solution was ultrasonically atomized and pyrolyzed using a quartz tube in a 

furnace operating at 500°C using air (0.5 L/min) as the carrier gas. Pyrolyzed particles 

were collected and air dried on a Teflon filter. Collected oxide precursor was heat treated 

in air at 300°C for 2 hours.  Similarly, SnO2 was also synthesized through a sacrificial 

support method. The sacrificial support method is based on the implementation of silica 

materials instead of conventional carbon supports. First, silica (Cab-O-Sil, EH-5, surface 

area: ~400 m2g−1) was dispersed in water using an ultrasound bath. SnCl4 (Sigma-

Aldrich) was then added to the silica solution. Total loading of metals on silica was 

calculated to be 20 wt.%. Pd(NO3) precursor was chemically reduced onto both oxides by 

using excess amount of NaBH4 added drop-wise to the precursors-silica solution under 

constant ultrasonication. The resulting black slurry was aged for 2 h. The silica support 

was etched by means of 7 M KOH for 8 h. Pd/SnO2 catalysts were washed with 

deionized water until neutral reaction of water. The Pd to Sn ratio (atomic) was selected 
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as 3:1. In order to compare the catalytic activity of Pd/SnO2 catalysts with Pd, 

unsupported Pd catalyst was synthesized by the chemical reduction method described 

above. 

9.2.2 Catalyst Characterization 

Phase composition and morphologies of the synthesized catalysts were 

characterized using X-Ray Diffraction (XRD), Scanning Electron Microscopy (SEM), 

High-Resolution Transmission Electron Microscopy (HRTEM), and Energy Dispersion 

Spectroscopy (EDS). X-ray powder diffraction spectra were recorded using Scintag Pad 

V diffractometer with DataScan 4 software (MDI, Inc.) for system automation and data 

collection. Cu Kα radiation (40 kV, 35 mA) was used with a Bicron Scintillation detector 

(with a pyrolitic graphite curved crystal monochromator). Data sets were analyzed with 

Jade 9.5 Software (MDI, Inc.) using the ICDD (International Center for Diffraction Data) 

PDF2 database (rev. 2004) for phase identification. 

Scanning electron microscopy (SEM) was performed on a Hitachi S-5200, with a 

resolution of 0.5 nm at 30 kV and 1.7 nm at 1 kV, equipped with PGT EDS. 

Transmission electron microscopy (TEM) was performed on a JEOL 2010F FASTEM 

field emission gun scanning transmission electron microscope equipped with Oxford 

EDS. The probe size was 1.0 nm, and accelerating voltage was 200kV. 

9.2.3 Electrochemical Measurements 

An aqueous suspension (5 mg/mL in H2O:isopropanol [4:1]) of each catalyst was 

prepared and sonicated to disperse the powder in solution. 10 µl aliquots of the aqueous 
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suspension were deposited onto a glassy carbon rotating-disc electrode (RDE) and 

allowed to air dry. Electrochemical measurements were conducted in 0.1M and 1 M 

KOH with N2 as the purging gas. Ethanol (Sigma-Aldrich Co.) was added to the 

electrolyte at 1M concentration. A Pt-coil was used as a counter electrode and a Hg/HgO 

electrode (XR440, Radiometer Analytical SAS) was used as reference electrode.  

9.2.4 Infrared Spectroscopy 

In Situ Infrared Reflection Adsorption Spectroscopy (IRRAS) experiments were 

performed at room temperature with a Nicolet 6700 FT-IR spectrometer equipped with a 

Mercury Cadmium Telluride (MCT) detector cooled with liquid nitrogen. Experimental 

setup is described previously [54]. For each spectrum, 128 interferograms were added 

together at a resolution of 8 cm-1 with unpolarized light. Absorbance units of the spectra 

are defined as A = -log(R/R0), where R and R0 represent reflected IR intensities 

corresponding to the sample and reference single beam spectrum, respectively. Thus, a 

positive peak in the resulting spectrum indicates a production of species, while a negative 

peak indicates consumption or decrease in concentration of a species compared to the 

reference spectrum. The reference spectrum was collected at -1.04 V (vs. Hg/HgO). A 

thin layer of ink was pipetted onto a polished glassy carbon electrode with a diameter of 5 

mm. A ZnSe hemisphere was used as the IR window, and the working electrode was 

pressed against the window, creating a thin solution layer with a thickness of a few 

micrometers. The incident angle of the IR radiation passing through the ZnSe window 

was 36° [55]. Argon was used to purge the electrolyte while dry air was used to purge the 
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spectrometer and chamber, reducing the spectral interference from ambient CO2 and 

water vapor. 

9.3 Results and Discussion 

9.3.1 Electrocatalyst Characterization 

Phase composition of synthesized catalysts was characterized through X-ray 

diffraction. Figure 9.1 below displays XRD spectra for both Pd/SnO2 (Sacrifical Support) 

and Pd/SnO2 (Spray Pyrolysis). Diffraction peaks at 2θ angles 40.0°, 46.3°, 67.7°, and 

81.5° confirm the FCC palladium diffraction planes (111), (200), (220), and (311), 

respectively. Similarly, peaks at angles 26.6°, 33.8°, and 51.8° confirm diffraction planes 

(110), (101), and (211) for the SnO2 phase. The crystallite size of the Pd nanoparticles 

was calculated from the Pd (111) peak using the Scherrer equation. Crystallite size of Pd 

nanoparticles are very similar for both catalysts, 6.5 nm for Pd/SnO2(SP) and 6.9 nm for 

Pd/SnO2(SS). On the other hand, the crystallite size for SnO2 differed depending on the 

synthesis method. Spray pyrolyzed SnO2 has a crystallite size of 3.3 nm whereas SnO2 

synthesized through the sacrificial support method resulted in a higher crystallite size of 

4.6 nm based on the (110) peak for SnO2. 
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Figure 9-1. XRD spectra for the two Pd/SnO2 electrocatalysts. 

SS—sacrificial support, SP—spray pyrolyzed. 

Further morphological information was obtained from scanning electron 

micrographs.  Figure 9.2 below shows the morphological difference between both 

electrocatalysts.  Spray pyrolyzed tin oxide, SnO2(SP), consisted of sub-micron size 

spherical particles composed of agglomerated nanoparticles of about 3.3 nm in size 

(Figure 9.2, right). Conversely, tin oxide synthesized through the sacrifical support 

method, SnO2(SS), consists of large micron size bulk particles with porosity in the tens of 

nanometers (Figure 9.2, left).  
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Figure 9-2. SEM micrographs of Pd/SnO2 electrocatalysts. 

Left: Pd/SnO2(SS), Right: Pd/SnO2(SP). 

9.3.2 Electrochemical Performance 

The electrocatalytic activity of these synthesized catalysts was studied for the 

electrooxidation of ethanol in an alkaline environment. Figure 9.3 shows the cyclic 

voltammograms in 1M KOH of both catalysts and a chemically reduced pure Pd catalyst 

for comparison. Onset potentials for all catalysts are similar, -0.64 V (vs. Hg/HgO) for 

pure Pd, -0.62 V for Pd/SnO2(SP) and -0.61V for Pd/SnO2(SS). Both Pd/SnO2 catalysts 

demonstrate better kinetics than pure Pd catalyst. However, peak current density for the 

Pd/SnO2(SP) catalyst is three times that of Pd/SnO2(SS) and pure Pd metal. Peak current 

densities are observed due to the passivation of the Pd catalysts. As the Pd is oxidized to 

Spherical SnO2 
particles 

SnO2 
Pd 

Pd 



 

 91 

form PdO, further adsorption of ethanol is inhibited resulting in the sudden decrease of 

current density.  

 

Figure 9-3. Cyclic voltammograms of Pd/SnO2 catalysts in 1 M KOH at 22°C. 

Other conditions: 20 mV/s, 1M ethanol. 

Further electrochemical analysis was performed along with the in situ infrared 

studies to provide a better understanding of the mechanism of reaction of the 

Pd/SnO2(SP) catalyst at two different concentrations of electrolyte, 1.0 M and 0.1 M 

KOH. 
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9.3.3 Mechanistic Studies 

In situ infrared reflection absorbance spectroscopy (IRRAS) studies were 

conducted in order to understand the mechanism of reaction of the highly active 

Pd/SnO2(SP) at two different electrolyte concentrations. Figure 9.4a shows the infrared 

spectra for the ethanol oxidation reaction in a 1 M KOH electrolyte (1M ethanol). All 

spectra shown in Figure 9.4a and 9.5a are compared to a reference spectrum taken at the 

starting potential. Therefore, a trough represents the disappearance of species, while a 

peak represents a new kind of species being formed. The ethanol adsorption and 

oxidation can be followed by the characteristic infrared peaks for ethanol at 1086 cm-1 

and 1045 cm-1 which correspond to the C-O stretch in C-C-O. Figure 9.4b shows the 

forward sweep of the cyclic voltammogram of the corresponding oxidation of ethanol at 

1 mV/s. Plotted on the opposite y-axis are the calculated areas for characteristic peaks for 

ethanol (1045 cm-1) and acetate (1410 cm-1) as a function of the potential applied. The 

overlay of these peak areas together with the forward sweep of the cyclic voltammogram 

allows the visualization of the ethanol oxidation process. From figure 9.4b, the adsorption 

of ethanol can be observed to start at -0.94 V. Since a current is produced along with the 

increase of ethanol, the absorption of ethanol must proceed in the following way: 

CH3CH2OH + OH-  CH3CH2Oads + H2O + 1e-    (9.4) 

As the potential increases the onset potential for the oxidation of ethanol can be 

observed to start at -0.61 V. At this potential, acetate products start to appear. Acetate 

formation can be clearly observed from the characteristic infrared peaks at 1549 cm-1 and 

1410 cm-1 which correspond to the C-O-O out-of-phase and in-phase stretch, 
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respectively. The presence of acetate species appear exactly at the onset potential of the 

ethanol oxidation. The amount of acetate produced increases as the potential is being 

increased reaching a maximum at the peak of the current density (-0.10 V). A maximum 

in the current density is observed due to the passivation of the Pd catalyst due to the 

formation of PdO; hence, losing its electrochemical activity. No other products or 

intermediates are present in the infrared spectra, although acetaldehyde formation, which 

might be an intermediate of the acetate formation, could be masked by the O-H vibration 

of the electrolyte at around 1630 cm-1. Thus, according to these findings the 

electrooxidation of ethanol on Pd/SnO2(SP) catalysts in a 1M KOH electrolyte might 

follow the overall reaction pathway below: 

CH3CH2Oads  + 3OH-  CH3COOH + 2H2O + 3e-   (9.5) 
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Figure 9-4. (a) IRRAS spectra of the ethanol oxidation by Pd/SnO2 (SP) in a 1 M KOH 

electrolyte. (b) LSV of the oxidation reaction. Conditions: 1M ethanol, 1 mV/s, 22°C, 0rpm. 

b 

a 
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 In order to better understand the role of the promotion effect of SnO2 on Pd, in 

situ IRRAS were carried on spray pyrolyzed SnO2 particles using the same conditions as 

the electrooxidation on Pd/SnO2(SP). SnO2 alone is inactive for the electrooxidation of 

ethanol, thus only developments on the spectra as a function of potential will be relevant 

to the better understanding of its contribution to the electroxidation of ethanol.  Figure 9.5 

displays the infrared spectra as a function of an applied potential for SnO2 particles in 1M 

KOH electrolyte and 1M ethanol. The most active region for SnO2 is the OH stretch 

region around 3200-3600 cm-1. The presence of OH species starts to appear at about -0.58 

V, which correlates with the onset potential for the ethanol electrooxidation on Pd/SnO2 

catalysts. These findings confirm that the presence of the SnO2 promotes the oxidation of 

ethanol to acetate in a 1M KOH electrolyte by bringing hydroxide species to the surface 

of the electrode for the oxidation of the CH3CH2Oads species. Acetate production from 

CH3CH2Oads will require the dehydrogenation and further oxidation of adsorbed species 

which might proceed according to the following reactions, 

CH3CH2Oads  + 2OH-  CH3COads + 2H2O + 2e-   (9.6) 

CH3COads + OH-
ads  CH3COOH + 1e-     (9.7) 
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Figure 9-5. IRRAS spectra of SnO2 in 1M KOH, 1M ethanol solution. 

Electrolyte concentration effects have already been suggested by a few 

publications [106]. The fact that hydroxide ions are involved in the removal of the 

CH3CH2Oads species might indicate that the hydroxide ion concentration might play a role 

in the reaction pathway. The following studies were performed at a lower KOH 

concentration of 0.1 M. Figure 9.6a shows infrared spectra for the ethanol 

electrooxidation in a 0.1 M KOH solution. At first glance, it is clear to observe that the 

mechanism of oxidation is completely different from the one observed for a 1M KOH 

concentration. It is not clear if infrared peaks for acetate are observed. However, the 

appearance of a peak at 1408 cm-1 together with the broadening of the peak centered 

around 1626 cm-1 might indicate that acetate is being formed. Nevertheless, carbonate 

and CO2 vibrations are observed at 1270 cm-1 and 2340 cm-1, respectively. The presence 

of carbonate and CO2 species indicate that complete ethanol oxidation is possible at 
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lower electrolyte concentrations. From figure 9.6b, the onset potential for the ethanol 

oxidation reaction occurs at -0.45 V, 160 mV higher than the onset potential observed in 

a 1 M KOH electrolyte solution. As the concentration of hydroxide ions in the bulk 

solution is decreased but the ethanol concentration remains the same, the diffusion of 

hydroxide ions to the electrochemical double layer will be limited and only ethanol will 

be able to diffuse through to adsorb on Pd (Figure 9.6b). Therefore, the coverage of the 

surface of the electrode will be dominated by adsorbed ethanol molecules. IRRAS spectra 

for only SnO2 particles in a 0.1 M KOH electrolyte solution do not show any activity for 

the potential range swept (not shown). Slow kinetics due to the limited hydroxide ions 

allows for ethanol to proceed through to the full oxidation cleaving the C-C bond. Figure 

9.6b plots the COOH, CO2, and CH3CH2OH species along with the forward sweep of the 

potential. It is clear from the cyclic voltammetry as well as the relative peak area 

behavior that the cleavage of the C-C bond occurs at -0.16 V where the CO2 and 

carbonate (O=C-OH) species start to appear. From figure 9.6b it can be observed ethanol 

adsorption reaches a maximum at the onset potential, where ethanol possibly partially 

oxidizes to acetate or carbonate. CO2 species only start to appear 290 mV after the onset 

potential. Before CO2 starts to appear, all of the adsorbed ethanol has been converted to 

an intermediate, either acetate or carbonate, as observed from the relative peak areas of 

ethanol in figure 9.6b. Since the potential where the CO2 starts to appear (-0.16 V), 

corresponds to end of ethanol adsorption, it could be assumed that the vibrations 

occurring at 1270 cm-1 correspond to the COOH phase in acetate, i.e. -C-COOH. 
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Figure 9-6 (a) IRRAS spectra of the ethanol oxidation by Pd/SnO2 (SP) in a 0.1 M KOH 

electrolyte. (b) LSV of the oxidation reaction. Conditions: 1M ethanol, 1 mV/s, 22°C, 0rpm. 

a 
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Table 9-1. IRRAS band assignments for the electrooxidation of ethanol. 

Wavenumber (cm-1) Assignment 
3200-3400 OH stretch 

2340 CO2 assym. stretch 
~1600 OH bend 

1549, 1410 O-C-O stretch (in acetate) 
1270 C-O stretch (in -COOH) 

1086, 1045 C-O stretch (in –C-C-O) 
801, 840 OH deformations 

 Tafel plots of both reactions were derived from the forward sweep voltammogram 

shown in 9.4b and 9.6b which were performed at 1 mV/s. Tafel slopes and exchanged 

current densities were calculated and tabulated below (Table 9.2).  

 

Figure 9-7. Calculated Tafel slopes for the electrooxidation of ethanol in two different 

electrolyte concentrations. 
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Table 9-2. Tafel constants calculated for the electrooxidation of ethanol on Pd/SnO2(SP) 

catalysts at two different concentrations of electrolyte. 

Electrolyte concentration Tafel slope 
(mV dec-1) 

Exchange current density 
(mA cm-2) 

1 M KOH 209 42.3 
0.1 M KOH 243 2.6 

The combination of the information obtained from the Tafel plot calculations with 

the data obtained from the infrared studies could be interpreted in the following manner. 

Justification has been given for the mechanism of reaction in a 1 M KOH electrolyte 

(equations 9.6 and 9.7). Similar Tafel slopes for the reactions occurring near the onset 

potentials for both electrolyte concentrations could indicate a similar reaction mechanism 

resulting in acetate production. However, due to limited concentration of hydroxide ions 

at the surface of the electrode for a 0.1 M KOH electrolyte the rate of reaction is much 

lower. Exchange current densities from table 9.2 indicate that the rate of reaction is about 

15 times faster for a 1 M KOH electrolyte than for a 0.1 M KOH electrolyte. Limited 

oxidation of adsorbed CH3CO species could proceed to the C-C cleavage according to the 

following pathway, 

CH3COads  CH3ads + COads     (9.8) 

The resulting adsorbed species can then be further oxidized to produce CO2 as observed 

in the infrared spectra from figure 9.6a. 
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9.4 Conclusions 

 Two different synthesis methods were compared for the synthesis of Pd/SnO2 

electrocatalysts for the electrooxidation of ethanol. XRD data showed FCC Pd as well as 

SnO2 phases present. Crystallite sizes were similar for Pd, but the spray pyrolysis 

synthesis method resulted in smaller SnO2 crystallite sizes than the sacrificial support 

method, 3.3 nm vs. 4.6 nm, respectively. Better dispersion of Pd on SnO2 was observed 

for the Pd/SnO2(SP) catalysts due to the smaller particle size and morphology of the SnO2 

phase. Current densities obtained from the Pd/SnO2(SP) catalyst was three times higher 

than Pd/SnO2(SS) and Pd. Mechanistic studies deduced from in situ IRRAS studies 

inferred that electrolyte concentration affects the kinetics and selectivity of the ethanol 

reaction. When the concentration of the hydroxide ions is higher (1 M), diffusion of these 

ions is possible to the electrochemical double layer and participate in the electrooxidation 

of the ethanol adsorbed species forming acetate. On the other hand, when lower 

concentrations of electrolyte are used (0.1 M), the diffusion of the hydroxide ions to the 

surface of the electrode is limited. This increases the overpotential of the onset potential 

by 160 mV. However, slow kinetics of the oxidation reaction and limited presence of 

hydroxide ions near the surface of the electrode permit complete oxidation of ethanol to 

CO2 starting at a potential of -0.15 V.  
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10. Concluding Remarks and Future Outlook 

10.1 Direct Hydrazine Anionic Fuel Cells 

 Successful development of novel electrocatalysts for the oxidation of hydrazine 

hydrate was achieved by the study of promotion effects caused by alloying as well as the 

presence of an oxide phase. Synthesis of electrocatalysts was performed via the spray 

pyrolysis of metal nitrate precursors which resulted in uniform hollow particles with 

homogenous compositions. This synthesis method provides the advantage of a facile 

scale-up process. Thus, potential production of the new catalysts developed for fuel cell 

applications is only a step away. Developed electrocatalysts were based on cheap and 

more abundant transition and rare-earth metals, making alkaline fuel cell technology 

more affordable than PEMFCs.  

10.2 Direct Ethanol Anionic Fuel Cells 

 Thorough studies of the ethanol oxidation in alkaline environments using highly 

active Pd/SnO2 electrocatalysts has provided insightful information about the selectivity 

of the oxidation reaction in response to different electrolyte concentrations. It was 

concluded that faster kinetics were observed at higher concentrations of hydroxide ions. 

However, the only product of the oxidation reaction is acetate. On the other hand, at 

lower concentrations of electrolyte, slower kinetics are observed but complete oxidation 

of ethanol to CO2 is accomplished. It was concluded that complete oxidation of ethanol is 

possible to the limited diffusion of hydroxide ions to the surface of the electrode. 
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However, reaction rates for the complete oxidation are more than an order in magnitude 

lower than the partial oxidation of ethanol to acetate. 

10.3 Future Outlook of the Development of Direct Alkaline Fuel Cells 

 Recent developments in the area of alkaline fuel cells might indicate that fuel cell 

operation in alkaline environments could make the application of fuel cell technologies 

more affordable. The wider range of possible materials to be used permits a better fine-

tuning of novel electrocatalysts. A combination of already developed ex situ 

characterization techniques along with emerging in situ techniques provide a powerful 

tool to tackle challenges encountered in catalyst development. Lastly, promotion of 

catalysis was confirmed from binary catalytic systems either by alloying or a synergistic 

effect by the presence of an oxide phase. A combination of both promotion effects could 

lead to more selective and better performing electrocatalysts.  
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