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ABSTRACT 

An electrochemical cell was constructed that allows surface infrared 

spectroscopy measurements to be made in situ at temperatures relevant to the 

operation of direct methanol fuel cells (ambient to 80°C). The cell was used to 

investigate temperature effects on the electrochemistry of water, CO and 

methanol at bulk Pt and Pt-Ru electrodes in 0.1 M HCIO4. Initially, the surface 

chemistry of CO on a polycrystalline Pt electrode was studied. An Adiayer of CO 

at saturation coverage was stable over a period of five hours in the range of 25 

°C-50 °C. Above 60 °C, the adiayer became unstable. In the absence of CO in 

solution, only low CO coverages could be sustained between 60 °C and the high 

temperature limit of the experiments (75 °C). However, with CO or a source of 

CO such as methanol in solution, high CO coverages were sustained up to 75 

°C. In measurements of CO oxidation, the onset potential for the conversion of 

CO to CO2 decreased by 50 mV when the temperature was increased from 25 °C 

to 75 °C. In contrast, adsorbed CO formed through the dissociative 

chemisorption of methanol (1.5 x 10'^-1.0 M) was more oxidation resistant 

between 50 °C-75 °C. The in situ spectroscopic measurements provide 

molecular level evidence that the thermal activation of water dissociation can 

decrease the steady-state coverage of surface poisons and thereby increase the 

rate of methanol oxidation on Pt electrodes. 
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In final studies, the surface chemistry of 0.1 M methanol on two bulk Pt-Ru 

alloy electrodes (10 atomic % Ru and 90 atomic % Ru) was investigated at 25 °C 

-80 °C. High CO coverages were sustained on both alloys at all temperatures. 

However, CO2 evolved rapidly from CO covered surfaces above 0.4 V-0.5 V, 

suggesting that CO formed during methanol oxidation is more reactive and 

transient on the alloys than on Pt. The experiments reported in the dissertation 

provide a foundation for the in situ study of fuel cell reactions on new catalyst 

preparations with FTIR spectroscopy. 
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CHAPTER I 

INTRODUCTION 

Motivation 

Electrochemistry and Fuel Cell Research 

In 1912, Kistyakovsky defined electrochemistry as a science involving the 

study of phenomena associated with the direct conversion of chemical energy 

into electrical energy, and electrical energy into chemical energy [1]. This is a 

rather general definition of an interdisciplinary field that encompasses 

fundamental principles of both physics and chemistry and a ubiquity of 

applications. These applications include synthesis by electrolysis, analytical 

detection of organic and trace metal ions, electrical energy production from 

batteries and fuel cells, metal deposition, and water and effluent treatment, to 

name a few [1, 2]. Perhaps the most publicized electrochemical application 

today is the generation of electric power through fuel cells. It has been 

speculated that electrochemistry can have a significant impact on the economy 

with the advancement of fuel cells for transportation and stationary power needs 

[1.3]. 

A fuel cell is a device that is capable of converting energy stored in 

chemical bonds into electricity in a single step [4]. The most basic fuel cell 

functions by converting H2 and O2 gases to water and in parallel generating 

electricity and heat. Figure 1.1 depicts a conventional H2/O2 fuel cell. The major 

components are the anode compartment where the H2 is oxidized, the cathode 
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Figure 1.1: Conventional H2/ O2 Fuel Cell 



compartment where O2 is reduced, and the electrolyte that separates and 

forms an ionic bridge between the two compartments [4]. The electrodes are 

connected through an external circuit [4]. A load in this circuit can draw current 

for its operation from the cell. In the H2/ O2 fuel cell, incoming H2 gas dissociates 

at the anode producing hydrogen ions and electrons (H2 -^ 2H* + 2e"). The 

electrons flow away from the anode through the metallic external circuit. The 

protons are transported across the electrolyte and are available to participate in 

the cathodic reaction. At the cathode, oxygen molecules dissociate to generate 

surface oxygen atoms that react with the migratory protons and the arriving 

electrons to produce water (!4 O2 + 2H* + 2e" -^ H2O). The overall net cell 

reaction is 

2H* + /̂̂  O2 -> H2O [4]. 

Fuel cells were first discovered by Sir William Grove in 1839. Since this time, 

improvements in membrane materials, catalysts, operating efficiency, and 

vibration and noise characteristics have advanced fuel cells to the point of 

commercialization [5-8]. 

NASA initiated fuel cell research and development in the late 1950's as 

they considered power sources to support early space missions [5]. The first fiiel 

cell system that found practical application was the proton exchange membrane 

(PEM) fuel cell. This system was aboard the Gemini spacecraft in the early 

1960's to provide auxiliary power and drinking water. However, the original fuel 

cells were expensive to construct and operate. They required large quantities of 

noble metal catalysts and did not demonstrate adequate power densities for time 



periods of more than a few weeks [9]. The inefficiencies of the early fuel cells, 

limited their use to highly specialized applications like space travel [6]. However, 

environmental concerns and recent technological advances have renewed 

interest in fuel cells to meet consumer and military needs. 

During the 1990's, the pace of fuel cell research increased due largely to 

social issues pertaining to energy utilization and the environment [6, 10]. For 

example, studies were initiated into electric, fuel cell powered vehicles as 

alternatives to transportation based on the combustion engine [9, 10]. Long-term 

reliance on fossil fuel combustion for transportation has contributed to 

atmospheric pollution and global warming [9, 10]. Efforts to alleviate 

environmental damage with the use of catalytic converters have only met with 

limited success. In California, the Zero Emission Vehicle (ZEV) mandate [12] 

requires that by 2003, 10% of vehicles sold in the state must be essentially 

pollution free [6, 8], (California Code of Regulation, Title 13, Sections 1900, 

1960.1, and 1976 consider a vehicle a ZEV if it produces zero exhaust emissions 

of a criteria pollutant or precursor pollutant under any and all possible operational 

modes and conditions [12].) Thus, energy conversion technology that is efficient, 

and intrinsically clean, and ideally compatible with renewable energy sources, is 

needed [10]. 

The ZEV mandate and related regulations have required automobile 

manufacturers to explore and implement alternatives to the combustion engine. 

In 1998, DaimlerChrysler and Ford combined efforts in a joint venture with 

Ballard Power Systems for automotive applications [13]. During the early 1990's, 
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automobile companies invested over $750 million in fuel cell technology. 

Through Ballard's efforts, transit authorities in Vancouver and Chicago have had 

six buses operating on H2/02fuel cells since 1998 [6]. 

Even though fuel cells are available commercially today, technological 

improvements are needed for market growth to expand [8, 10]. Research efforts 

focus on increasing the performance and efficiency of fuel cells while reducing 

the production cost, size and weight [6]. An important emphasis and the focus of 

this dissertation is in understanding of the underlying "electrochemical 

combustion" processes that are basic to fuel cell operation. 

Advantages and Limitations 

The major advantage of fuel cells over other methods of electricity 

generation, such as heat engines and gas powered turbines is that chemical 

energy is converted directly to electrical energy without the intermediate 

production of heat. Therefore, fuel cell efficiency is not limited by Carnot's 

theorem [7]. The theoretical thermodynamic derivation of the Carnot cycle shows 

that even under ideal conditions, an internal combustion engine cannot convert 

all of the heat supplied to it into mechanical energy. In a conventional 

combustion engine, the engine accepts heat from a high temperature source and 

converts part of it into mechanical energy and directs the remainder of the heat to 

a low temperature sink. The greater the difference in temperature between the 

source and the sink, the more efficient the engine will perform. With the 



"electrochemical combustion" system, fuel cell efficiencies can exceed the Carnot 

limit even when operating at near ambient temperatures [8, 10]. 

Another major advantage of fuel cells is their clean and quiet operation. 

The exhaust gases of H2/O2 fuel cells are non-pollutant [7]. Conventional internal 

combustion engines and coal burning power plants have had a destructive effect 

on the environment. The burning of fossil fuels produces air pollutants that 

include carbon monoxide, nitrogen oxides, hydrocarbons and particulates, and 

greenhouse emissions, such as carbon dioxide, methane, ozone and nitrous 

oxide. Approximately 25% of all human generated greenhouse gases come from 

the transportation industry, which relies almost exclusively on oil [8]. The EPA 

has estimated that motor vehicles in the U.S. account for 78% of all carbon 

monoxide emissions, 45% of nitrogen oxide emissions and 37% of volatile 

organic compounds [8]. With fuel cells operating on methanol, or hydrogen 

derived from the reforming of hydrocarbons, the emission of carbon dioxide will 

still be a problem. However, because of the high efficiency of fuel utilization in 

fuel cells, carbon dioxide emissions will be reduced overall [5]. 

Other advantages of fuel cells include their simple operation, ability to 

operate over a wide range of temperatures, site flexibility because of their 

modularity (fuel cells can be constructed in any shape or size) and multifuel 

capabilities (potential fuels include H2, methanol, ethanol, ammonia and natural 

gas) [7]. Fuel cells have been constructed for applications ranging from large 

power plants, to portable power generators, and even laptop computers [10]. 

Also, since fuel cells do not consume the components from which they are 
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constructed, they demonstrate an unlimited life span as long as a fuel is being 

supplied [4, 8]. 

The major disadvantages of fuel cells include the need for inexpensive 

membranes that allow for rapid and selective transport of protons, while 

preventing crossover of the fuels, and catalysts that can oxidize H2 and reduce 

O2 while remaining unaffected by CO and S impurities. In H2/O2 fuel cells, there 

are difficulties and risks associated with the storage and transportation of H2, and 

the lack of distribution [6, 8, 10]. Although hydrogen is abundant in nature, it is 

almost exclusively found in combination with other elements. Ultra pure forms of 

H2 are not as bountiful as propane or gasoline. Therefore, H2 must be 

manufactured from either fossil fuels or water. Currently, 95% of all H2 is 

produced by "steam reforming" of natural gas [6, 8]. Fuel cell developers are 

also concerned with H2 containment. H2 can ignite over a wide range of 

concentrations in air. The gas can be stored by compressing it in high-pressure 

steel cylinders, or liquefying it and packaging it in cryogenic dewars. However, 

these storage methods are expensive and bulky [6]. One proposed solution is 

the on-site reforming of hydrogen containing fuels. Alcohols, natural gas, 

propane, gasoline, and diesel are among the readily available sources of 

hydrogen. A drawback to this approach has been the CO that is produced as a 

by-product of the fuel-reforming reactions [6]. Rather than reforming a fuel to 

make hydrogen, some researchers are designing fuel cells that can directly 

catalyze the oxidation of alternative fuels. The direct feeding of alternate fuels 
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into fuel cells, without first converting to H2, eliminates the complexity and bulk of 

reformers and processors [6]. 

Direct Methanol Fuel Cells 

Organic Compounds as Fuels 

In order to alleviate many of the problems associated with fuel cells 

operating on hydrogen, organic fuels, such as methanol, are being studied [5, 11, 

14, 15]. Simple organic compounds are easy to store and handle, are relatively 

non-toxic and possess a high energy density [16, 17]. The major limitation to the 

use of small organic species in fuel cells is their sluggish reactivity and high 

noble metal requirements for the electrocatalysts. The reaction rates are 

controlled by the interplay between water activation, which is essential for the 

complete oxidation to carbon dioxide, and pathways that lead to partial oxidation 

products [7, 15-18]. This can be demonstrated by considering the simplest 

hydrocarbon, methane. The complete oxidation of methane to CO2 occurs 

through an eight-electron transfer process [7]. The multi-step reaction involves 

several intermediates and by-products, some of which are potent catalyst 

poisons [15, 17, 19]. 

Methanol as a Fuel 

One of the most attractive alternative fuels is methanol [7]. Methanol is an 

abundant liquid, which is simpler to handle than hydrogen and is compatible with 

the refilling systems that exist today. The rate of methanol electrochemical 
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oxidation is slower than that of hydrogen [7], however based on thermodynamics, 

a fuel cell operating on methanol should achieve the same voltage as a cell 

operating on hydrogen [15]. Methanol as a fuel has garnered a lot of interest 

because of its ability to be directly oxidized to CO2 electrochemically [11]. The 

overall anodic reaction in a direct methanol fuel cell (DMFC) is as follows, 

CH3OH + H 2 0 ^ CO2 + 6H* + 6e-. 

The chemisorption and electrochemical oxidation of methanol on a 

platinum catalyst is a complicated multistep process. Chemisorption of methanol 

on platinum takes place very rapidly on the bare catalyst surface through a 

succession of intermediates derived from methanol by scission of C-H bonds and 

formation of Pt-C bonds [14]. The process of methanol oxidation involves the 

formation of chemisorbed fragments, predominantly CO, and probably COH [11] 

(Figure 1.2). As apparent in the figure, the activation, or oxidation, of water is 

necessary to provide oxygen for the complete conversion of methanol to CO2. It 

is this subsequent step, the oxidative removal of the dehydrogenated organic 

fragments that can be the rate-limiting step on pure platinum catalysts. The 

sluggish reaction kinetics are due to the difficulty of inserting oxygen into the 

adsorbed CO and -COH species [11]. Interest has tended to focus on the 

partially oxidized adsorbed species [16], in particular COads [20-23]. 

An approach for enhancing the oxidative activity of Pt for methanol is 

through the use of alloys, where the second metal forms a surface oxide in the 

potential range appropriate for methanol dehydration [14]. The activity of 



CH30H-^^"-^^'">'CH20 "̂ ^ "̂:"l̂ ^>" HCOOH 
•H2O 

-2e--2H+ 

-4e-,-4H+ ^ j!^ _ -H2Q 
• COads"^ 

+H2O 

-2e-,-2H"^ 

CO- -2e-,-2H+ 

Figure 1.2: Methanol Oxidation Pathways 
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platinum for the oxidation of methanol can be substantially improved by alloying 

with ruthenium [14]. It is believed that an enhancement in the kinetics of the 

water activation step (H2O -^ OHads + H* + e") on Ru is responsible [24-27]. The 

mechanism of methanol oxidation on Pt-Ru alloys is considered to be 

bifunctional. Platinum can serve as a catalyst for the chemisorption and 

dehydrogenation of methanol, and the ruthenium provides surface sites for water 

activation leading to OH adsorption [29]. There is a great deal of interest in 

obtaining molecular level verification of these processes. One reason this 

knowledge is desired is to aid in the design of poison resistant catalysts. 

Project Focus 

The goal of this project was to study the surface chemistry of carbon 

monoxide and methanol with the use of electrochemical and in situ Fourier 

transform infrared (FTIR) spectroscopy techniques at temperatures of interest for 

the operation of direct methanol fuel cells (ambient to 80 °C). As stated earlier, 

carbon monoxide is a principal catalyst poison that can deactivate the fuel cell 

anode when present even at trace levels (5-50 ppm) [15, 16, 23, 28]. CO is a 

partial oxidation product of methanol (see Figure 1.2) and can be present as an 

impurity in H2 fuels. Surface poisons typically inhibit reactions on Pt by blocking 

surface sites that are necessary for the cleavage of chemical bonds in the fuel. 

Therefore, poisons on Pt catalysts can dramatically lower fuel cell performance 

[15, 17, 19]. A specific aim of this project was to construct an electrochemical 

cell that enables surface infrared spectroscopy measurements to be made in situ 
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at temperatures of interest for the operation of direct methanol fuel cells. The cell 

was employed to examine at the molecular level temperature effects on the 

electrochemistry of water, CO and methanol at bulk Pt and Pt-Ru 

electrodes. 

Summary 

This dissertation describes an investigation into the surface 

electrochemistry of adsorbed carbon monoxide and methanol at 25 °C-80 °C. In 

Chapter II, a description of the general experimental procedures and 

instrumentation is presented. This chapter includes a discussion of the 

importance and relevance of infrared spectroscopy in electrochemistry. The 

initial step in the project was to design and construct an insulated infrared 

spectroelectrochemical cell capable of operating at temperatures greater than 

ambient. The cell and its performance in experiments with the archetypal 

adsorbate system Pt/CO are discussed in Chapter III. In Chapter IV, application 

of the thermostatted cell to investigate the electrochemistry of carbon monoxide 

and methanol at 25 °C-80 °C is described. The results of this study show that 

temperatures in this range do not entirely eliminate CO adsorption, but shift the 

onset potential for CO oxidation negative with increasing temperature. Chapter V 

describes in depth studies of temperature and methanol concentration effects on 

methanol dissociative chemisorption at platinum electrodes. The results provide 

molecular level evidence for mechanisms derived based on electrochemical 

measurements of methanol oxidation at above ambient temperatures. Chapter 
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VI examines methanol oxidation on Pt-Ru alloy electrodes. The competition 

between pathways that lead to adsorbed CO and CO2 are probed for 

temperatures in the range of 25 °C-80 °C. The infrared measurements show that 

methanol oxidation on high Ru content alloys is inhibited below 70 °C possibly by 

surface oxides, and that alloys with low Ru content exhibit methanol surface 

chemistry similar to that of pure, polycrystalline platinum. For both alloys, strong 

adsorbed CO bands persisted during rapid CO2 production at low potentials (0.4-

0.5 V (RHE)), indicating that CO functions as a transient species with high 

steady-state coverages on these alloys during methanol oxidation. Chapter VII 

provides a summary of the experimental results presented in the dissertation. 
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CHAPTER II 

INSTRUMENTATION AND GENERAL EXPERIMENTAL CONSIDERATIONS 

Infrared Spectroscopy in Electrochemistry: Interfacial Processes 

Introduction 

Infrared spectroscopy is often used to investigate interfacial processes at 

electrodes [1]. The ability to record infrared spectra of species at the electrode-

solution interface in situ, frequently with submonolayer sensitivity, has guided 

advances in the study of adsorption and electrochemical reaction pathways since 

the 1970s [2-17]. Infrared spectra aid in the identification of reactants, products, 

and long-lived intermediates, and permit potential dependent changes in the 

interfacial solvent and electrolyte composition to be followed [1, 18]. Molecular 

chemisorption provides some of the strongest environmental effects, because the 

bonding of the analyte to the electrode surface can induce changes in molecular 

geometry and electronic structure. Further spectral perturbations arise from 

interactions among similarly oriented neighboring adsorbates. This additional 

phenomenon is referred to as "vibrational coupling" and results from forces 

between the external electric fields of adsorbate transition dipole moments [1,19-

28] and from through-metal chemical bonding interactions [19, 25-27, 29]. 

The spectral changes induced by vibrational coupling can be explained by 

considering the surface selection rule. The rule maintains that infrared 

electromagnetic fields at the surface of a metal are preferentially oriented normal 

to the surface [2, 3, 8, 25-27, 30-32]. The surface-induced polarization of the 
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infrared radiation limits the detectable vibrational modes of adsorbed molecules 

to those with a component of their transition dipole moment normal to the 

surface. Transition dipole moments oriented parallel to the surface cannot be 

excited [1]. Infrared spectral band intensities are proportional to the strength of 

the transition dipole moment normal to the surface, which is determined by the 

relative phases of the molecular displacements during a vibrational cycle [18]. 

This can be understood by considering carbon monoxide which bonds to 

transition metal surfaces through the carbon atom with the C-0 bond axis toward 

the surface normal [33]. In this case, the most intense infrared transition occurs 

for modes that contain the most adsorbates with in-phase C-0 stretching 

displacements [26], which is typically the highest energy mode of molecules in 

similar coordination environments [19, 26]. In addition, the in-phase modes shift 

to higher energy as the coupling strength increases. Therefore, the C-0 

stretching infrared bands upshift as the distance between CO molecules 

decreases (i.e., as CO surface coverage increases) [18]. Therefore, vibrational 

coupling is most often observed in infrared spectroelectrochemical studies as 

coverage dependent shifts in the C-O stretching modes of adsorbed CO. 

Infrared Sampling Methods 

In situ infrared spectra of electrochemically-generated species can be 

obtained with attenuated total internal reflection (ATR), external reflection 

polarization modulation and external reflection sampling methods [8, 34-41]. In 

the work reported in this dissertation, in situ spectra of electrochemically-
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generated species were acquired using an external reflection sampling method. 

The optical configuration for external reflection is provided in Figure 2.1. As 

depicted in the figure, the infrared beam is directed through a polarizer and onto 

the front surface of a highly polished disk-shaped working electrode. Thin-layer 

electrochemical cells are employed which permit the infrared beam to enter and 

strike the front surface of the polished working electrode at an incidence angle of 

approximately 60° to 70° with respect to the surface normal. After striking the 

disk surface, the beam is reflected out of the cell and is collected by optics that 

image the radiation onto a detector. This optical configuration necessitates the 

use of electrode materials that are highly reflective in the infrared spectral region. 

Typically, platinum, gold and silver have been utilized. 

Thin-Layer Infrared Spectroelectrochemical Cells 

There is an extensive literature foundation regarding the various designs 

of thin-layer electrochemical cells [2, 5, 6, 8, 42-44). An illustration of a typical 

cell (which has been cut away through the center and viewed from the top down) 

is presented in Figure 2.2. As shown, the working electrode is typically a metal 

disk approximately 6 to 10 mm in diameter. The front face of the disk is polished 

to a mirror finish with a slurry of alumina or diamond paste. The disk is then 

mounted in a plunger and the sides are sealed to prevent contact with the 

electrolyte solution. A wire is spot welded to the back of the disk to provide 

electrical contact. In conventional cells, a platinum wire or gauze is wound 

around the working electrode plunger behind the metal disk to function as a 
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counter electrode. The reference electrode is positioned in an external 

compartment that is connected to the main chamber via a Luggin capillary [1]. 

The polished surface of the working electrode is positioned adjacent to the 

optically flat surface of an infrared transparent window attached to the front of the 

cell. During spectral acquisition, the electrode is pushed against the window to 

entrap a thin solution layer of approximately 1 to 5 |im (Figure 2.2). The thin 

layer permits infrared radiation to reach the reflective surface of the working 

electrode with minimal attenuation by the solvent [1]. 

The optical properties of the thin layer affect the sensitivity of infrared 

measurements. The thickness of the thin layer can be smaller than radiation 

wavelengths in the mid-infrared range, and since p- (radiation polarized parallel 

to plane of incidence) and s- (radiation polarized perpendicular to plane) 

polarizations have different electric field amplitudes at the electrode surface, the 

spatial distribution of the waves in the cavity can be inhomogeneous [42, 43]. 

The spatial properties of the electromagnetic field depend on the optical 

constants of the metal, the solution layer, the adsorbate layer, the window, the 

angle of incidence and the polarization states of the infrared beam [42, 43, 45-

48]. Typically, high incidence angles and parallel polarized radiated are 

necessary to maintain an appreciable electric field at the metal surface, but the 

optimal optical geometry is dependent on the specific system under investigation. 

The reflection and throughput of the cell can be improved by using either a 

hemispherical [43, 44, 49], or trapezoidal [42, 45, 47] window that permits normal 

incidence at the air/window interface. 
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In Situ Infrared Spectral Acquisition 

Acquisition of in situ infrared spectra is possible by several methods. The 

first in situ infrared spectra of electrochemical species were obtained via 

electrochemically modulated infrared spectroscopy (EMIRS) [2, 3, 50]. With 

EMIRS, the potential is modulated at approximately 10 Hz as the monochromator 

is slowly scanned. A differential spectral signal is recovered with phase-sensitive 

detection. Alternative acquisition methods fall under the category of subtractively 

normalized interfacial Fourier transform infrared spectroscopy (SNIFTIRS), which 

encompasses methods that employ a Fourier transform infrared (FTIR) 

spectrometer and static linear polarization [2-4]. 

The most commonly applied SNIFTIRS technique is referred to as single 

potential alteration infrared spectroscopy (SPAIRS). In this approach, a 

sequence of interferograms is collected while the electrode is held at a constant 

potential. The interferograms are coadded, averaged, Fourier transformed to a 

single beam spectrum, and electronically stored. The electrode is then stepped to 

a second potential and the data collection and processing procedure repeated, 

generating a second single beam spectrum. Each single beam spectrum 

encodes the wavelength dependent reflectivity of the system, R(X). A potential 

difference spectrum is obtained by taking the ratio of two single beam spectra 

obtained at different electrode potentials [1]. 

An alternate method is potential modulation SNIFTIRS. With this 

technique a small number of interferograms are collected while the electrode 

potential is simultaneously modulated between two values. Interferograms 
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collected at each specific potential are coadded and then at the end of the 

acquisition Fourier transformed to produce a single beam spectra. Potential 

difference spectra are determined in the same manner as in SPAIRS. Potential 

modulation improves the spectral signal-to-noise ratio by compensating for 

instrument drift and infrared absorption by atmospheric CO2 and water vapor. 

However, this technique is only applicable to systems demonstrating reversible 

electrochemistry [1]. The SPAIRS technique was utilized throughout the studies 

discussed in the subsequent chapters. 

Instrumentation Specific to the Dissertation Research 

Infrared spectra were recorded with a Mattson Instruments R/S-1 Fourier 

transform infrared spectrometer system equipped with a narrow band MCT 

detector (Madison, Wl). After passing through the interferometer, the infrared 

beam is directed out of the instrument through an external beam port into a 

nitrogen purged chamber that contains optics for reflectance measurements. A 

pair of a 60° off-axis parabolic reflectors (6.9" effective focal length (EFL), 

Mattson Instruments) were used for these measurements. One reflector is 

placed immediately before the spectroelectrochemical cell and directs the 

infrared beam onto the working electrode surface [42, 51, 52]. The second 

reflector is positioned after the cell to collect radiation reflected from the electrode 

surface. The beam is then passed to a detector focusing mirror, a 75° off axis 

parabolic reflector (1.9" EFL, Mattson Instruments), and then onto a liquid 

nitrogen cooled mercury-cadmium-telluride (MCT) infrared detector (Model 997-
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0037, Bio-Rad, Cambridge, MA) [53-55]. During an infrared spectroscopy 

experiment, the electrode potential was controlled with a Princeton Applied 

Research (PAR) model 173 potentiostat. Single beam infrared spectra were 

computed from either the average of 256 interferograms collected at 2 cm'̂  

resolution or 512 interferograms collected at 4 cm'̂  resolution. A triangular 

function was used for apodization. All spectral manipulation was carried out 

using WinFirst® software (Mattson Instruments, Madison, Wl). 

For electrochemical measurements, the cell potential was maintained with 

a three electrode potentiostat (PAR Model 273/86, Princeton, NJ) controlled 

through an IEEE-488 interface bus by a microcomputer running Model 270/250 

Research Electrochemistry Software (PAR), version 4.00. Working electrodes 

were typically mechanically polished with alumina and electropolished in a 

conventional, glass three electrode cell before each experiment. Electrode 

materials and specific handling procedures are discussed in each chapter. For 

all experiments, the counter electrode was a ring of platinum wire and a 

potassium chloride saturated silver/silver chloride (KCIsatAg/AgCI) electrode was 

used as the reference. 
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CHAPTER III 

A JACKETED CELL FOR INFRARED SPECTROELECTROCHEMISTRY 

AT CONSTANT ABOVE AMBIENT TEMPERATURES 

Introduction 

As discussed in Chapter II, in situ infrared spectral measurements are 

typically made with an external reflection arrangement [1-7]. Unlike standard 

electrochemical cells, designs for in situ infrared cells that allow for temperature 

control have been slow to emerge. Although the majority of in situ infrared 

measurements are made at ambient temperature, many of the processes studied 

aim to provide information relevant to reactions in fuel cells [3, 8], which typically 

operate well above 25 °C [9, 10]. 

The focus of this dissertation project is on the study of surface 

electrochemistry at 25 °C-75 °C. An insulated cell for infrared 

spectroelectrochemistry capable of operation at temperatures other than ambient 

was developed as part of this effort. The cell is described in this chapter. 

The cell consists of a glass chamber surrounded by a rugged, insulated 

jacket. An earlier report from our laboratory [11] demonstrated an approach for 

heating a conventional infrared spectroelectrochemical cell with an element 

positioned inside the glass tube that houses the working electrode, while 

monitoring the working electrode temperature with a sensor in contact with the 

electrode's backside. As part of the present study, the temperature 

measurement circuitry and cell heating functions were improved and employed 
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with the insulated cell. The performance of the assembly was evaluated in 

experiments with the archetypal adsorbate system Pt/CO. The stability of 

adsorbed CO and the effect of temperature and partial pressure on CO surface 

coverages were probed between ambient and 75 °C. 

Experimental 

Reagents 

Perchloric acid solutions were prepared from distilled water that was 

further processed with a 4-cartridge Nanopure II system (Barnstead, Des Moines, 

lA). Perchloric acid (redistilled, 99.999% purity) was obtained from Aldrich 

(Milwaukee, Wl). Carbon monoxide (99.8% purity) was from Scott Specialty 

Gases (Plumsteadville, PA). 

Instrumentation 

The spectroelectrochemical cell was built around an inner glass chamber 

that was constructed from standard glass components (Figure 3.1). At the front 

of the chamber is a female O-ring seal joint (15 mm i.d., Kimax (Ace Glass, New 

Jersey)). The cell window (trapezoidal CaF2 (Spectral Systems, Hopewell 

Junction, NY)) presses against the O-ring (CAPFE, Ace Glass) in the joint. The 

window is held in place with an aluminum cover that screws into a hinged clamp. 

The clamp was constructed in house to fit the joint. Electrodes enter the 
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chamber through threaded glass connectors (Ace-Thred, Ace Glass). The 

working electrode slips into the back of the chamber through a 15 mm i.d. 

connector. A Teflon O-ring and Teflon bushing secure the electrode and prevent 

the leakage of electrolyte solution. The counter electrode and the reference 

electrode compartment enter through a Teflon plug that screws into the 

connector (18 mm i.d.) at the top of the chamber. The plug was drilled to 

accommodate the electrodes. 

The glass chamber is secured inside an insulated aluminum housing. 

Figure 3.2. The housing was split lengthwise to allow for easy insertion of the 

chamber. The chamber is held in place by screws that extend through holes in 

the hinged clamp into threaded holes in the housing. A silicone rubber gasket 

between the cell and housing provides strain relief as the working electrode is 

positioned during alignment. An aluminum ring at the back of the cell affords 

additional stability for the assembly. Screws that extend through holes in the 

micrometer adapter and aluminum ring support the top and bottom halves of the 

housing. 

The cell temperature sensing and heating functions were built into the 

working electrode. An earlier study reported on an assembly based on an 

Analog Devices AD590 temperature sensor [11]. A thermocouple was used for 

temperature measurement in the present studies. The working electrode was 

constructed by sealing a disk of platinum (10 mm diameter x 1 mm thick) into the 

end of a soft glass tube (12 mm diameter x 9.5 cm long). A platinum-glass seal 

was formed at the disk edges. The seal extended onto the backside of the disk 
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by a few millimeters. The thermocouple was soldered to the exposed platinum 

near the disk center. A separate wire was also attached to the back of the disk 

for connection to a potentiostat, although the lead from the thermocouple that 

contacts the grounded terminal on the thermocouple amplifier could also be used 

for this purpose (vide infra). The front face of the electrode was ground flat and 

polished to a mirror finish with decreasing grades of alumina (1.0 |j.m, 0.3 |im, 

0.05 nm, (Buehler, Lake Bluff, IL)). Athermofoil heater (Minco Products, 

Minneapolis, MN) was positioned inside the working electrode tube to provide the 

thermal energy necessary to maintain the electrode and surrounding solution at 

temperatures above ambient. Once the thermocouple and thermofoil were in 

place, the working electrode tube was filled with fine silica to increase the thermal 

mass of the electrode. 

The thermocouple was used in conjunction with an AD595 (Analog 

Devices, NonA^ood, Massachusetts) thermocouple amplifier and a PID 

temperature controller (LFI-3551, Wavelength Electronics, Bozeman, Montana). 

The thermocouple amplifier was powered by the 12 V supply on the temperature 

controller. The voltage was adjusted to 5 V with an LM78L05 three terminal 

voltage regulator (National Semiconductor, Santa Clara, CA). The electrode 

potential was controlled with a Princeton Applied Research (PAR) model 173 

potentiostat during infrared spectroscopy measurements and a Gamry 

Instruments PC4/300 potentiostat during cyclic voltammetry studies. These 

potentiostats allowed the working electrode to be held at ground (or virtual 

ground) during measurements for compatibility with the thermocouple amplifier. 
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Current flow from electrochemical processes into the thermocouple amplifier was 

limited by the amplifier's low bias current (< 0.1 ^lA). 

A platinum wire counter electrode and a KCI saturated Ag/AgCI reference 

electrode were used in all experiments. The reference electrode was held in a 

compartment behind a wetted stopcock that connected to the cell through a 

segment of glass tubing. The reference electrode compartment was maintained 

at ambient temperature. Potentials are reported with respect to the KCI 

saturated Ag/AgCI reference. 

Before each experiment, the platinum working electrode was cycled in 0.1 

M HCIO4 until the characteristic sharp features appeared in the hydrogen 

adsorption and oxide potential regions. CO adiayers were formed with the 

working electrode potential held at 0.0 V. CO was bubbled into solution for 5 

minutes followed by N2for 10-15 minutes to remove the dissolved CO. 

Results and Discussion 

The system was first tested to determine that the thermocouple and 

associated circuitry did not adversely affect the potentiostat operation. Cyclic 

voltammograms were recorded with and without the thermocouple leads 

connected to the temperature control circuitry. Figure 3.3 shows results of 

experiments in 0.1 M HCIO4. The cell was filled with electrolyte solution 

equilibrated at room temperature and then thermostated at 25 °C. First, the 

thermocouple leads were briefly disconnected from the temperature control 

circuitry and the voltammogram shown as the filled squares was obtained. 
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Immediately afterward, the thermocouple leads were re-connected and the trace 

shown as the solid line was recorded. The scan rate was 50 mV/s for both 

voltammograms. Features typical of polycrystalline platinum appear in the 

traditional hydrogen adsorption (-0.25 V to 0.0 V) and oxide (0.6 V to 1.2 V) 

potential regions. Agreement between the solid line and filled squares indicates 

the thermocouple amplifier does not interfere with the potentiostat, at least not at 

the current levels important for cyclic voltammetry measurements with the large 

area platinum disk electrode (> 1 nA). Distortion in the current signal is 

effectively minimized by the low input bias current of the thermocouple amplifier. 

A similar check was performed with the potentiostat used for in situ infrared 

measurements. 

The performance of the system in infrared spectroscopy experiments was 

first evaluated by recording traditional in situ infrared spectra of CO adsorbed on 

the platinum electrode at 40 °C (Figure 3.4) as a function of potential. The 

background spectrum was collected at 0.8 V, where CO was removed from the 

surface through oxidation to CO2. Spectra were computed from the average of 

256 interferograms collected at 2 cm'̂  resolution. Bands at 2080-2065 cm"̂  are 

due to the C-O stretching modes of CO molecules coordinated to single platinum 

atoms (atop coordination). The bands show the normal characteristic shifts to 

higher energy as the potential is stepped positive. 

One goal of the study was to investigate the stability of adsorbed CO on 

platinum at above ambient temperatures. Initially, spectra were monitored at 

constant temperature to probe the thermal activation of CO desorption. Figure 
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Figure 3.4: In situ Infrared Spectra of CO adsorbed on a Polycrystalline 
Platinum Electrode in 0.1 M HCIO4 at 40 °C 
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3.5 shows a sequence of spectra obtained with the cell at 50 °C. The raw 

potential difference infrared, PDIR spectra that were recorded by switching the 

electrode between 0.0 V and 0.2 V (vs. KCI saturated Ag/AgCI) as the 

experiment progressed are plotted in Figure 3.5A. The displayed spectrum was 

computed by taking the -log of the ratio of sample and reference single beam 

spectra. At the end of the experiment, a normal absorbance spectrum was 

computed (Figure 3.5B) from each PDIR spectrum by taking the ratio of the 

single beam spectra obtained at 0.2 V to one recorded at 0.2 V just after CO 

desorption was complete (after approximately 437 minutes). The presented 

spectrum is the -log of the sample to background spectral ratio. Spectra were 

computed from the average of 512 interferograms collected at 4 cm"̂  resolution. 

The strong atop CO bands observed during the initial 4-5 hours of the experiment 

indicate high coverages of CO can form on the electrode at double layer 

potentials and 50 °C. The slow rate of CO loss indicates higher temperatures are 

needed to activate CO desorption. Earlier measurements in acetonitrile solution 

showed CO is lost rapidly from polycrystalline platinum at 0.0-0.2 V and 

temperatures of 30-40 °C, likely because of competition with acetonitrile 

adsorption [11] The response in 0.1 M HCIO4 shown in Figure 3.5 is more 

consistent with the behavior of CO on platinum in ultra high vacuum [13,14]. The 

measurements in Figure 3.5 were limited to 0.0 V and 0.2 V to reduce effects 

from hydrogen adsorption, at negative potentials, and CO oxidation at more 

positive potentials. Studies up to this point indicate hydrogen adsorption can 

shorten the adiayer lifetime [11], but additional experiments are needed. 
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Figure 3.5: In situ Infrared Spectra of CO adsorbed on a Polycrystalline 
Platinum Electrode in 0.1 M HCIO4 at 50 °C 
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As further confirmation that high CO coverages can form on polycrystalline 

platinum at 50 °C, a cyclic voltammogram was recorded after the adiayer was 

formed in CO saturated 0.1 M HCIO4 with the cell thermostated at the indicated 

temperatures and the solution purged of CO by bubbling with nitrogen for 10 

minutes, Figure 3.6. The scan rate used in acquiring the voltammograms was 50 

mV/s. A CO stripping peak appears at about 0.5 V. The peak shows a slight 

splitting, suggesting the adiayer may be composed of a mixture of densely 

packed islands along with more open adiattices [15]. 

The spectra in Figure 3.5 demonstrate the good thermal properties of the 

spectroelectrochemical cell over long time periods. The reference single beam 

spectrum used to convert the PDIR bands (Figure 3.5A) to normal absorbance 

features (Figure 3.5B) was collected more than 7 hours after the first spectrum of 

the adiayer was recorded. The spectral signal-to-noise (S/N) ratio is somewhat 

lower than usual for a saturated CO adiayer on a polycrystalline platinum 

electrode of the size employed. The background noise can increase due to 

thermal fluctuations that lead to changes in the solution refractive index, which 

affect the reflectance properties of the cell [5-7]. 

In situ infrared spectra of CO adsorbed on a polycrystalline Pt electrode at 

0.0 V (vs. KCI saturated Ag/AgCI) with the cell thermostated at 75 °C are shown 

in Figure 3.7. Spectra were recorded in CO saturated 0.1 M HCIO4 (Figure 3.7B) 

and in a solution after CO was removed bubbling with Nzfor 10 minutes (Figure 

3.7A). Background spectra were collected at 0.8 V and displayed spectra were 

computed from the average of 256 interferograms collected at 2 
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Figure 3.6: Cyclic Voltammograms Showing the Stripping of a 
CO Monolayer from the Polycrystalline Platinum Electrode at 50 °C and 75 °C 
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Figure 3.7: In situ Infrared Spectra of CO adsorbed on a Polycrystalline 
Platinum Electrode at 0.0 V in 0.1 M HCIO4 at 75 °C 
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cm"̂  resolution. Temperature programmed desorption (TPD) measurements 

[13,14] suggest CO loss from the electrode should be much more rapid at 75 °C 

than 50 °C. Indeed, the integrated intensity of the atop CO band in Figure 3.7A 

is about a factor of three less than that of the bands recorded at early times in 

Figure 3.5B. With CO in solution at 75 °C (Figure 3.7B), the integrated band 

intensity is closer to that expected for a saturated CO adiayer at ambient 

temperatures. TPD studies of CO on Pt(111) [13,14] and various stepped 

surfaces of single crystal platinum [13,16-18] indicate the thermal energy 

available at 75 °C should activate desorption of CO from atomically smooth 

terrace planes, but not necessarily from low coordination sites, such as steps and 

kinks. It is possible the band in Figure 3.7A is associated with CO at steps and 

other defects on the platinum electrode, the remainder of the CO having 

desorbed on the time-scale of the experiments (15-20 minutes, which includes 

the time needed for N2 purging to remove CO from solution after dosing). With 

CO in solution, molecules lost by desorption are apparently replenished at a fast 

enough rate that a high steady-state coverage of CO can be maintained (Figure 

3.7B). 

The top voltammogram in Figure 3.6 provides additional information 

related to CO coverages on the polycrystalline platinum electrode at 75 °C. The 

stripping peak was recorded 10 minutes after the electrode was exposed to a CO 

saturated solution. The stripping charge is about four times lower at 75 °C than 

50 °C. The stripping voltammetry confirms the CO coverages are significantly 
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below saturation at 75 °C, as suggested by the infrared spectral measurements 

in Figure 3.7A. Another notable feature in the stripping voltammetry is the shift in 

the peak to lower potential at the higher temperature. Related shifts have been 

observed for CO [19] and methanol [20] oxidation in voltammetry measurements 

with the reactants in solution. The improvement in kinetics has been attributed to 

thermal activation of water [19, 20]. Our preliminary infrared measurements 

indicate CO oxidation on polycrystalline platinum commences somewhat before 

0.2 V at 75 °C, whereas appreciable oxidation is not observed until 0.2V-0.3 V 

(vs. KCI saturated Ag/AgCI) at ambient temperatures in in situ infrared 

measurements [21, 22]. More in-depth infrared experiments are in progress to 

identify changes in CO coverage and adiayer structure that accompany the 

temperature dependent shifts in reaction potential. In contrast to the stripping 

voltammograms in Figure 3.6, without N2 bubbling after CO dosing only diffusion 

limited current associated with the oxidation of CO in solution was observed in 

the voltammetry. 

As a final note, the S/N ratio in the potential difference spectra of Figures 

3.4 and 3.7 could be improved by increasing the number of interferometer scans 

at each potential. The number of scans was limited to 256 in the reported 

experiments, because it was of interest to probe the oxidation of CO on a 

relatively short time scale. With an interferometer optimized to operate a faster 

scan rates, it may be possible to improve the S/N ratio by collecting a much 

larger number of scans over the same time period. 
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Conclusions 

In summary, the jacketed infrared spectroelectrochemical cell has allowed 

studies of CO adsorption at temperatures between ambient and 75 °C. At 50 °C, 

high coverage CO adiayers that remained stable for several hours could be 

prepared. At 75 °C, adsorbed CO coverages were strongly affected by CO in 

solution. A low coverage CO adiayer was maintained in CO-free electrolyte 

solution. An immediate goal is to probe thermal effects on CO oxidation near the 

cell's high temperature limit. 
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CHAPTER IV 

THE SURFACE ELECTROCHEMISTRY OF CO AND METHANOL 

AT 25-75 °C PROBED IN SITU BY INFRARED SPECTROSCOPY 

Introduction 

The surface electrochemistry of carbon monoxide and methanol near 80 

°C is of current interest in relation to the development of polymer electrolyte 

membrane fuel cells [1-4]. While reactions in fuel cells are easily studied at 

practical operating temperatures (60-80 °C) [4-7] basic electrochemical 

investigations have typically been performed at ambient [8-10]. In voltammetric 

experiments, temperature has been shown to influence the onset potential for 

CO oxidation [11-13] and rate determining steps in methanol oxidation [2]. 

Temperature effects on methanol and carbon monoxide surface electrochemistry 

on fuel cell catalysts probed by in situ spectroscopic techniques are also starting 

to emerge [7, 14, 15]. 

In the present work, the electrochemistry of carbon monoxide and 

methanol was investigated at above ambient temperatures with infrared 

spectroscopy using a thermostated spectroelectrochemical cell. Adsorbed CO 

was detected across the full range of temperatures studied, 25-75 °C, confirming 

the potential for poisoning by CO at 60-80 °C in non-pressurized H2/air and direct 

methanol fuel cells. Although working at cell temperatures up to 75 °C did not 
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eliminate CO adsorption, the onset potential for CO oxidation shifted negative 

with increasing temperature. 

Experimental 

Reagents 

Perchloric acid solutions were prepared from distilled water that was 

further processed with a 4-cartridge Nanopure II system (Barnstead, Des Moines, 

lA). Perchloric acid (redistilled, 99.999% purity) was obtained from Aldrich 

(Milwaukee, Wl). Carbon monoxide (99.8% purity) was from Scott Specialty 

Gases (Plumsteadville, PA). Methanol (Burdick & Jackson, GC grade) was 

washed over alumina, filtered, distilled, and stored refrigerated. 

Instrumentation 

The thermostated electrochemical cell used for infrared spectroscopy 

measurements has been described in detail in Chapter 111. Infrared spectra were 

recorded with a Mattson Instruments R/S-1 Fourier transform infrared 

spectrometer system (Madison, Wl). Instrumentation used for reflectance 

measurements and spectral acquisition has been described in Chapter II and 

References 18 and 19. Except where noted, single beam infrared spectra were 

computed from the average of 256 interferograms collected at 2 cm"̂  resolution. 

A triangular function was used for apodization. 

For electrochemical experiments, the counter electrode was platinum, and 

a KCI saturated Ag/AgCl reference electrode was used. Potentials are reported 
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with respect to this reference. During all measurements, the compartment that 

held the reference electrode was maintained at ambient temperature. Cyclic 

voltammetry studies were conducted with a Gamry Instruments PC4/300 

potentiostat. A Princeton Applied Research (PAR) model 173 potentiostat was 

used to control the electrode potential during infrared spectroscopy 

measurements. 

The platinum working electrode was prepared for each experiment by 

cycling in 0.1 M HCIO4 until characteristic defined features appeared in the 

hydrogen adsorption and oxide potential regions. CO was admitted to the 

solution by bubbling for 5 minutes. The electrode was held at +0.2 V during 

dosing. Except when CO saturated solutions were needed, CO bubbling was 

followed by N2for 10-15 minutes to remove the dissolved CO. Solutions 

containing methanol were prepared by adding a 200 \iL aliquot of methanol to 16 

mL of 0.1 M HCIO4 in the cell. The electrode was positioned near the window 

during methanol addition. N2 was bubbled into solution for a few seconds to 

provide mixing. The electrode was brought in contact with the methanol solution 

at -0.2 V for about 2 min. Then the electrode was positioned against the CaF2 

window and spectral acquisition was started. 

Results and Discussion 

Figure 4.1 shows voltammograms of the polycrystalline platinum electrode 

recorded in N2 purged 0.1 M HCIO4. The bottom cyclic voltammogram shows the 

response of the electrode just prior to CO dosing at 25 °C. The linear sweep 
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Figure 4.1: Voltammograms of a Polycrystalline Platinum electrode in N2 
Purged 0.1 M HCIO4 
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voltammograms shown were recorded following N2 purging, which started just 

after the electrode was exposed to saturation levels of CO for 5 minutes in the 

same solution at the indicated temperatures. The experiments were performed 

in sequence as the temperature was raised in 10 °C increments starting from 25 

°C. Just prior to each CO dosing period, the electrode was cycled over the range 

-0.25 to 1.3 V to renew the surface and ensure the appearance of hydrogen 

adsorption waves. The cell required about 10 minutes to reach the indicated 

temperatures and equilibrate. Each voltammogram was collected with a sweep 

rate of 50 mV/s. 

The CO stripping peak at 0.45-0.55 V is strongest between 25-45 °C. The 

background corrected charge under the stripping peak at 25 °C (-470 |aC/cm )̂ is 

consistent with values expected for the reaction of a CO monolayer, assuming 

the polycrystalline surface has a roughness factor of about 1.5 [20]. The 

stripping charge decreases and the peak broadens somewhat as the 

temperature increases between 25-45 °C. At 55 °C, the main peak near 0.53 V 

diminishes in height, and a shoulder appears at 0.48 V. A related splitting in the 

CO stripping peak was observed at 50 °C in earlier studies [16]. At 65 °C and 

above, the lower potential peak persists and the region above 0.5 V no longer 

shows signs of adsorbed CO. 

Characteristics of CO adsorption on the platinum electrode at above 

ambient temperatures were investigated further with infrared spectroscopy. The 

coverage and stability of adsorbed CO was investigated first. Figure 4.2 shows 
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spectra of a CO monolayer on a polycrystalline platinum electrode in 0.1 M 

HCIO4 at 60 °C. The adiayer was prepared at 60 °C in a CO saturated solution 

with the electrode at 0.2 V (vs. KCI saturated Ag/AgCI). CO was removed from 

solution by N2 purging just prior to spectral acquisition. In Figure 4.2A, the 

sample and reference single beam spectra were collected with the working 

electrode at 0.2 V and 0.0 V (vs. KCI saturated Ag/AgCI), respectively, at the 

indicated times. The displayed spectrum was computed by taking the -log of the 

ratio of sample and reference single beam spectra. In Figure 4.20, are the 

resulting ratios of the corresponding sample single beam spectrum in panel A to 

a CO-free single beam spectrum recorded at the completion of CO desorption 

with the electrode at 0.2 V (vs. KCI saturated Ag/AgCl). The strong intensity of 

the atop CO band during the initial 5 minutes of the experiment indicates high 

coverages of CO can be attained at this temperature. The adiayer did not exhibit 

long term stability, however. The atop CO band intensity decreased steadily with 

time. The adiayer was less stable at 60 °C than in experiments performed earlier 

[16] at 50 °C. After 2 hours at 60 °C, Figure 4.2 shows the atop CO band loses 

approximately 30 % of its original intensity, whereas at 50 °C under the same 

conditions the band intensity was unchanged [16]. 

In Figure 4.3, potential difference infrared spectra recorded after the 

polycrystalline platinum electrode was dosed with CO at 75 °C is presented, 

which contain information about the CO adiayer structure and reactivity at the 
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Figure 4.2: Infrared Spectra of a CO Monolayer on a Polycrystalline 
Platinum Electrode in 0.1 M HCIO4 at 60 °C 
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Figure 4.3: Potential Difference Infrared Spectra Recorded after the 
Polycrystalline Platinum Electrode Was Dosed with CO at 75 °C 
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elevated temperature. A single beam spectrum obtained at 0.8 V, where loss of 

the adiayer occurs due to oxidation, was used as the background. Each spectral 

acquisition required about 2.5 minutes at each potential. Figure 4.3A shows that 

atop CO is still detectable at 75 °C after removal of CO from solution by N2 

purging, but the band intensity just after CO dosing is significantly weaker than at 

60 °C, and CO oxidation commences just positive of 0.2 V. This onset potential 

for CO oxidation is lower than at ambient, where on polycrystalline platinum CO 

adiayers prepared as those in Figure 4.3A resist oxidation out to 0.3-0.4 V (vs. 

KCI sat. Ag/AgCl) [21]. The spectra in Figure 4.3A are in accord with the CO 

stripping voltammetry in Figure 4.1. The voltammetry indicates that at 75 °C 

adsorbed CO can be stable near 0.0 V and undergo oxidation at 0.2-0.3 V. 

Related temperature dependent shifts in oxidation potential have been observed 

for CO on ruthenium electrodes [13] and for methanol dehydrogenation 

fragments on platinum electrodes [2]. It has been suggested that the shifts arise 

from water thermal activation, which generates surface oxides at lower potentials 

[2, 13]. Admitting CO into solution at 75 °C (Figure 4.3B) shifted the equilibrium 

such that CO coverages increased to near saturation, and as a result the atop 

CO band intensities are about three times greater and the adiayer is more 

oxidation resistant than in CO-free solution. The partial pressure of CO above 

the electrode surface increases the CO coverages and reduces available sites 

for water activation. Insights into adiayer structure can be obtained from shifts in 

the atop CO band positions with increasing electrode potential. 
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In Figure 4.3A, the atop CO band moves toward higher energy, from 2071 

cm""" to 2076 cm"\ as the potential increases from -0.2 V to 0.0 V, as expected 

based on Stark tuning effects [21-24]. However, it is interesting to note that 

between 0.0 V and 0.2 V the band moves back toward /ower energy, appearing 

at 2072 cm"̂  at 0.2 V. The reversal suggests the adiayer packing density 

decreases as the potential changes from 0.0 V to 0.2 V. This effect may be 

observed if partial desorption or oxidation of the adiayer occurs in response to 

the increasing potential, and these processes take place at random sites 

throughout the adiayer rather than from the edges of dense CO islands [22]. 

Similar potential induced changes in atop CO band position have been observed 

in experiments with polycrystalline platinum electrodes at ambient temperature 

[22], but only after CO was dosed at hydrogen adsorption potentials. In the 

experiments considered in Figure 4.3A, CO was exposed to the surface while the 

electrode was held in the double layer potential region, conditions under which 

atop CO bands typically shift toward higher energy uniformly with increasing 

positive potential [21, 24, 25]. The uniform shifts signal the formation of CO 

islands that are slow to oxidize except at the outer boundary. It has been 

suggested that repulsive (hydrophobic) H2O-CO interactions provide a driving 

force for the formation of the large islands during CO assembly at double layer 

potentials [24]. In contrast, hydrogen co-adsorption on polycrystalline platinum 

leads to smaller, more evenly dispersed islands that can display non-linear 

potential dependent adsorbed CO band shifts [22]. 
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It is possible that the lower adsorbed CO coverages at 75 °C compared to 

ambient make the adiayer more accessible to attack by activated water and 

surface oxides, and hence reduce island formation. At 75 °C, the thermal energy 

available is sufficient to facilitate CO desorption and thereby reduced equilibrium 

CO coverages [26-28]. In addition, the tendency for CO islands to form may be 

overcome by an increase in the CO surface diffusion rate. The result is expected 

to be a more open, uniformly oxidizable adiayer. 

In CO saturated 0.1 M HCIO4 at 75 °C, the spectra in Figure 4.3B display 

features that indicate the adiayer contains regions of high packing density. The 

atop CO band intensity remains nearly constant between -0.1 V and 0.3 V (the 

atop CO band intensity at -0.2 V is about 20% lower than at -0.1 to 0.3 V, likely 

because on platinum CO tends to shift into bridging sites increasingly as the 

electrode potential becomes more negative [29, 30]). Further, the peak position 

shifts upward continuously from 2073 cm'̂  at -0.2 V to 2082 cm"̂  at 0.3 V. The 

band movement with potential is in the expected direction for a dense adiayer; 

however, the Stark tuning rate of 18 cm'W is below the 30 cm"W value typical 

for CO on polycrystalline platinum at ambient temperature [21]. The differences 

in Stark tuning rates are being investigated further. 

In Figure 4.4, cyclic voltammograms of polycrystalline platinum in CO 

saturated 0.1 M HCIO4 recorded between 25 °C and 55 °C are displayed. The 

bottom cyclic voltammogram shows the response of the electrode just prior to 

CO addition at 25 °C. The scan rate in all experiments was 50 mV/s. At 25 °C, 
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HCIO4 Saturated with CO 
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the steep rise in CO oxidation current begins at about 0.5 V, about 100 mV 

positive of the start of the monolayer stripping peak that appears in the absence 

of solution CO. The delay in the onset of bulk CO oxidation relative to the 

monolayer peak has been observed in previous voltammetric studies [1, 13, 20]. 

At potentials near monolayer stripping, bulk CO can continually replenish the 

adiayer and thereby inhibit the formation of surface oxides needed for sustained 

reaction [1, 12, 13, 20]. This effect is evident in the spectra in Figure 4.3; while 

the monolayer is completely oxidized by 0.3 V in CO-free 0.1 M HCIO4, adsorbed 

CO is present out to 0.5 V with CO in solution. In Figure 4.4, the onset potential 

for bulk CO oxidation shifts negative as temperature increases, similar to the CO 

monolayer voltammograms in Figure 4.1. As noted earlier, the response can 

arise from enhanced activation of surface oxides at higher temperatures [2,13]. 

Spectra of CO formed upon methanol dissociative chemisorption on the 

platinum electrode are shown in Figures 4.5 and 4.6. Figure 4.5 displays 

potential difference infrared spectra of polycrystalline platinum in 0.1 M HCIO4 

containing 0.3 M methanol in a cell that was thermostated at 50 °C. The 

electrode potential was held at -0.2 V during initial exposure to methanol. 

Spectra were computed from the average of 512 interferograms collected at 4 

cm"̂  resolution. Spectral acquisition required 2.7 minutes at each potential. The 

single beam spectrum recorded at -0.2 V was used as the background. Figure 

4.6 shows analogous potential difference infrared spectra obtained in the same 

fashion except the cell was thermostated at 25 °C. Under the conditions of the 

experiments, processes leading to adsorbed CO do not appear to be sensitive to 
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temperature between -0.1 V and 0.0 V. It has been suggested that the C-H bond 

cleavage steps which produce adsorbed CO from methanol at these potentials 

are not thermally activated below 60 °C [2]. The two sets of spectra also have 

similar characteristics at potentials positive of 0.0 V. The approximately 

equivalent atop CO band intensities observed in Figures 4.5 and 4.6 indicate 

temperatures of 25 °C and 50 °C do not have a strong influence on the 

equilibrium methanolic CO coverages. At 50 °C, the electrode in contact with 

methanol responds to changes in potential in a similar way as the electrode in 

contact with CO saturated solution (Figure 4.3B). Even at above ambient 

temperature, CO adsorption persists at higher positive potentials when there is a 

source of reactant in solution that can resupply it. However, compared to 

adiayers that form from a CO saturated solution at 75 °C (Figure 4.3B), the 

methanolic CO adiayer at 50 °C is more resistant to oxidation. The difference in 

reactivity may be due to thermal effects, but it is also probable that non-CO 

surface poisons associated with methanol dissociative chemisorption can slow 

the oxidation of CO by inhibiting water activation and decreasing accessibility of 

CO to surface oxides. 

The potential dependent shifts in the atop CO bands also provide 

information about the methanolic CO adiayers. In stepping from 0.0 V to 0.2 V, 

the atop CO band in Figure 4.6 shifts to higher energy, giving the typical Stark 

tuning response, and then does not change position between 0.3-0.7 V. At 50 °C 

(Figure 4.5), the band position is nearly constant across the full potential range. 
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but responds to the potential steps by moving slightly to lower energy. At 50 °C 

the CO adiayer may consist of smaller islands and be more accessible to 

activated water than at 25 °C. The spectra in Figures 4.5 and 4.6 indicate 

temperature does not have a strong effect on methanolic CO coverages between 

25-50 °C, but it may influence the adiayer structure. 

Conclusions 

Adsorbed CO can be detected on platinum at temperatures between 

ambient and 75 °C after dosing and subsequent removal of CO from solution. 

High equilibrium CO coverages can be sustained up to 75 °C, the upper 

temperature limit of the study, when CO or methanol is present in solution. For 

adiayers prepared from CO, the onset potential for oxidation decreases and 

accessibility to surface oxides becomes greater as temperature increases over 

the range 25-75 °C. In contrast, adsorbed CO formed through methanol 

dissociative chemisorption is more resistant to oxidation over this range. 
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CHAPTER V 

TEMPERATURE EFFECTS ON METHANOL DISSOCIATIVE 

CHEMISORPTION AND WATER ACTIVATION AT 

POLYCRYSTALLINE PLATINUM ELECTRODES 

Introduction 

The electrochemical oxidation of methanol has been widely studied mainly 

due to its potential for use in fuel cells [1-4]. Considered as an alternative to 

hydrogen as the anode gas in polymer electrolyte membrane (PEM) fuel cells, 

methanol can overcome many of the storage and purity limitations of hydrogen in 

fuel cells designed for transportation and field applications [5]. The standard 

thermodynamic potential of a methanol-02 cell is nearly identical to that of a H2-

O2 cell [2]. However, the multi-step, six electron process that converts methanol 

to carbon dioxide (CH3OH + H2O > CO2 + 6 H"" + 6 e") suffers severe kinetic 

limitations. The partial oxidation product carbon monoxide can be particularly 

deleterious. CO adsorption on the Pt-based catalyst materials typically employed 

in fuel cells can block sites for methanol adsorption. Compared to the lowest 

potentials that enable the formation of CO from methanol on Pt, potentials at 

least 0.1 V - 0.2 V more positive are required to activate water and produce the 

surface oxides needed to convert CO to CO2 [1, 3]. The major steps in the 

electrochemical oxidation of methanol are described by the following equations: 

68 



CHaOHsoi ^ CHsOHads > COads + 4H^ + 4e" (5.1) 

H2O > OHads + H^ + e" (5.2) 

COads + OHads > CO2 + H* + e" (5.3) 

The reactions in Eqs. 5.1-5.3 have been elucidated through experiments over a 

number of years involving the use of electrochemical and surface sensitive 

spectroscopic methods [1-4]. While more detailed reaction schemes have been 

presented [1, 2, 6, 7], Eqs. 5.1-5.3 contain the essential steps needed to describe 

rate determining processes. In addition, more complicated schemes are not 

readily probed by in situ infrared spectroscopy measurements [1, 2, 6-9]. 

The oven/vhelming majority of basic voltammetric and in situ spectroscopic 

investigations of methanol electrochemical oxidation have been performed at 

ambient temperatures [1-4, 10], even though practical fuel cells frequently 

operate at 60 °C and above [5, 11-13]. Recent voltammetry studies of methanol 

oxidation at well-characterized, bulk Pt-Ru alloys over the temperature range 

from 25 °C to 80 °C highlighted the strong dependence of reaction rate on the 

competition between methanol adsorption/dissociation (Eq. 5.1) and surface 

oxide formation (Eq. 5.2) [8, 9]. In the present study, the balance between the 

two pathways on polycrystalline Pt at different temperatures between 25 °C and 

70 °C is probed at the molecular level with infrared spectroscopy. The mid-

infrared vibrational bands for CO2 (2343 cm'\ 2278 cm"̂  for ^^C02) and adsorbed 

CO (2020-2070 cm"̂ ) were monitored for fixed temperatures as a function of 

potential and methanol concentration. These bands allow the rate of complete 
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methanol oxidation to be compared to the coverage and spatial arrangement of 

the adsorbed partial oxidation product CO [14-23]. The results provide spectral 

evidence for the role of water thermal activation in lowering the potential for 

methanol oxidation [9]. Also demonstrated is the importance of surface poison 

replenishment by methanol in solution, even above 60 °C, where CO desorption 

can be rapid. 

Experimental 

Reagents 

Perchloric acid solutions were prepared from distilled water that was 

further processed with a four-cartridge Nanopure II system (Barnstead, Des 

Moines, lA). Perchloric acid (redistilled, 99.999% purity) was obtained from 

Aldrich (Milwaukee, Wl). Methanol (Burdick & Jackson, GC grade) was washed 

over alumina, filtered, distilled, and stored refrigerated. For experiments with 

methyl-''^C alcohol (Aldrich, Milwaukee, Wl), 5.0 M stock solutions of ^̂ CHaOH 

were prepared and stored refrigerated. 

Instrumentation 

Infrared spectroelectrochemical measurements were performed with a 

thermostated cell. The design has been described in detail in Chapter 111. 

Infrared spectra were recorded with a Mattson Instruments R/S-1 Fourier 

transform infrared spectrometer system (Madison, Wl). Instrumentation used for 

reflectance measurements and spectral acquisition has been previously 
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described [18]. All single-beam infrared spectra were computed from the 

average of 512 interferograms collected at 4 cm"̂  resolution. A triangular 

function was used for apodization. 

A platinum counter electrode and a KCI saturated Ag/AgCI reference 

electrode were used for all electrochemical measurements. Potentials reported 

in the paper are referenced to the reversible hydrogen electrode (RHE) scale. 

Cyclic voltammetry studies were performed with a Princeton Applied Research 

(PAR) model 273 potentiostat/galvanostat. A PAR model 173 potentiostat 

controlled the electrode potential during infrared spectroscopy measurements. 

The platinum working electrode was prepared for each experiment by 

cycling between 0.0 V and 1.6 V in 0.1 M HCIO4 until characteristic defined 

features appeared in the hydrogen adsorption and oxide potential regions. 

Afterward, the electrode was transferred to the experimental cell that contained 

freshly prepared 0.1 M HCIO4 solution. The electrode was held at 0.0 V and 

methanol was added in sufficient volume to bring the concentration to the desired 

level (1.5 X 10"̂  M, 0.1 M or 1.0 M). The solution was mixed for 1 minute by 

bubbling with either high purity argon or nitrogen, and then the cell was allowed 

to stand for 6 minutes before the start of spectral or electrochemical 

measurements. Oxygen was removed from solutions by bubbling for 10 minutes 

with high purity argon or nitrogen. 
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Results and Discussion 

Figure 5.1 shows cyclic voltammograms recorded with a polycrystalline 

platinum electrode in N2-purged 0.1 M HCIO4 containing 1.5 x 10'̂  M (15 mM) 

methanol at 25 °C and 70 °C. In each case, the electrode was held at 0.0 V in 

the perchloric acid solution as methanol was added to the cell, and the electrode 

was left exposed to methanol at 0.0 V for a total of 7 minutes prior to the start of 

the sweeps. The scan rate was 50 mV/s. The voltammograms display waves 

that are characteristic of methanol oxidation on platinum in aqueous acid 

solutions [1-3, 17, 27-29]. On the fonA/ard scan, methanol oxidation is rapid 

between 0.4 V and 0.8 V. The decline in current above 0.8 V reflects the 

inhibition of methanol oxidation by surface oxides. The peak current on the 

forward scan is approximately four times larger at 70 °C than at 25 °C. Similar 

temperature dependent enhancements have been observed for methanol 

oxidation and ascribed to improved reaction kinetics at the higher temperatures 

[8, 9]. At 70 °C, the current on the forward scan rises earlier and falls at more 

positive potentials than at 25 °C. The anodic peak on the reverse scan at 70 °C 

also reaches a higher current relative to the wave on the forward scan. The 

wider potential range and greater current for methanol oxidation at 70 °C 

compared to ambient is consistent with the idea that water dissociative 

chemisorption (Eq. 5.2) is thermally activated over the range of temperatures 

studied [8, 9]. The faster rate of reactive oxide production at the higher 

temperature is expected to reduce the steady-state coverage of adsorbed CO 
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Figure 5.1: Cyclic Voltammograms of a Polycrystalline Platinum Electrode 
-2 in 0.1 M HCIO4 Containing 1.5 x 10"̂  M Methanol 
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(Eq. 5.3) and other methanol intermediates, and thereby expose more surface 

sites for methanol adsorption and dissociation (Eq. 5.1). 

Figure 5.2A shows an expanded view of the rising portion of the methanol 

oxidation wave for platinum in 1.5 x 10"̂  M methanol at 25 °C, 50 °C and 70 °C. 

As the temperature increases from ambient to 70 °C, the foot of the methanol 

oxidation wave shifts negative by about 50 mV. These shifts in the methanol 

oxidation potential are in good agreement with earlier temperature dependent 

studies [9] and further demonstrate the improvement in reaction kinetics that 

occurs at above ambient temperatures and potentials associated with water 

activation. 

In 1.5 X 10"̂  M methanol solutions, methanol adsorption (Eq. 5.1) was 

slow at the initial contact potential of 0.0 V, consistent with earlier measurements 

in acid electrolyte solutions containing methanol at low millimolar concentrations 

[8,14,15], and adsorbed CO was barely detectable in infrared 

spectroelectrochemical experiments. However, as the potential was stepped 

positive CO2 evolution was readily observed. Infrared spectral bands of CO2 

entrapped in the thin layer cavity of the spectroelectrochemical cell during 

methanol oxidation at 0.6 V are displayed in Figure 5.3. The potential difference 

spectra in Figure 5.3 were obtained from the oxidation of 1.5 x 10"̂  M ''̂ CHaOH in 

0.1 M HCIO4 at polycrystalline platinum. The spectra show the different 

quantities of CO2 formed during methanol oxidation for fixed time periods at 25 

°C and 60 °C. The larger quantity of CO2 produced at 60 °C is consistent with 

the higher methanol oxidation currents in Figures 5.1 and 5.2. 
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Figure 5.2: Linear Sweep Voltammograms of a Polycrystalline Platinum 
Electrode in 0.1 M HCIO4 Containing (A) 1.5 x 10"̂  M Methanol and 

(B) 1.0x10"^ M Methanol 
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13/ Figure 5.3: Potential Difference Infrared Spectra Showing CO2 from the 
Oxidation of 1.5 x 10"̂  M 'XH3OH in 0.1 M HCIO4 at Polycrystalline Platinum 

76 



In these initial experiments, C-13 labeled methanol was used to avoid potential 

spectral interferences near 2343 cm'"' from atmospheric CO2 and CO2 arising 

from the oxidation of any organic contaminants present in the reagents. Since 

the CO2 from these sources was well below the CO2 quantity formed during 

methanol oxidation, C-13 labeled methanol was not needed for subsequent 

measurements. 

When the methanol concentration was increased to 1.0 x 10'̂  M, the shift 

in equilibrium toward adsorbed methanol (Eq. 5.1) resulted in higher adsorbed 

CO coverages. Figure 5.4 shows the spectral region for the C-0 stretching mode 

of atop coordinated CO. At 25 °C, adsorbed CO accumulated on the electrode at 

potentials between 0.2 V - 0.5 V over the period of the infrared 

spectroelectrochemical measurements (Figure 5.4A). The weak atop CO band 

present at 0.2 V in Figure 5.4A suggests the CO coverage is low at this potential. 

It is likely the methanol-surface interactions are inhibited at 0.2 V by coadsorbed 

hydrogen [2, 8, 15, 23, 28, 30]. The atop CO band is strongest between 0.3 V 

and 0.6 V. The band intensity starts to decrease positive of 0.5 V, which is a 

signal that the steady-state coverage of CO is becoming lower as surface oxide 

formation begins to compete more favorably with methanol dissociative 

chemisorption. This idea is supported by the linear sweep voltammograms in 

Figure 5.2B, which show there is appreciable current for methanol oxidation at 

0.5 V - 0.6 V and 25 °C. The CO2 spectra in Figure 5.5A also indicate CO2 

evolution occurs at potentials as low as 0.4 V at 25 °C. 

77 



0) o c 
(0 

Si 
u. o 
(/) 
Si 
< 

Pt/0.1 MCH3OH 

0.2 V 

0.3 V 

0.4 V 

0.5 V 

0.6 V 

0.7 V 

Pt/0.1 MCH3OH 

7 0 ^ 

B 
E vs 
RHE 
0.2 V 

2024 

I 0.001 au 

0.4 V 

-2024 

0.7 V 

\A^\y^yV/''̂ '''̂  
2100 2000 1900 2100 2000 1900 

Wavenumbers (cm-i) 

Figure 5.4: Potential Difference Infrared Spectra of a Polycrystalline 
Platinum Electrode in 0.1 M HCIO4 Containing 

1.0x10"^ M Methanol 

78 



0) o c 
(0 
Si 
o 
(0 

< 

Pt/0.1 MCH3OH A 

2 5 ^ 
0.3 V 

Pt/0.1 MCH3OH 

7 0 ^ 

B 

0.3 V 

0.4 V 

0.5 V 

2350 2300 2350 

Wavenumbers (cm-i) 

2300 

Figure 5.5: Potential Difference Infrared Spectra of a Polycrystalline 
Platinum Electrode in 0.1 M HCIO4 Containing 

1.0x10"^ M Methanol 

79 



At 70 °C, the steady-state coverages of adsorbed CO are near the limit 

detectable with the infrared technique (Figure 5.4B). The CO2 spectra in Figure 

5.5B indicate water dissociation is activated by 0.3 V at 70 °C. This is just 

positive of the hydrogen adsorption region. It is possible that below about 0.3 V 

methanol adsorption is inhibited by coadsorbed hydrogen, and above 0.3 V the 

thermal activation of surface oxides maintains low CO coverages and, compared 

to ambient temperature, leads to greater CO2 formation. 

The positions of the spectral bands in Figure 5.4 also show a dependence 

on electrode potential. At 25 °C, the band shifts up in energy as potential is 

stepped positive between 0.2 V and 0.5 V and down in energy at potentials 

above 0.5 V. At 70 °C, in contrast, the atop CO band position and band intensity 

appear insensitive to potential between 0.2 V and 0.6 V. The different band 

characteristics at 25 °C versus 70 °C likely reflect thermal effects on the CO 

coverage and CO packing density, and possibly the CO surface diffusion rate. 

The bands for the C-0 stretching modes of adsorbed CO are expected to shift 

higher in energy with increasing positive potential based on Stark tuning effects 

[31, 32]. However, similar upshifts can accompany an increase in CO surface 

coverage, or CO packing density, due to vibrational coupling between adsorbates 

[33-35]. In Figure 5.4A, growth in the CO coverage between 0.2 V and 0.4 V can 

contribute to the band upshifts along with the Stark effect. Between 0.5 V-0.7 V, 

the shift in the atop CO band back toward lower energy likely reflects a lowering 

of the steady-state CO coverages due to an increasing rate of CO oxidation as 
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the potential is stepped positive. It is not clear why the atop CO band position 

appears insensitive to potential at 70 °C (Figure 5.4B). However, the broadness 

of the peaks and the low signal-to-noise ratio makes it difficult to identify the band 

positions. Weak vibrational coupling is probably one factor that keeps the atop 

CO band positions at low energy. In addition to the improved oxidation kinetics 

and possibility for CO thermal desorption at 70 °C [36-38], both of which can 

maintain the CO coverages as low, rapid CO surface diffusion [39, 40] can 

disrupt CO island formation and further diminish intermolecular interactions. 

Experiments analogous to those in Figures 5.4 and 5.5 were performed at 

intermediate temperatures, and the results are summarized in Figure 5.6, which 

is a plot of integrated vibrational band intensities for atop coordinated adsorbed 

CO and CO2 as a function of potential. With increasing temperature, the 

integrated absorbance of the CO2 and the adsorbed CO spectral bands follow 

similar potential dependent trends. Adsorbed CO appears between 0.2 V and 

0.6 V in all experiments, but the quantity of adsorbed CO in this potential range 

decreases above 25 °C. For CO2, in general the integrated absorbance 

becomes progressively larger as the temperature is raised. Comparing parts A 

and B in Figure 5.6 shows that CO2 evolves from a surface that contains a partial 

monolayer of adsorbed CO. The CO that is detected can be an oxidation 

resistant poison at these potentials, or can reflect the steady-state coverage that 

results from the parallel reactions of methanol dissociative chemisorption and 

water activation leading to CO oxidation {vide infra) [3, 17, 18]. 
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It is notable that the plots in Figure 5.6 correspond well with related in situ 

infrared spectroscopy studies of methanol oxidation [15, 17]. In Figure 5.6, the 

coverage of adsorbed CO and the quantity of CO2 measured depend upon the 

time for data acquisition at each potential. Advancing the potential at a faster 

rate reduces the amount of CO2 produced in an experiment and extends the 

range of potentials over which adsorbed CO is detected. The ambient 

temperature data in Figure 5.6 match the sweep rate dependence for methanol 

oxidation reported in Reference 17; the speed for acquisition of data in Figure 5.6 

was just below that for the 1 mV/s sweep rate tested in Reference 17. 

In 1.0 M methanol solutions, the adsorbed CO coverages formed at 25 °C 

and 70 °C (Figure 5.7) are higher relative to those that form from 1.0 x 10'̂  M 

methanol at corresponding temperatures. The greater adsorbed CO coverages 

appear to inhibit water activation and methanol dissociative chemisorption to 

some extent. Despite the 10-fold increase in methanol concentration, the linear 

sweep voltammetry of 1.0 M methanol between 0.0 V and 0.5 V (data not shown) 

was nearly identical to the scans reported in Figure 5.2B for 1.0 x 10"̂  M 

methanol. Related disparities in the concentration dependence of methanol 

voltammetry on platinum have been reported [8]. 

The spectra in Figure 5.7A show that at 25 °C in 1.0 M methanol the 

equilibrium in Eq. 1 is shifted strongly toward methanol adsorption and 

subsequent dissociation. Furthermore, high coverages of CO persist at 

potentials usually associated with rapid CO oxidation (> -0.6 V). We have 
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observed similar potential dependent CO coverages at 25 °C and 50 °C in 

experiments with 0.3 M methanol [41]. Also, the CO2 produced from the reaction 

of 1.0 M methanol between 0.3 V-0.5 V (Figure 5.8A) is less than the quantities 

observed under the same conditions with 1.0x10'^ M methanol (Figure 5.5A). 

Thus, at least at 25 °C in 1.0 M methanol the surface appears strongly poisoned 

by high coverages of adsorbed CO. 

Comparing the spectra in Figures 5.7A and 5.7B indicates the methanolic 

CO coverages are much lower at 70 °C than near ambient temperature. At 70 

°C, improved water activation kinetics and rapid CO desorption from terrace 

structures on platinum [36-38] can combine to lower CO coverages. Since the 

CO2 quantities produced from 1.0 M methanol are greater at 70 °C (Figure 5.8B) 

than 25 °C (Figure 5.8A), CO oxidation is probably more significant than CO 

desorption as a factor in keeping the steady-state CO coverages low. It is also 

interesting to compare the CO2 quantities formed at 70 °C from 1.0 M methanol 

(Figure 5.8B) and 1.0 x 10'̂  M methanol (Figure 5.5B). CO2 evolution is slower 

in 1.0 M methanol, consistent with the higher CO coverages (Figures 5.4B and 

5.7B) and lower than expected voltammetric currents. 

The results also confirm the notion that the rate of methanol oxidation is 

controlled by a competition between methanol adsorption from solution and the 

removal of incomplete reaction products that poison the surface [6-8]. For the 

lowest methanol concentration studied, 1.5 x 10"̂  M, methanol adsorption 
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appears to limit the reaction, at least between 25 °C and 60 °C. Raising the 

methanol concentration to 1.0 x 10"'' M led to corresponding increases in CO 

coverage, consistent with the shift in the equilibrium in Eq. 5.1. The CO2 

formation rate also became greater (Figure 5.3 and Figure 5.5), showing that 

adsorbed CO did not completely eliminate gains in the CO2 producing pathways 

allowed by faster methanol adsorption. However, in 1.0 M methanol CO2 

formation was slower than in 1.0 x 10"̂  M methanol below 0.9 V at the 

temperatures studied. Figure 5.9 provides a summary of the amounts of CO2 

generated under all experimental temperatures and concentrations as plots of 

the integrated intensity of the CO2 vibrational band as a function of potential. 

Figure 5.9B shows the inhibiting effects at low potentials. At both 25 °C and 70 

°C, CO2 formation is fastest in 1.0 x 10"̂  M methanol solutions. Since the CO 

surface coverages are higher in 1.0 M than 1.0 x 10"̂  M methanol solutions 

(Figure 5.7 and Figure 5.4), poisoning by CO is believed to be at least partially 

responsible for limiting CO2 formation below 0.9 V. Between 0.9 V-1.0 V, the 

quantity of CO2 produced from 1.0 M methanol exceeds that from 1.0 x 10"'' M 

methanol (Figure 5.9A). It appears the steady-state coverage of surface poisons 

is low at these potentials, probably because the electrochemical driving force for 

water activation at 0.9 V-1.0 V allows for a fast rate of reactive oxide formation 

and subsequent CO oxidation (Eqs. 5.2-5.3). Thus, CO2 evolution from 1.0 M 

methanol becomes greater than that from 1.0 x 10"'' M methanol as methanol 

adsorption becomes rate limiting. In Figure 5.9B, the effect of temperature on 
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the water activation kinetics is also demonstrated. Comparing the same methanol 

concentrations, CO2 appears at lower potentials and is produced in greater 

quantities at 70 °C than at 25 °C. 

An additional finding is that the extent of poisoning by CO on platinum 

below about 0.6 V depends on the methanol concentration and cell temperature. 

In general, large gains in current and CO2 formation coincide with a lowering of 

the adsorbed CO coverages. However, Figures 5.4-5.9 demonstrate the initial 

stages of CO2 production take place at potentials where CO coverages remain 

high. Similar findings have been reported for methanol adsorption on platinum 

electrodes at ambient temperatures [15, 17]. It is possible that on the poisoned 

surface water activation starts at defects in the adiayer. Then, the adsorbed CO 

coverage and quantity of CO2 produced will depend upon the balance between 

the oxidation of poisons near sites of water activation and the rate at which 

poisons are replenished by subsequent methanol adsorption. At low potentials, 

diffusion of poisons, such as CO, to sites of water activation may also be an 

important mechanistic step [39, 40, 42, 43]. It has been suggested that at low 

potentials on platinum water activation occurs preferentially at low coordination 

steps and kinks [44]. The rate of diffusion to these sites is expected to increase 

with temperature, and indeed CO2 formation begins at lower potentials and is 

faster at 70 °C than 25 °C. 

Finally, another important issue in methanol surface electrochemistry 

concerns the role of non-CO partial oxidation products in poisoning the electrode 

surface (c.f. [1,2, 15, 19, 20, 45]). Vibrational bands of the -COH and -CHO 
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intermediates [19, 20, 45] were not investigated in the present work. However, 

the intensities of the adsorbed CO bands in Figure 5.4 and Figure 5.7 indicate 

the CO surface coverages do not reach saturation levels, especially at 70 °C. 

Electrodes that have low methanolic CO coverages, but appear strongly 

poisoned toward methanol oxidation are believed to be affected by non-CO, 

methanol derived adsorbates [45, 46]. Furthermore, it is thought that methanol 

oxidation to CO2 through non-CO intermediates, such as formyl (-CHO), may be 

more energetically favorable than through adsorbed CO [1, 2, 4, 6, 47]. 

Conclusions 

The reported in situ infrared spectroscopic measurements are the first to 

probe methanol electrochemical oxidation on bulk electrodes at temperatures 

other than ambient. The spectra provide molecular level evidence for 

mechanisms that have been derived, from temperature dependent voltammetry 

studies. In particular, spectral evidence for water thermal activation on Pt is 

presented. The results also demonstrate methanol oxidation is controlled by a 

competition between methanol adsorption from solution and the removal of 

incomplete reaction products that poison the surface. Finally, insights are 

provided into the role of CO as a surface poison versus a reactive intermediate. 
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CHAPTER VI 

EFFECTS OF THERMAL ACTIVATION ON THE OXIDATION PATHWAYS 

OF METHANOL AT PT-RU ALLOY ELECTRODES 

Introduction 

The main impediment to the operation of direct methanol fuel cells and 

fuel cells that operate on industrial hydrogen, or hydrogen feed streams derived 

from carbon-based fuels, is the extreme deactivation of the anode electrocatalyst 

by trace amounts of CO. Conventionally, platinum has been used as the 

electrocatalyst for the oxidation of hydrogen; however, platinum is rapidly 

poisoned by carbon monoxide. CO inhibits the oxidation of H2 and CH3OH by 

adsorbing to and blocking the active sites of the catalyst. Platinum's large affinity 

for CO (or lack of CO tolerance), initiated the hunt for catalysts that would be 

either CO tolerant or have an intrinsically higher activity toward the oxidation of 

CO, H2 or methanol [1]. 

The most promising electrocatalyst materials have been shown to be the 

binary platinum alloys Pt-Rh, Pt-Ru , Pt-Sn and more recently Pt-Mo [2-6]. The 

alloys exhibit improved catalytic activity due to their enhanced facility toward CO 

oxidation at relatively low electrode potentials as compared to pure platinum. 

The binary platinum alloy electrocatalysts are believed to operate in accordance 

with a bifunctional mechanism [1]. The nucleation of oxygen-containing species 

occurs on the alloying component at electrode potentials that are lower than on 

pure platinum. The oxides on the alloy metal effect the oxidation of adsorbed CO 
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on platinum, thus reducing the steady state coverage of CO on platinum and 

providing free surface sites for the oxidation of the fuel (H2 or methanol) [1]. 

Among the bimetallic materials, Pt-Ru has long been recognized as superior to 

Pt alone for the electrochemical oxidation of methanol [3, 7-22]. However, it was 

not until the 1990's, that the prospect of using these alloys in practical fuel cell 

systems was realized [2, 23]. 

The majority of basic electrochemical and in situ spectroscopic 

investigations have been performed at ambient temperature; however, real fuel 

cells operate at temperatures above 60 °C. Measurements taken at room 

temperature provide fundamental information, however it is important to study 

these electrocatalysts at elevated temperatures in order to estimate their 

performance in future fuel cells operating with dilute acid electrolytes [1]. 

This investigation reports on the use of infrared spectroscopy to study the 

surface chemistry of methanol at Pt-Ru alloy electrodes at temperatures between 

ambient and 80°C. jPt is an effective catalyst for methanol dehydrogenation, and 

ruthenium can dissociate water at low potentials to create the surface oxides 

necessary for the conversion of methanol to CO2.1 However, the optimum Pt-Ru 

composition is temperature dependent. Near 25 °C, oxides on Ru inhibit 

methanol adsorption on high Ru content alloys. Pt-Ru alloys with a composition 

of approximately 10 atomic % Ru (XRU « 0.1) show the best methanol oxidation 

kinetics at ambient temperature [10]. Above about 60 °C, the oxides on Ru 

become less stable, and methanol dissociative chemisorption becomes enabled 

95 



[11]. This study confirms that Pt-Ru alloys are more poison resistant than pure 

polycrystalline Pt. At 70 °C-80 °C, methanolic CO can attain high equilibrium 

coverage on the alloys in parallel with rapid 002 evolution; it appears that 

methanolic CO is more reactive and shorter-lived on the alloys relative to Pt. 

Experimental 

Reagents 

Perchloric acid (redistilled, 99.999% purity) was obtained from Aldrich 

(Milwaukee, Wl). Perchloric acid solutions were prepared from distilled water 

that was further processed with a four-cartridge Nanopure II system (Barnstead, 

Des Moines, lA). Methanol (Burdick & Jackson, GC grade) was washed over 

alumina, filtered, distilled, and stored refrigerated. Argon was ultrahigh purity 

grade (Air Liquide, Houston, TX). 

Instrumentation 

The temperature controlled infrared spectroelectrochemical cell and the 

instrumentation and procedures for spectral acquisition have been described in 

detail in Chapter 111 and References 24-27. In this application, Pt disk working 

electrodes (10 mm dia. x 1 mm thick) are prepared for use by sealing the disk 

edges into the end of a soft glass tube (12 mm diameter x 9.5 cm long) [26, 27]. 

The Pt-Ru alloys could not be sealed in glass, so were secured to the glass 

tubing with heat shrinkable polyethylene and a layer of Teflon tubing (Zeus, 

Orangeburg, SO). A thin film of silicone sealant was applied to the disk edges to 
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further ensure against leakage of electrolyte solution onto the backside of the 

electrode. For the alloys, a K-type thermocouple (Omega Engineering, Stamford, 

CT) contacted the backside of the disk through a drop of electrically conductive 

silver paste (Dynaloy, Inc, Indianapolis, IN). With the metal disk in place, a 

thermofoil heater (Minco Products, Minneapolis, MN) was slipped inside the 

glass tube, the voids in the tube were filled with fine silica for thermal mass and 

the tube was plugged, as discussed earlier [25]. 

The Pt-Ru samples were the bulk, arc-melted alloys described previously 

[10, 11]. Electrodes with Pt-Ru compositions of 10 atomic % Ru and 90 atomic 

% Ru were employed. For the bench-top experiments reported in this study, the 

alloy surfaces were polished gently with 0.05 ^m alumina, cleaned by sonication 

in 5 M KOH solution, dipped briefly in 5 M sulfuric acid and then rinsed in ultra 

pure water (4-cartridge Ultrapure, Barnstead) [28]. This procedure yields clean 

surfaces with Pt-Ru compositions characteristic of the bulk alloy [28]. After the 

initial cleaning, a Pt-Ru electrode was placed in an electrochemical cell filled with 

Ar purged 0.1 M HCIO4 and cycled between the limits of 0.0 V-0.8 V (vs. RHE) to 

check that the voltammogram displayed features characteristic of the alloy 

composition [11, 20]. During methanol addition, the electrode was held at 0.0 V. 

The solution was mixed for 1 minute by bubbling with Ar, and then the cell was 

allowed to stand for 6 minutes before the start of spectral or electrochemical 

measurements. 
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In all experiments, a KCI saturated Ag/AgCl reference electrode was used. 

Potentials reported in the paper are referenced to the reversible hydrogen 

electrode (RHE) scale. 

As described previously [25, 26], cell temperatures were maintained with a 

PID temperature controller (LFI-3551, Wavelength Electronics, Bozeman, MT), 

infrared spectra were recorded with a Mattson Instruments R/S-1 Fourier 

transform infrared spectrometer system, and a Princeton Applied Research 

(PAR) model 273 potentiostat/galvanostat and a PAR model 173 potentiostat 

controlled the electrode potential during cyclic voltammetry and infrared 

spectroscopy experiments, respectively. Single beam infrared spectra were 

computed from the average of 512 interferograms collected at 4 cm"̂  resolution. 

Results and Discussion 

Cyclic voltammograms of the two alloy electrodes in 0.1 M HCIO4 

containing 1.0 methanol are shown in Figure 6.1. The bottom voltammogram in 

each panel was recorded in 0.1 M HCIO4 prior to the addition of methanol. 

During methanol addition, the electrode was held at 0.0 V. The cell was 

maintained at 0.0 V for 7 minutes before the start of the scans. The scan rate 

was 50 mV/s. The alloy with XRU « 0.1 has features that are more characteristic 

of polycrystalline platinum than ruthenium. The bottom voltammogram was 

enlarged by a factor of 5 relative to the y-axis scale bar in order to make it 

feasible to see the characteristics of the alloy prior to the addition of methanol. In 

0.1 M HCIO4 (Figure 6.1 B, bottom), hydrogen adsorption features are present 
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Figure 6.1: Cyclic Voltammograms of Pt-Ru Alloy Electrodes in 0.1 M HCIO4 
Containing 1.0 M Methanol 
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between 0.0 V-0.25 V, and a double layer region is evident over the range 0.3 V-

0.45 V. With methanol in solution, the current rises sharply as the potential 

approaches 0.7 V. Between 0.4 V-0.7 V, the current at a given potential 

increases with temperature. Similar temperature dependent voltammetry has 

been reported for methanol oxidation on pure Pt [11, 27] and bulk Pt-Ru with XRU 

« 0.1 [11]. On the electrode with XRU » 0.9, the voltammetry is dominated by 

ruthenium oxide characteristics (Figure 6.1A) [11, 29]. The surface is passivated 

toward methanol oxidation at 25 °C. The methanol oxidation current becomes 

greater as the temperature is raised to 50 °C-70 °C; however, the current 

densities are about a factor of 10 lower than those recorded with the higher Pt 

content (XRU =^0.1) alloy. 

In situ infrared spectral measurements provide insights into the surface 

chemistry affecting the voltammetry. Figure 6.2 displays the potential difference 

infrared spectra (spectral region for atop coordinated adsorbed CO) of a Pt-Ru 

alloy (XRU ~ 0.1) electrode in 0.1 M HCIO4 containing 1.0 M methanol at 25 °C 

and 70 °C. In each experiment, the electrode was held at 0.0 V in 0.1 M HCIO4 

while the methanol was added. The cell was maintained at 0.0 V with methanol 

present in solution for 7 minutes prior to spectral acquisition. Spectra were 

recorded in sequence as the potential was stepped positive from 0.0 V. Data 

acquisition at each potential required approximately 2.7 minutes. The 

background spectrum was recorded at 0.0 V. 

100 



0) 
o 
c 
m 

Si 
o 
CO 

Si 
< 

Pt-Ru ( X R U = 0.1) in 
I.OMCH3OH 
25 °C 

Pt-Ru (XRU = 0.1) in 
I.OMCH3OH 
70 °C 

2100 2000 2100 2000 

Wavenumbers (cm"'') 

Figure 6.2: Potential Difference Infrared Spectra of a Pt-Ru Alloy (XRU « 0.1) 
Electrode in 0.1 M HCIO4 Containing 1.0 M Methanol 

101 



iAt ambient temperature, the alloy with XRU « 0.1 behaves much like 

polycrystalline Pt in that adsorbed CO slowly accumulates on the electrode at 

hydrogen adsorption potentials, and the integrated intensities of the atop CO 

bands increase as the potential is stepped through the double layer region 

(Figure 6.2A), indicating the CO surface coverages become greater through the 

double layer potential region [28, 30, 31]. Between 0.3 V-0.7 V, the integrated 

intensities of the atop CO bands in Figure 6.2B are about 60 % of the limit 

attained under these conditions in CO saturated 0.1 M HCIO4. An interesting 

difference in the response of the alloy and polycrystalline Pt in 1.0 M methanol is 

that the adsorbed CO spectral bands begin to lose intensity at a slightly lower CO 

oxidation potential (0.7-0.8 V) on the alloy than on Pt (0.9 V) [27]. Also, the onset 

potential for the appearance of CO2 spectral bands (Figure 6.3A) is lower for the 

alloy (-0.3 V) than for polycrystalline Pt (-0.4 V) [32]. The results for CO 

oxidation are expected due to the superior activity at ambient temperature of the 

XRU ~ 0.1 Pt-Ru material compared to polycrystalline Pt [10, 11]. 

Figure 6.2B shows the atop CO band intensities become greater for the 

alloy as the temperature is raised to 70 °C. By comparison to a full monolayer of 

adsorbed CO at 70 °C, the integrated band intensities in Figure 6.2B indicate 

methanolic CO is present at a coverage of about 80 % of saturation between 0.3 

V-0.6 V. The increase in methanolic CO coverage with temperature is in contrast 

to polycrystalline Pt [26, 27], but again can be understood in terms of the 

102 



<u 
o 
c 
(0 
Si 
o 
(/> 

Si 
< 

2350 2300 2350 

Wavenumbers (cm-i) 

2300 

Figure 6.3: Potential Difference Infrared Spectra of a Pt-Ru Alloy (XRU « 0.1) 
Electrode in 0.1 M HCIO4 Containing 1.0 M Methanol 

103 



strong effect alloying Pt with Ru to a composition of XRU « 0.1 has on the kinetics 

of methanol oxidation [10, 11]. Since CO2 evolution from the alloy is rapid at 

potentials where it appears the coverage of adsorbed CO is high (Figure 6.3B), it 

has been suggested based on related infrared experiments that the CO detected 

likely reflects the steady-state coverage resulting from the balance between 

adsorbed CO and CO2 forming pathways [14]. 

The effects of temperature on the methanol oxidation pathways are more 

striking on the high Ru content (XRU « 0.9) alloy. At 25 °C, only weak adsorbed 

CO spectral bands were detected when the XRU « 0.9 Pt-Ru electrode was 

brought in contact with 1.0 M methanol (Figure 6.4A). Since electrochemical 

experiments have shown that large enhancements in the methanol oxidation 

current result on a Ru electrode when the temperature is raised to 80 °C [11], we 

recorded infrared spectra of the XRU « 0.9 Pt-Ru electrode in contact with 1.0 M 

methanol at this temperature (Figure 6.4B). Unlike at room temperature, an 

intense atop CO band is observed between 0.2 V-0.8 V. Just as for the low Ru 

content alloy (Figure 6.2B), the integrated intensities of the bands in Figure 6.4B 

indicate the CO coverages are near saturation. The CO2 yields for the XRU « 0.9 

Pt-Ru electrode at 25 °C and 80 °C are shown in Figure 6.5. The quantity of CO2 

produced at 25 °C (Figure 6.5A) is small, and when considered together with the 

low methanolic CO coverages (Figure 6.4A) and lack of methanol oxidation 

features in the voltammetry (Figure 6.1 B) at 25 °C, these 
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results are in harmony with the proposal that a passivating layer, possibly formed 

by oxides, on Ru-rich bulk alloy electrodes inhibits methanol dissociative 

chemisorption at temperatures near ambient [11]. In contrast, CO2 evolves 

rapidly from the Ru-rich surface at 80 °C (Figure 6.5B) despite the high coverage 

of adsorbed CO (Figure 6.4B). The latter response can be accounted for in 

terms of two effects. First, from thermodynamic considerations it is predicted that 

inhibiting oxides on bulk Ru metal can desorb, or be displaced by methanol 

above about 80 °C [11]. Then, Ru metal can activate C-H bonds in methanol and 

enable the formation of adsorbed CO. Second, rapid CO2 production from the 

CO covered alloy at 80 °C indicates water activation occurs in parallel with 

adsorbed CO formation. Since the CO coverages attained are near saturation, 

CO appears to be less poisoning on the Pt-Ru alloy than on pure Pt. It is 

possible CO functions more as a transient intermediate during methanol 

oxidation on bulk Pt-Ru alloys than on pure Pt. 

There are also indications that CO has high mobility on Pt-Ru surfaces 

[14, 32, 33]. The possibility for CO to diffuse from Pt sites to regions of oxophilic 

Ru that catalyze the oxidation of CO to CO2 provides a means to free the surface 

of adsorbed partial oxidation products and clear ensembles of metal atoms for 

continued reaction of methanol. Thus, the dynamic situation at the surface likely 

allows for the apparent steady-state condition detected with infrared 

spectroscopy [14]. The infrared measurements at 25 °C and 70 °C-80 °C on the 

alloys are consistent with this picture. 
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In Figure 6.6, for the two alloys the integrated intensity of each CO2 

vibrational band at 2343 cm"̂  recorded during an experiment is plotted against 

the potential at which the measurement was made. For the Ru rich alloy (Figure 

6.6A), methanol oxidation was investigated at 50 °C and 70°C, in addition to 25 

°C and 80 °C, to coincide with the voltammetry in Figure 6.1. The results in 

Figure 6.6A demonstrate the strong sensitivity to temperature of methanol 

oxidation on the Ru rich surface. As in earlier electrochemical measurements 

with Ru electrodes [11], the XRU ~ 0.9 alloy does not become strongly activated 

until 80 °C. For the XRU =; 0.1 alloy (Figure 6.6B), the increase in CO2 formation 

with potential at 25 °C follows a similar trend as observed for methanol oxidation 

on polycrystalline platinum [27]. However, at 70 °C the alloy shows much greater 

activity than polycrystalline platinum across the region 0.4 V-0.5 V [27]. 

It is valuable to compare the infrared results from the present study to 

earlier in situ measurements involving methanol oxidation on Pt-Ru alloy 

electrodes [14, 28, 34]. Additional insights can be derived from related in situ 

infrared experiments involving CO on Pt-Ru alloys [21, 34-36], CO and methanol 

on Ru-modified Pt [14, 37-39], and CO and methanol on nanoscale Pt-Ru 

catalyst particles [40, 41]. In several ways, the measurements in the present 

report are in very good agreement with the results in the cited papers. First, 

preliminary experiments at ambient temperatures with the XRU ~ 0.1 bulk alloy 

used here have been published [28]. Both in the present work and in the earlier 
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study, the maximum coverage of adsorbed CO attained from methanol on the 

XRU ~ 0.1 alloy is about the same as for pure polycrystalline Pt, but CO oxidation 

commences at less positive potentials and the steady-state CO coverage is lower 

above about 0.5 V on the alloy than on Pt. Also, in both studies the alloy 

appears more poison resistant and produces greater CO2 quantities than Pt. 

Second, the highest Ru content alloy employed in earlier investigations of 

methanol oxidation [28, 34] was XRU « 0.5, and the adsorbed CO spectral bands 

recorded with this alloy at ambient temperature were near the noise limit of the 

measurements. By analogy, in the present work appreciable amounts of 

adsorbed CO were not detected on the XRU ~ 0.9 alloy until the temperature was 

raised to 80 °C. Similarly, on high Ru content Pt-Ru fuel cell catalysts at ambient 

temperature methanolic CO coverages were also reported as small [41]. Third, 

on a XRU « 0.15 Pt-Ru alloy, as with the XRU « 0.1 alloy used here, Iwasita and 

coworkers observed high CO coverages in parallel with large CO2 formation rates 

during methanol oxidation at 0.5 V, and the results are believed to reflect fast 

methanol adsorption and dissociation in balance with adsorbed CO oxidation 

[14]. Finally, the latter response was also observed in an in situ fuel cell 

investigation of methanol oxidation on Pt-Ru at 90 °C [40]. Strong CO bands 

were detected in the presence of methanol during fuel cell operation between 0.1 

V-0.5 V [40]. 
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Conclusions 

Over the range 25 °C-80 °C, methanol dissociative chemisorption on XRU = 

0.1 and XRU » 0.9 bulk Pt-Ru alloy electrodes is temperature dependent with the 

high Ru content alloy demonstrating the strongest thermal effects. For 1.0 M 

methanol in 0.1 M HCIO4, high CO coverages were sustained on both alloys at 

70 °C-80 °C. Rapid CO2 evolution was observed from the CO covered surfaces 

above 0.4 V-0.5 V. The results suggest CO formed during methanol oxidation is 

more reactive and possibly more transient on the alloys than on Pt. 
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CHAPTER VII 

SUMMARY 

The surface electrochemistry of adsorbed carbon monoxide and methanol 

on polycrystalline platinum and Pt-Ru alloy electrodes at 25-80 °C was 

investigated with the use of cyclic voltammetry and in situ Fourier transform 

infrared spectroscopy. Presently, the H2/O2 fuel cell system is most mature. 

However, the cost of obtaining ultrahigh purity hydrogen and the difficulties 

associated with its handling, storage and transportation has forced consideration 

of alternative fuels [1-3]. Most promising at this time is methanol. However, 

since the complete oxidation of methanol to CO2 is a multi-step process (Figure 

1.2), the direct methanol fuel cell (DMFC) suffers limitations from kinetically slow 

steps during methanol oxidation. 

The most significant impediment to the use of organic compounds as 

energy sources in fuel cells is the generation of incomplete oxidation products 

that irreversibly absorb onto the anode surface and block (poison) sites that are 

necessary to catalyze the cleavage of chemical bonds. Surface poisoning by by

products of methanol oxidation can severely lower the efficiency of a DMFC [4-6]. 

The most often detected and extensively studied surface poison is carbon 

monoxide. The reaction of carbon monoxide in a fuel cell requires the activation, 

or oxidation, of water to allow for the complete conversion to carbon dioxide. It 

was the goal of this research project to characterize the surface electrochemistry 
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of methanol, carbon monoxide, and water at temperatures that are relevant to an 

operating DMFC [4, 6-13]. 

In order to achieve this goal, it was necessary to design and construct a 

temperature controlled infrared spectroelectrochemical cell. Initially, the cell was 

used to study the surface chemistry of CO on a conventional polycrystalline 

platinum electrode. The celt permitted the study of adsorbed CO stability at 

temperatures between ambient and 75 °C. Over the range 25°C-50 °C, CO 

adiayers were observed to be stable for several hours. Above 60 °C, CO 

desorption was rapid, and only a low coverage CO adiayer could be maintained 

in CO-free electrolyte solution at 75 °C. 

In subsequent experiments, the effect of temperature (25 °C-70 °C) and 

methanol concentration (1.5 x 10"̂  M-1.0 M) on methanol dissociative 

chemisorption at platinum electrodes was investigated in depth. The 

spectroscopic results provided molecular level verification and evidence for 

mechanisms of methanol oxidation at above ambient temperatures suggested by 

Gasteiger and co-workers [9] based on voltammetry measurements. For fixed 

methanol concentrations, increasing the temperature lowered the steady-state 

coverages of adsorbed CO and increased the rate of CO2 formation. These 

observations could be explained in terms of the thermal activation of water and 

CO desorption. At a fixed temperature, raising the methanol concentration in 

solution increased the steady-state coverage of adsorbed CO. Below 0.9 V (vs. 

RHE) the rate of CO2 formation was faster in 1.0 x 10"̂  M than 1.0 M solutions of 
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methanol, reflecting the concentration dependence of surface poisoning. In 1.0 

M methanol solutions, adsorbed CO was observed at hydrogen adsorption and 

double layer potentials up to the high temperature limit of the experiments (70 

°C). 

The approach was further extended to study the surface electrochemistry 

of methanol on Pt-Ru alloy electrodes. The inability of platinum to efficiently 

function in H2/O2 or direct methanol fuel cells when trace amounts of CO are 

present instigated the search for catalysts that are less susceptible to CO 

poisoning, or have an inherently higher activity toward the oxidation of CO, H2 or 

methanol [15]. Bimetallic catalysts exhibit high activity for H2 and methanol 

oxidation due to their enhanced ability to transform CO to CO2 at relatively low 

electrode potentials as compared to pure platinum. Ru forms oxides that are 

reactive toward CO more easily than Pt. It is believed CO on Pt has high mobility 

and can react with oxides on Ru, thus affecting the oxidation of adsorbed CO at 

low potentials. The removal of CO from Pt frees sites for the dehydrogenation of 

fuel (H2 or methanol) [14]. Among the bimetallic alternatives studied (Pt-Rh, Pt-

Ru , Pt-Sn, and Pt-Mo), Pt-Ru has been recognized as superior overall to pure Pt 

for the electrochemical oxidation of methanol [4, 9, 10, 12, 13, 15-26]. 

Our investigation involving Pt-Ru alloys probed the competition between 

pathways that lead to adsorbed CO and CO2 during the electrochemical 

oxidation of 1.0 M methanol in 0.1 M HCIO4 for temperatures in the range of 25 

°C-80 °C. Two bulk Pt-Ru alloy electrodes were tested: 10 atomic % Ru (XRU « 

0.1) and 90 atomic % Ru (XRU « 0.9). On the high Ru content alloy studied (XRU * 

117 



0.9), the dissociative chemisorption of methanol was inhibited below 70 °C; the 

faradaic current for methanol oxidation was low, and only small quantities of 

adsorbed CO and CO2 were detected with infrared spectroscopy between 0.2 V-

0.8 V (vs. RHE). At 80 °C, strong infrared bands from CO2 and adsorbed, atop 

coordinated CO were observed over the potential ranges of 0.4 V-0.8 V and 0.2 

V-0.8 V, respectively. The infrared measurements are consistent with the 

observation that bulk, high Ru content alloy electrodes appear passivated toward 

methanol oxidation below 70 °C. On the low Ru content alloy studied (XRU « 0.1), 

the methanol surface chemistry was similar to that of pure, polycrystalline Pt, but 

the electrode was more poison resistant than Pt. For both alloys, strong 

adsorbed CO bands persisted during rapid CO2 production between 0.4 V-0.8 V, 

suggesting the CO formed during methanol oxidation at these potentials on the 

alloys is present at high steady-state coverages and functions as a more reactive 

and possibly transient species than on pure Pt. 

The results obtained during this research project have opened several 

new avenues for research and development. The cell design that has been used 

throughout these investigations can be further optimized with a couple of 

modifications. The use of a cover for the front of the cell that incorporates a pair 

of flat ZnSe plates may minimize thermal drift. Thermal fluctuations can produce 

changes in the solution refractive index, which may affect the reflectance 

properties of the cell and subsequently be manifested as background noise [27-

29]. A novel cell design has been proposed that would simplify the assembly of 

the spectroelectrochemical cell. The anticipated cell model would be constructed 
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from one integral glass piece. The glass body would contain the insulation 

between the outer glass surface and the glass surface in contact with the 

electrolyte solution. The experiments detailed in this dissertation can also be 

expanded to include the partial oxidation products -COH and -CHO and ascertain 

their roles in poisoning of electrode surfaces [12, 13, 30-33]. The techniques 

developed through this dissertation research for handling Pt-Ru alloys also make 

it possible to employ single crystal electrodes [34]. Investigations with single 

crystal electrodes greatly aid in the determination of surface structure 

dependencies on the electrooxidation of methanol and carbon monoxide [34-36]. 

All of the research presented in this dissertation has been published and 

can be found in the following references: 

1. "A Jacketed Cell for Infrared Spectroelectrochemsitry at Constant Above 

Ambient Temperatures," Dawn Kardash, Jimin Huang and Carol 

Korzeniewski*, J. Electroanal. Chem., 1999, Vol. 476/2, pp. 95-100. 

2. "The Surface Electrochemistry of CO and Methanol at 25-75 °C Probed In Situ 

by Infrared Spectroscopy," Dawn Kardash, Jimin Huang and Carol 

Korzeniewski*, Langmuir, 2000, Vol. 76/4, pp. 2019-2023. 

3. "Temperature Effects on Methanol Dissociative Chemisorption and Water 

Activation at Polycrystalline Platinum Electrodes," Dawn Kardash and Carol 

Korzeniewski*, Langmuir, 2000, Vol. 16/22, pp. 8419-8425. 

4. "Effects of Thermal Activation on the Oxidation Pathways of Methanol at Pt-Ru 

Alloy Electrodes," Dawn Kardash and Carol Korzeniewski*, J. Electroanal. 

Chem., Special Issue in Honor of Prof Parsons, in press. 
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