University of Alberta

Oxidation of 2-propanol in alkaline electrolytes using platinum and ruthenium-based catalysts:
prototype fuel cells and electrokinetics studies

by

Matthew Eugene Paul Markiewicz

A thesis submitted to the Faculty of Graduate Studies and Research
in partial fulfillment of the requirements for the degree of

Doctor of Philosophy

Department of Chemistry

©Matthew Eugene Paul Markiewicz
Fall 2011
Edmonton, Alberta

Permission is hereby granted to the University of Alberta Libraries to reproduce single copies of this thesis
and to lend or sell such copies for private, scholarly or scientific research purposes only. Where the thesis is
converted to, or otherwise made available in digital form, the University of Alberta will advise potential
users of the thesis of these terms.
The author reserves all other publication and other rights in association with the copyright in the thesis and,
except as herein before provided, neither the thesis nor any substantial portion thereof may be printed or
otherwise reproduced in any material form whatsoever without the author's prior written permission.

Abstract
Alcohols are an attractive alternative to hydrogen fuel in fuel cells. They are
energy dense, easy to store, transport, and they are readily available. Alkaline
fuel cells have several kinetic advantages over acidic fuel cells, but they are
sensitive to carbon dioxide. The fuel most studied in direct alcohol fuel cells is
methanol. The oxidation of methanol, however, produces carbon dioxide that
will gradually carbonate alkaline electrolytes, degrading their performance.
Investigations into the electrochemical oxidation of �-propanol to acetone
in alkaline electrolytes over platinum, platinum-ruthenium, and ruthenium
catalysts were performed in three-electrode experiments. At the low anodic
potentials that are required for eﬃcient direct alcohol fuel cell, the oxidation
of �-propanol gives higher current densities than methanol over platinum.
In contrast with the oxidation of methanol, which forms a stable carbon
monoxide or similar surface poisoning intermediate, the oxidation of �-propanol
to acetone is believed to occur in the absence of a strongly adsorbed intermediate
that hinders the reaction. Consistent with the behaviour in three-electrode
experiments, prototype fuel cells operating on �-propanol gave higher power
densities than when operated on methanol, and they were also more stable.
The oxidation of �-propanol at low potentials is enhanced by surface ruthenium. Multidimensional regression of the potential-temperature-current relationship found that ruthenium reduces the activation enthalpy by an amount
consistent with hydrogen bonding (9 kJ mol−1 ). A new transition state complex where an adsorbed oxygen species on ruthenium hydrogen bonds to the
alcoholic proton of an intermediate formed during the oxidation of �-propanol
is proposed to account for this stabilization. This new mode of the bifunctional
mechanism is believed to be responsible for the increased rate observed dur-

ing the oxidation of �-propanol at low potentials using platinum-ruthenium
catalysts.
In an operating fuel cell, ruthenium was found to increase the kinetics
of the reaction and reduce its onset potential. Both these factors increase
the power density of prototype alkaline direct �-propanol fuel cells when a
platinum-ruthenium anode is used as the catalysts compared to when platinum
is used.
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Chapter 1
Introduction
Galvanic cells are electrochemical devices that transform the free energy
of a chemical reaction directly into electrical power. Examples include Fuel
Cells (FCs), and primary and secondary batteries. The chemical oxidant
and reductant are physically separated by an ionic conducting medium (the
electrolyte), and are each in contact with an electronically conducting medium
(the electrodes). When a current is drawn from the cell, electrons are lost by
the reductant to its electrode, the anode. These electrons travel through an
external circuit, providing electrical work, and arrive at the cathode where they
are accepted by the oxidant. The oxidant is thereby reduced and the reductant
is oxidized. Localized charge buildup at the anode and cathode is dissipated
by the migration of ions through the electrolyte. The chemical nature of the
migrating ions depends upon the makeup of the cell.

1

1.1
1.1.1

Fuel Cells
Basic thermodynamics & operating principles of
Fuel Cells

A FC is a type of galvanic cell that does not store its oxidant or reductant
within the cell. Rather, the oxidant and reductant are supplied to the FC,
which only contains the components necessary to facilitate the electrochemical
reactions. In principle, electrical work can be obtained from a FC as long as
it is supplied with an oxidant and reductant. In contrast, electrical work can
only be produced by batteries until the internal oxidant and/or reductant are
consumed. Once discharged, primary cells must be replaced, and secondary
cells must be recharged in order to replenish the spent oxidant/reductant.
Figure 1.1 illustrates the general schematic of a hydrogen-oxygen FC. The
balanced reduction and oxidation half cell reactions, and the overall cell reaction,
are also provided. Hydrogen is supplied to the anode compartment, and oxygen
is supplied to the cathode compartment, at standard ambient temperature and
pressure. At the anode, and with an acidic electrolyte, hydrogen is oxidized
to protons and electrons. The protons migrate through the electrolyte to
the cathode, and electrical work is obtained from the conduction of electrons
through an external circuit. At the cathode, oxygen is reduced by the electrons
and combines with the migrated protons to produce water. The net chemical
reaction is the hydrogen combustion reaction.
The maximum amount of electrical work (Welectrical ) obtained from a galvanic cell is equal to the change in Gibbs free energy of the reaction (∆G) as
shown in equation 1.1. The driving force to move an electron from the anode
to the cathode, also known as the electromotive force (Ecell ), is related to ∆G

2

eLoad
Reductant
(H2)

Oxidant
(O2)

Inlet

Inlet
Anode
Cathode
Electrolyte
Compartment
Compartment
H+

Anode
Exhaust

Cathode
Exhaust

Electrodes
Fuel Cell Assembly
Anode:
Cathode:
Overall:

−
�
2 H2 (g) −
�
−
− 4 H+ + 4 e−
− −−�
O2 (g) + 4 H + 4 e �−− 2 H2 O(l)
−−
�
2 H2 (g) + O2 (g) �
−
− 2 H2 O(l)
+

∆G0 = −474 kJ mol−1

Figure 1.1: A general schematic representation of a hydrogen-oxygen Fuel Cell,
identifying its basic components.
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by equation 1.2,

∆G = −Welectrical

(1.1)

∆G = −nF Ecell

(1.2)

where n is the number of electrons in the balanced cell reaction, and F is
Faraday’s constant (9.64853 × 104 C mol−1 ).

1.1.2

Fuel Cell types & classification schemes

The chemical reactions occurring in a FC, and the identity of the charge
carriers, depends on the architecture of the cell. Typically, a FC is categorized
by the nature of its electrolyte:
1. Alkaline Fuel Cell (AFC),
2. Phosphoric Acid Fuel Cell (PAFC),
3. Molten Carbonate Fuel Cell (MCFC),
4. Solid Oxide Fuel Cell (SOFC), and
5. Proton Exchange Membrane Fuel Cell (PEMFC).
Alternatively, a FC can be categorized by its operating temperature range:
1. High-temperature Fuel Cell (SOFC & MCFC),
2. Medium-temperature Fuel Cell (PAFC & AFC), and
3. Low-temperature Fuel Cell (PEMFC & AFC).
Table 1.1 summarizes the general diﬀerences between these FC types, along
with a few representative anodic and cathodic reactions. Each type will be
further discussed in §§1.1.2.1–1.1.2.5.
4
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Embolden species are the electrolyte charge carriers.
ε: Operating eﬃciency of the hydrogen-oxygen FC, when gaseous water is the final product of the combustion and the thermal energy stored
as ∆Hvap (H2 O) is not recovered.
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Pt
Ni

Anode
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Table 1.1: Summary of the major diﬀerence between Fuel Cell types, and their representative anodic and cathodic reactions. [1–3]

1.1.2.1

Proton Exchange Membrane Fuel Cells [3–5]

The PEMFC has several advantages over other FC variants. They operate at
low temperatures with high eﬃciencies, and have relatively short start-up times.
The proton conducting membrane is typically made of polytetrafluoroethylene
sulfonic acid, commercially sold under the trade-name NafionTM , and consists
of three regions:
1. a hydrophobic polytetrafluoroethylene backbone,
2. side chains of -O-CF2 -CF2 -O-CF2 -CF2 - connecting the first and third
regions, and
3. ionic clusters containing sulfonic acid anions.
The hydrogen-oxygen PEMFC is capable of producing power densities (power
output per unit area of the electrodes) as high as 6–8 kW m−2 , and has demonstrated lifetimes of 10–100 × 103 h. The hydrogen fuel can be stored in a tank, or
generated as needed directly from common fuels using a reformer (Scheme 1.1).
Reformate gas generally contains mixtures of hydrogen, carbon dioxide, and
a small amount of carbon monoxide. The electrodes are typically made from
carbon-supported platinum, or binary and ternary platinum-based alloys. A
considerable problem associated with the use of platinum catalysts is that they
are susceptible to poisoning by carbon monoxide. [2] The majority of the carbon
monoxide in the reformate must therefore be removed, adding system cost and
complexity. Other than catalyst poisoning, some of the challenges associated
with PEMFCs arise from their poor thermal and water management properties.

Today, PEMFC research is mostly directed towards the advancement of
polymer electrolyte materials [6] , improving water management and mass trans6

cat

CH3 OH −−→ CO + 2 H2
∆

cat

(1.3)

CH3 OH + 12 O2 −−→ CO2 + 2 H2

(1.4)

Cn Hm + nH2 O −−→ nCO + (n + 12 m)H2

(1.5)

∆
cat
∆

cat

CH4 + 12 O2 −−→ CO + 2 H2

(1.6)

CH4 + O2 −−→ CO2 + 2 H2

(1.7)

CO + H2 O −−→ CO2 + H2

(1.8)

∆
cat
∆
cat
∆

Scheme 1.1: Representative reactions for the reforming of hydrocarbon fuels
into hydrogen.
port, and reducing the loading of nobel metals. This includes improving
the electrolytes thermal stability, chemical resistance, water retention at elevated temperatures, and reducing their capital cost. Phosphoric acid doped
Polybenzimidazole (PBI) is one material that has attracted considerable attention, and has demonstrated [7] stable operation at high temperatures (200 ◦ C)
without gas humidification. These high temperature cells are also more tolerant
to gas impurities.
Another research goal is to reduce the platinum-loading in the electrodes by
identifying new catalysts that are more active than platinum, and more tolerant
to gaseous impurities. [8] To this end, ternary PtRuM alloy anode catalysts (M
= WOx , W2 C, Mo, Ir, Ni, Co, Rh, Os, and V) have demonstrated improved
carbon monoxide tolerance compared to commercial PtRu. Similarly, binary
and ternary cathode catalysts such as PtNi, PtCr, PtCo, PtCoCr, PtCuFe,
PtGaCr, PtRhFe, PtCrCu, and PtCuFe have demonstrated improved oxygen
reduction kinetics relative to platinum. The activities of these ternary materials
are, however, diﬃcult to directly compare. [8]
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1.1.2.2

Phosphoric Acid Fuel Cells [9–11]

The PAFC uses a concentrated phosphoric acid electrolyte, wH3 PO4 � 0.99,
and operates at 160–220 ◦ C. Because of these high operating temperatures, the
PAFC is more tolerant than the PEMFC to gaseous impurities, such as carbon
monoxide, but also has a longer start-up time. The PAFC produces good-quality
waste heat which, if recovered for co-generation, can raise its overall eﬃciency
to more than 80%. Their major limitation is that the oxygen reduction reaction
is slow, resulting in low power densities. The poor performance of the cathode
is further exacerbated by dissolution of the noble metal cathodic catalyst and
corrosion of its support.
Despite the demonstration of more than 500 commercial PAFC units, some
having lifetimes greater than 230 000 h, significant advancements are required
before the technology can be widely adopted. [10] As mentioned above, there has
recently been considerable interest in phosphoric acid doped PBI. These solid
state electrolytes can contain as high as 20-40 mol H3 PO4 per monomer unit,
and should not only be viewed as the next generation PEMFC, but also the next
generation PAFC. As such, many of the technological advancements in the field
are the same as those discussed in §1.1.2.1. Recent research activities, however,
are also focusing on combined heat and power generation. [9] Additionally,
dilution of the electrolyte by product water, mitigation of catalyst sintering,
and reduction of capital costs remain key challenges that must be addressed. [10]
1.1.2.3

Alkaline Fuel Cells [9,12–16]

The AFC is the oldest FC technology to be put into commercial use, and
was the primary power sources used during the National Aeronautics and Space
Administration (NASA) space flights between the 1960s and 1970s. [2] They
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use an aqueous KOH electrolyte, typically 30–45% by weight, and operate
between 60 and 90 ◦ C, and with electrical eﬃciencies that are between ca. 40
and 60%. The reduction of oxygen is more facile in an alkaline electrolyte,
and non-noble metal cathode catalysts can be used. [13] The performance of
the AFC is influenced by carbon dioxide due to the gradual carbonation
of the electrolyte. Carbonation reduces the electrolyte’s conductivity, and
precipitation of carbonate salts within the porous electrodes hinders the mass
transport of reactants. Further, these precipitates can damage the electrodes
by inducing mechanical strain. [2]
Recent advances in anion exchange membranes [17] has lead to a resurgence
in AFC research. The use of polymer immobilized cations, rather than mobile
solution phase cations, precludes the formation of carbonate precipitates.
Typically, the immobile cation is a quaternary ammonium group. Promisingly,
Lu et al. have reported [18] a polymer electrolyte AFC that is free of noble
metals, significantly reducing the cost of the catalyst layers. Further, such
anion exchange membranes have shown excellent utility in Alkaline Direct
Alcohol Fuel Cells (ADAFCs). [19] Some key advantages aﬀorded by the polymer
electrolyte include:
1. Improved oxidation / reduction kinetics,
2. reduced alcohol crossover from the anode to the cathode,
3. potentially simplified water management, and
4. potentially reduced corrosion.
These advantages will be discussed in more detail in Chapter 3.
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1.1.2.4

Molten Carbonate Fuel Cells [9,11,20–23]

The electrolyte used in the MCFC is a eutectic melt of Li2 CO3 -K2 CO3 , or
Li2 CO3 -Na2 CO3 . The cell operates at 923–1123 K, with eﬃciencies as high as
50%; however, this eﬃciency can be increased to ca. 86% if the exhaust heat is
used for co-generation. Their high operating temperature makes them carbon
monoxide tolerant; however, they are not tolerant to sulphurous compounds.
Another interesting advantage of their high operating temperature is that they
can reform hydrocarbon fuels internally, simplifying ancillary components. The
high operating temperature also enables the use of non-noble metal catalysts
such as Ni anodes and NiO cathodes, but significantly lengthens start-up times,
and enhances the corrosion and breakdown of cell components. Additionally,
start-stop cycling results in thermal fatigue of the components, and can lead
to cracking. The cathode gas stream must also contain a mixture of carbon
dioxide and oxygen, which complicates the make-up of the oxidant stream.
The MCFC is highly regarded as being a promising stationary power source,
but eﬀorts must be made to prolong their lifetime. [23] In lower temperature
systems that use a liquid electrolyte, such as the PAFC and AFC, stable
gas/liquid interfaces can be established using Polytetrafluoroethylene (PTFE).
At high temperatures, however, the only method to control this interface is
through control of the electrode’s porous structure. Leaked electrolyte can
redistribute within the FC stack, [24,25] resulting in decreased performance over
time. Additionally, dissolution of the cathode, and corrosion of components
are significant hindrances towards commercialization of the MCFC. [25]
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1.1.2.5

Solid Oxide Fuel Cells [9,11,26–32]

The SOFC uses ceramic electrolytes such as (ZrO2 ) 0.92 (Y2 O3 ) 0.08 , ceriabased electrolytes, Cex Zr0.82 − x Gd0.18 O1.91 , and a variety of mixed metal oxides
typically of the perovskite structure type. [30] The cell must be operated at
elevated temperatures, as the ceramic electrolyte is not ionically conductive
at low temperatures. These high temperatures make the SOFC relatively
insensitive to poisons (such as sulphur and carbon monoxide), capable of
reforming hydrocarbon fuels internally, and, in principle, not reliant on the use
of noble metal catalysts. The high temperature is also beneficial from the stance
of co-generation of heat and power which increases cell eﬃciencies to 85%.
Although the high temperature FCs enhance the kinetics of the electrochemical
reactions, they also enhances corrosion processes and solid state reactions at
the cathode/electrolyte interface, which form a low conducting phase. The
high temperatures also require long start-up times, while repeated start-stop
cycles results in thermal fatigue and cracking of parts.
State of the art research in SOFC is, in part, focused on reducing the
operating temperature. These intermediate temperature (770–1070 K) FCs will
reduce component corrosion, and thereby increase the lifetime of the cells and
well as aﬀord cell construction using cheaper cell components. One drawback
of using a lower operating temperature, however, is that the reaction kinetics
at the anode and cathode can begin to become critical. A significant and
rich body of work towards reducing the operating temperature of SOFCs is
available, and has been recently reviewed by Tsipis and Kharton. [33]
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1.1.3

Energy density

A fuel’s energy density is the maximum amount of energy that can be
produced from the fuel, normalized by unit mass (gavimetric energy density) or
by unit volume (volumetric energy density). Equation 1.1 states that −∆G0 is
the maximum amount of electrical work that can be obtained from a chemical
reaction. Using constants tabulated in the CRC handbook of chemistry and
physics, [34–36] and Hess’s law, ∆G0 , ∆H 0 , and ∆S 0 can be calculated for many
typical FC reactions. Table 1.2 summarizes some volumetric energy densities
for hydrogen and low molecular weight alcohols that were calculated in this
way.
The volumetric energy density of an alcohol is several orders of magnitude
higher than hydrogen gas, and is also more energy dense than liquid hydrogen.
In fact, the volumetric energy density of liquid hydrogen at its triple point (ca.
−240 ◦ C and 12.7 atm) is only about half that of methanol. The high volumetric
energy density of alcohols is one of the primary driving force towards their
utilization in FCs. Further, they are readily available, and exist in a liquid
phase under ambient conditions, allowing their easy integration into existing
transportation infrastructure. The actual amount of energy obtained from a
fuel is a product of its energy density and the overall eﬃciency of the FC. The
following sections will discuss the factors that influence how eﬃciently this
chemical energy is converted into electrical energy.

1.2

Energy conversion eﬃciency

The overall eﬃciency (εoverall ) for the conversion of chemical energy into
electrical work is the product of several independent eﬃciencies, as shown in
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−237.8
—–
—–
−703.3
−1 325.4
−1 967.3
−223.7

−268.8
—–
—–
−727.4
−1 366.8
−2 025.6
−231.6

∆H0r a
(kJ mol−1 )
−163.3
—–
—–
−80.8
−138.7
−195.6
−26.4

∆S0r a
(J mol−1 K−1 )

26.19d
64.37e
2.447×104
40.49g
58.37g
76.96g
76.96g

f

Molar
Volume
(cm3 mol−1 )

2.515
1.023
2.692×10−3
4.825
6.388
7.101
0.808

Energy
Densityb
(W h cm−3 )c

Calculated from thermodynamic constants tabulated in the CRC Handbook of Chemistry and Physics. [34]
Energy density represents the maximum volumetric energy content of a fuel, that has not beed diluted, at 20 ◦ C and 1 atm
pressure. Actual electrical energy obtained from a FC using these fuels is a function of the overall eﬃciency of the electrical
conversion process(see §1.2 for details).
c
1 W h = 3.6 kJ.
d
Liquid phase para-hydrogen at its triple point. Temperature = 13.8 K, pressure = 0.0069 atm, ρ = 76.98 kg m−3 . [35]
e
Liquid phase para-hydrogen at its critical point. Temperature = 32.94 K, pressure = 12.7 atm, ρ = 31.32 kg m−3 . [35]
f
Gas phase hydrogen at standard ambient temperature and pressure.
g
Calculated from physical constants tabulated in the CRC Handbook of Chemistry and Physics. [36]

b

a

CH3 OH(l) +
−−→ CO2 (g) + 2 H2 O(l)
CH3 CH2 OH(l) + 3 O2 (g) −−→ 2 CO2 (g) + 3 H2 O(l)
(CH3 )2 CHOH(l) + 92 O2 (g) −−→ 3 CO2 (g) + 4 H2 O(l)
−−
�
(CH3 )2 CHOH(l) + 12 O2 (g) �
−
− (CH3 )2 CO(l) + H2 O(l)

3
2 O2 (g)

−
�
H2 (g) + 12 O2 (g) −
�
−
− H2 O(l)

Overall Cell Reaction

∆G0r a
(kJ mol−1 )

Table 1.2: Thermal and physical constants for a few typical Fuel Cell reactions.

equation 1.9. They are:
1. the intrinsic maximum eﬃciency (εi ),
2. the Faradaic eﬃciency (εf ), and
3. the voltage eﬃciency (εe ).
εoverall = εi εf εe

(1.9)

The underlying sources of each of these eﬃciency losses will be briefly discussed
in this section, in order to understand the practical implications of each
component.

1.2.1

Intrinsic Maximum eﬃciency (εi ): The Fuel Cell
versus the Heat Engine [37]

The intrinsic maximum eﬃciency of a FC, εi,F C , is defined as

εi,F C =

∆G
∆H

(1.10)

or by substituting ∆G = ∆H − T ∆S,
εi,F C = 1 −

T ∆S
∆H

(1.11)

where ∆G, ∆H, and ∆S are the Gibbs energy, enthalpy, and entropy changes
for the net reaction occuring in the FC. εi,F C is the maximum energy conversion
eﬃciency based on thermodynamic considerations, and results from the loss
of thermal energy during the oxidation-reduction processes. It is specific for
each set of oxidation-reduction reactions in a FC, and it is also known as the
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reversible eﬃciency. For the hydrogen-oxygen FC illustrated in Figure 1.1,
εi,F C is 83%.
The intrinsic maximum eﬃciency of a heat engine (εi,HE ), such as a gas
turbines or a combustion engine, is derived from the Carnot cycle. It is defined
as
εi,HE = 1 −

TL
TH

(1.12)

where TL and TH are the temperatures of the low and high temperature reservoirs, respectively. As explained by Zhao and Van Nguyen, [37] in a “perfect”
combustion reaction the flame temperature (TH ) is above 3000 K. In practice,
however, a perfect combustion is not achieved due to incomplete combustion,
and product dissociation, which lowers TH . Metallurgical considerations resulting from insuﬃcient mechanical strength requires further cooling of TH to ca.
1000 K. Ideally TL is at room temperature; however, ineﬃcient heat rejection
raises this value to ca. 550 K. These limitations give practical εi values around
45%; however, values close to ca. 33% are typical of the internal combustion
engines used in automobiles. [37]

1.2.2

Faradaic Eﬃciency (εf )

The faradaic eﬃciency, εf , is the number of electrons removed from a mole
of reactant relative to its theoretical maximum. It is defined as

εf = I/Im

(1.13)

where I and Im are the observed and the theoretical maximum currents (determined by fuel supply rate), respectively. In a well designed FC, εf is ca. unity;
however, several chemical factors can result in smaller values, including:
15

1. parallel reactions yielding fewer electrons per mole of reactant,
2. non-electrochemical reactions that are catalyzed by the electrode, and
3. direct chemical reactions between the oxidant and reductant (e.g., crossover).

1.2.3

Voltage eﬃciency (εe )

The voltage of an electrochemical cell while it is under load is lower than
E 0 . The voltage eﬃciency is defined as

εe =

E
E0

(1.14)

where E is the potential of the FC while under load.
The magnitude that the potential deviates from E 0 is a function of the
current drawn through the cell, and is known as the overpotential (η).
0
η = E − Ecell

(1.15)

Several physical phenomena contribute this deviation from E 0 , including:
1. reaction overpotential (ηr ),
2. resistance overpotential (ηΩ ), and
3. diﬀusion overpotential (ηd ).
The total overpotential for a reaction (ηtotal ) can be viewed as the algebraic
sum of these components.

ηtotal = ηr + ηΩ + ηd
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(1.16)

In a FC, both the anodic and cathodic reactions contribute their ηr and ηd to
the observed overpotential of the cell; ηΩ is common to both reactions, and
arises from the total ionic current flowing through the cell.

ηtotal,cell = ηanode + ηcathode

(1.17)

ηtotal,cell = ηr,anode + ηr,cathode + ηd,anode + ηd,cathode + ηΩ

(1.18)

Figure 1.2 illustrates a typical FC polarization curve. Although ηr,anode ,
ηr,cathode , ηd,anode , ηd,cathode , and ηΩ operate simultaneously, their relative contributions to ηtotal are a function of the current density (j). The underpinning
mechanisms for each of these overpotentials, and the interpretation of Figure 1.2,
will be discussed in detail in the proceeding sections.
1.2.3.1

Reaction overpotential (ηr )

At low current densities, ηr is the main source of overpotential, and is linked
to the activation energy barriers (∆G‡ ) for the anodic and cathodic reactions.
Figure 1.3 illustrates the potential energy surface for a n electron transfer
event, assuming that [Ox] = [Red]. At equilibrium, and in the absence of a net
faradaic current, the free energy of the electrode exactly counterbalances ∆G
such that the free energy of the reactants and products are equal (solid lines
in Figure 1.3). The potential energy surfaces of the reactants and products
intersect at the transition state, and the activation energy (∆G‡ ) for the forward
and reverse process are equal.
When a potential is applied to the electrode the free energy of the electrons
changes by nF (E − E 0 ), and the activation energy for the cathodic and anodic
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Figure 1.2: Model hydrogen-oxygen Proton Exchange Membrane Fuel Cell
polarization curve(—), and its nonpolarizable analogue (•). ηr (– –) and ηΩ (– ·
–) are calculated from the i0 and R values reported by Gu et al., and ηd (· · · ) is
calculated using an estimated il value, obtained by extrapolating the il data
also reported by Gu et al. to 20% oxygen in nitrogen. [38]
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Figure 1.3: Potential energy surface for a ne – transfer event at E 0 , and E
assuming that [Ox] = [Red].
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directions become
∆G‡a = ∆G‡0 − (1 − α)F (E − E 0 )

(1.19)

∆G‡c = ∆G‡0 + αF (E − E 0 )

(1.20)

The rate constants for the cathodic and anodic reactions have an Arrhenius
form,

kc = Ae
ka = Ae

They share the common factor Ae

‡
−∆G0
RT
‡
−∆G0
RT

‡
∆G0
RT

e
e

−αF (E−E 0 )
RT
(1−α)F (E−E 0 )
RT

(1.21)
(1.22)

, which is known as the standard rate

constant (k 0 ).
The potential-dependant current density is simply the diﬀerence between
the rates of the forward and reverse reactions,
�
�
−αF (E−E 0 )
(1−α)F (E−E 0 )
RT
j = nF k 0 Cox (0, t)e RT
− Cred (0, t)e

(1.23)

This derivation is known as the Butler-Volmer formulation of electron transfer
kinetics, and is the fundamental model describing the current-overpotential
relationship. Continuing to assume that

[Ox]
[Red]

= 1, at E 0 no net current is

observed; however, the reaction proceeds in the forward and reverse directions
with equal velocities. The “current” of this process can be defined as
∗(1−α) ∗α
j0 = nF k 0 Cox
Cred

(1.24)

and is known as the exchange current density. Combining equations 1.15,
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1.23, and 1.24, and expressing the result in a logarithmic form gives the Tafel
equation,
ηr =

RT
RT
ln j0 −
ln j
αF
αF

(1.25)

which describes the relationship between ηr and the activation energy barrier
(through j0 ). Smaller values of ∆G‡0 yield smaller ηr , and thereby a smaller
ηtotal . This can be accomplished by carefully tailoring the catalyst for the
reduction/oxidation reaction of interest, and is a key goal in electrocatalysis.
1.2.3.2

Ohmic overpotential (ηΩ )

ηΩ occurs whenever a current flows, and results from the resistances associated with the movement of charge carriers:

ηΩ = jR

(1.26)

where j is the current density, and R is the total resistance. R is the series/parallel summation of the cell’s individual resistance elements, including:
1. the conduction of electrons through the cell components,
2. the migration of ions through the electrolyte, and
3. contact resistances.
ηΩ is minimized by optimizing the cell construction and minimizing the resistance of its components.
1.2.3.3

Concentration overpotential (ηd )

Concentration overpotential arises from the diﬀusion of species from the
bulk solution to the electrode surface, and is therefore intimately linked to the
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species diﬀusion coeﬃcient. Analytically, ηd is expressed as
�
�
RT
j
ηd = −
ln 1 −
nF
jl

(1.27)

where jl is the limiting current density (i.e., the current density at the maximum
rate of diﬀusion). Many formula are used to describe jl , and all are derived on
the basis of Fick’s law of diﬀusion. The solution to the diﬀusion problem is
dependant on the geometry of the electrode (i.e., sphere, plane, band etc.). In
the case of semi-infinite linear diﬀusion, the limiting current for an oxidation
reaction is given by
jl =

nF DC ∗
δ

(1.28)

where n is the number of electrons transferred, D is the diﬀusion coeﬃcient of
the reactant, and δ is the thickness of the diﬀusion layer.

1.3

Alcohol oxidation mechanisms in acid

In 1975, Sokolova [39] found that the electrochemical behaviour of alcohols
with diﬀerent numbers of carbon atoms, and structures, depended strongly on
the number of hydrogen atoms connected to the α-carbon. All other structural
properties were found to be less important. This finding leads to natural
divisions in the broad topic of alcohol oxidation, and categorizes all monohydric
alcohols into four groups: methanol, primary, secondary, and tertiary alcohols.
With the exception of the tertiary alcohols, which do not show appreciable
reactivity at low temperature, the proceeding sections will discuss the generally
accepted mechanisms of their oxidation. To highlight the diﬀerences between
these groups, only the simplest examples will be discussed: methanol, ethanol,
and �-propanol, focusing on the use of platinum catalysts an acidic electrolyte.
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Particular emphasis will be placed on the oxidation of �-propanol, as it is a
topic that has not received much attention in reviews, and it is also the main
reaction investigated throughout the remainder of this dissertation. Changes
with electrolyte pH will be discussed in Chapter 2, and the use of alloyed
catalysts will be discussed in Chapter 4.

1.3.1

Methanol oxidation

The simplest and possibly the most studied alcohol for use in a Direct
Alcohol Fuel Cell (DAFC) is methanol. A significant body of work has been
dedicated to understanding the mechanism of its oxidation, and many comprehensive reviews are available. [40–42] For the purpose of this discussion, only
investigations using platinum single crystals will be discussed, specifically focusing on the eﬀects of structure on reactivity. Methanol oxidation to carbon
dioxide, involving the transfer of six e – and the addition of an oxygen atom
from water, is inevitably complex and involves several intermediates. In general, there is a consensus that the oxidation follows a dual-pathway mechanism
(Scheme 1.2). In this mechanism, carbon dioxide is formed through either
an “active” intermediate, or through a carbon monoxide intermediate. [43,44]
The formation of carbon monoxide occurs under open circuit conditions, and
the maximum coverage is similar to that observed from the decomposition of
formic acid. The oxidation of formic acid and of methanol, however, behave
very diﬀerently; Willsau and Heitbaum [45] showed that the onset of carbon
dioxide production from the oxidation of a pre-adsorbed carbon monoxide
monolayer and from methanol occurs simultaneously, while formic acid is oxidized before pre-adsorbed carbon monoxide. Specifically, a
platinum electrode was used to oxidize
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12

CH3 OH or

12

13

CO2 saturated

CHOOH, and the car-

bon dioxide products were monitored by Diﬀerential Electrochemical Mass
Spectrometry (DEMS). Signals for

13

during oxidation of methanol, while

CO2 and

12

12

CO2 occurred simultaneously

CO2 was observed before

13

CO2 during

the oxidation of formic acid. This behaviour shows that carbon monoxide must
be removed from the catalyst surface before methanol can be oxidized, while
oxidation of formic acid can occur on the carbon monoxide saturated platinum
catalyst. This diﬀerence in behaviour is believed to result from a higher steric
requirement for the oxidation of methanol, which is proposed [46,47] to require
three contiguous surface sites.

Active Intermediate
CH3 OH

CO2
CO

Scheme 1.2: The duel-pathway mechanism for the methanol oxidation reaction.
Herrero et al. [48] studied the oxidation of methanol on clean, well-defined
platinum single crystal electrodes. Table 1.3 summarizes the initial activity
of these surfaces towards the oxidation of methanol (0.2 M methanol in 0.1M
HClO4 ), and Figure 1.4 illustrates the atomic arrangements of these surfaces.
The rate of methanol oxidation is significantly influenced by the atomic arrangement of the surface atoms, i.e., the reaction is surface structure sensitive.
In the case of Pt(1 1 1) and Pt(1 0 0), significant hysteresis is observed due
to the formation of poisoning species at low potentials. Hysteresis during
alcohol oxidation indicate the formation of strongly adsorbed intermediates
that hinder the catalytic reaction during the anodic sweep. These intermediates
are oxidized at high potentials, yielding a clean platinum surface during the
cathodic sweep. During the cathodic sweep, fewer or no adsorbed intermediates
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remain on the electrode surface, leading to higher current densities. In the case
of Pt(1 1 0), Herrero et al. [48] attributed the low current density during the
cathodic sweep to an increase in the oxidation potential for carbon monoxide;
i.e., carbon monoxide adsorbents were still present.
Table 1.3: Summary of the peak current density and potential for the oxidation
of methanol over Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0). [48]
Anodic Sweepa

Cathodic Sweepa

Surface

jpeak
(mA cm−2 )

Epeak
(V)

jpeak
(mA cm−2 )

Epeak
(V)

Pt(1 1 1)
Pt(1 1 0)
Pt(1 0 0)

1.91
33.80
4.21

0.69
0.87
0.78

1.30
6.15
3.55

0.65
0.74
0.76

a

Values are estimated from the curves published by
Herrero et al. [48]

(a) Pt(1 1 1)

(b) Pt(1 1 0)

(c) Pt(1 0 0)

Figure 1.4: Representative atomic arrangements of some typical platinum
surfaces.
As is the case for the oxidation of carbon monoxide, [49] the oxidation of
methanol [50] is enhanced by the presence of steps and surface defects. Table 1.4
summarizes the steady-state current as a function of potential and surface
atomic arrangement, determined after a 15 min oxidation using Pt(1 1 1) and
Pt[n(1 1 1)×(1 1 0)]-type electrodes (Pt(5 5 4), n = 9, and Pt(5 5 3), n = 4). A
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stark increase in the stabilized current density occurs as the number of Pt(1 1 0)
steps increases.
Table 1.4: Steady-state current as a function of potential and surface step
density for the oxidation of methanol on Pt[n(1 1 1)×(1 1 0)]-type electrodes. [50]
P t(1 1 1)

P t(5 5 4)

P t(5 5 3)

E
(V)

jt=15 min
(µA cm−2 )

jt=15 min
(µA cm−2 )

jt=15 min
(µA cm−2 )

0.4
0.5
0.6
0.7

0.0
0.5
2.5
20.0

0.5
3.6
49.1
140.4

1.5
2.5
120.6
370.0

A kinetic analysis of the chronoamperometic transients was also carried
out to determine the decomposition rate of methanol, the oxidation rate of
carbon monoxide, the time-dependant surface coverage of carbon monoxide,
and a general expression for the direct pathway, as a function of the applied
potential. Although the model used is somewhat simplistic in nature, good
fitting of the current-time transients was achieved. Housmans and Koper found
that not only is the oxidation rate of carbon monoxide enhanced by step edges,
but so is the decomposition rate of methanol. For the three catalyst surfaces
studied, at potentials below 0.55 V the rate of oxidation of carbon monoxide is
slower than the decomposition rate of methanol, and at potentials above 0.55 V
the rate of oxidation of carbon monoxide is faster than decomposition. The
latter scenario has important implications, as it predicts a rising current-time
transient, which is the case for Pt(1 1 1). Further, the authors also found that
step edges facilitate the direct oxidation pathway.
Aside from carbon monoxide, several solution phase intermediates have
been observed experimentally, including formic acid, [51,52] formaldehyde, [51–53]
and methylformate. [54] Scheme 1.3 depicts the commonly accepted pathway
for the oxidation of methanol on platinum that accounts for the presence of
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the observed solution phase species. As can be seen from this mechanism,
the decision between the carbon monoxide-forming pathway, and the active
intermediate pathway, is made during the first activation step (i.e., cleavage of a
CH or the OH bond). Results from Online Electrochemical Mass Spectroscopy
(OLEMS) suggest that the choice to cleave either the CH of the OH band
depends on the arrangements of the surface atoms, as well as the electrolyte. [54]
Further, consistent with activities tabulated in Table 1.3, it was found that
the carbon monoxide-forming pathway plays a predominant role on Pt(1 1 1),
while the pathway through the active intermediate (solution phase formic acid
in Scheme 1.3) is more pronounced on Pt(1 0 0) and Pt(1 1 0).

1.3.2

Ethanol oxidation

Ethanol, being the simplest monohydric alcohol containing a C−C bond,
is regarded as a model molecule in probing the electrooxidative cleavage of
C−C bonds. Further, its high energy density (Table 1.2), and the fact that
it can be viewed as being renewable when made from biomass, has attracted
considerable interest from the scientific community. [40] Its complete oxidation,
requiring the transfer of 12 e – and the addition of three O atoms, is complex
and not fully understood.
The oxidation of ethanol, rather than proceeding completely to carbon
dioxide, produces acetaldehyde and acetic acid as the major products of the
reaction. [40] These two and four e – transfer products are unwanted, as they
yield only a fraction of ethanol’s energy density and, perhaps more importantly
in the case of acetic acid, produce a strongly coordinating acetate ion which can
poison the catalyst. [55] Scheme 1.4 presents the commonly accepted reactions
that occur during the oxidation of ethanol using a platinum catalyst. It should
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OH
C

H2C

OH

HC

O
C

OH

O

H3COHsol

O

CH3

O

C

H

CH2

H2COsol

CO2

O

H2C(OH)2

H
C

O

HCOOHsol
H3COHsol
2H+
+
2e- HCOOCH
3, sol

H2O

Scheme 1.3: Generally accepted reaction scheme for the electrochemical oxidation of methanol on metal electrodes. [54] Note that loss of H from adsorbed
species to form Had or H+ is not diﬀerentiated, so charge transfer events have
not been included (i.e., concerted proton transfer to a nearby water molecule
coupled with electron transfer, vs stepwise deprotination to form Pt−H followed
by its oxidation).
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be emphasized that these are not the elementary steps of the reaction, and do
not represent a complete mechanism. They do, however, represent a generalized
set of reactions that account for the formation of all the experimentally observed
products.
−
�
C2 H5 OH −
�
−
− C2 H5 OHads

(1.29)
+

C2 H5 OHads −−→ COads + CHx,ads + (6 − x)H + (6 − x)e
+

C2 H5 OHads −−→ CH3 CHOads + 2 H + 2 e
+

−

−

−

H2 O −−→ OHads + H + e
−
�
CH3 CHOads −
�
−
− CH3 CHO

(1.30a)
(1.30b)
(1.31)
(1.32a)

CH3 CHOads −−→ COads + CHx,ads + (4 − x)H+ + (4 − x)e−
CH3 CHOads + OHads −−→ CH3 COOH + H+ + e−
+

COads + OHads −−→ CO2 + H + e

−

+

CHx + 2 OHads −−→ CO2 + (2 + x)H + (2 + x)e

(1.32b)
(1.32c)
(1.33)

−

(1.34)

Scheme 1.4: General reaction scheme for the electrochemical oxidation of
ethanol on metal electrodes. [40]
The current density observed during the oxidation of ethanol shows a
significant dependance on the arrangement of the surface atoms. [56–58] Table 1.5
summarizes the voltammetric activity of several low index platinum single
crystal electrodes (Figure 1.4) in a 0.1 M ethanol solution with a 0.1 M HClO4
supporting electrolyte. Similar trends were also reported by Morin et al. [57]
As was the case observed with the oxidation of methanol, the oxidation of
ethanol is surface structure sensitive (i.e., the reaction rate strongly depends
on the arrangement of surface atoms). In situ Fourier Transform Infrared
Spectroscopy (FTIR) identified the presence of acetaldehyde, acetic acid and,
to a limited extent, carbon dioxide and carbon monoxide. Carbon monoxide
acts as a surface poisoning species during the oxidation of ethanol, [57] similar
to the poisoning eﬀect observed in the oxidation of methanol. The formation
of adsorbed carbon monoxide begins at low potentials (ca. 0.2 V for all three
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surface) indicating that, although only to a small extent, C−C bond cleavage
has occurred. Carbon dioxide formation commences at ca. 0.5 V. Even after
the removal of all the carbon monoxide from the surface, the FTIR band
due to carbon dioxide continues to grow. Such behaviour is indicative of
other adsorbents that are not observed by FTIR, such as adsorbed CHx
fragments. Supporting this conclusion, Shin et al. [55] have demonstrated that
the α − C of ethanol is more eﬃciently oxidized to carbon dioxide at lower
potentials. Specially, carbon dioxide isotopomers produced from the oxidation
of

13

CH312 CHOH and

12

CH313 CHOH over a polycrystalline platinum catalyst

were studied as a function of applied potential using DEMS. At potentials
between 0.44 and 0.84 V, up to three times more
12

CH313 CHOH than from

13

13

CO2 is produced from

CH312 CHOH.

Table 1.5: Summary of the peak current density and potential for the oxidation
of ethanol over Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0). [56]
Anodic Sweepa

Cathodic Sweepa

Surface

jpeak
(mA cm−2 )

Epeak
(V)

jpeak
(mA cm−2 )

Epeak
(V)

Pt(1 1 1)
Pt(1 1 0)
Pt(1 0 0)

0.64
1.13
1.29

0.53
0.74
0.79

0.87
1.62
1.07

0.82
0.70
0.71

a

Values are estimated from the curves published by
Xia et al. [56]

Chang et al. [58] also studied the oxidation of ethanol on Pt(1 1 1), Pt(1 1 0),
and Pt(1 0 0), by voltammetry and FTIR, with a particular emphasis on the
selectivity of these surfaces towards the formation of the three products discussed previously. It was found that the onset for the formation of acetaldehyde
was 0.54–0.64 V, regardless of crystallographic orientation. The onset of the
oxidation to form acetic acid, however, occurs at the same potential as acetaldehyde over Pt(1 1 1), at ca. 0.7 V over Pt(1 0 0), and at ca. 0.64 V over
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Pt(1 1 0). Further, the onset to form acetic acid, and the onset to form carbon
dioxide, behave very similarly. This similarity in behaviour between the four e –
pathway to form acetic acid, and the 12 e – pathway to form carbon dioxide, as
well as the activity dependance on surface structure, is explained by the activity
of these surface towards formation of adsorbed oxygen species. [58] These species
then act as the oxygen source to form acetic acid and carbon dioxide. In all
cases, acetic acid was the most dominant species observed by FTIR at the end
of the potential sweep, indicating a strong preference of these surfaces towards
the four e – pathway.
The influence of steps on the selectivity towards acetic acid production
during ethanol oxidation over platinum was studied by Tarnowski and Korzeniewski. [59] Specifically, Pt(1 1 1), Pt(5 5 7) (Pt[6 (1 1 1) × (1 0 0)]), and Pt(3 3 5)
(Pt[4 (1 1 1) × (1 0 0)]) electrodes were used to oxidize a ca. 40 µL drop of 0.3 M
ethanol in 0.1 M HClO4 for a duration of 60 s. An aliquot of this solution was
then analyzed by ion chromatography, and was compared to the total charge
passed during the 60 s electrolysis experiment. Table 1.6 summarizes the results
of this study. As the density of steps and defects increases, the total charge
transferred during the bulk electrolysis of ethanol increases, despite a decrease
in acetic acid yield. The authors attributed this counter-intuitive behaviour to
the higher activity of these sites towards the formation of acetaldehyde and/or
carbon dioxide, in agreement with previous reports [55] on the higher catalytic
activity of steps towards C−C bond cleavage. The authors note that although
CO32 – was observed by ion chromatography, quantifiable concentrations could
not be determined due to background CO32 – from atmospheric carbon dioxide.

31

Table 1.6: Total anodic charge passed, and the fraction of this charge associated
with the formation of acetic acid, during the bulk electrolysis of ethanol as a
function of applied potential, and step density. [59]
Pt(1 1 1)

Pt(5 5 7)

Pt(3 3 5)

E
(V)

Qanodic a
(mC cm−2 )

%Acetate a Qanodic a
(%)
(mC cm−2 )

%Acetate a Qanodic a
(%)
(mC cm−2 )

%Acetate a
(%)

0.44
0.54
0.64
0.74
0.84

15.6
90.0
64.4
48.0
10.0

30.8
24.1
14.7
6.6
13.3

14.0
21.7
9.1
5.2
8.0

8.4
9.7
9.5
6.3
7.4

a

1.3.3

15.6
59.6
86.0
44.8
25.5

10.0
38.0
66.8
56.4
28.7

Values are estimated from the plots published by Tarnowski and Korzeniewski. [59]

2-propanol oxidation

In 1975, Sokolova [39] found that there are three essential diﬀerences between the voltammograms of secondary and primary alcohols, using a smooth
polycrystalline platinum electrode:
1. the hydrogen desorption maxima (ca. 0–0.3 V vs. RHE) are not suppressed
in the presence of the secondary alcohol,
2. they are electrochemically active in the double-layer region (ca. 0.3–0.8 V
vs. RHE) during the anodic sweep, and
3. they are inactive at potentials between ca. 0.8 and 1.0 V vs. RHE, but
are active at higher potentials (ca. 1.0–1.6 V vs. RHE).
The retention of the hydrogen desorption maxima during the first anodic
sweep indicates that no carbon containing poisons form at the beginning of
the sweep. This behaviour contrasts that of methanol, which decomposes
under open circuit conditions to form adsorbed carbon monoxide, [40] and
suppresses the hydrogen desorption maxima. Succeeding potential sweeps in
the presence of secondary alcohols also do not suppress the hydrogen desorption
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maxima, indicating that poisoning intermediates, if formed, do not remain on
the electrode, or that they are susceptible to reductive elimination.
The electrochemical activity in the double-layer region, indicating the onset
of electrochemical oxidation, supports Sokolova’s conclusion that destructive
chemisorption occurs at these potentials. The proposed intermediate of this
chemisorption is RRC∗ OH (where the ∗ denotes the atom that is bonded to the
surface). The loss in activity near 1.0 V indicates a change in mechanism due
to the oxidation of the platinum surface to form weakly bound oxygen species.
However, the fact that the platinum is active at potentials exceeding 1.0 V,
where more strongly bound oxygen species form, indicates that the oxidation
also occurs through a pathway involving the oxygen covered platinum surface.
Gao et al. [60] also studied the oxidation of �-propanol in aqueous, and
non-aqueous environments. In neat �-propanol, using LiClO4 as an electrolyte,
acetone is the only product observed by Single Potential Alteration Infrared
Spectroscopy (SPAIRS). Its onset potential is 0.9 V; in an aqueous environment, however, the onset potential for the formation of acetone is significantly
depressed, and begins to form at 0.1 V. Such drastic changes in the electrochemical behaviour of �-propanol illustrates the extreme influence that the
solution environment can play on electrochemical reaction kinetics.
During the oxidation of �-propanol, only acetone and carbon dioxide have
been observed by in situ IR spectroscopy, [60–65] and gas chromatography [66]
(note that carbon dioxide was observed by first converting it to the carbonate
anion). Further, the current densities observed [67] during the half cell oxidation
of �-propanol are significantly higher than those for methanol, at potentials
lower than 0.9 V in acid. Additionally, the current densities observed [68] during
the half cell oxidation of �-propanol are also significantly higher than those for
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ethanol, at potentials lower than 0.8 V in acid.
1.3.3.1

Oxidation using well defined platinum electrodes

Leung et al. [65] was the first to study the oxidation of �-propanol on well
defined platinum single crystals in 0.1 mol dm−3 HClO4 . Supplementing their
voltammetric studies, SPAIRS was used to identify the molecular species present
in solution, and on the surface of the electrode, during the oxidation. On an
ordered Pt(1 1 1) electrode, acetone is the major product of the oxidation;
only a small amount of carbon dioxide (ca. 6 × 10−10 mol cm−3 ) is observed
at potentials between 0.64 and 1.04 V. On a disordered Pt(1 1 1) electrode,
acetone is still the major product, however, slightly larger quantities of carbon
dioxide are produced. In both cases, no IR adsorption bands indicative for
Pt−CO are observed, indicating that carbon monoxide is not an intermediate
of the oxidation pathway, or it exists at concentrations below detection limits
(θ ≤ 0.05).
These results were later corroborated by Sun and Lin, [63] who also expanded
the oxidation of �-propanol studies to Pt(1 1 0) and Pt(1 0 0) surface. S-polarized
IR spectroscopy was used to identify the species present in solution during
the oxidation (adsorbed species are IR inactive under these conditions [69] ).
At potentials lower than 0.44 V, a single alkene band occurs at 1 600 cm−1 ,
presumably due to the dehydration of �-propanol to form CH3 −CH−CH2 .
This band quickly disappears above 0.54 V, and new bands at 3 010 and
1 700 cm−1 begin to grow in, signifying the onset of �-propanol dehydrogenation
to form acetone, and are assigned to the C−H and C−O stretches of acetone,
respectively. Above 0.74 V, a new absorption band at 2 345 cm−1 appears,
signifying the formation of carbon dioxide; the onset of carbon dioxide formation
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correlates well with the formation of oxygen species on platinum. Even at
potentials exceeding 1.24 V, however, acetone is the major product of �-propanol
oxidation.
There are two significant diﬀerences between the behaviours of Pt(1 1 1),
Pt(1 1 0), and Pt(1 0 0) during the oxidation of �-propanol. First, their catalytic
activities diﬀer significantly, that is to say that the reaction is surface structure
sensitive. Table 1.7 summarizes the activity of these surfaces, represented by
the oxidation peak potential and current density. The oxidation of �-propanol is
significantly favoured over the (1 1 0) facet of platinum. Sun and Lin, however,
also observed that Pt(1 1 0) is the least stable to potential cycling. Armand and
Clavilier [70] previously demonstrated that Pt(1 1 0) surfaces reconstruct upon
oxidation (E ≥ 0.8 V). The symmetry of the reconstructed Pt(1 1 0) surface
is essentially the same as Pt(1 1 1). The apparent instability of the Pt(1 1 0)
surface towards the oxidation of �-propanol is thereby believed to result from
this reconstruction.
Table 1.7: Summary of the peak current density and potential for the oxidation
of �-propanol over Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0). [63]
Pt Surface
Pt(1 1 1)
Pt(1 1 0)
Pt(1 0 0)
a
b

jpeak
(mA cm−2 )

Epeak
(V)

3.63
10.11a
0.63b
1.97

0.68
0.72
0.88

First cycle.
10th cycle.

The second major diﬀerence between the facets is that only Pt(1 0 0) shows
significant hysteresis (i.e., current densities during the cathodic sweep are higher
than during the anodic sweep). The absence of hysteresis on Pt(1 1 1) and
Pt(1 1 0) indicate that fewer, or no poisons are formed on these crystal facets.
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Interestingly for Pt(1 1 0), when the low-potential limit of the voltammogram is
decreased from 0.24 to −0.01 V, less hysteresis occurs, and the product distribution changes. Specifically, the amount of product carbon dioxide decreases,
and the amount of product acetone increases. Consistent with the findings of
Sokolova, [39] Sun and Lin concluded that molecular adsorption of �-propanol
occurs at 0.24 V. They further proposed that the resulting unidentified adsorbate is the source of hystereses during the oxidation on Pt(1 1 0). Further,
this adsorbate enhances the production of carbon dioxide, and it inhibits the
production of acetone. They concluded that at potentials below 0.24 V the
unidentified species desorbs, freeing surface sites for �-propanol dehydrogenation, and lessening the hysteresis between the anodic and cathodic sweeps.
Further, this unidentified species appears to be linked with the formation of
carbon dioxide.
Previously, Housmans and Koper [50] demonstrated that the oxidative decomposition of methanol on platinum to form Pt−CO is enhanced by step edges.
Further, Lebedeva et al. [49] demonstrated that the rate of carbon monoxide
oxidation increased linearly with platinum step density. Step edges are more
active towards water oxidation, forming oxygen-containing species at lower
potentials than terraces. These oxygen-containing species are the oxygen source
during the oxidation of carbon monoxide to carbon dioxide. The lowered onset
potential for their formation on step edges, explains the linear relationship
between step density and activity towards carbon monoxide oxidation. Sun and
Lin [62] also studied the kinetics of acetone and carbon dioxide formation during
the oxidation of �-propanol on the stepped platinum surfaces, Pt(6 1 0) and
Pt(2 1 0). Table 1.8 summarizes the peak rates and potentials for the formation
of acetone and carbon dioxide.
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Table 1.8: Summary of the maximum kinetic rate of acetone and carbon dioxide
formation on various Pt terraces, and stepped single crystals electrodes. [62]

Surface
Pt(1 1 1)
Pt(1 1 0)
Pt(1 0 0)
Pt(6 1 0)
Pt(2 1 1)

peak
3
kC
−O × 10
(s−1 cm−2 )

Epeak (C−O)
(V)

peak
kCO
× 103
2
(s−1 cm−2 )

Epeak (CO2 )
(V)

1.50
10.40
0.96
12.83
26.04
8.06
25.73
5.09
5.65
8.65

0.30
1.00
0.40
1.00
0.60
0.90
0.60
1.10
0.50
1.00

6.12

0.90

1.54

1.10

4.06

1.00

7.95

1.00

2.13

1.10

According to the terrace-ledge-kink model, Pt(6 1 0) is viewed as a six
atom wide Pt(1 0 0) terraces with monoatomic Pt(1 1 0) steps, and Pt(2 1 0) is
viewed as a three atom wide Pt(1 1 1) terraces with monoatomic Pt(1 0 0) steps.
Contrary to the behaviour of methanol [50] and carbon monoxide, the activity
of stepped platinum surfaces towards the �-propanol does not scale with step
Pt(2 1 1)

density (i.e., kCO2

Pt(6 1 0)

< kCO2

). The activities of these stepped surfaces,
Pt(6 1 0)

Pt(1 1 0)

however, does closely resemble that of the terraces (i.e., kC−O � kC−O and
Pt(2 1 1)
Pt(1 1 1)
Pt(1 0 0)
the behaviour of kC−O is between kC−O and kC−O ). Further, in the case
of Pt(6 1 0), the step edges do appear to enhance the activity of the surface
towards carbon dioxide formation relative to Pt(1 0 0). This trend, however,
Pt(210)

Pt(1 1 1)

Pt(1 0 0)

does not apply to the Pt(2 1 0) surface (i.e., kC−O < kC−O or kC−O ).
The selectivity of these surfaces towards the formation of acetone vs. carbon
dioxide is determined by comparing the maximum values of kC−O and kCO2 .

As can be seen from Table 1.8, the ordering of kC−O and kCO2 as a function
of surface atomic arrangement is diﬀerent. It appears that the surface atomic

arrangement that is optimum for acetone formation may not be optimum for
carbon dioxide formation.
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1.3.3.2

Investigations of the nature and reactivity of adsorbed intermediates

The nature of the adsorbates formed during the oxidation of �-propanol was
first studied by Sumodjo et al. [71] The adsorbates were first formed at 0.35 V
for 10 mins. The electrolyte was then exchanged with a H2 SO4 electrolyte, and
the adsorbates were stripped by voltammetry. Sweeping the electrode in either
initial directions gives a peak at 1.12 V. The amount of charge transferred
during the stripping, however, decreases when the potential is swept in the
cathodic direction first. Thus the weakly adsorbed intermediates are susceptible
to reductive elimination at potentials below 0.35 V, while the strongly adsorbed
intermediate(s) remain on the electrode.
The charge required to oxidize the weakly- and strongly-bound intermediates
was used to study their relative predominance as a function of adsorption
potential. Table 1.9 summarizes the approximate distribution of these charges.
At adsorption potentials between 0.15 and 0.6 V, the charge for stripping the
strongly adsorbed intermediate is ca. 20–35% of the total charge. In contrast,
greater than 50% of the total charge is required to oxidize the strongly adsorbed
intermediates formed from n-propanol, 1,2-propandiol, and 1,3-propandiol. [71]
As the adsorption potential is increased, the amount of strongly adsorbed
intermediate increases at the expense of the weakly adsorbed intermediate.
In addition, the total oxidative stripping charge decreases as the adsorption
potential increases from 0.3 to 0.6 V. These results show most of the adsorbates
formed during the oxidation of �-propanol are weakly adsorbed, and that the
nature and distribution of the adsorbates is significantly influenced by the
adsorption conditions.
Pastor et al. [64] later investigated the chemical nature of the adsorbed
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Table 1.9: Charge required to oxidize the strongly and weakly adsorbed intermediates formed during the oxidation of �-propanol, as a function of adsorption
potential. [71]
Adsorption Potential
(V)

Qweak a
(mC cm−2 )

Qstrong a
(mC cm−2 )

%weak

0.15
0.20
0.25
0.30
0.35
0.40
0.45
0.50
0.55
0.60

0.31
0.38
0.38
0.38
0.36
0.34
0.32
0.29
0.26
0.24

0.08
0.09
0.10
0.11
0.13
0.13
0.14
0.15
0.14
0.13

79
80
79
78
73
72
70
66
65
65

a

Values are estimated from the curves published by
Sumodjo et al. [71]

intermediates using FTIR and DEMS. First, adsorbates were formed by
oxidizing �-propanol on a polycrystalline platinum electrode at either 0.25 or
0.35 V. During adsorption at 0.35 V, a residual current remains after five mins,
resulting from bulk electrolysis; no residual current is observed at 0.25 V after
two mins.
The intermediates formed were then stripped in a �-propanol free HClO4
electrolyte, and the products were analyzed by DEMS. The onset potential for
oxidation of the adsorbates is 0.55 V, and the volatile product is carbon dioxide.
As illustrated in Table 1.10, the stripping behaviour of the adsorbates formed
at 0.25 and 0.35 V is diﬀerent during the first anodic sweep. Specifically, carbon
dioxide production peaks at two potentials for adsorbates formed at 0.35 V,
and only at one potential for adsorbates formed at 0.25 V. Thus the number
and the nature of the adsorbates is potential dependent, with the appearance
of a second intermediate at higher potentials. During the first cathodic sweep,
after the anodic week and regardless of adsorption potential, a single carbon
dioxide peak is observed by DEMS, following the reduction of Pt−O, just as
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free platinum surface domains begin to appear.
Table 1.10: Potentials corresponding to peak carbon dioxide production rates
from the oxidation of adsorbates formed from �-propanol as a function of
adsorption potential. [64]
Epeak (CO2 )
Ead
(V)

Anodic sweep
(V)

Cathodic sweep
(V)

0.25
0.35

1.04
0.69
1.04

0.73
0.73

The chemical nature of the adsorbates formed was investigated with FTIR.
Using a flow-cell, such that the electrode potential could be continuously maintained while also avoiding its exposure to air, adsorbates were formed at 0.3 V,
and the electrolyte was then replaced with a �-propanol-free HClO4 electrolyte.
The adsorption potential was chosen in order to avoid significant contribution
of the oxidation and reduction processes discussed previously. A reference spectrum was collected, and the adsorbates were then oxidized at 1.5 V. IR bands
at 2962 and 1262 cm−1 were assigned to CH3 and C−OH moieties, respectively.
These bands are absent using s-polarized light, confirming that they result from
an adsorbed species. No bands consistent with carbon monoxide are observed.
Pastor et al. thereby concluded that adsorption at 0.3 V proceeds via cleavage
of the α-C−H bond to produce (CH3 )2 C∗ OH, consistent with the findings of
Sokolova, [39] and Sun and Lin. [62,63]
Similar to the findings of Sumodjo et al., [71] Pastor et al. [64] found that
cycling the adsorbates into the hydride region significantly reduces the stripping
charge; Table 1.11 summarizes these results. At potentials below 0.2 V propane
is detected by DEMS, and is consistent with a loss of an adsorbate and with
its dehydration. The preservation of the adsorbate’s C3 backbone during this
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process indicates that cleavage of the C−C bonds does not occur at potentials
below 0.35 V. This reduction to form propane is, however, more diﬃcult for
adsorbates formed at 0.35 V than at 0.25 V.
Table 1.11: Changes in adsorbate coverage, and stripping behaviour, as a
function of incursion into the surface hydride potential region. [64]
Adsorption
potential
(V)

Number of
sweeps in
Pt−H region

Anodic CO2
peak potential
(V)

Total
stripping charge
(C)

0.25

0
4

3.85
0.75

0.35

0

1.04
0.66
1.04
0.69
1.04
0.65
1.03
0.67
1.04

4
10

3.03
1.05
0.92

In summary of the above investigations, the most complete mechanism
for the oxidation of �-propanol over platinum catalysts in acid was proposed
by Pastor et al. [64] (Scheme 1.5). A similar mechanism was proposed by Sun
and Lin. [63] Firstly, �-propanol is destructively chemisorbed onto platinum via
cleavage of the α-C-H bond to form (CH3 )2 C∗ OH. Once adsorbed, the oxidative
mechanism diverges into parallel pathways; the dominant pathway is dictated by
the coverage of the platinum surface by adsorbed hydrogen. At high coverages
of Pt-H, hydrogenolysis to produce either (CH3 )2 C∗ or (CH3 )2 C∗ H must be
considered. These σ-bound adsorbates are highly susceptible to reductive
elimination in the presence of Pt-H, generating propane as the product of their
reduction.
At higher potentials, i.e., lower Pt-H coverage, dehydrogenation of adsorbed
(CH3 )2 C∗ OH forms acetone that is adsorbed on the surface via a π-bonding
interaction. This intermediate can desorb from the surface, giving acetone
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as the oxidation product. Pastor et al. [64] proposed that η 2 -(CH3 )2 CO is the
adsorbate that remains of the electrode surface after cycling the electrode in
the hydride region. Indeed, the adsorbates formed at higher potentials are more
diﬃcult to reduce than those formed at lower potentials (Table 1.11), and it is
expected that the dehydrogenation of (CH3 )2 C∗ OH should be favoured over
its hydrogenolysis as the adsorption potential is increased, as a result of the
decreasing coverage of adsorbed hydrogen. It should be noted that the absence
of a ketone absorption band in the IR spectra can be explained for η 2 -(CH3 )2 CO,
as only IR stretching modes that have a component that is perpendicular to the
surface are IR active. [72] All of the adsorbed species: (CH3 )2 C∗ OH, (CH3 )2 C∗ ,
(CH3 )2 C∗ H, and η 2 -(CH3 )2 CO can potentially be oxidized to carbon dioxide in
the presence of adsorbed oxygen-species; however, the pathway to form carbon
dioxide is, at this time, unknown.
In contrast to the results of Pastor et al., Gootzen et al. [73] observed a
small Pt−CO IR absorption band at 2010 cm−1 for adsorbed formed from the
oxidation of �-propanol. In their study, �-propanol was adsorbed onto a rough,
electrodeposited-platinum electrode at 0.4 V, and then a reference IR spectrum
as collected in a �-propanol free HClO4 electrolyte. The adsorbates were either:
1) stripped voltammetrically, between 0 and 1.4 V, by sweeping in the anodic
or cathodic direction first, and collecting the resulting DEMS spectrum of
the oxidized products, or 2) oxidized at 1.4 V, and collecting the resulting IR
spectrum upon returning the electrode to the adsorption potential.
Consistent with the previously discussed reports, [64,71] oxidation peaks at
0.65 and 1.02 V were observed during the stripping of the adsorbents, and
both give carbon dioxide mass signals in DEMS. In contrast with Pastor
et al., Gootzen et al. proposed that the oxidative peak at 0.65 V was due to
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Scheme 1.5: Generally accepted mechanism for the oxidation of �-propanol
over platinum catalysts. [64]
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the oxidation adsorbed carbon monoxide to carbon dioxide. This conclusion,
however, appears to be inconsistent with the single crystal studies reported
by Sun and Lin [62] (Table 1.8, p.37), as this peak appears to result from the
production of acetone. Sweeping the electrode in the cathodic direction results
in a loss of adsorbates, and the formation of propane and propene; no ethane,
ethene, or methane was observed which is consistent with the retention to the
C3 backbone of the adsorbate.
The average number of electrons required to produce carbon dioxide from
the adsorbates, as quantified by DEMS, was found to be 3.8
the anodic direction first, and 5.2

e−
CO2

e−
CO2

when swept in

when swept in the cathodic direction. The

fact that more electrons are required to oxidize the adsorbents upon sweeping
to potentials below 0.4 V indicate that the adsorbents are, at least partially,
susceptible to reductive hydrogenation. On the basis of their experimental

e−
,
CO2

Gootzen et al. [73] proposed that their adsorbates have either C3 HO or C3 H2 O
molecular formulas. These adsorbates are similar to those proposed by Pastor
et al., in that they have retained the C3 backbone, but they are significantly
more dehydrogenated. Although it was not mentioned by Gootzen et al., 5.2
e−
CO2

is close to what is expected for the oxidation of acetone (5.7

e−
).
CO2

It is

reasonable to conclude that the degree of protonation of the adsorbed species
is potential dependant.

1.4

Direct alcohol Fuel Cells

As previously discussed in §1.1.3, the high energy density of alcohols is
one of the largest motivations for the development of a DAFC. The eﬃciency
(§1.2) at which this chemical energy is transformed into electrical power is
contingent on the mechanism of its oxidation, or more specifically its reaction
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kinetics (§1.2.3). As discussed in §1.3, the mechanisms of oxidation for the
simplest monohydric alcohols — methanol, ethanol, and �-propanol — using
platinum as a catalyst diﬀer significantly. This section cannot hope to envelope
the richness and diversity of the DAFC literature; rather, it will highlight a
few comparative studies of DAFCs when operated on these three model fuels
under comparable conditions. Moreover, subtle diﬀerences in the electrolyte,
electrode composition, and operating conditions can have large influences on the
operating characteristics of a DAFC, and makes comparison between reports
challenging. The interested reader, however, is directed to a few recent and
comprehensive reviews on the topic. [74–77]
Aricò et al. [78] reported a comparison between their methanol and ethanol
in a FC using a composite membrane, a platinum-ruthenium anode, and
operating at 145 ◦ C. The maximum power density of the Direct Methanol
Fuel Cell (DMFC) was twice that of the Direct Ethanol Fuel Cell (DEFC)
(110 mW cm−2 versus 240 mW cm−2 ). Further, the cell potential at peak power
was ca. 0.1 V higher in the case of ethanol, denoting that the oxidation was more
eﬃcient for methanol. Methanol was completely oxidized to carbon dioxide,
and ethanol was oxidized to a mixture of carbon dioxide, and a small amount of
acetaldehyde. This product distribution is quite diﬀerent from that reported by
Wang et al. [79] using either platinum or platinum-ruthenium, who found that
their major product was acetaldehyde. It was proposed that the diﬀerences in
the product distribution resulted from diﬀerence in the alcohol:water ratios;
Aricò et al. [78] used a mole ratio of 53:1, and Wang et al. [79] ratios between two
and five. Wang et al. found that increasing the water:ethanol ratio increases
the yield of carbon dioxide, from 19.5 to 32.1%. Aricò et al. proposed that
the high selectivity of their fuel cell operating on ethanol resulted from the
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low ethanol content of the fuel, and that the low performance of their DEFC
resulted from the formation of strongly adsorbed intermediates that hindered
the reaction.
The rate of alcohol crossover through the membrane was studied by Song
et al. [80] for the DMFC and the DEFC. Crossover [81] of fuel from the anode
to the cathode results in cell depolarization, loss of fuel by evaporation at the
cathode. The rate of crossover is known to increase with temperature, with
concentration of alcohol in the fuel stream. In order to avoid the negative
eﬀects resulting from fuel crossover, dilute fuel solutions in water are generally
used. This dillution of the fuel, however, decreases the volumetric energy
content of the fuel mixture. Song et al. found that ethanol was less susceptible
to crossover than methanol, however, the DMFC performance was higher than
the DEFC. The low performance of the DEFC was attributed to activation
losses from the oxidation of ethanol.
Somewhat conflicting results appear for the use of �-propanol in a fuel
cell. For example, Wang et al. found that ethanol performed better than
�-propanol at 170 ◦ C when using a platinum-ruthenium anode catalyst, while
Cao and Bergens [82] found that their fuel cell operated at higher potentials
(i.e., electrical eﬃciencies) when operated on �-propanol than when operated
on methanol. Similar performance characteristics were reported by Qi and
Kaufman. [83,84] The performance of the Direct �-propanol Fuel Cell (D2PFC)
showed promisingly high voltage eﬃciencies at peak power, with values of 60%
for �-propanol, and 30% for methanol. The peak power density of the D2PFC,
however, was 75% that of the DMFC.
In addition to the high eﬃciency of the D2PFC, the crossover of �-propanol
was also found to be less than methanol under comparable conditions. [82,84] For
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example, Qi and Kaufman quantified the rate of �-propanol crossover and found
that it was

1
7

that of methanol crossover. The low rate of �-propanol aﬀords

the use of higher concentrations of �-propanol in the fuel mixture, increasing
it’s gravametric energy density. Promisingly, a D2PFC operating on 100%
�-propanol that achieved good performance has been reported. [83]

1.5

Research Proposal

As discussed thus far, the mechanisms for the oxidation for methanol,
ethanol, and �-propanol diﬀer significantly from one another. The eﬃciency of
a fuel cell operating on these fuels is highly influenced by the mechanism of
oxidation. As will be discussed in more detail in the following chapters, the
oxidation of alcohols and the reduction of oxygen is enhanced in alkaline media
(see Chapter 2). This enhancement in the rate of reaction should enhance the
eﬃciency of the fuel cell. Further, the lack of carbon monoxide during the
oxidation of �-propanol is an attractive result, and has been used to explain
the high activity of the D2PFC. [82,84]
My research mission is, first, to compare the activity of platinum towards the
oxidation of �-propanol in acidic and alkaline electrolytes and to determine if any
kinetic advantages do indeed exist for �-propanol in base. Further, the activity
of this system will be compared with that of methanol. This investigation will
then be extended to a real prototype ADAFC, as a proof-of-concept study for
comparison with other ADAFC systems.
Little is known about the reaction mechanism of �-propanol in base, nor
about what metals promote the reaction. My second goal will be to conduct
a survey of commercially available platinum and platinum-ruthenium alloy
catalysts, and compare their real activities in alkaline electrolyte (i.e., nor47

malized to the active area of the catalyst). Additionally, platinum-ruthenium
adatom catalysts that have controlled ratios of platinum and ruthenium on the
surface will also be evaluated to see the eﬀects of surface ruthenium on the
rate of �-propanol oxidation. Detailed kinetic studies of these catalysts will be
described, in hopes to clarify some of the uncertainties in the rate determining
step during the oxidation of �-propanol to acetone. Such knowledge is necessary
if rational design of FC catalysts for the oxidation of �-propanol is ever to be
realized.
The final stage of this investigation was to tie together the kinetic studies
performed in the three-electrode configuration, and correlate these results
with the activity of platinum-ruthenium adatom catalysts within an operating
Alkaline Direct 2-Propanol Fuel Cell (AD2PFC). The goal was a proof-ofconcept study, to see if the conclusion reached during the three-electrode
investigations can be extended to a real operating FC.
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Chapter 2
Oxidation of �-propanol in
alkaline electrolytes using
platinum catalysts∗
2.1

Introduction

As discussed in §1.3, the proposed mechanisms for the oxidation of methanol,
ethanol, and �-propanol diﬀer substantially, and they are sensitive to the surface
atomic arrangement of the catalyst. The following chapter will discuss how these
reactions proceed in an alkaline electrolyte. In order to facilitate comparisons
between the oxidations in base and in acid, all potentials in this chapter will
be reported on the Reference Hydrogen Electrode (RHE) scale. This scale is
pH dependent, as shown in equation 2.1.
0
ERHE
= −0.0592 V × pH
∗

(2.1)

A version of this chapter had been previously published:
Markiewicz, M.; Hebert, D.; Bergens, S., Electro-oxidation of 2-propanol on platinum in
alkaline electrolytes. J Power Sources 2006, 161 (2), pp. 761–767
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2.1.1

Methanol oxidation in base

Similar to the oxidation of methanol in acidic electrolyte, the oxidation
of methanol in alkaline electrolytes produces carbon monoxide as a surface
stable poison. [2–5] The oxidation of carbon monoxide in alkaline electrolytes
has been recent reviewed, [6] and will not be discussed in detail here. The
oxidation of methanol is faster, however, in alkaline electrolytes. [5] In fact,
the onset potential [7] is 0.2 V lower, and the rate is enhanced [8] by a factor of
30. It is generally accepted that this enhancement results from the absence
of poisoning species other than carbon monoxide, [9] and ubiquitous adsorbed
hydroxide that facilitates its oxidation. [10,11] At elevated potentials, sites that
would otherwise be catalytically active are blocked by strongly bound oxygen
species. [7,12,13] This inhibition at high potentials is stronger in base than in acid.
To investigate the catalytic oxidation of methanol in alkaline electrolytes under
well defined conditions, the following discussion will focus on investigations
using single crystal electrodes. Although these surfaces are an idealized model
of the catalysts used in the Direct Alcohol Fuel Cell (DAFC), strong correlations
between their activity, and the activity of actual DAFC catalysts, have been
reported. [14]
The oxidation of methanol on single crystal electrodes has been studied by
voltammetry [3,11–17] and Fourier Transform Infrared Spectroscopy (FTIR). [3]
These investigations propose that, similar to the oxidation of methanol in
acid, the oxidation of methanol in base proceeds through the dual pathway
mechanism (Scheme 1.2, p. 24). Indeed, Morallon et al. [3] found that formate
is the major oxidation product, leading to the conclusion that the direct
pathway, through weakly adsorbed intermediates, predominates over the carbon
monoxide forming pathway. [12] The onset potential for the formation of formate
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is 0.47 V on Pt(1 1 0) and Pt(1 0 0), and 0.7 V on Pt(1 1 1). The onset of carbon
dioxide formation is 0.72 V, and results from the oxidation of adsorbed carbon
monoxide and from the oxidation of formate. The rate of oxidation is enhanced
by platinum steps, [14] which is believed to result from their higher activity
towards to adsorption of oxygen species, resulting in “well balanced coverage[s]
by methanol and [adsorbed hydroxide]”. [14] By this the authors mean that the
steps provide the adsorbed oxygen species necessary to oxidize the intermediates
formed during the oxidation of methanol to carbon dioxide.
The oxidation of methanol to carbon dioxide in an alkaline medium will
inevitably result in carbonation of the electrolyte through equation 2.2.
−
− −
2−
−−
�
−
�
CO2 + 2 OH− �
−
− HCO3 + OH �
−
− CO3 + H2 O

(2.2)

The influence of (bi)carbonate on the oxidation of methanol was investigated by
Tripković et al. [15–17] using voltammetry. Table 2.1 summarizes the activity of
Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0) as a function of the base electrolyte. Similar
to findings of Herrero et al. [18] in acid (Table 1.3, p. 25), Tripković et al. found
that Pt(1 1 0) is the most active in base. The activity of the Pt(1 1 1), however,
shows the highest enhancement in base.
A clear decrease in the peak current density is observed in (bi)carbonate
electrolytes, relative to hydroxide, indicating an inhibitory eﬀect. The voltammograms of the base electrolyte shows that (bi)carbonate inhibits the formation
of adsorbed hydroxide, and that the rate of methanol oxidation at 0.55 V is linearly dependent on the coverage of the surface by weakly bound hydroxide. [17]
These two dependencies provide convincing evidence that (bi)carbonate inhibits
the oxidation of methanol by decreasing the amount of surface hydroxides.
This inhibition has been proposed as the source of the reduction in the current
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Table 2.1: Peak current density, and potential, for the oxidation of methanol over
Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0) as a function of electrolyte composition. [15–17]
Anodic
Surface

Electrolyte

Pt(1 1 1)

0.1 mol dm−3
0.1 mol dm−3
0.1 mol dm−3
0.1 mol dm−3

Pt(1 1 0)

NaOH
NaHCO3
Na2 CO3
NaOH

0.1 mol dm−3 NaHCO3
Pt(1 0 0)

0.1 mol dm−3 Na2 CO3
0.1 mol dm−3 NaOH
0.1 mol dm−3 NaHCO3
0.1 mol dm−3 Na2 CO3

Cathodic

Epeak
(V)

jpeak
(mA cm−2 )

Epeak
(V)

jpeak
(mA cm−2 )

0.90
0.75
0.83
0.55
0.95
0.85
1.05
0.85
0.73
0.76
0.68
0.74
0.71
0.77

10.67
0.49
2.32
1.45
11.68
1.03
1.07
5.28
2.59
2.92
0.60
0.40
1.47
1.58

0.86
0.75
0.83
0.59
0.74
0.77

7.79
0.37
1.66
0.76
0.87
0.40

0.71
0.65
0.71
0.72

1.38
2.06
2.87
0.41

0.69

1.14

density observed during the oxidation of methanol in carbonate electrolytes.
Forced convection methods have shown [19] that the product selectivity
(i.e., carbonate vs formate) is changed in carbonate electrolytes. Specifically,
Rotating Disk Electrode (RDE) experiments using a polycrystalline platinum
electrode showed that the voltammetric response is highly influenced by the
rate of electrode rotation. Higher rotation rates remove solution phase products
(such as carbonates and formic acid) from the electrode/electrolyte interface,
and supply it with methanol. During the cathodic sweep, the oxidation peak
immediately following the reduction of platinum oxides is proportional to the
amount of carbon monoxide on the catalyst. The ratio of the peak heights
during the anodic and cathodic sweeps can therefore be used as a measure
of the indirect pathway through carbon monoxide, versus the direct pathway
through formic acid. As would be expected from increased diﬀusion, faster
rotation rates increase

jpeak, anodic
;
jpeak, cathodic

however, this ratio is lower in carbonate

electrolytes. This lower ratio indicates that carbonates increase the prevalence
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of the indirect pathway, through carbon monoxide.

2.1.2

Ethanol oxidation in base

The oxidation of ethanol in alkaline electrolytes is also enhanced [20,21] relative
to its oxidation in acid. Similar to the oxidation of ethanol in acid (§1.3.2),
Lopez-Atalaya et al. [22] found that acetate is the main solution phase product
in base, and that carbon monoxide is a surface poisoning intermediate. It
should be noted that the formation of acetaldehyde should not be discarded as a
possible intermediate, as it is known to readily convert into the geminal diol [23]
in alkaline solutions. This diol has been proposed [20] as an intermediate during
the formation of the acetate product. High Pressure Liquid Chromatography
(HPLC) studies found [24] small amounts of acetaldehyde; however, the amount
of acetaldehyde formed is significantly less than acetate.
Morin et al. [21] found that Pt(1 1 0) is the most active crystal face for the
oxidation of ethanol in alkaline electrolytes (Table 2.2). The trends in activity
are similar to those reported by Xia et al. [25] for the oxidation of ethanol in
acidic electrolyte (§1.3.2). The rate of oxidation over Pt(1 1 1) and Pt(1 1 0),
however, is significantly enhanced in base. Pt(1 0 0) is slightly less active in
alkaline electrolytes, initially, but its activity does not decay as significantly in
base. A similar trend in activity was reported by Lai and Koper. [26]
The amount of adsorbates formed in an alkaline electrolyte was rigorously
investigated by Lopez-Atalaya et al. [22] Subtractively Normalized Interfacial
Fourier Transform Infrared Spectroscopy (SNIFTIR) identified carbon monoxide
as a poisoning species, indicating that the carbon-carbon bond is cleaved during
their production. The quantity of the adsorbates changes with the arrangement
of the platinum surface atoms, indicating that the cleavage of the carbon-
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Table 2.2: A comparison of the activity of Pt(1 1 1), Pt(1 1 0), and Pt(1 0 0) toward the oxidation of ethanol (0.1 mol dm−3 ) in acidic and basic electrolytes. [21]

Surface

Sweep Number

Pt(1 1 1)

1
2
5
1
2
5
1
2
5

Pt(1 1 0)

Pt(1 0 0)

0.15 mol dm−3 NaOH

0.1 mol dm−3 HCIO4

Epeak
(V)

jpeak
(mA cm−2 )

Epeak
(V)

jpeak
(mA cm−2 )

0.87

25.5
15.5
4.8
34.0
15.1
8.0
4.6
4.2
3.6

0.45

1.5
0.6
0.4
3.8
2.1
1.4
6.2
4.2
2.8

0.82

0.71

0.74

0.73

carbon bond is surface structure sensitive. Table 2.3 summarized the charges
associated with the oxidative stripping of these adsorbates, formed at 0.3 V for
2 min in either a hydroxide or a (bi)carbonate electrolyte, and also includes
the voltammetric activity of these surfaces towards the oxidation of ethanol.
As can be seen from the stripping charges, Pt(1 0 0) is the most active towards
the cleave of the carbon-carbon bond in either electrolyte. With the exception
of Pt(1 0 0), carbonates do not appear in significantly influence the amount of
adsorbed carbon monoxide formed during the oxidation of ethanol.
Table 2.3: Stripping charge associated with adsorbate formed on Pt(1 1 1),
Pt(1 1 0), and Pt(1 0 0) at 0.3 V for 2 min. [22]
0.1 mol dm−3 Na2 CO3

0.1 mol dm−3 NaOH

Surface

Qstrip
(µC cm−2 )

Epeak
(V)

Qstrip
(µC cm−2 )

Epeak
(V)

Pt(1 1 1)
Pt(1 1 0)
Pt(1 0 0)

170.0
113.3
191.6

0.78
0.69
0.64
0.74

152.4
109.3
265.4

0.80
0.67
0.62
0.99

Lai and Koper used Surface Enhanced Raman Spectroscopy (SERS) to study
the intermediates formed during the oxidation of ethanol on stepped platinum
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surfaces with the Pt[n(1 1 1) × (1 1 0)] structure type. It was found that the
oxidation of partially dehydrogenation C1 intermediates (CHx , 3 ≤ x ≥ 0) plays
a significant role on the overall rate of the oxidation of ethanol. Specifically, the
low activity of Pt(1 1 1) relative to Pt(1 1 0) was found to result from diﬀerence
in the activity of these surfaces towards the oxidation of CHx fragments. In
fact, it was found that the oxidation of CHx fragments to carbon monoxide
occurs at potentials that are nearly 0.45 V higher on Pt(1 1 1), and it is slower
than to the oxidation of carbon monoxide to carbon dioxide. The current
densities obtained using stepped surfaces, Pt(5 5 3) (n = 4), Pt(5 5 4) (n = 9)
and Pt(15 15 14) (n = 29), were more stable than Pt(1 1 1), presumably due
to an increase in the rate of the oxidation of CHx fragments (i.e., less CHx
accumulates on the stepped surfaces). Additionally, increasing the density
of the step lowers the onset potential for the oxidation of ethanol. Pt(1 1 1)
also formed the least amount of C1 intermediates, indicating that step edges
are more active than the Pt(1 1 1) terrace planes towards carbon-carbon bond
cleavage.

2.1.3

2-Propanol oxidation in base

Since the original publication date of the paper that this chapter is based on
(2006), several new investigations on �-propanol oxidation over platinum have
been reported. In keeping with the structure of the discussion, however, only
studied on single crystals, the diﬀerences between acidic and basic electrolytes,
and product distribution, will be discussed here. The use of catalysts other
than pure platinum will be discussed in Chapter 4.
Table 2.4 summarizes the voltammetric activity of Pt(1 1 1), Pt(1 1 0),
and Pt(1 0 0) towards the oxidation of �-propanol in acidic and alkaline elec-
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trolytes. [27] Contrasting methanol and ethanol, the oxidation of �-propanol
gives higher peak currents in acidic media. The onset potential and the peak
current potential, however, occur at lower potentials in alkaline electrolytes.
The magnitude of the hysteresis is also less in alkaline electrolytes, indicating
that fewer surface poisons are formed in alkaline electrolytes.
Table 2.4: Peak current density, and potential, for the oxidation of �-propanol
over single crystal electrodes as a function of electrolyte composition and surface
structure. [27]
Anodic

Cathodic

Surface

Electrolyte

Eonset
(V)

Epeak
(V)

jpeak
(mA cm−2 )

Epeak
(V)

jpeak
(mA cm−2 )

Pt(1 1 1)
Pt(1 1 0)

0.5 mol dm−3 NaOH
0.5 mol dm−3 H2 SO4
0.5 mol dm−3 NaOH

0.53
0.21
0.19

—
4.1
1.3
1.0

Pt(1 0 0)

0.35
0.32

0.5 mol dm−3 H2 SO4

0.42

18.0
4.2
1.3
2.0
2.5
6.2
1.2
0.4
—

—
0.41
0.44
0.68

0.5 mol dm−3 H2 SO4
0.5 mol dm−3 NaOH

0.9a
0.41
0.35
0.53
0.73
0.67
0.54
0.76
—

0.69
0.54
0.76
0.72
0.88

11.5
1.2
0.2
2.3
4.6

a

Not a true peak, but rather the maximum observed current.

Santasalo-Aarnio et al. [24] studied the products formed during the oxidation
of �-propanol by HPLC. Acetone is the only product observed; however, the
use of an acidic eluent may have resulted in the loss of (bi)carbonates from the
analyte. In situ FTIR studies [28] have shown adsorption bands indicative of
carbonates at potentials exceeding 1.4 V† .
This chapter will describe a comparison of the oxidation of �-propanol in
acidic and in alkaline electrolytes, and compares this activity to that of methanol.
Particular emphasis is placed on chronoamperometric oxidations, such that
the steady-state rate of these reactions can be more equitably compared under
†

Note: This value does seem to be unusually high. The authors originally cite 0.4 V vs
SCE, in a 0.1 mol dm−3 NaOH electrolyte. 1.4 V vs RHE is calculated assuming pH = 13,
and therefor RHE(0.1 mol dm−3 NaOH) = -1.014 V vs SCE.
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conditions which are more representative of operating fuel cells. Further, the
influence of acetone on the rate of �-propanol oxidation was investigated. The
goal of this investigation is to investigate if any significant catalytic enhancement
for the oxidation of �-propanol occurs in alkaline electrolytes, under conditions
that represent an operating fuel cell more accurately (i.e., steady-state power
generation).

2.2
2.2.1

Experimental
General

Nitrogen (Praxair, prepurified), NaOH (Alfa Aesar, 99.99%, semiconductor grade), H2 SO4 (Alfa Aesar, 99.9999%), H2 O2 (EM Science, ACS Grade),
H2 PtCl6 ·6 H2 O(Alfa Aesar, 99.9 % metal basis), and platinum gauze (Alfa
Aesar, ca. 25 × 25 mm, 52 mesh woven from 0.1 mm diameter wire, 99.9%
metal basis) were used as received from supplier. The water was deionized,
distilled, and distilled again from alkaline KMnO4 (Fisher Scentific) before
use. Methanol (Fisher, ACS grade) was distilled over Mg(OMe)2 , �-propanol
(Fisher Sci- entific, suitable for electronic use) was freshly distilled, and acetone
(Caledon, ACS grade) was distilled over molecular sieves (Caledon, 3Å) before
use.
Electrochemical experiments were performed in a typical three-electrode
glass cell using an EG&G Princeton Applied Research Potentiostat/Galvanostat
(model 273) controlled with the supplied EG&G PAR electrochemistry software. Electrolytes were purged with nitrogen for 15 min prior to measurements,
and protected by a nitrogen atmosphere at bubbler pressure during experiments. The counter electrode was a blacked platinum gauze behind a 10 µm
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sintered glass frit, and the working electrode was the same without the glass
frit. Figure 2.1 illustrates this setup. The preparation of these blacked gauzes
is described below. The openings to the electrochemical glass cell were sealed
using septa that had been extracted with toluene and punched with holes
to fit the electrodes/frit. The electrochemical cell was equipped with a dry
ice/acetone condenser to minimize loss of �-propanol by evaporation. A constant temperature bath (IKA Labortenchnik, RCT basic) equipped with a
temperature probe/controller (IKA Labortechnik, ETS-D4 fuzzy) was used to
maintain the cell temperature at 60 ◦ C.

2.2.2

Preparation and characterization of the electrodes

The working and counter electrodes were prepared by first cleaning a
platinum gauze with 1% H2 O2 , followed by platinum deposition from 2 wt.%
H2 PtCl6 ·6 H2 O in 1 mol dm−3 HCl at 0.050 V versus Normal Hydrogen Electrode
(NHE) for 3 h, with stirring.
The active area of the electrode was determined daily, using the method
of Biegler et al. [29] Specifically, using a voltammogram recorded in 1 mol dm−3
H2 SO4 , the charge associated with the formation of a HUPD monolayer (QH )
was determined by integrating the area between the double layer region, and
the onset of hydrogen evolution. Figure 2.2 illustrates this region of the
voltammogram. The fractional coverage (fs ) is assumed to be 0.77, and the
charge associated with the monolayer (QAp ) is assumed to be 210 µC cm−2
(i.e., the atomic packing density is 1.51 × 1015 atoms cm−2 ). Equation 2.4 was
then used to determine the real number of surface atoms, and to normalize the
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Figure 2.1: Illustration of the three-electrode setup used for the characterization
of the electrochemical activity of platinum gauzes. Note that the reference
electrode was placed a close as possible to the working electrode, and that the
reference hydrogen electrode was prepared using the supporting electrolyte
without any alcohol. The dry ice/acetone condensor, and the temperature bath
have been omitted for clearity.
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reported current densities.

Areal =
nPt

surface

=

QH
fs × QAp

QH
74.334 × 103 C mol−1
surface

(2.3)
(2.4)

Figure 2.2: Voltammogram of a blacked platinum gauze in 1 mol dm−3 H2 SO4 ,
illustrating the HUPD potential region used for the determination of the electrode’s real area.
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2.2.3

Electrochemical oxidations

All potentials were recorded versus a RHE made from the alcohol-free
supporting electrolyte. All potentials are also reported versus this RHE, unless
stated otherwise. Current densities were normalized to the active area of the
electrode, measured daily. Measurements are not iR compensated.
Cyclic voltammetry and chronoamperometry was performed using the setup
described in §2.2.1. Prior to each experiment, the working electrode was conditioned at 1.2 V for 60 s, and then at −0.1 V for 60 s. The potential limits
of the cyclic voltammograms are discussed in the text. Chronoamperometry
experiments were performed for a duration of 15 min; sampled current voltammograms were constructed from the chronoamperometry data by averaging the
last 5 s of the experiment, and plotting the resulting value against the applied
potential.

2.3

Results and discussion

Figure 2.3 shows the voltammogram of a blackened platinum gauze obtained
in the presence of �-propanol in 0.5 mol dm−3 NaOH electrolyte at 60 ◦ C. The
figure also shows the voltammogram obtained without �-propanol. All currents
reported in this paper are normalized to the real surface area of the platinum
electrode measured before the experiment. The voltammetric response in the
absence of �-propanol is typical of polycrystalline platinum in NaOH. The
hydride region of the stabilized voltammogram obtained in the presence of
�-propanol retains elements of structure that are present in its absence. This
similarity in structure indicates that the hydride region is not significantly
poisoned by repeated sweeps with �-propanol in alkaline electrolyte over the
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period of these experiments. The currents in the hydride regions of the anodic
and cathodic sweeps are higher, however, in the presence of �-propanol. This
increase of current in the hydride region shows that the oxidation of �-propanol
occurs at these low potentials. There is also a significant, rapid increase in
current for the oxidation of �-propanol in the cathodic sweeps that occurs
when the oxides are reduced from the surface. This rapid increase in current
during the cathodic sweep shows that surface oxides impede the oxidation.
This property is a well-known phenomenon for most reported oxidations of
alcohols over platinum in acidic or basic electrolytes, as has been discussed
previously (see §§1.3 and 2.1).
Figure 2.4 shows the stabilized voltammograms obtained with 1, 2, 3,
and 4 mol dm−3 solutions of �-propanol in 1 mol dm−3 NaOH. Attempts to
use higher concentrations of �-propanol were prevented by the formation of
biphasic electrolyte mixtures. Increasing the concentration of �-propanol
resulted in an increase in current in the hydride-, double layer-, and oxide
regions of the voltammograms. The shapes of the voltammograms did not
change significantly upon increasing the �-propanol concentration. A second
oxidation peak did appear, however, centred at ca. 0.93 V in the cathodic sweeps
when the concentration of �-propanol was increased from 1 to 2 mol dm−3 or
higher. The origins of this new peak are unclear at this time, but may be
associated with a carbon dioxide precursor.
Figure 2.5 shows the stabilized voltammograms obtained in 0.5, 1, and
3 mol dm−3 solutions of NaOH in 1 mol dm−3 �-propanol. Increasing the hydroxide concentration from 0.5 to 3 mol dm−3 decreased the current for the oxidation
in the oxide region of the voltammogram.Increasing the hydroxide concentration
did not change the current in the hydride region to the extent that it decreased
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Figure 2.3: Stabilized cyclic voltammograms of a blacked platinum gauze in
0.5 mol dm−3 NaOH (– –), and 1 mol dm−3 �-propanol in 0.5 mol dm−3 NaOH(—
). T = 60 ◦ C, v = 5 mV s−1 .
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Figure 2.4: Stabilized cyclic voltammograms of a blacked platinum gauze in
1 (blue), 2 (red), 3 (green), and 4 mol dm−3 (cyan) �-propanol in 1 mol dm−3
NaOH. T = 60 ◦ C, v = 5 mV s−1 .
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the current in the oxide region of the voltammogram. Increasing the hydroxide
concentration did, however, change the relative peak heights in the hydride
region of the anodic sweeps. Specifically the second oxidation peak at lower
potentials increased relative to the first peak at high NaOH concentrations.
These diﬀerences in response to hydroxide concentration indicate that the
oxidation of �-propanol in the hydride region occurs by a diﬀerent mechanism
than the oxidation in the oxide region. Chronoamperometric oxidations of
�-propanol were carried out over platinum in base to further investigate this
system under conditions that better approximate an operating fuel cell.
Figure 2.6 shows the current-time plot for the chronoamperometric oxidations of �-propanol in 1 mol dm−3 NaOH at a few selected potentials. The
platinum was conditioned before each oxidation by holding the potential at
1.2 V for 1 min, then at −0.1 V for 1 min, followed by a jump to the desired
potential. After the jump to the desired potential, there typically occurred an
initial, rapid decrease in current followed by a region of more stable currents
that decreased slowly during the remainder of the oxidation. The oxidation
of �-propanol occurred even at 0.1 V. Further, comparison of the stabilized
current at increasing potentials reveals an unexpected and substantive current
maximum that occurred at low potentials. Figure 2.7 shows the sampled current
voltammogram, measured at 15 min, that shows the large current maximum
centred at approximately 0.17 V, and ranging from approximately 0.17 to 0.3 V.
To the best of my knowledge, no such maximum in stabilized current at low
potentials has been reported previously for the chronoamperometric oxidation
of an alcohol over a platinum-based catalyst. For comparison, Figure 2.7 also
shows the sampled current voltammogram for the oxidation of methanol under
identical conditions. As is typical for alcohols, the oxidation of methanol
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Figure 2.5: Stabilized cyclic voltammograms of a blacked platinum gauze in
1ṁol dm−3 �-propanol in 0.5 (—), 1 (– –), and 3 mol dm−3 (– · –) NaOH. RHEs
were prepared with the corresponding NaOH electrolyte. T = 60 ◦ C, and
v = 5 mV s−1 .
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produces only negligible stabilized currents at low potentials.

Figure 2.6: Current vs. time plot for the oxidation of 1 mol dm−3 �-propanol
in 1 mol dm−3 NaOH over a blacked platinum gauze at 0.1 (—), 0.162 (– –),
0.25(–·–), and 0.55 V (· · · ). T = 60 ◦ C.
The current maximum at low potentials confirms the evidence from the
cyclic voltammetry experiments that at least two mechanisms operate in
basic electrolytes. One mechanism predominates at low potentials, while the
other, or perhaps both, mechanisms operate at higher potentials. Figure 2.7
also shows plots of the stabilized current versus potential in 1, 2, 3, and
4 mol dm−3 �-propanol. Increasing the concentration of �-propanol from 1
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Figure 2.7: Current at the end of a 15 min oxidation vs. potential for 1 (◦), 2
(�), 3 (�), and 4 mol dm−3 (�) �-propanol in 1 mol dm−3 NaOH over a blacked
platinum gauze. 1 mol dm−3 methanol (×) in 1 mol dm−3 NaOH is supplied for
comparison. T = 60 ◦ C.
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to 4 mol dm−3 increased the current maximum at low potentials by a factor
of ca. 2.4. This substantial increase in current shows that the oxidation at
potentials below, or near the current maximum is not limited by saturation
kinetics over this concentration range of �-propanol. That the oxidation is
not limited by saturation kinetics in �-propanol at low potentials, and that
the low-potential current maximum is quite large, both show that �-propanol
and the intermediates involved in its oxidation in this potential range do not
strongly poison platinum. As would be expected if diﬀerent mechanisms were
in operation, the increases in current with the concentration of �-propanol were
less at higher potentials than they were at low potentials.
Figure 2.8 shows the sampled current voltammograms for the oxidations of
1 mol dm−3 �-propanol in 0.5, 1, and 3 mol dm−3 solutions of NaOH. The size
of the current maximum increased with the concentration of NaOH. Increasing
the concentration of NaOH from 0.5 to 3 mol dm−3 increased the low-potential
current maximum by a factor of ca. 1.6. The current in the potential range
from ca. 0.23 to 0.45 V also increased with increasing NaOH concentration, but
to a lesser extent than the current increased at the low-potential maximum.
Conversely, the currents at potentials greater than 0.45 V decreased with
increasing NaOH concentration. This behaviour is also consistent with one
mechanism operating for the oxidation of �-propanol at low potentials, with
another mechanism, or combination of mechanisms operating at high potentials.
We propose that the mechanism up to the current maximum at low potentials involves the oxidation of �-propanol to acetone (Scheme 2.1). Taking
into consideration the reported observations made in acid (§1.3.3) and in base
(§2.1.3) electrolytes, it is reasonable to assume that the oxidation of �-propanol
to acetone proceeds at high currents because it does not involve strongly
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adsorbed intermediates that poison the platinum surface. We propose that
the current drop after the low-potential current maximum is caused by the
onset of acetone oxidation. Taking into consideration the reported observations
made in acid and in base electrolytes, the oxidation of acetone in base appears
to proceed through strongly adsorbed intermediates. We investigated this
possibility by carrying out the chronoamperometric oxidation of acetone over
platinum in base.

OH

O

+ 2 OH-

+ 2 e- + 2 H2O

Scheme 2.1: Electrochemical oxidation of �-propanol to acetone in alkaline
media.
Figure 2.9 shows the sampled current voltammograms for the oxidations
of 1 mol dm−3 �-propanol and 1 mol dm−3 acetone under identical conditions
in 1 mol dm−3 NaOH. Comparison of the plots at low potentials shows that
negligible currents are produced by the oxidation of acetone up to the lowpotential current maximum for the oxidation of �-propanol. The low-potential
current maximum for the �-propanol oxidation, and the onset of acetone
oxidation occur at nearly the same potential. This coincidence in potentials
is further, strong evidence that the oxidation of acetone proceeds through
strongly adsorbed intermediates that impede the rapid oxidation of �-propanol
to acetone at low potentials. The cathodic current that occurs in 1 mol dm−3
acetone at potentials below approximately 0.17 V is likely due to the reduction
of acetone, perhaps to produce �-propanol.
Gradual declines after the initial, rapid decrease in current are often observed
during chronoamperometric oxidations of alcohols over platinum-based catalysts
in acid. Figure 2.10 shows the current versus time plots we obtained for the
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Figure 2.8: Current at the end of a 15 min oxidation vs. potential for 1 mol dm−3
�-propanol in 0.5 (◦), 1 (�), and 3 mol dm−3 (�) NaOH over a blacked platinum
gauze. RHEs were prepared with the corresponding NaOH electrolyte and
had potentials of: 0.5 mol dm−3 , E = −0.779 V; 1 mol dm−3 , E = −0.828 V;
3 mol dm−3 , E = −0.998 V vs. NHE. T = 60 ◦ C.
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Figure 2.9: Current at the end of a 15 min oxidation vs. potential for 1 mol dm−3
�-propanol (◦), and 1 mol dm−3 acetone (�) in 1 mol dm−3 NaOH over a blacked
platinum gauze. T = 60 ◦ C.

79

chronoamperometric oxidation of �-propanol carried out over a 3 h period at
0.15, 0.30, and 0.55 V in 1 mol dm−3 NaOH. The current at 0.15 V, below the
low-potential current maximum observed after 15 min, was the most stable
of the potentials studied. The current at 0.30 V, a potential after the lowpotential current maximum, was lower than the current at 0.15 V over most
of the oxidation, and it drifted downwards faster as well. The decline of the
current over the last hour of the oxidation at 0.55 V was the fastest of the
potentials studied. In fact, the current for the oxidation at this higher potential
drifted downward to a value below the current at 0.15 V by the end of the 3 h
period, despite the 0.35 V diﬀerence between these two applied potentials. The
current densities above the low-potential current maximum are therefore not
under steady-state conditions; this behaviour is consistent with the change in
mechanism proposed previously that involves a rapid oxidation of �-propanol
to acetone at low potentials, and a slower oxidation of acetone that occurs at
higher potentials through an intermediate or intermediates that bind strongly
to the platinum surface.
Figure 2.11 shows the sampled current voltammogram for the oxidation of
�-propanol in 0.5 mol dm−3 H2 SO4 and in 1 mol dm−3 NaOH. The oxidation
kinetics of �-propanol in acid are faster at potentials higher than ca. 0.26 V and
up to the maximum potential used for this experiment, 0.55 V. The oxidation
kinetics in base, however, are substantially faster at low potentials, ranging
from 0.1 through 0.26 V. The cathodic current observed in acid at potentials
below 0.15 V is likely due to the reduction of �-propanol to generate water and
propane, as reported by Pastor et al. [30] As demonstrated in Figure 2.11, such
a reduction is not accessible within the potential range studied.
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Figure 2.10: Current vs. time plot for the oxidation of 4 mol dm−3 �-propanol
in 1 mol dm−3 NaOH over a blacked platinum gauze at 0.15 (—), 0.30 (– –),
and 0.55 V (–·–) vs NHE. T = 60 ◦ C.
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Figure 2.11: Current at the end of a 15 min oxidation vs. potential for
1 mol dm−3 �-propanol in 1 mol dm−3 NaOH (◦), and 0.5 mol dm−3 H2 SO4 (�)
over a blacked platinum gauze. T = 60 ◦ C.
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2.4

Conclusion

The chronoamperometric oxidation of �-propanol over platinum in base
occurs with a large current maximum at low potentials. In comparison, current
densities of 0.8 mA µmol−1
surf were obtained at low potentials using �-propanol
in base, whereas �-propanol in acid, and methanol in base solutions provided
only 0.2 and 0.05 mA µmol−1
surf respectively under comparable conditions and
potentials. To the best of the authors knowledge, such a low-potential current
maximum as as observed herein with �-propanol in base has not been observed
previously. I suspect that similar behaviour will occur during the oxidation of
other secondary alcohols over platinum in base. The evidence obtained during
this investigation indicates that two or more mechanisms are in operation for this
oxidation. At low potentials, the oxidation produces acetone at high currents
without strongly adsorbed intermediates. At higher potentials, the oxidation
of acetone commences via formation of strongly adsorbed intermediates that
impede the oxidations. Detailed mechanistic experiments are required to
confirm these suppositions.
As we reported previously, [31] the cell voltage from open-circuit up to ca.
0.2 A cm−2 of an acid electrolyte (NafionTM ) DAFC was ca. 0.22 V higher when
it operated on �-propanol than methanol. Unfortunately, the �-propanol cell
voltage dropped rapidly and became erratic at current densities higher than
ca. 0.2 A cm−2 . Despite this drop at high currents, the higher cell voltage
up to ca. 0.2 A cm−2 resulted in an electrical eﬃciency at peak power (max
power per unit area of electrode) operating on �-propanol that was nearly twice
(60% vs 32%) that of the cell operating on methanol. The peak power of the
�-propanol cell was ca. 75% that of the methanol cell. The results obtained
from the present investigation hold promise that an alkaline-based, �-propanol
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DAFC will operate at high cell voltages over larger current ranges than did the
acid-based DAFC. Other potential advantages of such an alkaline, �-propanol
DAFC include: (1) that formation of carbon monoxide and carbonate would
be minimized at high currents and cell voltages; (2) that anion flow from the
cathode to the anode would impede �-propanol crossover; (3) that such a
system can, in principle be made regenerative by hydrogenating the acetone to
produce �-propanol. [32]
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Chapter 3
A prototype alkaline direct
�-propanol fuel cell using
platinum electrodes∗
3.1

Introduction

As discussed previously, the activation energies for the oxidation and reduction reactions occurring in a Fuel Cell (FC) are among the most important
factors governing FC performance characteristics (§1.2.3.1). These activation
energies are dependent on the mechanisms of the reactions, or more specifically,
the kinetics of the rate determining steps. The mechanisms for the oxidation
of methanol, ethanol, and �-propanol, using a platinum catalyst, significantly
diﬀer from one another in both acidic (§1.3) and alkaline electrolytes (§2.1.3).
§1.4 discussed how these mechanisms influence the activity of operating fuel
cells in acid. This chapter will only discuss the performance of an Alkaline
Fuel Cell (AFC) with platinum catalysts. Due to a lack of standardized testing
condition, it is diﬃcult to compare between reported fuel cell performances.
Therefore, this section will only focus on comparative studies between diﬀerent
∗

A version of this chapter had been previously published:
Markiewicz, M. E. P.; Bergens, S. H., A liquid electrolyte alkaline direct 2-propanol fuel
cell. J Power Sources 2010, 195 (21), pp. 7196–7201
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fuels, specifically, between methanol, ethanol, and �-propanol. However, the
interested reader is directed to a recent and comprehensive review by Antolini. [2]
The AFC has several advantages [2,3] over the acidic electrolyte FC. First,
alkaline electrolytes are less corrosive than acidic electrolytes; the less caustic
nature of the electrolyte ensures greater longevity of the cell components, and
allows the use of cheaper materials (such as stainless steel) in their fabrication.
Second, the reduction kinetics of oxygen are more facile in base. [4] This enhancement results from fewer specifically adsorbed anions on the catalyst that
inhibit the reaction, such as sulfate and bisulfate (in sulphuric acid electrolytes).
This increase in reaction kinetics enables the use of non-noble metal catalysts,
lowering the cost of the catalyst layers. Third, the ionic current from the migration of ionic charge carrier flows from the cathode to the anode in the AFC. [5]
This is the opposite direction of the acidic FC ionic-current, and it reverses
the electro-osmotic drag eﬀect (i.e., water is dragged from the cathode to the
anode). Flooding of the cathode with product water is a common problem
in acidic FC systems, as it increases mass transport losses (§1.2.3.3) at the
cathode. The AFC, however, has demonstrated greater tolerance to cathode
flooding. [5] This is in part due to the reversed direction of electro-osmosis, as
well as the fact that water is a reactant at the cathode in alkaline electrolytes
(Scheme 3.1).
Anode:
Cathode:
Overall:

− −−�
2 H2 (g) + 4 OH(aq)
�−− 4 H2 O(l) + 4 e −
−
− −−�
O2 (g) + 2 H2 O(l) + 4 e �−− 4 OH(aq)
−
�
2 H2 (g) + O2 (g) −
�
−
− 2 H2 O(l)

Scheme 3.1: Alkaline oxidation of hydrogen, and reduction of oxygen
One of the problems associated with the alkaline systems is the gradual
carbonation of the electrolyte. [2,3,6] Carbon dioxide can be present in the gas
streams, or it may be a product of a reaction, such as the oxidation of trace car89

bon monoxide impurities in reformate gas streams. Changes in the chemistry of
the electrolyte resulting from carbonation alter its properties, such as its surface
tension, conductivity, and viscosity, and results in performance degradation.
Exemplifying this, Kiros et al. [6] observed a gradual decay (3.4 µV h−1 ) in the
operating voltage of their hydrogen-oxygen AFC when small amounts of carbon
monoxide, which is oxidized to carbon dioxide, were added to the gas streams.
Addition of barium chloride to the liquid electrolyte, forming insoluble barium
carbonate, confirmed the gradual buildup of (bi)carbonate in the electrolyte.
Xing and Savadogo [7] found that addition of potassium carbonate to their
alkaline-doped Polybenzimidazole (PBI) electrolyte membranes decreased its
conductivity by nearly an order of magnitude. Further, the precipitation of
carbonate salts in the electrode layers can block mass transport within the
catalyst layer. [8,9]
By far the most studied Alkaline Direct Alcohol Fuel Cell (ADAFC) systems
are the Alkaline Direct Methanol Fuel Cell (ADMFC)), [5,10–15] and the Alkaline
Direct Ethanol Fuel Cell (ADEFC)). [16–23] Jayashree et al. [10] compared the performance characteristics of an air-breathing laminar flow-based Direct Alcohol
Fuel Cell (DAFC) when operated using either 1 mol dm−3 potassium hydroxide
or 0.5 mol dm−3 sulphuric acid as an electrolyte. The peak power density was
found to be 11.8 mW cm−2 with the acidic electrolyte, and 17.2 mW cm−2 with
the alkaline electrolyte. In agreement with the previously discussed mechanistic data (§2.1.1), Jayashree et al. found that this enhancement was due to
significantly enhanced kinetics of the anodic reaction, and a small enhancement
of the cathodic reaction.
Verma and Basu [24] compared the ADMFC and the ADEFC using unsupported, and carbon-supported platinum catalysts. They found that their
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unsupported platinum catalysts outperformed their carbon-supported platinum
catalysts, and that the unsupported particles were finer than the carbon supported particles. It seems likely that this diﬀerence in performance resulted
from diﬀerences in the specific surface areas of the catalyst layers. With regard
to the performances of the ADMFC and the ADEFC, Verma and Basu found
that the ADMFC gave higher limiting current densities and higher power
densities than the ADEFC.
The ADMFC oxidation products are a mixture of carbon dioxide and
formic acid over platinum anode catalysts. [25] The ADEFC also only produces
partial oxidation products; specifically, acetic acid and acetaldehyde are the
major products observed from the oxidation of ethanol over platinum. [25] These
products react in non-electrochemical acid/base reactions to consume hydroxide
and thus require the use of hydroxide-alcohol fuel mixtures to replenish the
hydroxide consumed at the anode (3.1–3.4).
−
−−
�
HCOOH + OH− �
−
− HCOO + H2 O

(3.1)

2−
−−
�
CO2 + 2 OH− �
−
− CO3 + H2 O

(3.2)

−
−
�
CH3 COOH + OH− −
�
−
− CH3 COO + H2 O

(3.3)

−
−−
�
CH3 COH + OH− �
−
− H3 CHCOOH

(3.4)

As discussed in Chapter 2, it is proposed that the dehydrogenation of �propanol to acetone occurs at low anode potentials, and that a slower oxidation
to form carbon dioxide occurs at higher potentials. Unlike carbon dioxide,
formic acid, and acetic acid, acetone does not react in irreversible stoichiometric side reactions with hydroxide, and thus does not require added base.
In �-electrode experiments, the platinum-catalyzed oxidation of �-propanol to
acetone provides relatively high stabilized current densities at low anode poten-
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tials (see §2.3). Despite this promising behaviour, Yang et al. [26] reported poor
performance for their Alkaline Direct 2-Propanol Fuel Cell (AD2PFC) relative
to methanol and ethanol. Specifically, using a PtRu anode (2 mg cm−2 ), Yang
et al. reported a maximum power density of 5.46 mW cm −2 for the AD2PFC,
and 9.25 and 8.00 mW cm −2 for their ADMFC and ADEFC, respectively. This
ordering is contradicted by Santasalo-Aarnio et al., [14] who found that their
AD2PFC significantly outperformed the ADMFC, and the ADEFC under
similar conditions.
The goal of this study was to construct a prototype AD2PFC with a liquid
KOH electrolyte, 100% alcohol fuel, and low-loading commercial platinum
electrodes, in hopes of shedding light on the contradicting results presented in
the literature. More specifically, the activity of the electrodes will be tested
both in an operating fuel cell and in �-electrode experiments, to investigate
how the low-potential current maximum reported in Chapter 2 influences the
performance characteristics of the operating AD2PFC.

3.2
3.2.1

Experimental
General

Nitrogen (Praxair, prepurified), hydrogen (Praxair, prepurified), oxygen
(Praxair), KMnO4 (Fisher, ACS grade) and KOH (Caledon, reagent grade)
were used as received. Water from an in-house distilled water line was distilled a
second time, and then distilled from alkaline KMnO4 . 2-propanol (Fisher Scientific, suitable for electronic use) and methanol (Fisher, ACS grade) were freshly
distilled before use. ESNS electrodes (silver plated nickel screen, 0.6 mg cm−2
platinum loading using 10% platinum on Vulcan XC-72, or 1.5 mg cm−2 plat-
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inum loading using 20% platinum on Vulcan XC-72) were pretreated as outlined
in §§3.2.2 and 3.2.3. All potentials are reported versus the Reference Hydrogen Electrode (RHE) unless stated otherwise. Solution resistance was not
determined, and measurements are not iR compensated.

3.2.2

3-electrode experiments

Electrochemical experiments were performed using the setup described
in §2.2.1.

The working electrode was a 1 cm2 ESNS electrode (0.6 or

1.5 mgPt cm−2 ); it was conditioned in 1 mol dm−3 KOH at 60 ◦ C by potential cycling between −0.5 and 0.5 V at 5 mV s−1 until a stable response was
achieved (ca. 60 cycles). The electrode was then cleaned in 3% H2 O2 at 0 ◦ C
for several hours, and then slowly warmed to room temperature until all the
peroxide had been consumed. The electrode was immersed in a 1 mol dm−3
KOH / 1 mol dm−3 �-propanol electrolyte at 60 ◦ C, the electrode was then
reduced at −0.1 V over a period of 5 mins. Potential step experiments were
then performed for 15 min, with 2 min conditioning steps between potential
step experiments (Econditioning = −0.1 V).

3.2.3

Fuel cell experiments

Commercial fuel cell hardware (QuickCellTM QC200) was purchased from
Astris Energi; the cell hardware is illustrated in Figure 3.1. ESNS electrodes
with a geometric area of 5 cm2 were constructed by mounting the electrode
material (0.6 mgPt cm−2 or 1.5 mgPt cm−2 ) in Teflon frames that were fitted with
a current collecting nickel wire. 0.2 dm3 of 5 M potassium hydroxide electrolyte
was maintained at 70 ◦ C within an external reservoir that was recirculated using
a nitrogen gas lift pump. The volume of electrolyte between the electrodes was
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ca. 7.5 cm3 , and the volume of the anode/cathode chambers was ca. 5.0 cm3 .
When the cell was operated on alcohol fuels, the electrolyte was drained from an
outlet between the anode and cathode at 2.5 cm3 min−1 , and fresh electrolyte
was periodically added to the reservoir. Electrodes were first conditioned
under hydrogen by sweeping between −0.5 and 0.5 V at 5 mV s−1 until a
stable response was achieved (ca. 60 cycles). Experiments were performed
using dry hydrogen (600 cm3 min−1 , RT), 100% methanol (0.5 cm3 min−1 , RT),
100% �-propanol (0.5 cm3 min−1 , RT), and dry oxygen (300 cm3 min−1 , RT).
Polarization curves were collected by stepping the current density using a
logarithmic scale; the cell potential was allowed to equilibrate for 30 s at each
current density before recording the cell potential.

3.3

Results and discussion

Figure 3.2a shows the �-dimensional current-time-potential (j-t-E) profile for
the oxidation of �-propanol using a low loading commercial platinum electrode
(0.6 mg cm−2 Pt/C). Figure 3.2b shows the sampled current voltammogram at
0.5, 3, 7.5, and 15 min versus the applied potential. The electrode was first
reduced electrochemically at −0.1 V for 2 min, and then held at the desired
oxidation potential for 15 min. The resulting current-time transients were then
plotted against the applied potential to generate the �-dimensional profile.
The current maximum at 0.25 V (12.9 mA cm−2 or 21.5 mA mg−1
Pt at 15 min) is
consistent with those we reported using platinum gauzes (see Chapter 2).To
the knowledge of the author, they are the highest reported stabilized current
densities for the oxidation of an alcohol at low anode potentials, e.g., at 0.25 V
above the reversible hydrogen electrode. In Chapter 1, it was shown that this
low-potential current maximum occurs near the onset of acetone oxidation;
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Figure 3.1: Exploded representation of the liquid electrolyte fuel cell
(QuickCellTM QC200) used in this study. The active area of the electrodes
was 5 cm2 . The electrolyte reservoir contained ca. 0.2 dm3 of the 5 mol dm−3
KOH and was maintained at 70 ◦ C. The volume of electrolyte between the
electrodes was ca. 7.5 cm3 , and the volume of the anode/cathode chambers was
ca. 5.0 cm3 .
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here, it is also shows that this maximum is accompanied by a dramatic change
in the stability of the current transients.
Figure 3.3 illustrates this change by plotting the percentage of the current
lost over the final 10 min of the oxidation [((j5 min −j15 min )÷j15 min )×100] versus
the step potential. The magnitude of the current density at each potential step
(j15 ) is also supplied for comparison. A pronounced change in the stability of
the current transients occurs at 0.25 V, and two clearly resolved regions are
observed, showing that �-propanol is oxidized through diﬀerent mechanisms
at potentials below, and above, 0.25 V. This interpretation is consistent with
previous studies that proposed that an oxidative dehydrogenation of �-propanol
to acetone occurs at low potentials, and that a slower oxidation to form carbon
dioxide occurs at higher potentials (see §1.3.3). To investigate how these
diﬀerent mechanisms impact the performance of an AD2PFC, fuel cells were
built and characterized using this electrode material as the anode and cathode.
Figure 3.4 shows the performance curves of the same ADAFC operating
on �-propanol, methanol, and hydrogen when polarized to a lower cell voltage
limit of 0.5 V. The hydrogen cell is provided to gauge the performance of the
cell hardware, and the low platinum loading electrodes. The Open Circuit
Voltage (OCV) of the AD2PFC is ca. 0.16 V higher than the ADMFC, and
maintains a higher cell potential (electrical eﬃciency, 1.2) at current densities
up to 16 mA cm−2 . The performance of the ADMFC quickly degrades when the
cell potential is cycled between its OCV and a lower cell voltage limit of 0.5 V.
This degradation is presumably due to the accumulation of carbon monoxidelike intermediates, and/or carbonate species, that inhibit the catalyst. It is
likely that the performance of the ADMFC can be recovered by either applying
highly oxidizing potentials (i.e., Eapplied ≥ 1.0 V ) in an alcohol-free electrolyte,
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97
(b) j-E(t)

Figure 3.2: (a) Current-time-potential profile for the half-cell oxidation of 1 mol dm−3 �-propanol / 1 mol dm−3 KOH over a
0.6 mgPt cm−2 ESNS electrode at 60 ◦ C. The electrode was first conditioned at −0.1 V for 2 min, then current-time transients
were collected for 15 min every 12.5 mV and plotted against the applied potential. The electrode was conditioned at −0.1 V
for 2 min between potential steps. (b) Sampled current voltammogram at 0.5 (◦), 3 (�), 7.5 (�) and 15 min (�) from Figure
3.2a.

(a) j-t-E profile

Figure 3.3: Plot of the current density obtained at 15 min for the oxidation of
1 mol dm−3 �-propanol / 1 mol dm−3 KOH over a 0.6 mgPt cm−2 ESNS electrode
at 60 ◦ C (◦), and the percentage of the current changed prior to the reported
current (•). Points below 0.1 V are omitted due to the large error associated
with the small current density changes.
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or by introducing oxygen to the anode compartment to oxidize adsorbates that
were formed. In contrast, the AD2PFC is stable to potential cycling within
this potential range, showing that �-propanol does not significantly accumulate
intermediates or carbonates that poison the catalyst under these conditions.
The time that the cell was allowed to equilibrate at each potential (t = 30 s) is
short; however, as shown in 3.2b, the current density is relatively stable at low
anodic potentials. The magnitude of the potential steps are small, meaning that
the steady-state reaction does not need to change significantly to re-establish
the new steady state. Further, the stability of the AD2PFC to potential cycling
suggests that there is no accumulation of surface poisoning intermediates.
Taking these factors into account, the polarization curves at high cell voltages
should be indicative of the stabilized cell performance. If the anode exceeds
the low-potential current maximum, however, anode poisoning may reduce the
current densities over time. To determine the contributions of the anodic and
cathodic polarizations on the AD2PFCs polarization, the loadings of catalyst
were increased and studied in the AD2PFC and in �-electrode experiments.
Figure 3.5b shows the j-t-E profiles for the oxidation of �-propanol in �electrode experiments with a commercial electrode having platinum loadings
of 0.6 (10% platinum on Vulcan XC-72) and 1.5 mg cm−2 (20% platinum on
Vulcan XC-72). Figure 3.5a shows the sampled current voltammogram at 0.5,
3, 7.5, and 15 min versus the applied potential for both electrodes. Somewhat
higher current densities occurred at lower potentials over the higher loading
electrode. At 15 min, the j-t-E profile peaks at 16.9 mA cm−2 and 0.2 V over the
1.5 mg cm−2 electrode, and at 12.9 mA cm−2 and 0.25 V over the 0.6 mg cm−2
electrode. The current densities were similar for both electrodes at higher
potentials (i.e., above 0.3 V).
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Figure 3.4: Polarization curves for the same alkaline fuel cell operating on
hydrogen (�), 100% �-propanol (� = first cycle, � = second cycle, � = third
cycle), and 100% methanol (• = first cycle, • = second cycle, ◦ = third cycle).
Temperature = 70 ◦ C; alcohol flow rate = 0.5 mL min−1 ; dry O2 = 300 sccm;
dry H2 = 600 sccm; anode and cathode = 0.6 mgPt cm−2 ESNS electrode.
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Figure 3.5: (a) Current-time-potential profile for the half-cell oxidation of 1 mol dm−3 �-propanol / 1 mol dm−3 KOH over a
0.6 (red) and 1.5 mgPt cm−2 (cyan) ESNS electrode at 60 ◦ C. The electrode was first conditioned at −0.1 V for 2 min, then
current-time transients were collected for 15 min every 12.5 mV and plotted against the applied potential. The electrode was
conditioned at −0.1 V for 2 min between potential steps. (b) Sampled current voltammogram curves at 0.5 (◦,•), 3 (�,�), 7.5
(�,�) and 15 min (♦,�) from Figure 3.2a; 0.6 mgPt cm−2 = (◦,�,�,♦), and 1.5 mgPt cm−2 = (•,�,�,�).

(a) j-t-E profile

Figure 3.6 shows the performance curves of the AD2PFC with diﬀerent platinum loadings at the anode and cathode when the cell potential is scanned from
its OCV to a lower cell voltage limit of 0.5 V. Increasing the catalyst loading
at both the anode and cathode increases the current densities throughout this
potential range. Decreasing the loading of the anode back to 0.6 mg cm−2 , while
leaving the cathode unchanged at 1.5 mg cm−2 , did not adversely aﬀect the cell
performance at low current densities. Thus, the cathode is the dominant source
of polarization under these conditions. The higher anode loading, however,
did result in slightly higher current densities at cell voltages near 0.5 V. This
increase is consistent with the �-electrode experiments (Figure 3.5).
Figure 3.7 shows the performance curves for the AD2PFC when cycled from
its OCV to a lower cell voltage limit of 0 V. During the first cycle the maximum
power density was 13.4 mW cm−2 ; this power density is 2.4× that previously
reported for a AD2PFC with higher loadings of catalyst. [26] Polarizing the
cell to a lower cell voltage limit of 0 V does, however, result in considerable
performance degradation with cycling; the second cycle has a maximum power
density that is 60% of the first cycle. This loss in activity is similar to the
performance degradation observed during the polarization of the ADMFC
to a lower cell voltage limit of 0.5 V (Figure 3.4), and likely results from
the accumulation of surface adsorbates. Note that the stable power density
achieved when the cell was polarized to a lower cell voltage limit of 0.5 V
was 13.1 mW cm−2 , that is, 98% of that achieved during the first polarization
cycle to a lower cell voltage limit of 0 V. Thus, the change in mechanism at
low and high anode potentials results in dramatic changes in the polarization
characteristics of the AD2PFC. When the potential of the anode remains below
the low-potential current maximum, the AD2PFC is capable of supplying
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Figure 3.6: Polarization curves for the alkaline direct �-propanol fuel cell with
diﬀering anode and cathode catalyst-loading. � = 0.6 / 0.6, � = 0.6 / 1.5, ◦ =
1.5 / 1.5 mgPt cm−2 (anode loading / cathode loading). Temperature = 70◦ C;
alcohol flow rate = 0.5 mL min−1 ; dry O2 = 300 sccm.
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relatively high power densities that are stable to potential cycling. When the
cell is polarized to low cell potentials strongly bound intermediates form on
the anode, and the performance of the AD2PFC declines. It is likely that the
high performance of the AD2PFC can be recovered by either reducing the
adsorbates, or by applying highly oxidizing potentials (i.e., Eapplied ≥ 1.0 V ) in
the absence of �-propanol.

Figure 3.7: Polarization (�,•) and power (�,◦) curves for the first (•,◦) and
second (�,�) polarization cycles of the alkaline direct �-propanol fuel cell to 0 V.
Temperature = 70◦ C; dry O2 = 300 sccm; 100% �-propanol = 0.5 mL min−1 ;
anode = 0.6 mgPt cm−2 ESNS electrode; cathode = 1.5 mgPt cm−2 ESNS electrode.
Table 3.1 provides a representative survey of recently reported ADAFCs
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under comparable conditions. The catalyst-normalized AD2PFC performance
is comparable to the state-of-the-art ADAFCs that operate on methanol or
ethanol fuel. The AD2PFCs performance reported here is outperformed only
by three recently reported ADEFCs.

3.4

Conclusion

These proof-of-concept AD2PFC investigations show a good correlation
between the activity of the anode in �-electrode experiments and the activity
of the cell. Specifically, the AD2PFC significantly outperformed the ADMFC,
and it was more stable when the cell potential was kept above 0.5 V. At lower
cell voltages, the maximum power density was only marginally higher, and
the cell was unstable, presumably due to anode poisoning by carbonates or
strongly adsorbed intermediates from acetone oxidation. The major source of
polarization is likely the cathode when these cells operate reversibly at relatively
high voltages. The performance of these cells is promising and suggests that a
carefully optimized polymer based system will provide high power densities in
the absence of carbonate formation.
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Chapter 4
Oxidation of �-propanol in
alkaline electrolytes using
platinum, ruthenium, and
platinum-ruthenium catalysts∗
4.1

Introduction

It is well known that bi- and multi-metallic catalysts can be more active
than monometallic catalysts towards the oxidation of an alcohol. It is generally
accepted that this enhancement can result from: [2]
1. a structural eﬀect, where addition of the second metal changes the local
bonding geometry of the surface;
2. a bifunctional eﬀect, where the two metals fulfill diﬀerent functions in a
cooperative manner;
3. an ensemble eﬀect, where the addition of the second metal changes the
distribution of active sites; and
∗

A version of this chapter had been previously published:
Markiewicz, M.; Bergens, S., Electro-oxidation of 2-propanol and acetone over platinum,
platinum–ruthenium, and ruthenium nanoparticles in alkaline electrolytes. J Power Sources
2008, 185 (1), pp. 222–225
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4. an electronic eﬀect, where the addition of the second metal changes the
electronic structure of the catalyst in such a way that it enhances its
reactivity.
The synthesis of carbon-supported bimetallic platinum-metal alloys has been
reviewed. [3,4] Such alloys are typically prepared by either the simultaneous
reduction of both metal precursors on carbon, or by the deposition of platinum
on carbon followed by alloying the second metal from a suitable precursor at
high temperatures.
Herein, the behaviour of bi-metallic catalysts towards the oxidation of
methanol, ethanol, and �-propanol, relative to platinum, will be explored and
compared.

4.1.1

Methanol Oxidation

As discussed previously, the major surface-poisoning species formed during
the oxidation of methanol in acidic (§1.3.1) and in alkaline (§2.1.1) electrolytes
is carbon monoxide. The oxidation of this adsorbate requires the formation
of a surface oxygen species from the oxidation of water; on platinum, the
potential at which these species forms depends on the symmetry of the crystal
surface, as well as the nature of the electrolyte. Diﬀerent metals, however, form
surface oxygen species at diﬀerent potentials, and thus have the propensity
to facilitate the oxidation of adsorbed carbon monoxide at lower potentials.
This eﬀect was first observed by Petry et al. [5] in 1965; today, it is known as
the bifunctional mechanism (Scheme 4.1), and was originally elucidated by
Watanabe and Motoo [6] ten years after its original observation.
The elementary steps for the oxidation of methanol on platinum and on platinum ruthenium are the same. [7] On platinum ruthenium, however, methanol
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is oxidized on the platinum sites to form carbon monoxide, and ruthenium
oxidizes water to form adsorbed surface oxygen species. These oxygen species
then act as the oxygen source during the oxidation of carbon monoxide to
carbon dioxide. Because ruthenium oxidizes water at lower potentials than
platinum, catalysts with platinum and ruthenium on the surface are able to
oxidize carbon monoxide at lower potentials than pure platinum, making these
sites available for the oxidative adsorption of methanol. The net eﬀect is
an increase in the rate of the oxidation of methanol. The use of platinumruthenium as a catalyst for the oxidation of methanol has been extensively
reviewed by Petrii, [8] who discusses the work described in over 500 reports on
platinum-ruthenium catalysts in methanol oxidation. Here, only a select few
papers that demonstrate some of the key eﬀects that enhance the activity of
platinum will be discussed.
Rusurf + H2 O −−→ Rusurf −OH2

(4.1)
+

Rusurf −OH2 −−→ Rusurf −OH + H + e

−

(4.2)
−

Psurf −CO + Rusurf −OH −−→ CO2 + Ptsurf + Rusurf + e + H

+

(4.3)

Scheme 4.1: The bifunctional mechanism for the oxidation of carbon monoxide
or metal electrodes. [9]
Gasteiger et al. showed that the activity of platinum-ruthenium alloys
towards the oxidation of methanol is heavily dependent on temperature, [10]
and surface composition. [11] They found that 10 atomic% ruthenium gave the
most active catalyst at room temperature. This composition was explained
by a statistical model based on the bifunctional mechanism (vide supra). At
high ruthenium content the reaction is limited by dissociative adsorption of
methanol, resulting form the dilution of the more active three-fold platinum
site. This is known as the ensemble eﬀect.
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Alloying platinum with ruthenium has also been shown to change the
bonding interactions between the surface and the carbon monoxide intermediate.
Specifically, Iwasita et al. [12] observed that the Fourier Transform Infrared
Spectroscopy (FTIR) adsorption frequency for carbon monoxide shifts to higher
values upon alloying platinum with ruthenium. This shift is believed to result
from less electronic donation from the metal surface to the π ∗ orbitals of carbon
monoxide, strengthening the carbon-oxygen bond and shifting its adsorption
frequency to higher values. The reduced donation from the metal to the π ∗
orbitals of carbon monoxide weakens the metal-carbon bond. This weaker
bond is then more easily oxidized, as compared with the oxidation of carbon
monoxide on pure platinum. Similar conclusions have been made by Babu
et al. [13] using
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Pt and

13

C NMR, and by Maillard et al. [14] using FTIR. This

change in the bonding interactions between the metal and the adsorbent is
know as the electronic eﬀect.
Alloys of platinum and ruthenium have also been found to facilitate the
formation of adsorbed carbon monoxide from methanol. [15] That is to say that
ruthenium also increases the rate of the steps prior to the oxidation of carbon
monoxide. It is believed that ruthenium causes an electronic deficiency at
platinum, and this deficiency reduces the repulsive interactions between the
metal surface and the electron rich methanol molecule. As a result, the energy
barrier to adsorption is reduced, leading to a more facile production of carbon
monoxide.
Other than carbon dioxide, small amounts of formaldehyde and formic acid
have been observed during the oxidation of methanol. [16] The distribution of
products depends on the alloy composition, with formaldehyde and formic
acid being more common with platinum-ruthenium catalysts that are rich in
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platinum. The diﬀerences in the distribution of these products are believed [16]
to result from changes in the coverage of adsorbed hydroxide.
Platinum-ruthenium based catalysts are the most studied in regards to
the oxidation of methanol; however, other metals have been found to enhance
the activity of platinum. Extensive reviews on this topic are available, [17–20]
and will only be briefly discussed here. Tin-oxide supported platinum has
shown increased resistance to carbon monoxide poisoning by a “chemical
interaction” between platinum and tin-oxide. [21] Platinum-tin alloys have also
shown increased activity towards the oxidation of methanol, which has been
explained by invoking the bifunctional mechanism, [22] where tin acts as the
oxophilic centre. Additionally, alloying platinum with tin expands the platinum
lattice slightly, which is believed to favour methanol adsorption. This is the
structural eﬀect mention previously. Platinum-tin alloys, however, are less
active than platinum-ruthenium towards the oxidation of methanol. [19]
Oxides of cerium, nickel, cobalt, tungsten, titanium, and molybdenum have
also shown positive eﬀects on the oxidation of methanol. [17] The activity of
these catalysts have been attributed to the release of oxygen from the oxide,
which then acts as an oxygen source during the oxidation of adsorbed carbon
monoxide. Alloys of platinum with base metals, such as nickel, iron, cobalt,
and molybdenum, as well as alloys of these types with other nobel metal
alternatives such as palladium, ruthenium, and osmium have also been been
investigated. [18] The activity of many of these alternative catalysts, however,
still remain inferior to that of platinum. Promisingly, reports [23] of highly
active catalysts that contain low loadings of platinum have been reported for
quaternary alloys, such as Ni31 Zr13 Pt33 Ru23 .
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4.1.2

Ethanol Oxidation

Several alloys of platinum have been investigated as catalysts for the oxidation of ethanol. The most pervasive of these are based on platinum-tin, which
have been identified as the most active binary catalysts for the oxidation of
ethanol, [24] and are more active than either platinum, or platinum-ruthenium. [25]
Leger et al. [26] reported that the formation of carbon dioxide coincides with the
removal of adsorbed carbon monoxide from platinum-tin. Other than carbon
dioxide, acetic acid and acetaldehyde are observed with platinum-ruthenium
and platinum-tin electrodes. [27] The ratio of these products depends on the
metal ratio of that platinum-metal alloy, the potential, and the identity of the
alloying metal. Specifically, platinum-tin alloys favour the formation of acetic
acid, and platinum metal favours the formation of acetaldehyde.
Morimoto and Yeager [28] have found that platinum-tin alloys are active
towards the oxidation of carbon monoxide at lower potentials than platinum.
Despite this activity, platinum-tin alloys produce less carbon dioxide than
platinum during the oxidation of ethanol. [29] The decrease in carbon dioxide
yield indicates that the platinum-tin surface is less active towards the cleavage
of the carbon-carbon bond in ethanol. The high current densities observed with
platinum-tin alloys is therefore believed to be enhanced by factors other than
only the bifunctional mechanism. First, the dilution of the platinum sites by tin
reduces the amount of adsorbed carbon monoxide by reducing the number of
adjacent platinum sites on the surface (i.e., the ensemble eﬀect). [29] Second, tin
activates water at lower potentials than platinum, giving adsorbed hydroxides
at lower potentials. These adsorbed hydroxides then act as the oxygen source
for the production of acetic acid, enhancing the selectivity towards acetic acid
(i.e., a bifunctional eﬀect). Similar conclusions have been reached by Del Colle

115

et al. [30] using platinum-tin adatom catalysts.
Other than tin and ruthenium, platinum alloys of tungsten, palladium,
rhodium, rhenium, molybdenum, titanium, and cerium have been investigated. [24] These catalysts are less active than either platinum-tin or platinumruthenium, but have shown enhanced performance relative to platinum. The
main mechanism of enhancement is believed to result from an increase in the
amount of bound surface oxygen species, that act as the oxygen source during
either the production of acetic acid or carbon dioxide. A notable exception to
this behaviour is that of platinum-rhodium, which significantly enhances the
formation of carbon dioxide [31] by increasing the catalysts activity towards the
cleavage of the carbon-carbon bond.
Alternatives to platinum have namely focused on the use of palladium. [32–36]
In contrast with the behaviour of methanol, pure palladium is more active
than platinum at oxidizing ethanol in alkaline electrolytes. [37] Santasalo-Aarnio
et al. [34] found that acetate is the major product formed during the oxidation
of ethanol over palladium, and acetaldehyde over platinum. The higher activity
of palladium relative to platinum is believed to result from a decrease in
the activity towards the cleavage of the carbon-carbon bond, forming carbon
monoxide.

4.1.3

2-propanol oxidation

Very little work has been done on the oxidation of �-propanol using catalysts
other than platinum, or alloys with platinum. Rodrigues and Nart [38] studied
the oxidation of �-propanol using alloys of platinum and rhodium. Rhodium
was found to facilitate the cleavage of the carbon-carbon bonds of �-propanol,
increasing the yield of carbon dioxide. Increasing the rhodium content increases
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the selectivity of the reaction towards the production of carbon dioxide.
Platinum-ruthenium catalysts were studied by Wang et al. [39] at elevated
temperatures (between 150 and 190 ◦ C). They found that the oxidation of
�-propanol over platinum-ruthenium produced acetone, nearly exclusively.
At these high temperatures, however, the rate of �-propanol oxidation was
found to be less than that of ethanol or methanol. Similar catalysts were
studied by Rodrigues et al.; [40] however, in contrast with the result of Wang
et al., Rodrigues et al. concluded that that their platinum-ruthenium catalysts
increased the selectivity towards the formation of carbon dioxide. Rodrigues
et al. also observed a high selectivity towards the formation of carbon dioxide
using platinum only deposits prepared in the same fashion as their platinumruthenium catalysts. Rodrigues et al. concluded that it was not ruthenium
that was influencing the selectivity of the reaction, but the high roughness of
the deposit.
Palladium has been studied as an alternative to platinum by Liu et al.. [41]
Palladium was found to have significant activity towards the oxidation of
�-propanol in alkaline media. Further, the onset potential for the �-propanol
over palladium is significantly lower than methanol. The onset potential for
the oxidation of �-propanol over palladium in alkaline media is also less than
ethanol, [42] and the activation energy for the rate-determining step for the
oxidation of �-propanol was found be lower than for ethanol. The oxidation is
promoted by gold, [43] despite the low activity of gold towards the oxidation of
�-propanol.
In Chapter 2, we found a substantial maximum in the stabilized current
density at low potentials during the oxidation of �-propanol over platinum in
alkaline electrolytes. In this potential region, the current density is significantly
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higher in alkaline electrolytes than in acidic electrolytes, and is also significantly
higher than the current densities observed for methanol. In Chapter 3, this
maximum in the stabilized current density was found to correlate well with the
performance of an operating Alkaline Direct 2-Propanol Fuel Cell (AD2PFC).
When the cell was operated within current density ranges that are consistent
with the maximum in stabilized current, the cell performance was stable due
to the absence of strongly adsorbed species that accumulate on the electrode.
In this chapter, I present an investigation into the performance of some
alternative catalyts at low potentials; specifically, ruthenium and platinum
ruthenium blacks. To compare the real activity of these catalysts, the current
densities are normalized to the active area of the electrode materials. The goal
of this study was to determine if ruthenium enhances the catalytic activity
within this low potential region, and determine if the use of platinum ruthenium
black may improve the performance in a AD2PFC.

4.2

Experimental

Nitrogen (Praxair, prepurified), hydrogen (Praxair, prepurified), NaOH
(Alfa Aesar, 99.99% semiconductor grade), H2 SO4 (EMD, ACS Grade), Pt
black (Johnson Matthey, HiSPECTM 1000), and PtRu black (Johnson Matthey,
50:50 at.%, HiSPEC 6000) were used as-received from the supplier. Ru black
(Johnson Matthey) was reduced with hydrogen (1 atm) at 60 ◦ C. The reduced
catalyst was stored under nitrogen in a glove box until use. The ruthenium
catalyst was slowly exposed to air at 0 ◦ C prior to fabrication of the working
electrode. Briefly, a glass vial containing the catalysts and sealed with a septum
was cooled in an ice bath, air was allowed to slowly diﬀuse into the vial through
an 18 gauge needle over a period of 1 h to oxidize the surface in a slow and
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controlled fashion. Water from an in-house distilled water line was distilled
once, then distilled again from alkaline KMnO4 (Fisher Scientific) before use.
2-propanol (Fisher Scientific, suitable for electronic use) and acetone (Caledon,
ACS grade) was freshly distilled before experiments.
Electrochemical experiments were performed using the setup described
previously (§2.2.1). All potentials are reported versus the Reference Hydrogen
Electrode (RHE), unless stated otherwise. The working electrode was a Pt
foil with an adsorbed layer of nanoparticle catalyst. The foil was cleaned in
solutions of Aqua Regia (3:1 HCl:HNO3 ) for 15 min, Piranha (5:1 H2 SO4 :H2 O2 )
for 15 min, rinsed with triply-distilled water, and then dried in an oven at
100 ◦ C. The catalysts (2.5 mg) were suspended in water (2 mL) by sonication
for 1 h. 200 µL of the suspension was dropped on a Pt foil, and then dried in
air; the resulting physically adsorbed catalyst layer, ca. 0.25 mg, was then used
as the working electrode.
All current densities reported in this chapter have been normalized to the
real surface area of the catalyst measured prior to the experiment. The active
area was determined by carbon monoxide stripping voltammetry. [44] Briefly, a
layer of carbon monoxide was adsorbed onto the catalyst in 1 mol dm−3 H2 SO4
at 0.1 V (platinum and platinum-ruthenium blacks), and 0.075 V (ruthenium
black) for 25 min. The electrolyte was purged with nitrogen while maintaining
the electrode at its adsorption potential, followed by sweeping anodically.
Assuming a fractional coverage of 0.69, the charge transferred during the
oxidation of a pre-adsorbed monolayer of carbon monoxide can be used to
estimate the mols of surface atoms (nsurf ) by 4.4,

nsurf =

QCO − QBL
6.3040 × 10−13 C mol−1
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(4.4)

where QCO and QBL are the charges associated with the oxidation of the
pre-adsorbed monolayer of carbon monoxide, and for the baseline within the
same potential region, respectively.
Before potential cycling and chronoamperometry, the electrode was conditioned at −0.050 V versus RHE for 2 min. Potential limits were chosen as to
avoid irreversible catalyst oxidation, and are outlined in the text. Potential
sweeps were conducted at 50 mV s−1 . Potential step experiments were held for
15 min before returning to Open Circuit Voltage (OCV). The electrolyte was
not stirred. The measurements are not iR compensated.

4.3

Results and discussion

Figure 4.1 show the carbon monoxide stripping voltammograms of platinum
black, platinum-ruthenium black, and ruthenium black in 1 mol dm−3 H2 SO4 at
room temperature. During the first anodic sweep, signals due to the oxidation
of surface hydrides are completely suppressed, confirming the formation of
the carbon monoxide monolayer. In the case of platinum black, a small prepeak is observed at ca. 0.5 V. This pre-peak has been previously attributed
to the oxidation of carbon monoxide that is adsorbed on defect sites (i.e., low
coordination sites). [45]
Consistent with previous reports, [9,46] pronounced peaks occur at 0.76,
0.56, and 0.54 V for the oxidation of carbon monoxide on platinum, platinumruthenium, and ruthenium blacks, respectively. Upon addition of ruthenium
to platinum, the potential for the oxidation of carbon monoxide stripping peak
is decreased by ca. 0.2 V; this behaviour is consistent with the bi-functional
mechanism for the oxidation of carbon monoxide. Specifically, ruthenium forms
surface oxygen species at lower potentials than platinum, and these surface
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Figure 4.1: Carbon monoxide stripping voltammograms of PtBlack , PtRuBlack ,
and RuBlack , with the anodic charge due to the oxidation of carbon monoxide
highlighted. All experiments were collected in 1 mol dm−3 H2 SO4 at room
temperature, and at 50 mV s−1 .
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oxygen species then act as the oxygen source during the oxidation of carbon
monoxide to carbon dioxide (Scheme 4.1).
Figure 4.2 shows the voltammograms of platinum black with and without �propanol in 1 mol dm−3 NaOH at 60 ◦ C. The current density has been normalized
to the electrodes’ number of active sites, and all potentials are reported versus
the RHE. The onset potential for oxidation of �-propanol was ca. 0.14 V, a
potential that is within the surface hydride region. The current then increases
throughout the double layer potential region, and reaches a maximum at 0.77 V.
This current maximum occurs near the onset for surface oxide formation,
demonstrating that strongly-bound oxides are less active towards the oxidation
of �-propanol. During the cathodic sweep, a rapid increase in current density
occurs once these strongly-bound oxides are reduced; however, the current
density in the anodic sweep remains higher than during the cathodic sweep
throughout the potential scan. The fact that the current density is higher
during the anodic sweep indicates that strongly-bound adsorbents do not form
at low potentials in the voltammogram; however, the lower current densities
during the cathodic sweep does indicate that some intermediates are formed at
higher potentials. The HUPD region of the voltammogram is not suppressed in
the presence of �-propanol; this behaviour sugests that the intermediates that
are formed at elevated potentials during the cathodic sweep are susceptible to
reductive elimination.
Figure 4.2, also shows the stabilized voltammogram for the oxidation of
acetone over platinum black. These same experiments are also plotted in
Figure 4.3; however, the scale of the y-axis is more conducive to visualizing
the data. All acetone experiments were carried out under the same conditions
as those for �-propanol, with the exception that the concentration of acetone
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Figure 4.2: Stabilized voltammogram of PtBlack in 1 mol dm−3 NaOH (– – –),
4 mol dm−3 �-propanol / 1 mol dm−3 NaOH (—), and in 1 mol dm−3 acetone /
1 mol dm−3 NaOH (· · ·) electrolytes. All experiments were collected at 60 ◦ C,
and 50 mV s−1 .
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was 1 mol dm−3 . Platinum is substantially less active towards acetone than
�-propanol. The onset potential for the oxidation of acetone is ca. 0.45 V,
about 0.300 V higher than the onset of �-propanol. The current densities
within the surface hydride region are substantially suppressed in the presence
of acetone, indicating that strongly bound intermediates are present on the
catalyst surface. During the cathodic sweep, a small reductive shoulder occurs
at ca. 0.03 V, which may be due to the reduction of acetone to �-propanol or
from the reductive elimination of an adsorbate.
Figure 4.3 also shows the voltammograms of ruthenium black in 1 mol dm−3
NaOH, in 1 mol dm−3 NaOH / 4 mol dm−3 2-propanol, and in 1 mol dm−3 NaOH
/ 1 mol dm−3 acetone electrolytes. Before the voltammograms were collected,
the as-received unsupported ruthenium black was reduced under hydrogen
at 60 ◦ C and 1 atm pressure. The activity of ruthenium towards �-propanol
is substantially lower than platinum; however, ruthenium has some activity
towards �-propanol in the hydride region of the anodic sweep, lower than the
onset potential over platinum. The activity of ruthenium towards the oxidation
of acetone is very low. There are, however, strong reductive currents between
0.0 and 0.09 V in the anodic and cathodic sweeps for acetone. These currents
are far higher than those over platinum, showing that ruthenium is quite
active towards the reduction of acetone at low potentials. This electrochemical
reduction likely produces �-propanol as the final product; however, only small
amounts of �-propanol would be produced from these experiments and its
presence was not verified. This proposal must be confirmed spectroscopically.
Figure 4.3 also shows the baseline, �-propanol, and acetone voltammograms
over unsupported platinum-ruthenium in 1 mol dm−3 NaOH. The onset potential
for �-propanol in the anodic sweep is 0.089 V, consistent with the calculated
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Figure 4.3: Stabilized voltammograms of PtBlack , PtRuBlack , and RuBlack in
1 mol dm−3 NaOH (– – –), and in either 4 mol dm−3 �-propanol / 1 mol dm−3
NaOH or 1 mol dm−3 acetone / 1 mol dm−3 NaOH (—) electrolytes. Note that
in the case of �-propanol, the y-axis scale is diﬀerent for all three catalysts. All
experiments were collected at 60 ◦ C, and 50 mV s−1 .
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2-propanol/acetone equilibrium potential (ca. 0.2 V vs RHE), and lower than
the onset potential over platinum. At potentials greater than 0.33 V, platinumruthenium is at least 3× more active than ruthenium, but

1
3

as active as

platinum. As was the case for ruthenium, platinum-ruthenium is very active
towards the reduction of acetone at low potentials in both the anodic and
cathodic sweeps. The normalized current for this reduction is larger than
platinum or ruthenium; thus, the combination of these elements is more
active than its individual components. Similar to the behaviour of ruthenium,
platinum-ruthenium has low activity towards the oxidation of acetone.
Comparing the voltammetric activities of platinum, platinum-ruthenium,
and ruthenium blacks towards to oxidation of �-propanol and acetone shows
that platinum is the most active of the three catalysts. This is consistent
with an inhibition by adsorbed oxygen species, where addition of the oxophilic
ruthenium metal to the catalyst increases the coverage of the surface by
adsorbed oxygen species. [47–49] However, it is also clear from the baseline
voltammetry that addition of ruthenium to the catalyst results in the oxidation
of HUPD at lower potentials. Figure 4.4 shows the HUPD potential regions
for the three catalysts studied. A clear shift in the potential peaks for the
oxidation of the HUPD is observed upon addition of ruthenium; however it
should be noted that this region may also have some contribution from the
chemiadsorption of hydroxide on ruthenium. [50] Such changes in the HUPD
characteristics of platinum-ruthenium have been well documented for platinumruthenium catalysts. [50–52]
Vannice et al. [53] has previously shown that �-propanol does not decompose
to acetone on hydride covered platinum surfaces in a Ultra High Vacuum (UHV)
environment. Here and in Chapter 2, it was shown that the oxidation of �-
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Figure 4.4: HUPD cyclic voltammograms of platinum, platinum-ruthenium, and
ruthenium blacks in 1 mol dm−3 sodium hydroxide at 60 ◦ C.
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propanol proceeded through a well defined low-potential current maximum
within the HUPD potential region of platinum, platinum-ruthenium, and ruthenium blacks. The fact that addition of ruthenium lowers the potentials where
the surface hydrides are oxidized, may also lower the onset potentials for the oxidation of 2-propanol in chronoamperometric experiments. To more thoroughly
investigate this proposal, chronoamperometry was performed to investigate the
steady-state activity of these catalysts.
Figure 4.5 shows the sampled current voltammogram (tsample = 15 min) for
oxidation of �-propanol over the platinum, platinum-ruthenium, and ruthenium
blacks. Before each experiment, the electrodes were conditioned for 2 min at
−0.05 V to reduce the surface and form a HUPD monolayer. The electrode was
then stepped to the desired potential, and held for 15 min without stirring. A
low-potential current maximum is observed for all three catalysts; the potential
of the current maximum increases from ruthenium, to platinum-ruthenium, and
is the highest for platinum. Interestingly, the onset potential for the oxidation of
�-propanol, and the coverages of the surface by HUPD also follows this trend. The
magnitude of the current maximum is slightly less for ruthenium than platinum,
but it occurs at 0.130 V lower potential. To the best of the author’s knowledge,
this is the highest potentiostatic current density reported near the H2 /H+
redox couple for an alcohol/catalyst system. The magnitude of the current
maximum is approximately three times higher over platinum-ruthenium than
it is over either platinum or ruthenium. These results suggest that, contrary to
the behaviour of these catalysts in the voltammetric study, platinum ruthenium
is superior to platinum at low potentials. The diﬀerences between the sampled
current voltammograms and the cyclic voltammograms likely results from the
timeframe of the experiments, where the chronoamperometric studies allow the
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surface composition to evolve over a significantly longer period of time. The
potential of the current maximum over platinum-ruthenium occurs at 0.14 V, a
value between the maximums for ruthenium and platinum. Platinum-ruthenium
is the most active of these catalysts at high potentials.

Figure 4.5: Sampled current voltammograms (t = 15 min) of PtBlack , PtRuBlack ,
and RuBlack in either 4 mol dm−3 �-propanol / 1 mol dm−3 NaOH (◦, �, �), or
1 mol dm−3 acetone / 1 mol dm−3 NaOH electrolytes (•, �, �).
Figure 4.5 also shows the sampled current voltammogram (tsample = 15 min)
for oxidation of acetone over the three catalysts. All three catalysts possess poor
activity towards the oxidation of acetone. Ruthenium, and platinum-ruthenium
are highly active towards the reduction of acetone at low potentials. The onset
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potentials for the reduction of acetone, however, also follow the HUPD coverage
trends discussed previously. It appears that the coverage of the surface by HUPD
plays a significant role in the oxidation of �-propanol, and in the reduction of
acetone. This result, combined with those from �-propanol oxidation, shows
that a highly reversible, low-potential �-propanol/acetone redox couple exists
over platinum-ruthenium electro-catalysts in alkaline electrolytes.

4.4

Conclusion

The results of this study show that there is a cooperative eﬀect between
platinum and ruthenium towards the oxidation of �-propanol at the low potentials required for an eﬃcient Direct Alcohol Fuel Cell (DAFC). Of the three
catalyst surveyed in this study, platinum-ruthenium had the most favourable
combination of onset potential and stabilized-current density at low potentials. The low-potential steady-state current maximum for the oxidation of
�-propanol is observed for all three catalysts.
Addition of ruthenium to the catalyst appears to have two eﬀects. At
moderate potentials the higher surface coverage by weakly adsorbed hydroxides
inhibits the oxidation of �-propanol. The eﬀect is reversed at low potentials,
where ruthenium catalysts have lower coverages of HUPD , and consequently
have a lower onset potential for the oxidation of �-propanol. In regards to
the reduction of acetone, the lower HUPD coverages of the ruthenium surface
significantly reduces the potential required for reduction. Ruthenium containing
catalysts also appear to be less active towards the oxidation of acetone, with
ruthenium being nearly completely inactive. These results suggest that an
optimized catalyst for the oxidation of �-propanol to acetone should have low
coverages of adsorbed hydrides and oxygen containing species.
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cell (DEFC): Electrical performances and reaction products distribution
under operating conditions with diﬀerent platinum-based anodes. J Power
Sources 2006, 158 (1), pp. 18–24.
[30] Del Colle, V.; Souza-Garcia, J.; Tremiliosi-Filho, G.; Herrero, E.; Feliu,
J. M., Electrochemical and spectroscopic studies of ethanol oxidation on
Pt stepped surfaces modified by tin adatoms. Phys Chem Chem Phys
2011, 13 (26), p. 12 163.
[31] De Souza, J.; Queiroz, S. L.; Bergamaski, K.; Gonzalez, E. R.; Nart,
F., Electro-Oxidation of Ethanol on Pt, Rh, and PtRh Electrodes. A
Study Using DEMS and in-Situ FTIR Techniques. J Phys Chem B 2002,
106 (38), pp. 9825–9830.
[32] Antolini, E., Alkaline direct alcohol fuel cells. J Power Sources 2010,
195 (11), pp. 3431–3450.
[33] Wang, X.; Wang, W. W.; Qi, Z.; Zhao, C.; Ji, H.; Zhang, Z., Fabrication; microstructure and electrocatalytic property of novel nanoporous
palladium composites. J Alloys Compd 2010, 508 (2), pp. 463–470.
[34] Santasalo-Aarnio, A.; Kwon, Y.; Ahlberg, E.; Kontturi, K.; Kallio, T.;
Koper, M. T. M., Comparison of methanol, ethanol and iso-propanol
oxidation on Pt and Pd electrodes in alkaline media studied by HPLC.
Electrochem Commun 2011, 13 (5), pp. 466–469.

133

[35] Bambagioni, V.; Bianchini, C.; Filippi, J.; Oberhauser, W.; Marchionni,
A.; Vizza, F.; Psaro, R.; Sordelli, L.; Foresti, M. L.; Innocenti, M., Ethanol
Oxidation on Electrocatalysts Obtained by Spontaneous Deposition of
Palladium onto Nickel-Zinc Materials. ChemSusChem 2009, 2 (1), pp.
99–122.
[36] Bagchi, J.; Bhattacharya, S. K., Electrocatalytic activity of binary Palladium Ruthenium anode catalyst on Ni-support for ethanol alkaline fuel
cells. Transition Met Chem 2007, 32 (1), pp. 47–55.
[37] Antolini, E., Palladium in fuel cell catalysis. Energy Environ. Sci. 2009,
2 (9), pp. 915–931.
[38] Rodrigues, I.; Nart, F., 2-Propanol oxidation on platinum and platinumrhodium electrodeposits. Journal of Electroanalytical Chemistry 2006,
590 (2), pp. 145–151.
[39] Wang, J.; Wasmus, S.; Savinell, R. F., Evaluation of Ethanol, 1-Propanol,
and 2-Propanol in a Direct Oxidation Polymer-Electrolyte Fuel Cell. J
Electrochem Soc 1995, 142 (12), pp. 4218–4224.
[40] Rodrigues, I.; De Souza, J.; Pastor, E.; Nart, F., Cleavage of the C-C
bond during the electrooxidation of 1-propanol and 2-propanol: Eﬀect of
the Pt morphology and of codeposited Ru. Langmuir 1997, 13 (25), pp.
6829–6835.
[41] Liu, J.; Ye, J.; Xu, C.; Jiang, S.; Tong, Y., Electro-oxidation of methanol,
1-propanol and 2-propanol on Pt and Pd in alkaline medium. J Power
Sources 2008, 177 (1), pp. 67–70.
[42] Su, Y.; Xu, C.; Liu, J.; Liu, Z., Electrooxidation of 2-propanol compared
ethanol on Pd electrode in alkaline medium. J Power Sources 2009,
194 (1), pp. 295–297.
[43] Xu, C.; Tian, Z.; Chen, Z.; Jiang, S. P., Pd/C promoted by Au for 2propanol electrooxidation in alkaline media. Electrochem Commun 2008,
10 (2), pp. 246–249.
[44] Lee, C. E., Self-directing Organometallic Deposition of Ruthenium. Ph.D.
thesis, University of Alberta 2003.
[45] Koper, M. T. M.; Lai, S. C. S.; Herrerro, E., Mechanisms of the Oxidation
of Carbon Monoxide and Small Organic Molecules at Metal Electrodes.
In Fuel Cell Catalysis: A Surface Science Approach, Koper, M. T. M., ed.,
Wiley, 2009, pp. 159–208.

134

[46] Kawaguchi, T.; Sugimoto, W.; Murakami, Y.; Takasu, Y., Temperature
dependence of the oxidation of carbon monoxide on carbon supported Pt,
Ru, and PtRu. Electrochem Commun 2004, 6 (5), pp. 480–483.
[47] Hayes, J. R.; Zeller, D.; Friesen, C., The Influence of Platinum Surface
Morphology on the Electrooxidation of Methanol in Alkaline Solutions. In
ECS Trans, ECS, 2008, pp. 41–54.
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Chapter 5
On the influences of ruthenium
in the oxidation of �-propanol in
alkaline electrolytes
5.1

Introduction

As discussed in Chapter 4, ruthenium enhances the rate of the oxidation
of methanol through several eﬀects; the bifuctional eﬀect, an ensemble eﬀect,
and an electronic eﬀect. Of these three, the bifunctional and ensemble eﬀects
arise from the presence of ruthenium on the surface, while the electronic eﬀect
can also arise from ruthenium that is in the bulk of the catalyst particle. Bulk
alloys of platinum and ruthenium enhance the oxidation of �-propanol (see
Chapter 4), however, it is not well understood how this enhancement occurs
nor is the rate determining process known.
The activity of submonolayers of ruthenium adsorbed on platinum has
been intensely investigated by the Wieckowski group [1–12] for use as a catalyst in the oxidation of methanol. The activity of these surfaces depends on
the composition of the surface, and is largely enhanced through the bifunctional eﬀect at low coverages of ruthenium. At high coverages of ruthenium,
the reaction is inhibited due to the low activity of ruthenium towards the
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dissociative adsorption of methanol. At low coverages of methanol the ratedetermining oxidation of the carbon monoxide intermediate is enhanced by
higher availability of adsorbed oxygen species. Similar fuel-cell grade catalysts have been studied by the Bergens group, [13–17] using a novel method of
preparation. Specifically, the addition of a ruthenium precursor, such as RuCl3 ,
Ru(1-5,cyclooctadiene)(η 3−C3 H5 )2 , or Ru4 (µ−H)4 (CO)12 , to a platinum surface that has previously been treated with hydrogen to form a Pt−HUPD
monolayer, spontaneously deposits a controlled amount of ruthenium onto the
platinum surface. These depositions are self-limiting, either by the availability
of Pt−HUPD or by poisoning from carbon monoxide.
The known mechanistic data for the oxidation of �-propanol in acid has
been extensively discussed in Chapter 1. The most consistent mechanism for
the oxidation of �-propanol was proposed by Pastor et al., [18] and is reproduced
in Scheme 5.1 for convenience. In this mechanism, �-propanol is oxidized to
give either acetone or carbon dioxide. The major product is acetone at all
potentials, but carbon dioxide forms at high potentials and when surface bound
oxygen species are formed on the catalyst. As discussed in Chapter 2, a similar
mechanism is believed to occur in alkaline electrolytes.
Platinum-ruthenium black is more active than platinum black towards the
oxidation of �-propanol at low potentials (see Chapter 4). The mechanism of
this enhancement, however, is not known. One possibility is the bifunctional
mechanism where the oxophilic ruthenium acts as a surface oxygen source for
the oxidation of strongly bound intermediates to carbon dioxide, removing the
strongly bound intermediate and providing more active sites for the oxidation
of the fuel. The potential range which was studied for the oxidation of �propanol, however, appears to be inconsistent with the removal of such strongly
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Scheme 5.1: Generally accepted mechanism for the oxidation of �-propanol
over platinum catalysts.
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bound species, such as carbon monoxide, via the bifunctional mechanism (i.e.,
the sampled current voltammograms shown in Figure 4.5 (p. 129) peak at
potentials that are significantly lower than potentials where carbon monoxide
is oxidized from the surface (Figure 4.1, p. 121).
This chapter will focus on a detailed kinetic study of the oxidation of
�-propanol, using catalysts with well defined surface ratios of platinum and
ruthenium. These catalysts were thoroughly characterized using X-ray Photoelectron Spectroscopy (XPS) to determine the chemical nature of the deposited
ruthenium, Ultraviolet Photoelectron Spectroscopy (UPS) in order to determine
if the electronic structures of the catalysts are diﬀerent, and stripping of underpotentially deposited copper (CuUPD ) to determine the surface composition.
A novel three-dimensional analysis of the electrochemical data is presented,
simultaneously extracting key thermodynamic and kinetic parameters such as
the enthalpy of activation (∆H ‡ ), the transfer coeﬃcient (α), and the apparent
0
potential independent rate constant (kapparent
) from a multidimensional regres-

sion. Using these parameters, the rate determining step for the oxidation of
�-propanol will be proposed; a key mechanistic detail that has so far remained
elusive regarding the mechanism of �-propanol. Further, a transition state
for the catalytic enhancement by ruthenium will be proposed, which provides
evidence of a new mode by which the bifunctional mechanism enhances the
oxidation of an alcohol.
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5.2
5.2.1

Experimental
General

Nitrogen (Praxair, prepurified), KOH (Caledon, reagent grade), CuSO4
(Caledon, reagent grade), H2 O2 (EM Science, ACS Grade), RuCl3 hydrate
(Aithaca Chemical Corp.), and NafionTM solution (ElectroChem inc., 5 wt%
balanced with water) were used as-received from the supplier. Water from
an in-house distilled water line was distilled once, then distilled again from
alkaline KMnO4 (Fisher Scientific) before use. 2-propanol (Fisher Scientific,
suitable for electronic use) was freshly distilled before experiments.
The electrochemical cell is similar to that described in §2.2.1, with the
exception of the working electrode (vide infra). Linear Sweep Voltammogram
(LSV) and Electrochemical Impedance Spectroscopy (EIS) were performed
using a Solartron SI 1287 electrochemical interface equipped with a Solartron
SI 1260 impedance/gain-phase analyzer, controlled by the Corrware and Z-plot
software packages. All potentials are reported on the Reference Hydrogen
Electrode (RHE) scale, unless stated otherwise.

5.2.2

Preparation of platinum-ruthenium adatom catalysts

Platinum-ruthenium adatom catalysts were prepared by a spontaneous
deposition method involving the oxidation of a M−H monolayer upon exposure
to aqueous RuCl3 , as reported by Cao and Bergens. [14] Briefly, platinum black
(Johnson Matthey, HiSPECTM -1000) was first cleaned with 3 vol% H2 O2 and
maintained in the remaining water. A typical ratio of platinum black to dilute
peroxide was 0.0500 g catalyst to 10.0 cm−3 peroxide. The reactor was then
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purged with nitrogen for 20 min, and then with nitrogen diluted hydrogen for
20 min, and then with pure hydrogen for 20 min to fully reduce the catalyst
surface and form a M−H monolayer. Excess hydrogen was flushed from the
reactor by purging with nitrogen for ca. 5 min, and then 5.0 cm−3 of freshly
made 0.05 mol dm−3 RuCl3 aqueous solution was cannula transferred into the
reactor and maintained under a nitrogen atmosphere at bubbler pressure for
1 h. The catalyst was isolated by centrifuge, rinsed several times with water,
and then dried in a vacuum desiccator. The procedure was then repeated to
obtain catalysts with progressively higher loadings of ruthenium.

5.2.3

Working electrode preparation, conditioning, and
characterization

The working electrode was a 0.125 cm2 glassy carbon Rotating Ring Disk
Electrode (RRDE) (Pine research instrumentation), with a NafionTM bound
catalyst film (ca. 1 mg catalyst). The electrode was fabricated by first suspending the catalyst by ultrasound (1 h) in the appropriate amount of undiluted
NafionTM solution to give a dry film that was 70 wt% catalyst. 10 µL of the
suspension was then placed on the glassy carbon disk using a micropipette,
and the film was dried in air. The catalyst loading was determined by mass
diﬀerence, and the composition of the ink. The film was then annealed in an
oven at 100 ◦ C for 20 min, cooled in air, and assembled into the RRDE setup.
5.2.3.1

Platinum-ruthenium surface composition: CuUPD stripping

The ratio of ruthenium and platinum on the surface of the catalyst was
determined by CuUPD stripping, as reported by Green and Kucernak. [19] Briefly,
the catalyst film prepared above was first conditioned in 0.1 dm3 of 0.5 mol dm−3
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H2 SO4 by potential cycling between −0.025 and 0.5 V at 5 mV s−1 at room
temperature, until a stable response was observed. The baseline response (0.025–
0.83 V) was then recorded at 2 mV s−1 . CuSO4 · 5 H2 O solid was then added to
give a concentration of 1 × 10−3 mol dm−3 . CuUPD was deposited at 0.35 V for
30 min and with Rotating Disk Electrode (RDE) rotation (ν = 50 s−1 ). CuUPD
then stripped from the electrode by sweeping the potential from the deposition
potential to 0.83 V at 2 mV s−1 . The signals from Ru−CuUPD stripping, and
from Pt−CuUPD stripping, were determined assuming a symmetric voltammetric peak for the stripping of Ru−CuUPD . The Pt−CuUPD signal was obtained
from subtracting the Ru−CuUPD from the total M−CuUPD voltammogram. An
example of this analysis can be found in Figure 5.4 on p. 156. The composition
of the surface was then determined by

θRu =

QRu−CuUPD
QRu−CuUPD + QPt−CuUPD

(5.1)

The real surface area of the catalyst was calculated assuming a fractional
coverage of 1, [19] and an atomic packing density of 1.51 × 1015 atoms cm−2 , [20]
i.e.,
Areal =
5.2.3.2

QRu−CuUPD + QPt−CuUPD
420 × 10−6 C cm−2

(5.2)

X-ray Photoelectron Spectroscopy and Ultraviolet Photoelectron Spectroscopy

XPS and UPS spectra were collected by the staﬀ members of the Alberta
Centre for Surface Engineering and Science using a Axis 165 X-ray Photoelectron Spectrometer by Kratos Analytical. In the case of the XPS spectra, the
excitation source was a monochromatic aluminum x-ray source (1486.69 eV);
the source for the UPS measurements was the helium I line (21.21 eV) generated
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from a helium lamp.
The samples were prepared by first mounting the powders on carbon tape,
and reducing the surface under hydrogen. Specifically, the mounted samples
were placed in a glass bomb and the system was degassed with nitrogen for
20 mins. The bomb was then purged with Hydrogen gas at room temperature,
followed by pressurizing the system to 1 atm gauge pressure. The apparatus
was isolated from the supply lines by use of a needle valve, and then heated to
60 ◦ C in a water bath using a IKA RCT basic hotplate / magnetic-stirrer. The
catalyst was reduced over the course of one hour, and then removed from the
water bath and cooled to room temperature. Once cooled, the pressure of the
bomb was reduced to ca. 1 psi gauge pressure, and the apparatus was stored in
a glove box prior to collecting the XPS and UPS spectra. The sample stage
was transported to the Alberta Centre for Surface Engineering and Science
using a sample holder that is sealed with o-rings, and designed to deliver the
samples into the instrument. Unfortunately, the port that the sample holder
was designed to mate with is several substations away from the location of
the XPS and UPS spectrometer; and the samples could not be successfully
transferred throughout the entire apparatus. Instead, the samples were briefly
exposed to air and loaded into the spectrometer using the standard port for
XPS and UPS measurements.
High resolution XPS spectra were collected for platinum 4f (BE = 292–
276 eV) and ruthenium 3d (BE = 84–66 eV), and UPS spectra of the valence
band was collected between binding energies of −2 and 15 eV. The XPS spectra
were fitted using a similar procedure as Kim et al., [21] who also studied the
XPS spectra of platinum with submonolayers of ruthenium. Briefly, gaussianlorentzian functions with asymmetric tailing were used, and the binding energies
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were calibrated to the Pt 4f7/2 signal at 71.2 eV. The area ratios of the ruthenium
3d5/2 and 3d3/2 signals was set to 3:2, and the ratio of the of the platinum
4f7/2 and 4f5/2 was set to 4:3. Ruthenium signal assignments are consistent
with those reported by Kim et al. [21] for Ru 0 , RuO2 , and RuO3 at 280.3, 280.9,
and 282.8 eV, respectively. An additional signal at 281.8 eV is consistent with
the value reported for RuCl3 by Folkesso; [22] I cautiously assign this signal
to RuCl3 , as it seems unlikely that any residual RuCl3 should remain after
reduction with hydrogen (vide infra).
5.2.3.3

Variable temperature oxidation of �-propanol

At a rotation rate of 50 s−1 , the catalyst film was first conditioned in
0.1 dm3 of 1 mol dm−3 KOH by potential cycling between −0.25 and 0.5 V
at 5 mV s−1 and at room temperature, until a stable response was observed.
0.77 cm3 of freshly distilled �-propanol was then added to the KOH electrolyte
to give a 0.1 mol dm−3 �-propanol solution in 1 mol dm−3 KOH electrolyte. The
electrode was conditioned at −0.05 V for 60 s, and then left at Open Circuit
Voltage (OCV) for 60 s to allow the electrode-electrolyte interface to equilibrate
back to the bulk solution conditions. The potential was then scanned from the
OCV to 0.0 V, followed by collecting a LSV between 0 and 0.5 V. The electrode
was conditioned as before, and the LSV was collected again; this process was
repeated until a total of four conditioning-LSV cycles were completed.
The resistance of the solution between the working electrode and the
reference electrode was determined by EIS at a DC voltage of 0.05 V with a
superimposed AC waveform (0.01 V amplitude, variable frequency). In addition
to the setup used during the LSV, a fourth electrode was setup by connecting
a 6.8 µF capacitor between the platinum ring of the RRDE and the RHE
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electrode. This setup is known [23] to reduce the capacitance and resistance
contributions of the reference electrode in the EIS signal, which would otherwise
cause progressively higher phase shifts at higher frequencies. The frequency of
the AC signal was scanned from 20 Hz, to 2 × 106 Hz at 17 points decade−1 , with
a 10 s integration time. The real impedance intercept at high AC frequencies
was determined and then used to compensate the potentials of the LSV recorded
previously. A detailed discussion on the princlples of EIS can be found in the
booklet by Vanysek, [23] and in the textbook by Bard and Faulkner. [24]
The bath temperature was then stepped between 25 and 65 ◦ C at 10 ◦ C
increments, and the system was allowed to heat and equilibrate for 40 min
at open circuit. The LSV and EIS experiments were then repeated at each
temperature.

5.2.4

Multidimensional regression

Under the reaction conditions and potential ranges studied for this investigation (i.e., high convective mass-transfer, and moderate overpotentials), the
reaction is assumed to be irreversible, and the concentrations of �-propanol
and acetone at the electrode-electrolyte interface are assumed to be near
to that of the bulk electrolyte. Under these conditions, the Butler-Volmer
current-overpotential equation (1.23, p. 20) can be written as
αF η

j = nF k 0 C ∗ e RT

or, upon substituting k 0 with Ae

−∆G‡
RT

(5.3)

,

j = nF Ae

−∆G‡
RT
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αF η

C ∗ e RT

(5.4)

Equation 5.4 can be rewritten in terms of ∆H ‡ and ∆S ‡ by using ∆G‡ =
∆H ‡ − T ∆S ‡ , giving
j = nF Ae

∆S ‡
R

e

−∆H ‡
RT

αF η

C ∗ e RT

(5.5)

Finally, taking the natural logarithm and accounting for the temperature
dependance of η (through E 0 )∗ gives
δz

f (0,0)

δz

δx
δy
� � ��
�
� �� �
∆S ‡ ∆H ‡ 1
αF η(T )
ln(j) = ln(nF AC ∗ ) +
−
+
� �� �
R
R ����
T
R � ��
T �

z=f (x,y)

�

��

x

(5.6)

y

From equation 5.6 it can be seen that ln(j) can be represented by a planar
)
function, f ( T1 , η(T
). The function has the gradients
T

δz
δx

‡

= − ∆H
and
R

δz
δy

=

αF
,
R

‡

and has a constant value at f (0, 0) of ln(nF AC ∗ ) + ∆S
. Further, the apparent
R
k 0 at T can be calculated from

δz
δx

and f (0, 0) by

k 0 (T ) =

e

δz
( δx
)

ef (0,0)
nF C ∗
T

(5.7)

In this way, ∆H ‡ , α, and the apparent k 0 can be determined from a single
�-dimensional plot that simultaneously models the potential and temperature
dependencies of the current density. This multidimensional analysis was coded
in Python, using the regression functions in the SciPy [26] statistics module.
∗
η = E − E 0 . The values of E 0 range between 0.217 and 0.224 V, depending on the
temperature. They are calculated using E = − ∆G
nF , assuming the �-propanol / acetone
REDOX couple. ∆G is calculated using ∆G = ∆H −T ∆S, and the tabulated thermodynamic
constants published by the CRC. [25] The temperature dependance of ∆H and ∆S are assumed
to be negligible; that is to say that the heat capacities of the reactant and product solutions
do not change appreciably.
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5.3
5.3.1

Results and discussion
X-ray Photoelectron Spectroscopy

Figure 5.1 shows the high-resolution XPS spectra in the ruthenium binding
energy region for a series of platinum-ruthenium adatoms catalysts, with
diﬀerent amounts of ruthenium on the surface. The catalysts were prepared
by reduction of RuCl3 by Pt−HUPD (Scheme 5.2), using the method of Cao
and Bergens. [14] Specifically, platinum black (Johnson Matthey, HiSPECTM 1000) was cleaned in 1% hydrogen peroxide in water until all of the peroxide
was consumed, and then maintained in the remaining water. The platinum
black was then reduced by hydrogen, and the excess hydrogen was flushed
from the reactor by purging with nitrogen. Freshly made 0.05 mol dm−3 RuCl3
aqueous solution was then added to the catalyst and oxidized HUPD , reductively
depositing ruthenium on the surface. The reaction is designed to be self-limiting
by the amount of HUPD on the surface. The catalysts was rinsed several times
with water to remove residual RuCl3 , and isolated by centrifuge. The deposition
procedure was repeated iteratively to produce catalysts with higher loadings of
ruthenium.
2 Msurf + H2 −−→ 2 Msurf −H
3 Msurf −H +RuCl3 −−→ Msurf Ruad + 3 HCl
� �� �
Limiting

Scheme 5.2: Reaction scheme for the preparation of platinum-ruthenium adatom
catalysts. The scheme was repeated iteratively to prepare platinum-ruthenium
adatom catalysts with varying concentrations of ruthenium on the surface.
Prior to collecting the XPS spectra, the platinum and platinum-ruthenium
adatom catalysts were first reduced under hydrogen at 60 ◦ C and 1 atm gauge
pressure. The catalysts were stored under nitrogen, and exposed to air while
loading into the spectrometer. The spectra were fit similarly to the procedure of
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Figure 5.1: Ruthenium x-ray photoelectron spectra, and component fitting,
for platinum and platinum-ruthenium catalysts with diﬀerent amounts of
ruthenium-adatom on the surface. The results of this component analysis are
summarized in Table 5.1.
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Kim et al., [21] who studied the XPS spectra of ruthenium adatoms on Pt(1 1 1).
Briefly, Gaussian-Lorentzian functions with asymmetric tailing were used, and
the binding energies were calibrated to the Pt 4f7/2 signal at 71.2 eV. Table 5.1
summarizes the results of this component analysis. Upon one addition of
ruthenium to platinum black, several new peaks appear in the XPS spectrum.
These Ru 3d5/2 signals are centred at 280.4, 280.9, 281.8, and 282.9 eV, and
have been assigned to Ru 0 , RuO2 , RuCl3 , and RuO3 , respectively. These are
in excellent agreement with those reported by Kim et al., [21] who determined
binding energies of 280.3, 280.9, and 282.8 eV for Ru 0 , RuO2 , and RuO3
respectively. Although the peak at 281.8 is in excellent agreement with the
value reported by Folkesso [22] for RuCl3 , it seems unlikely that residual RuCl3
would remain on the catalysts surface after reduction with hydrogen. This peak
may instead be another ruthenium-oxide species, which is not presented in the
XPS database provided by National Institute of Standards and Technology
(NIST); [27] indeed, this signal is absent in the catalysts which appear to be
nearly completely reduced (PtRu3

additions ).

Successive depositions of ruthenium

to the catalysts (Scheme 5.2) results in a gradual increase in the intensities of
the ruthenium components. The predominant ruthenium species is either Ru 0
or RuO2 , depending on the catalysts. It is likely that the diﬀerences in the
predominant species between catalysts results from diﬀerences in the time that
the catalyst was exposed to air prior to loading into the spectrometer.
Figure 5.2 shows the platinum high-resolution XPS spectrum from the
same catalysts studied in Figure 5.1. The spectra were fitted similar to that
of ruthenium, with the exception that one enveloping function was used to
account for surface oxidation. The results of this component analysis are
summarized in Table 5.2. All signals were scaled to the Pt 4f7/2 signal at

149

150

addition)

addition)

addition)

addition)

addition)

25.2
16.1
5.1
2.8
13.3
6.1
280.4,
280.4,
280.2,
280.4,
280.4,

285.5,
285.0,
284.0,
284.0,
284.6,
284.3,

PtBlack
PtRu(1
PtRu(2
PtRu(3
PtRu(4
PtRu(5

292.7
288.0
288.3
288.3
288.3
288.3

BE
(eV)

BE
(eV)

Catalyst

%comp
(%)

Ru0

C

284.6
284.6
284.4
284.6
284.6

3.3
20.7
29.9
0.2
8.8

%comp
(%)
280.8, 285.0
280.9, 285.1
—
280.8, 285.0
280.9, 285.1

BE
(eV)

RuO2

3.3
3.4
—
24.6
8.1

%comp
(%)

282.9,
282.8,
282.9,
282.9,
282.7,

BE
(eV)

RuO3

287.1
287.0
287.1
286.9
286.9

2.4
0.5
1.6
3.7
1.3

%comp
(%)

281.8, 286.0
281.9, 286.1
—
281.7, 285.9
281.8, 288.3

BE
(eV)

RuCl3

3.0
1.5
—
3.7
6.1

%comp
(%)

Table 5.1: Summary of the ruthenium x-ray photoelectron spectra component fittings with diﬀerent amounts of rutheniumadatom on the surface.

71.2, an additional signal at 72.6 eV appeared is most of the samples, and was
assigned to Pt(OH)2 . This assignment agrees well with the value of 72.4 eV
reported by Hammond and Winograd. [28] The dominant species is Pt 0 , which is
indicative of surface oxidation rather than oxidation of the bulk material upon
exposure to air. Diﬀerences in the amounts of Pt(OH)2 closely resemble the
diﬀerences in ruthenium oxidation discussed previously, and likely also results
from diﬀerences in the time that the catalyst was exposed to air prior to loading
in the spectrometer. The catalyst surface can therefore be viewed as metallic
platinum and ruthenium, with varying degrees of surface oxidation. The
catalysts may have some residual RuCl3 adsorbed on the surface; however, as
discussed above, is seems unlikely that RuCl3 was not reduced under hydrogen.

Table 5.2: Summary of the platinum x-ray photoelectron spectra component
fittings with diﬀerent amounts of ruthenium-adatom on the surface.
Pt

5.3.2

Catalyst

BE
(eV)

PtBlack
PtRu1 addition
PtRu2 additions
PtRu3 additions
PtRu4 additions
PtRu5 additions

71.2,
71.2,
71.2,
71.2,
71.2,
71.2,

Pt(OH)2

74.5
74.5
74.5
74.5
74.5
74.5

%comp
(%)

BE
(eV)

74.4
61.6
64.8
65.0
51.3
25.3

72.6,
72.5,
72.6,
72.6,
72.6,
72.6,

%comp
(%)
75.9
75.8
76.8
76.9
76.9
76.9

0.4
3.9
2.9
0.4
3.8
1.9

Ultraviolet Photoelectron Spectroscopy

UPS was carried out on the catalysts to investigate how the addition
of ruthenium adatoms may change the electronic structure of the catalyst’s
valence band. Figure 5.3 shows the UPS spectra of the platinum and platinumruthenium adatom catalysts with diﬀerent amounts of ruthenium on the surface.
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Figure 5.2: Platinum x-ray photoelectron spectra, and component fitting,
for platinum and platinum-ruthenium catalysts with diﬀerent amounts of
ruthenium-adatom on the surface. The results of this component analysis are
summarized in Table 5.2.
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To avoid changing the surface composition of the catalysts, the samples have
not undergone argon sputtering. As shown by the XPS spectra, these catalysts
have varying degrees of surface oxidation. As a result, changes in the band
structure at binding energies that are more positive than 10 eV are likely due to
diﬀerences in the extent of surface oxidation, or possibly from carbon adsorbents
that have been deposited from the atmosphere or within the spectrometer.
These features should edtherefore not be regarded as indicators of changes in
the density-of-states of the reduced material.
As mentioned above, the XPS spectra of PtBlack and PtRu3

additions

appear

to be nearly completely reduced. Comparing the UPS spectra of these two
catalysts, a clear change in the density of states near the Fermi edge (BE
� 0 eV) is observed. The d-band centres of PtRu3

additions

is shifted to higher

binding energies by 0.3 eV relative to platinum. According to Hammer and
Nørskov, [29] the activity of a catalytic surface is directly related to the d-band
centre of a material. These changes in reactivity result from a direct correlation
between the energy of the d-band centre, and the energies of adsorption. Such
trends have been used to explain the high activity of Pt3 M (M = Ni, Fe, Co)
materials towards the reduction of oxygen. [30–34] The fact that the d-band centre
of PtRu(3

additions)

is diﬀerent from PtBlack suggests that an electronic eﬀect

may contribute to changes in the catalytic activity of of platinum-ruthenium
adatom catalysts. Indeed, such proposals have already been made for platinumruthenium catalysts. [4,5,35–37]
In order to provide more conclusive evidence for the electronic eﬀect during
the oxidation of �-propanol over platinum-ruthenium electrocatalysts, however,
more study of the electronic structure of the oxide-free catalysts are required.
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Figure 5.3: Ultraviolet photoelectron spectra of platinum and platinumruthenium catalysts, with diﬀerent amounts of ruthenium-adatom on the
surface.
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5.3.3

Surface Composition

To get quantitative information of the fractional composition of the surface,
CuUPD stripping was performed. Briefly, copper was underpotentially deposited
form 1×10−3 mol dm−3 CuSO4 in 0.5 mol dm−3 H2 SO4 at 0.35 V for 30 min. The
CuUPD monolayer was then stripped from the surface by sweeping the potential
of the electrode in the anodic direction. The voltametric wave was de-convoluted
into Pt−CuUPD and Ru−CuUPD components by assuming a symmetric wave
for Ru−CuUPD . Figure 5.4 shows the CuUPD stripping voltammograms for the
platinum and platinum-ruthenium catalysts, and also shows the components of
the wave resulting from stripping of Ru−CuUPD and from Pt−CuUPD .
The fractional composition of the surface was calculated using 5.1, and the
mass specific surface area of the catalysts was calculated using the total surface
area determined from 5.2, and the mass of the catalyst deposit. Table 5.3
summarizes the results of these computations. Addition of ruthenium adatoms
does not significantly change the mass specific surface area of the catalysts.
For platinum black, the %utilization calculated from the manufacturers specified
mass-specific surface area (27.0 m2 g−1 ) is ca. 65%. The deviation from the
manufacturers specified value likely results from the high NafionTM content of
the catalyst layer (30% in this study). Although a lower loading of NafionTM
will likely increase the %utilization , catalyst layers with 30% NafionTM were found
to be more robust under the conditions used during the variable temperature
oxidations of �-propanol (vide infra). The improved robustness of the catalyst
films deposited on a glassy carbon disks at high convection rates (ω = 50 s−1 )
and at temperatures between 25 and 65 ◦ C was the deciding factor for the
choice of this composition.
Figure 5.5 shows a plot of the mass-specific area of platinum versus the

155

Figure 5.4: Stripping voltammetry of a underpotentially-deposited copper monolayer on platinum and platinum-ruthenium catalysts, with diﬀerent amounts
of ruthenium-adatom on the surface. The componenets of the voltammogram due to stripping from ruthenium, and from platinum, have been deconvoluted assuming a symmetric wave for the stripping of CuUPD from ruthenium. ν = 2 mV s−1
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Table 5.3: Summary of the platinum and platinum-ruthenium CuUPD stripping
component analysis.
Area
Catalyst

Total
(m2 g−1 )

Pt
(m2 g−1 )

Ru
(m2 g−1 )

ΘRu

PtBlack
PtRu1 addition
PtRu2 addition
PtRu3 addition
PtRu4 addition
PtRu5 addition

17.6
16.9
17.0
15.8
16.7
15.6

17.6
13.0
9.8
6.9
5.0
2.3

0.0
4.0
7.2
8.9
11.6
13.3

0.0
0.23
0.43
0.56
0.7
0.85

mass-specific area of ruthenium for the adatom catalysts used in this study.
The active area of platinum and ruthenium are linearly correlated, and the
slope of the line is −1.13. A slope of negative unity would imply that for every
cm2 of platinum surface area lost, one cm2 of ruthenium surface area is gained.
The fact the experimental slope is close to negative unity demonstrates that
the platinum-ruthenium adatom catalysts have two-dimensional ruthenium
deposits; i.e., the ruthenium is nearly exclusively on platinum atoms, and not
on the previously deposited ruthenium atoms (three-dimensional growth). It
is impossible to ascertain if this two-dimensional growth mechanism occurs
during the deposition, or if the ruthenium atoms migrate either during the
deposition, storage, or annealing of the catalyst film.

5.3.4

Variable temperature oxidations of �-propanol

The rate of the oxidation of �-propanol was studied by LSV between 0.0
and 0.5 V (ν = 5 mV s−1 ) as a function of temperature and ruthenium surface
coverage, using a RDE at high rotation rates (50 s−1 ) and low concentrations of
�-propanol (0.1 mol dm−3 ). The conditions of these experiments were selected
to avoid the influences of surface poisoning by acetone oxidation, or by its
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Figure 5.5: Active areas of platinum and ruthenium as determined by the
stripping of underpotentially deposited copper for platinum-ruthenium adatom
catalysts with varying degrees of ruthenium coverage.
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adsorption. Specifically, platinum black is active towards the oxidation of
acetone at potentials exceeding 0.175 V (see Chapter 4), and it inhibits the
oxidation of �-propanol. Well resolved three-dimension (potential,time) versus
current plots (see Chapter 3) have shown that this inhibition is time dependent,
and that there is an induction period of ca. 1 min before this inhibition becomes
significant. The lower concentration of �-propanol used in this study will
result in lower concentrations of acetone produced at the electrode-electrolyte
interface. Further, by keeping the timeframe of the LSV short (100 s), and
by keeping the rate of mass transport high (i.e., remove acetone and supply
�-propanol) it is likely that poisoning by adsorbed acetone can be reduced, if not
mitigated to a point where it will not be detected. Figure 5.6 shows the activity
of the catalysts between 25 and 65 ◦ C, under these reaction conditions. The
real area of the catalyst deposit was calculated from the mass of the deposited
film and the mass specific surface area determined by CuUPD stripping (see
§5.3.3). This area was then used to normalize the currents to the real activity
of the catalyst surface.
The activities of the platinum-ruthenium adatom catalysts are significantly
diﬀerent from platinum black. Specifically, the onset potential for the oxidation
of �-propanol is lowered from ca. 0.15 to 0.05 V upon a single addition of
ruthenium adatoms. Subsequent additions of ruthenium further increase the
activity of the catalyst at low potentials, up to a maximum of three additions.
This increase in activity at low potentials is consistent with the high steadystate current densities reported for platinum-ruthenium black (see Chapter
4). Above three additions, the current density with respect to the baseline
begins to decline. This eﬀect is consistent with the existence of an optimum
platinum:ruthenium surface ratio for the oxidation of �-propanol. Such optimum
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Figure 5.6: Linear sweep voltammetry of platinum and platinum-ruthenium
adatom catalysts with and without 0.1 mol dm−3 �-propanol in 1 mol dm−3
KOH as a function of temperature. ω = 50 s−1 , ν = 5 mV s−1 .

160

ratios are well known for the oxidation of methanol, and are dependant on the
temperature of the system and the concentrations of the fuel (see §4.1.1).
Above 0.2 V, platinum is superior to platinum-ruthenium. Indeed, addition
of ruthenium inhibits the reaction at potentials exceeding 0.2 V. This behaviour
can be explained by the higher aﬃnity of the surface towards the adsorption
of oxygen species as the amount of ruthenium increases. Ruthenium is more
oxophilic than platinum, and a fundamental feature of platinum-ruthenium
catalysts is that the amount of oxygen-containing species at the surface increases
as the amount of ruthenium increases. It has been proposed that the strongly
bound oxygen species that are formed at high anodic potentials deactivate the
catalyst towards the oxidation of alcohols at high potentials. [38–40] The lower
activity of the platinum-ruthenium adatom catalysts at high potentials and
higher surface coverages is consistent with an inhibition by strongly adsorbed
oxides.
As discussed above, the LSV and RDE parameters have been selected in
such a way as to mitigate the formation of adsorbed acetone species that poison
the catalyst surface. Further, as discussed in 5.2.4, under the conditions used
in this study the reaction is assumed to be irreversible, and the concentrations
of �-propanol and acetone at the electrode-electrolyte interface are near that
of the bulk electrolyte. Under these conditions, the Butler-Volmer currentoverpotential equation is rewritten as
δz

f (0,0)

δz

δx
δy
� � ��
�
� �� �
‡
‡
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vs ln(j) is thereby planar with gradients of − ∆H
and
R
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αF
,
R

and with the constant f (0, 0) = ln(nF AC ∗ ) +

∆S ‡
.
R

The strict nature

of the multidimensional regression requires careful selection of the potential
region studied, as ln(j) must be linearly dependent on both of the independent
variables. An advantage to the use of such a multidimensional analysis is
that the concurrent fitting of both parameters increases the certainty of the
gradients because the size of the dataset and the dimensionality of the model
are larger than those of single dimensional regression. Further, since the
data is simultaneously fit with respect to both potential and temperature, the
resulting kinetic and thermodynamic values are valid over the entire potential
and temperature region modelled. Treating the potential and temperature
dependence separately does not confirm that the values obtained from the
regression analysis reflect the system over the entire range of variables studied.
Therefor, the multidimensional regression is more applicable in that the results
are correct over the entire range of variables studied.
Figure 5.7 shows the results of the three-dimensional regression analysis
of the data shown in Figure 5.6. Potential ranges were chosen to maximize
the data set used within the regression analysis, and are therefore slightly
diﬀerent for each catalyst. Further, to mitigate the contributions of the reverse
reaction, only potential ranges that were not significantly negative of E 0 (T )
are considered† . Indeed, attempts to perform a similar regression analysis
at potentials significantly below E 0 (T ) were unsuccessful. The fact that the
electrocatalytic behaviour at these lower potentials is not described by the
planar function used in this study suggests that one or more of the assumptions
made during its derivation is not longer valid. This potential region is also
†

The values of E 0 range between 0.217 and 0.224 V, depending on the temperature.
They are calculated assuming the �-propanol / acetone REDOX couple, using the tabulated
thermodynamic constants published by the CRC. [25]
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further complicated by surface REDOX processes such as the oxidation of
HUPD , and the oxidation of ruthenium to form surface oxygen species. It is
also likely that at these lower potentials the �-propanol to acetone reaction
proceeds in the forward and reverse direction (see Chapters 2 and 4).

Figure 5.7: Three-dimensional regression analysis of the variable temperature
linear sweep voltammetry of platinum and platinum-ruthenium adatom catalysts with and without 0.1 mol dm−3 �-propanol in 1 mol dm−3 KOH. ω = 50 s−1 ,
ν = 5 mV s−1 .
Successful multidimensional regressions were achieved for all six catalysts
at overpotentials near the equilibrium potential for the �-propanol / acetone
163

REDOX couple. As discussed previously (§5.2.4), the apparent potentialindependent rate constant (k 0 ), the enthalpy of activation (∆H ‡ ), and the
transfer coeﬃcient (α) can all be calculated from the fitting parameters using
∆H ‡ = −
α=

δz
δy

(5.8)

×R

(5.9)

F

and
k 0 (T ) =

δz
×R
δx

e

δz
( δx
)

ef (0,0)
nF C ∗
T

(5.7)

Table 5.4 summarizes these parameters obtained from the three-dimensional
0
regressions. Note that the values of kapparent
are small; it is unclear at this

time if these low values result from the unusually high loading of catalysts,
low concentration of alcohol, or an intrinsic characteristic of the �-propanol
dehydrogenation reaction. The system may be far from saturation, and the
catalysts may be under-utilized (i.e., catalysts particles further into the film
are never reached by �-propanol during voltammetry, but are accessed during the 30 min deposition of CuUPD for surface area measurments). These
extreme conditions were chosen to avoid catalyst poisoning, but may have also
inadvertently decreased the apparent rate constant relative to its true value.
Table 5.4: Summary of the kinetic parameters obtained from the threedimensional regression analysis as a function of ruthenium surface composition.
Catalyst

ΘRu

α

σα × 10

PtBlack
PtRu1 addition
PtRu2 additions
PtRu3 additions
PtRu4 additions
PtRu5 additions

0.0
0.23
0.43
0.56
0.70
0.85

0.67
0.22
0.09
0.09
0.11
0.19

3
3
3
3
3
3

7

∆H ‡
(kJ mol−1 )

σ∆H ‡
(kJ mol−1 )

0
kapparent
× 108
−1
(cm s )

23.5
24.8
33.9
38.2
45.6
54.4

0.2
0.2
0.2
0.2
0.2
0.2

8.32
5.94
4.10
1.99
1.55
0.567
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Figure 5.8 plots the apparent rate constants tabulated in Table 5.4 versus the
ruthenium surface composition of the catalysts. The magnitude of the apparent
rate constant is linearly dependent on the composition of the surface. This
linear dependence suggests that the total rate of the reaction is proportional
to the surface area of each of its components. That is to say that

kapparent × Atotal = (kP t × AP t ) + (kRu × ARu )

(5.10)

The linear relationship between kapparent and ΘRu is made apparent by dividing
5.10 by Atotal , giving

kapparent = (kP t × ΘP t ) + (kRu × ΘRu )

(5.11)

and then expressing ΘP t in terms of ΘRu . This substitution gives

kapparent = kP t × (1 − ΘRu ) + kRu ΘRu

(5.12)

which upon rearranging gives the linear form

kapparent = kP t + ΘRu × (kRu − kP t )

(5.13)

From this treatment, the values of kP t and kRu are 8.1×10−8 (skP t = 0.9×10−8 )
and −1 × 10−8 cm s−1 (skRu = 1 × 10−8 ), respectively. kRu is statistically the
same as 0, suggesting that ruthenium is inactive towards the oxidation of
�-propanol at E 0 . The reason for the reduced reaction rate with increasing
amounts of ruthenium is likely the dilution of the active platinum site.
Figure 5.9 plots the activation enthalpy for the oxidation of �-propanol
on platinum and platinum-ruthenium adatom catalysts as a function of the
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Figure 5.8: Apparent kinetic rate constant as a function of the fractional
composition of the platinum-ruthenium adatom catalysts. T = 298 K
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ruthenium content of the surface. In the case of platinum-ruthenium adatom
catalysts, the activation enthalpy is linearly dependent on the composition
of the surface. The linearity implies that the reaction enthalpy can also be
separated into components from platinum, and from ruthenium. Similar to the
derivation of 5.13, the activation enthalpies dependence on surface composition
can be describe by 5.14,
‡
‡
∆Happarent
= ∆HP‡ t + ΘRu × (∆HRu
− ∆HP‡ t )

(5.14)

‡
From this least squares fitting, ∆HP‡ t and ∆HRu
are 14 (s∆H ‡ = 2) and
Pt

59 kJ mol

−1

(s∆H ‡ = 6), respectivly. Platinum black, however, does not follow
Ru

the linear trend. This behaviour indicates that the activation process for the
oxidation of �-propanol over platinum-ruthenium adatom catalysts and over
platinum black are diﬀerent. Therefore the enthalpy of activation over platinum
calculated from 5.14 should be regarded as the enthalpy of activation over
platinum in platinum-ruthenium adatom surfaces. Interestingly, the enthalpy
of activation over platinum in platinum-ruthenium adatom catalysts is lower
than the enthalpy of activation over platinum in platinum black. The diﬀerence
in ∆HP‡ t is ca. 9 kJ mol−1 . Gale et al. [41] studied the enthalpy of adsorption
of �-propanol on bare nickel, and oxide covered nickel. They found that on
oxide covered surfaces, the enthalpy of adsorption increases by 8.4 kJ mol−1 in
the presence of oxides due to a hydrogen bonding interaction. The agreement
between the value reported by Gale et al., and the diﬀerence in ∆HP‡ t upon
inclusion of ruthenium, suggests that the reduced enthalpy of activation may
result from a hydrogen bonding interaction in the transition state that is not
present on platinum black. As discussed previously, ruthenium is known to
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Figure 5.9: Activation enthalpy as a function of the fractional composition of
the platinum-ruthenium adatom catalysts. T = 298 K
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form surface oxides and hydroxides at lower potentials than platinum. It seems
reasonable to conclude that the reduced enthalpy of activation for the oxidation
of �-propanol over platinum in platinum-ruthenium adatom catalysts results
from a hydrogen bonding interaction between an intermediate formed during
the oxidation of �-propanol, and a ruthenium oxide/hydroxide.
The enthalpy of activation calculated from 5.14 for the oxidation of �propanol when ΘRu = 1 is 59 kJ mol−1 . This enthalpy of activation is consistent
with rate limiting dissociative adsorption, involving the cleavage of a C−H and
the formation of a Pt−H and a Pt−C bond. For example, Gasteiger et al. [42]
found that the enthalpy of activation for the destructive adsorption of methanol
is 60 kJ mol−1 . As discussed previously, ruthenium oxides or hydroxides appear
to be inactive towards the oxidation of �-propanol. It therefore seems reasonable
to conclude that at high surface coverages of ruthenium oxides or hydroxides,
the reaction becomes limited by the destructive adsorption of �-propanol.
Scheme 5.3 shows the elementary steps believed to occur during the oxidation
of �-propanol to acetone over platinum catalysts. The activation enthalpy for
the oxidation of �-propanol over platinum black is 23.5 kJ mol−1 , and the transfer
coeﬃcient is 0.67. The fact that the transfer coeﬃcient is significantly diﬀerent
from 0 (typical values average are ca. 0.5) indicates a strong dependance of the
rate determining step on potential, meaning that an electron transfer event is
involved. Given that the activation enthalpy for the rate determining step over
platinum black is significantly less than values indicative of rate determining
destructive adsorption, it is likely that the rate determining step is the loss of
the alcoholic proton from the adsorbed (CH3 )2 C * OH moiety. Upon addition
of ruthenium to the surface, this step is stabilized by 9 kJ mol−1 , a value that
is consistent with an additional hydrogen bonding interaction.

169

∗
−
+
−−
�
(CH3 )2 CHOHsol + Ptsurf �
−
− [(CH3 )2 C OH]·Ptsurf + e + H
−
+
−
�
[(CH3 )2 C ∗ OH]·Ptsurf −
�
−
− [(CH3 )2 C−O]·Ptsurf + e + H
−−
�
[(CH3 )2 C−O]·Ptsurf �
−
− (CH3 )2 C−Osol + Ptsurf

Scheme 5.3: Elementary steps for the oxidation of �-propanol to acetone on
metal electrodes.
Consistent with these results, I propose the following transition state for the
oxidation of adsorbed (CH3 )2 C * OH on platinum ruthenium adatom catalysts
(Scheme 5.4). In this transition state, a hydrogen bonding interaction is formed
between the adsorbed (CH3 )2 C * OH intermediate and a ruthenium oxide, or
hydroxide. The alcoholic proton is transferred to the ruthenium oxide or
hydroxide, forming water or hydroxide that is adsorbed on ruthenium, and
product acetone that can desorbs from the surface. The water or hydroxide
that is adsorbed on ruthenium can then be oxidized to adsorbed hydroxide
or oxide, completing the catalytic cycle. One important consequence of this
proposed transition state is that the second electron transfer event becomes
decoupled from the rate determining step. Indeed, the transfer coeﬃcients for
the platinum-ruthenium adatom catalysts approach values that are close to 0
at intermittent coverages by ruthenium adatoms. This decrease in the transfer
coeﬃcient is indicates that the rate determining process does not involve the
transfer of an electron.

5.4

Conclusion

Platinum-ruthenium black is more active that platinum black at low potentials towards the oxidation of �-propanol; however, the mode of this catalytic
enhancements is not well understood. This chapter has made an attempt at
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Scheme 5.4: Proposed transition state complex for the rate determining step
during the oxidation of �-propanol over platinum-ruthenium adatom catalysts.
elucidating this enhancement using platinum-ruthenium adatom catalysts that
have well defined ratios of platinum and ruthenium on the surface. Variable
temperature LSV was used to probe the reaction’s dependance on temperature
and potential, and a novel multidimensional regression was used to treat all of
the data simultaneously. To the best of my knowledge, such multidimensional
analysis has never been reported on experimental electrochemical data. The
results of the regression give key thermodynamic and electrokinetic parameters,
such as the enthalpy of activation (∆H ‡ ), the apparent potential independent
0
rate constant (kapparent
), and the transfer coeﬃcient (α).

From these parameters, it was found that ruthenium is essentially inactive
towards the oxidation of �-propanol at high potentials, likely due to the
formation of strongly adsorbed oxygen species which are know to be inactive
0
towards the oxidation of alcohols. A linear trend in (kapparent
) versus surface

composition indicates that platinum is the active site for the oxidation of
�-propanol, and that at high coverages of ruthenium the reaction becomes rate
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limited by the destructive adsorption of �-propanol.
For platinum-ruthenium adatom catalysts, a linear trend exists between
the surface composition and the activation enthalpy of the oxidation of �propanol. Platinum black does not follow this trend. Extrapolation of the
linear trend reveals that the activation enthalpy over platinum in platinumruthenium adatom catalysts is lowered by 9 kJ mol−1 ; this value is consistent
with the enthalpy of a hydrogen bonding interaction between �-propanol and
a surface oxide that was reported by Gale et al.. [41] To account for this extra
stabilization in the rate determining step, a transition state was proposed where
the adsorbed (CH3 )2 C * OH moiety is hydrogen bonded to a ruthenium-oxide,
or ruthenium-hydroxide. This complex transfers a proton from the alcohol to
the oxide or hydroxide, thereby reducing the oxide/hydroxide and oxidizing
the adsorbate in a concerted fashion. The reduced oxide or hydroxide can
then be oxidized to regenerate the non-protonated form, and acetone can
desorb from the surface. An important consequence of this concerted surface
REDOX reaction is that no net flow of electrons is required, and the rate
limiting step becomes decoupled from the potential of the electrode. Indeed,
it was found that the transfer coeﬃcient approaches a value that is near 0 at
moderate coverages of ruthenium and at high potentials, providing evidence
for this decoupling. At low potentials, however, the extent of surface oxidation
will be potential dependent, with higher concentrations of surface oxides and
hydroxides occurring as the potential is increased until all of the ruthenium
is oxidized. In this region low potential region, the rate of the reaction will
be dependent on the potential of the electrode, insofar as it defines the extent
of ruthenium oxidation. This interpretation is consistent with the potential
dependance of the reaction rate at low potentials over platinum ruthenium
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adatom catalysts, and on platinum-ruthenium bulk alloys (see Chapter 4).
The proposed mode of promotion by the ruthenium oxygen species is, in
a way, diﬀerent from the classical bifunctional eﬀect. In the bifunctional
mechanism for the oxidation of methanol over platinum-ruthenium, surface
oxygen species that are formed on ruthenium are incorporated into the product
carbon dioxide molecule. [43] In the mode of promotion proposed in this study, the
ruthenium oxygen species acts as proton acceptor during the rate determining
loss of an alcoholic proton, reducing the ruthenium oxygen species and liberating
the product. To the best of the author’s knowledge, this is the first report of
such a mode of catalytic enhancement by the bifunctional mechanism. These
intriguing results warrant further investigations.
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Chapter 6
Prototype alkaline direct
�-propanol fuel cell using
platinum-ruthenium adatom
catalyst
6.1

Introduction

As demonstrated in Chapter 3, the Alkaline Direct 2-Propanol Fuel
Cell (AD2PFC) performs better than the Alkaline Direct Methanol Fuel
Cell (ADMFC), presumably due to fewer strongly adsorbed intermediates
forming on the surface during the oxidation, such as carbon monoxide. This
rationale is consistent with the mechanistic data discussed in detail in §§1.3 and
2.1; specifically, methanol forms carbon monoxide as an intermediate during
the oxidation of methanol, [1–4] and it strongly inhibits the catalytic oxidation
of methanol. 2-propanol, however, does not form carbon monoxide as an
intermediate, [5,6] but rather forms acetone as the final product of the oxidation
in acidic [5–10] and in alkaline [11,12] electrolytes. Only small amounts of carbon
dioxide have been observed, and it is believed that the dominant pathway is
the dehydrogenation of �-propanol to acetone (Scheme 6.1). Carbon dioxide
reacts in stoichiometric side reactions with hydroxide, producing carbonates
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that reduce the ionic conductivity of the electrolyte.

OH

O

+ 2 OH-

+ 2 e- + 2 H2O

Scheme 6.1: Electrochemical oxidation of �-propanol to acetone in alkaline
media.
Platinum-ruthenium black is more active under steady-state conditions
than platinum-black, and has a lower onset potential for the oxidation. As
discussed in Chapter 4, the lower onset potential is proposed to result from the
oxidation of the HUPD monolayer at lower potentials on platinum-ruthenium
black, initiating the destructive adsorption of �-propanol at lower potentials.
Indeed, Vannice et al. [13] has shown that �-propanol will not destructively
adsorb onto platinum surfaces that are covered by hydrides in Ultra High
Vacuum (UHV) environments, providing support for this proposal.
The promoting eﬀect of surface ruthenium towards the oxidation of �propanol was explored in Chapter 5. It was found that oxidized ruthenium was
inactive towards the destructive adsorption of �-propanol, and that platinum
is likely the site of destructive adsorption to form adsorbed (CH3 )2 C * OH or
related species. The diﬀerences in the activation enthalpy between platinum
and platinum-ruthenium adatom catalysts for the rate determining elimination
of this species is lower for platinum-ruthenium adatoms catalysts with low
coverages of ruthenium, by an amount that is consistent with a hydrogen
bonding interaction. It was proposed that this extra stabilization of the
transition state results from a hydrogen bonding interaction between the
alcoholic proton of the adsorbate, and an adsorbed oxide or hydroxide.
The prevalence of metallic ruthenium, ruthenium oxides, and hydroxides,
will be a function of the electrode potential. The study discussed in Chapter 5
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could not resolve the complexities of the low potential region due to the evolving
nature of the system under Linear Sweep Voltammogram (LSV) conditions.
Here, this low potential region is characterized using similar platinum-ruthenium
adatom electrodes under potential-step conditions. Further, this platinumruthenium adatom electrode will be fabricated into an operating prototype fuel
cell, to see how the ruthenium adatom catalysts compare to the ruthenium-free
catalysts.

6.2
6.2.1

Experimental
General

Nitrogen (Praxair, prepurified), hydrogen (Praxair, prepurified), oxygen
(Praxair), KMnO4 (Fisher, ACS grade), KOH (Caledon, reagent grade), and
RuCl3 hydrate (Aithaca Chemical Corp.) were used as received. Water from
an in-house distilled water line was distilled a second time, and then distilled
from alkaline KMnO4 . 2-propanol (Fisher Scientific, suitable for electronic use)
was freshly distilled before use. ESNS electrodes (silver plated nickel screen,
1.5 mg cm−2 platinum loading using 10% platinum on Vulcan XC-72) were
pretreated as outlined in §§6.2.2, 6.2.3, and 6.2.4. All �-electrode experiment
potentials are reported versus the Reference Hydrogen Electrode (RHE), and
all Fuel Cell (FC) experiments are reported as the cell potential. Measurements
are not iR compensated.
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6.2.2

Preparation of platinum-ruthenium adatom electrodes

Platinum-ruthenium adatom electrodes were prepared using the procedure
discussed in §5.2.2, with the exception the 1 cm2 piece of the ESNS electrode
material (silver plated nickel screen, 1.5 mg cm−2 platinum loading using 10%
platinum on Vulcan XC-72) was used in place of platinum black. Briefly,
the electrode was first cleaned with 10 cm−3 of 3 vol% H2 O2 , and maintained
in the remaining water. The reactor was then purged with nitrogen for ca.
20 min, and then with nitrogen diluted hydrogen for ca. 20 min, and then with
pure hydrogen for ca. 20 min to fully reduce the electrocatalyst and form a
M−H monolayer. Excess hydrogen was flushed from the reactor by purging
with nitrogen for ca. 5ṁin, and then freshly made RuCl3 aqueous solution
(3 mg RuCl3 ) was cannula transferred into the reactor and maintained under
a nitrogen atmosphere at bubbler pressure for 1 h. The electrode with rinsed
several times triply distilled water, and its activity towards the oxidation of
�-propanol was investigated as outlined in 6.2.3.
After performing the �-electrode experiments, deposition of ruthenium
repeated as outline above on the same piece of the modified ESNS electrode
material. The substrate was not, however, cleaned with 3% H2 O2 between
the electrochemical characterization and the addition of ruthenium. This
deposition / electrochemical-characterization procedure was repeated several
times to give electrodes with progressively higher loadings of ruthenium adatom
on the surface.
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6.2.3

Electrochemical characterization of platinum ruthenium adatom electrodes

Electrochemical experiments were performed using the setup described in
§2.2.1. The working electrode was a 1 cm2 ESNS electrode (silver plated nickel
screen, 1.5 mg cm−2 platinum loading using 10% platinum on Vulcan XC-72)
that ruthenium adatoms had been deposited onto. Prior to the collection
of any electrochemical data, the electrode was conditioned in a 1 mol dm−3
KOH / 1 mol dm−3 �-propanol electrolyte at 60 ◦ C by reducing the electrode at
−0.1 V for 5 mins. Potential step experiments were then performed for 15 min
per potential step, between 0 and 0.4 V, at 12.5 mV increments. Between the
potential step experiments, the electrode was conditioned for 2 min at −0.1 V).

6.2.4

Operation of alkaline direct �-propanol fuel cell
using a platinum-ruthenium adatom anode

The fuel cell hardware was the same as that used in §3.2.3, and the cell was
conditioned in a similar manner manner as before. Specifically, the electrodes
were first conditioned under in 1 mol dm−3 KOH by sweeping its potential
between -0.5 and 0.5 V at 5 mV s−1 until a stable response was observed (ca.
60 cycles). The cathode was a 1.5 mgPt cm−2 ESNS electrode, and the anode
was either a 1.5 mgPt cm−2 ESNS electrode or a PtRuadatom electrode prepared
using the procedures described in 6.2.3.
In the operating Direct �-propanol Fuel Cell (D2PFC), the electrolyte was
a 5 mol dm−3 potassium hydroxide solution at 70 ◦ C; 100% �-propanol was
supplied to the anode compartment at 0.5 cm3 min−1 and at room temperaute.
Dry oxygen was supplied to the cathode compartment at 300 cm3 min−1 and at
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room temperature. Polarization curves were collected by stepping the current
density using a logarithmic scale, to a maximum of 0.5 V cell potential. The
cell potential was allowed to equilibrate for 30 s at each current density before
recording the cell potential.

6.3

Results and discussion

Figure 6.1 shows the potential-time-current profile for the oxidation of
1 mol dm−3 �-propanol in 1 mol dm−3 KOH over a series of ESNS electrodes
that have progressively increasing amounts of ruthenium on the surface. The
electrodes were prepared by the reductive deposition method reported by Cao
and Bergens. [14] In this procedure, ruthenium is reductively deposited from
aqueous RuCl3 by oxidizing a monolayer of HUPD . This preparation scheme
is designed to be self-limiting, with the deposition ceasing when the HUPD is
consumed. This deposition can be repeated iteratively, to produce catalysts
with progressively higher loadings of ruthenium. For comparison, Figure 6.1
also shows the same set of experiments using the as-received platinum electrode.
The electrochemical activity of the material changes significantly upon a single
addition of ruthenium to the surface of the electrode. Specifically, the onset
potential for the oxidation of �-propanol is shifted to potentials that are only
12 mV above the RHE, and the activity of the catalyst at potentials lower
than 0.125 V, or higher than 0.25 V, is significantly enhanced. Unlike the
behaviour of the as-received platinum electrode, however, the low-potential
current maximum is no longer observable. The absence of the current maximum
is somewhat surprising, as it is observed for bulk platinum-ruthenium alloy
catalysts (see Figure 4.5, p. 129). The apparent disappearance of the current
maximum indicates that the mechanism of the reaction has changed. Further,
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the higher current densities at low potentials indicates that the platinumruthenium adatom catalysts are more active than carbon supported platinum
catalysts towards the oxidation of �-propanol.
The first three additions of ruthenium to the catalyst increases its activity
between 0 and 0.4 V. Upon the fourth deposition of ruthenium, however, the
activity of the catalyst below 0.2 V continues to increase, but the activity
above 0.2 V begins to decline. This behaviour is consistent with two diﬀerent
mechanisms occurring between 0.2 and 0.4 V; one that predominates at low
potentials, and another or possibly both mechanisms operating at higher
potentials. As discussed previously (see §4.1 and Chapter 5), oxidized ruthenium
is inactive towards the oxidation of �-propanol. At high coverages of ruthenium,
and at potentials near 0.4 V, the reduced activity of these platinum-ruthenium
adatom catalysts towards the oxidation of �-propanol is consistent with the
dilution of platinum, which is the active site responsible for the destructive
adsorption of �-propanol. At lower potentials, however, the activity of the
catalyst is enhanced by ruthenium. This catalytic enhancement is consistent
with a cooperative eﬀect between the platinum and ruthenium sites during
the oxidation of �-propanol. As discussed in Chapter 5, this cooperative
eﬀect is believed to be a hydrogen bonding interaction between the adsorbed
(CH3 )2 C * OH intermediate, and either a ruthenium oxide or a ruthenium
hydroxide species (Scheme 6.2). The prevalence of these ruthenium species will
be dependent on the extent that the surface is oxidized, and is therefore linked
to the potential of the experiment. These oxides and hydroxides, although
inactive towards the destructive adsorption of �-propanol, enhance the rate
determining step, and there is an optimum platinum:ruthenium ratio of the
surface.
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(b) Platinum-ruthenium adatom electrode

Figure 6.1: (a) Current-time-potential profiles for the half-cell oxidation of 1 mol dm−3 �-propanol / 1 mol dm−3 KOH over a
1.5 mgPt cm−2 ESNS electrode, and (b) the same study with progressively increasing amounts of ruthenium adatoms on the
surface of the electrode. T = 60 ◦ C.

(a) Platinum electrode
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Scheme 6.2: Proposed transition state complex for the rate determining step
during the oxidation of �-propanol over platinum-ruthenium adatom catalysts.
In addition to the kinetic factors discussed above, platinum-ruthenium
surfaces also diﬀer in their HUPD stripping behaviour (Chapter 4). It has been
shown that �-propanol does not destructively adsorb onto a platinum surface
that is covered by a monolayer of HUPD . [13] Further, the changes in the HUPD
stripping behaviour of platinum, platinum-ruthenium, and ruthenium blacks
appear to correlate well with the onset potential for the oxidation of �-propanol.
The lower onset potential for the oxidation of �-propanol over these platinumruthenium adatom electrodes is consistent with a reduction in the coverage of
the electrode by HUPD at lower potentials, facilitating the destructive adsorption
of �-propanol at lower plotentials than over pure platinum.
Upon inspection of the current-time transients of platinum and of platinumruthenium adatom catalysts, it is also clear that the stability of the current-time
transient is increased with the addition of ruthenium. Figure 6.2 shows the
samples current voltammogram at 0.5, 3, 7.5 and 15 mins. As can be seen
in these plots, the platinum-ruthenium catalysts reach a quasi-steady state
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at relatively short times compared with platinum black. At high potentials,
the current density of the platinum electrode is decreasing over time even
after 7.5 min of oxidation, while the platinum-ruthenium adatom catalysts
appear to be quite stable. This increase in stability is consistent with a
decrease in the time dependance of the adsorbate coverage on the surface of
the catalysts. As the reaction proceeds, platinum-ruthenium adatom catalysts
have fewer adsorbates than platinum catalysts. In the case of the oxidation of
�-propanol, the adsorbate is believed to be acetone (see §§1.3.3.2 and 2.1.3);
however, in Chapter 5 it was proposed that the rate-determining step is the
oxidation of adsorbed (CH3 )2 C * OH. The increased stability of the currenttime transients suggest that the accumulation of adsorbed acetone, adsorbed
(CH3 )2 C * OH, or intermediates from the deeper oxidation of acetone to carbon
dioxide is decreased on the platinum-ruthenium adatom electrodes. In chapter
5, it was proposed that ruthenium adatom catalysts enhance the oxidation of
(CH3 )2 C * OH to acetone, and it follows that this enhancement will also decrease
the prevalence of (CH3 )2 C * OH on the surface; however, this enhancement will
also increase the amount of acetone at the electrode-electrolyte interface. It
is therefore plausible that the adsorption strength of acetone is decreased on
the platinum-ruthenium adatom catalysts (i.e., an electronic eﬀect). Indeed,
platinum-ruthenium adatom catalysts are known to form weaker bonding
interactions with carbon monoxide. [15–17] The synergistic bonding interaction
in Pt−CO and Pt−(η 2 −Acetone) are somewhat similar; there is ligand to
metal σ-type bonding, and metal to ligand π-type bonding. The similarity
in the bonding, and the fact that the Pt−CO bond strength is weaker on
platinum-ruthenium surfaces, suggests that the Pt−(η 2 −Acetone) bond may
also be weaker on platinum-ruthenium adatom surfaces. Detailed studies on
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the adsorption characteristics of acetone on these types of surfaces are required
in order to explore this possibility. Finally, ruthenium is known to facilitate the
oxidation of strongly bound intermediates to carbon dioxide by the bifunctional
mechanism. It is also possible that the increased stability is due the removal of
strongly bound intermediates formed during the deeper oxidation of acetone.
To see if the kinetic enhancements observed in the sampled current voltammetry equates to a higher performance AD2PFC, a prototype AD2PFC was
constructed using the platinum-ruthenium adatom electrode as the anode. For
this prototype cell, the anode chosen was made from the platinum-ruthenium
adatom electrode with three depositions of ruthenium. The electrode was
found to give the highest activity in the three-electrode experiments discussed
previously. Figure 6.3 shows the performance of the AD2PFC using this anode,
and using the as-received platinum substrate.
The polarization of the AD2PFC is significantly improved when the anode
is replaced with the platinum-ruthenium adatom catalysts. First, at current
densities just above 0 mA cm−1 , the cell potential is higher with the platinumruthenium adatom anode. This high potential at low current densities is
consistent with the lower onset potential for the oxidation of �-propanol over
platinum-ruthenium adatom catalysts (see Figure 6.1). The higher current
densities at potentials between the cell’s Open Circuit Voltage (OCV) and
0.5 V is also consistent with the higher activity of the platinum-ruthenium
adatom catalyst seen in Figure 6.1.
The current density at 0.5 V is significantly increased, by 32%, from 34.7 to
45.8 mA cm−2 . The improved polarization characteristics using the platinum
ruthenium adatom anode increases the power density of the fuel cell by 41%,
from 15.9 to 22.4 mW cm−2 . This significant increase in the power density of
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(b) Platinum-ruthenium adatom electrodes

Figure 6.2: Sampled current voltammograms at 0.5 (◦), 3 (�), 7.5 (�) and 15 min (�) for (a) the platinum electrode shown in
Figure 6.1a, and (b) the platinum-ruthenium adatom electrodes shown in Figure 6.1b.

(a) Platinum electrode

Figure 6.3: Polarization (�,◦) and power (�,•) curves for the same alkaline
fuel cell 100% �-propanol with either a 1.5 mgPt cm−2 ESNS anode (◦,•) , or
with the PtRu3 additions anode (�,�). Temperature = 70 ◦ C; alcohol flow rate =
0.5 mL min−1 ; dry O2 = 300 sccm; cathode = 1.5 mgPt cm−2 ESNS electrode.

190

the cell confirms that platinum-ruthenium adatom catalysts are superior to
platinum only catalysts in the AD2PFC.

6.4

Conclusion

The low potential chronoamperometric oxidation of �-propanol over platinum is enhanced by the addition of ruthenium adatoms to the surface of
the catalysts. Using three-dimensional (potential,time) versus current plots,
it was demonstrated that addition of ruthenium decrease the onset potential
for the oxidation, and it also significantly improves the rate near 0.5 V. The
lowered onset potential is consistent with the catalyst comparisons reported in
Chapter 4, where it was proposed that addition of ruthenium, resulting in the
oxidation of HUPD at lower potentials, facilitates the destructive adsorption of
�-propanol at lower potentials. �-propanol will not destructively adsorb onto
HUPD covered surfaces. Further, the enhanced rate of oxidation is consistent
with a promoting eﬀect by surface ruthenium. In Chapter 5, it was proposed
that the rate determining step is the oxidation of adsorbed (CH3 )2 C * OH to
acetone, and that ruthenium facilitates its oxidation by forming a hydrogen
bonding interaction between the alcoholic proton and a ruthenium oxide or
hydroxide, stabilizing the transition state and thereby increasing the rate of
oxidation. Increasing the amount of ruthenium will increase the amount of
ruthenium oxygen species present on the surface, and increase the likelihood of
this hydrogen bonding interaction and thereby increase the kinetic rate of the
oxidation.
Upon a fourth addition of ruthenium and at potentials near 0.5 V, the
activity of the catalyst declines. The reduction in the rate of the reaction is
consistent with the inactivity of oxidized ruthenium towards the destructive
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adsorption of �-propanol, and the decrease in activity is believed to result
from a dilution of the platinum site which is the active site for the destructive
adsorption. At low potentials, where the ruthenium is only partially oxidized,
the fourth addition of ruthenium results in a more active catalyst; this increase
is consistent with the promoting eﬀect discussed above.
The higher activity of the platinum-ruthenium adatom catalyst results
in significant increases in the performance characteristics of the AD2PFC.
Indeed, the current density at 0.5 V cell potential increased by 32%, from
34.7 to 45.8 mA cm−2 , and the power density increased by 41%, from 15.9 to
22.4 mW cm−2 . This increase in performance results from the lowered onset
potential for the oxidation of �-propanol, and from the increased kinetic rate
of oxidation.
The experiments are diﬀerent from those presented in Chapter 5, as these
chronoamperometry experiments alloy the reaction to reach steady-state conditions, versus the LSV experiments which are changing and evolving over
time.
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Chapter 7
Conclusions and future work
The Direct Alcohol Fuel Cell (DAFC) is a promising method for the production of energy from energy-rich hydrocarbon fuels. The eﬃciency that a DAFC
harnesses the energy content of this fuel is a key concern if the DAFC is ever
to become commercially viable. Typically, the acidic electrolyte DAFC has
platinum-ruthenium at the andode, and platinum at the cathode. The reason
for the predominance of platinum is its exceptionally high activity compared
with other metals. The prohibitively high cost of platinum, however, remains
a key hurdle that must be overcome if DAFC technology is ever to become
commercially viable.
The Alkaline Fuel Cell (AFC) has several advantages over the acidic Fuel
Cell (FC). Potentially the most attractive is that the cathodic reaction can
be catalyzed by metals that are significantly cheaper than platinum, such
as nickel, silver, and iron cobalt alloys. Further, the oxidation kinetics of
many alcohols are known to be faster in base than in acid. One of the largest
shortcomings of the AFC, however, is that they are intolerant towards carbon
dioxide. Carbon dioxide is a byproduct of the oxidation of many alcohols,
and will gradual carbonate the electrolyte in an Alkaline Direct Alcohol Fuel
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Cell (ADAFC). Carbonation of the electrolyte significantly decreases the
performance characteristics of the FC, and should be avoided.
2-propanol is an interesting candidate for use in an ADAFC. First, the
major product formed during its oxidation is acetone, which will not react
with the electrolyte in a stoichiometric side reaction, consuming the electrolyte.
Second, the oxidation of �-propanol to form acetone proceeds via a mechanism
that does not involve the formation of strongly adsorbed species, and therefore
proceeds at high kinetics rates and low overpotentials. This increase in kinetic
rate results in an increase in the eﬃciency of the Alkaline Direct 2-Propanol Fuel
Cell (AD2PFC) relative to the Alkaline Direct Methanol Fuel Cell (ADMFC),
the latter of which produces adsorbed carbon monoxide as a surface stable
poison.
In the preceding chapters it was shown that the oxidation of �-propanol
at low potentials is more facile in an alkaline electrolyte than in an acidic
electrolyte, and a well defined low-potential current-maximum was observed
during the steady-state oxidation of the fuel (Chapter 2). Perhaps even more
important was that the activity of platinum towards the oxidation of �-propanol
within this potential range was significantly higher than its activity towards
the oxidation of methanol. A prototype AD2PFC was shown to outperform
the ADMFC under comparable conditions (Chapter 3), consistent with the
higher activities observed in three-electrode experiments.
A brief study of platinum, platinum-ruthenium, and ruthenium blacks found
that the low-potential maximum in stabilized-current density occurred over all
three of these catalysts (Chapter 4). The onset potential for the oxidation was
also found to decrease as the amount of ruthenium in the catalysts increased. It
was proposed that this decrease in the onset potential resulted the oxidation of
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HUPD at lower potentials. 2-propanol will not destructively adsorb onto hydride
covered surfaces. The magnitude of the low-potential maximum in stabilizedcurrent density was significantly diﬀerent between these three catalysts, with
platinum-ruthenium giving current densities that were approximately three
times higher than those observed for platinum.
The source of this catalytic enhancement was studied by Linear Sweep
Voltammogram (LSV) using catalysts with well defined ratios of platinum and
ruthenium on the surface (Chapter 5). A novel approach to the treatment of
the temperature dependant electrokinetic data was implemented, where both of
the independent variables were treated simultaneously using multidimensional
regression. This treatment simultaneously gave the enthalpy of activation
0
(∆H ‡ ), the apparent potential-independent rate constant (kapparent
), and the

transfer coeﬃcient (α), from a single model of the data. From the thermodynamic and electrokinetic parameters, it was proposed that the active site
for the destructive adsorption of �-propanol was platinum. Surface ruthenium
was found to decrease the activation enthalpy of the rate determining step
by an amount that is consistent with a hydrogen bonding interaction that is
not present on platinum. A transition state complex was proposed to account
for this stabilization, where an oxygen on ruthenium hydrogen bonds with
the alcoholic proton of the adsorbed (CH3 )2 C * OH intermediate. The proton
is then transferred to the ruthenium-oxygen species, producing acetone as a
product and reducing the ruthenium-oxygen species. The reduced rutheniumoxygen species is then oxidized, completing the catalytic cycle. This proposal
has significant implications on the field of ruthenium promoted oxidation of
alcohols. It is a new mode by which the bifunctional mechanism promotes the
oxidation of an alcohol, and warrants further investigations. Additionally, this
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mode of catalytic enhancement may be present using cheaper oxophilic metals
such as tin, manganese, cerium, titanium, iron, cobalt, nickel, or copper, and
they should be explored as promoters for the oxidation of �-propanol.
Chapter 6 explored the utility of platinum-ruthenium adatom catalysts
in an operating AD2PFC. It was found that the enhanced activity of these
platinum-ruthenium adatom catalysts at low potentials results in higher power
densities in the AD2PFC. In fact, the power density at 0.5 V cell potential
increased by over 40% relative to the the platinum only cell. Further, theeelectrode experiments showed that there is an optimum platinum:ruthenium
surface ratio to achieve high current densities, and improved stability.

7.1

Future Work

Future work on the investigations presented throughout this thesis should
focus on:
1. Validating of the multidimensional analysis used to determine the kinetic
and thermodynamic parameters of electrochemical reactions. Specifically,
well studied reactions (such as the REDOX chemistry of Ru(NH3 )63+ ,
Fe(CN)63 – , or Ferrocene) should be investigated using the techniques
developed in Chapter 5. The parameters obtained from the multidimensional analysis should then be compared with those currently accepted
for the appropriate REDOX system.
2. The AD2PFC should be further investigated using an anion exchange
membrane electrolyte. These systems should be thoroughly characterized
in terms of their total eﬃciency, and net energy density. The long term
stability of the AD2PFC should be evaluated, and the final product from
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the oxidation of �-propanol in alkaline electrolytes should be verified
spectroscopically.
3. The mechanistic investigations for the oxidation of �-propanol in alkaline electrolyte should be expanded to acidic electrolytes. Specifically,
multidimensional analysis of the variable temperature oxidation of �propanol in acid using well defined platinum-ruthenium surfaces should
be investigated.
4. Continuation of the mechanistic investigations for the oxidation of �propanol in alkaline electrolyte should focus on the exploration of alternative catalyst that are more cost eﬀective than platinum, possibly
palladium. Further, oxide supports based on tin, manganese, cerium,
titanium, iron, cobalt, or nickel should be tested.
5. The possible influence of changes to the catalyst electronic structure must
be determined. To this end, fully reduced platinum-ruthenium catalysts
must be characterized by Ultraviolet Photoelectron Spectroscopy (UPS).
6. Detailed mechanistic investigations using single-crystal electrodes with
diﬀerent ratios of platinum and ruthenium on the surface should be carried out. Using these types of electrodes, the morphology of the deposited
ruthenium (i.e., islands vs well-dispersed) can be more conclusively established using Scanning Tunneling Microscope (STM), and a detailed model
of the electrokinetics that accounts for the diﬀerent types of sites (Ptisland ,
Ruisland , PtRuisland interface , and PtRudispersed ) should be developed.
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