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Abstract
Catalytic reactions are of central importance to today’s industrial development and
productivity, especially when a metal that is normally unreactive becomes active. Gold
nanoparticles supported on TiO2 powder have been found to be an outstanding catalyst
for

various

reactions,

while

neither

the

TiO2

powder

nor

the

Au

nanoparticles

by

themselves have shown such property. The catalytic activity of a Au/TiO2 catalyst in
oxidation
project.

reactions

was

Combining

studied

high

using

transmission

vacuum-cryogenic

infrared

temperature

(IR)

spectroscopy

experimental

in

this

techniques

and

density functional theory (DFT) calculations, a special kind of Au-Ti4+ dual perimeter site
located at the interface of Au and TiO2 was identified as the key active site for oxygen
activation.

We

demonstrated

the

working

mechanism

of

this

special

site

via

three

different reactions with O2 gas: CO oxidation, H2 oxidation, and acetic acid partial
oxidation.

Spectroscopic

evidence
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reaction

zone

at

the Au-Ti4+ dual perimeter sites.
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surface
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desorption
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surface
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pyridine

demonstrating

processes.

defect

oxide

sites

supports
molecules
the

Nano-particle
were
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found

utility

on
of

surface
to

play

important roles in controlling adsorbate diffusivity. The influence of humidity (H2O) on
the surface diffusion/desorption behavior of pyridine was also studied, where a dramatic
increase in pyridine surface diffusivity over MgO was observed when modified by H2O
adsorption to produce Brensted acid sites from Lewis acid sites. A weakly bound IRactive molecular O2 species was detected on the TiO2 surface at low temperatures, and its

ii
heat of adsorption was measured to be between -16 and -21 kJ mol-1. It is suspected to be
the precursor to “active” O2 species in various oxidation reactions on the catalyst surface.
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Chapter 1
Introduction.

I. Using Gold as a Heterogeneous Catalyst.

Gold is the 79th element on the periodic table. It is a group 11 metal with an electron
structure of [Xe]4f145d106s1. Bulk gold plays an important role in society as a precious
metal used for currency, jewelry, and as a conductor in semiconductor devices, together
with two other stable metals, copper and silver, also from group 11. However, until the
1980s, gold was the only coinage metal that had not been demonstrated to be a catalyst.1
Early attempts at using gold as a catalyst were carried out using gold wire or gauze.
The first documented catalytic reaction on gold was from Bone and Wheeler in
December 1904, to oxidize H2 by O2 on gold gauze.2 A small rate of reaction was observed.
It was quickly realized that bulk gold is not a good catalyst compared to other transition
metals.1’3
In 1970, Cha and Parravano reported that Au nanoparticles supported by MgO could
catalyze oxygen exchange between CO and CO2 above 300°C.4 Later in 1973, Bond and
Sermon synthesized Au/SiO2 and Au/y-Al2O3 catalysts by impregnation and found them
to be active for olefin hydrogenation starting at 100°C.56 Ozin et al. also demonstrated
that single Au atoms condensed in a mixed CO and O2 matrix could catalyze the
formation of CO2 at 30-40 K.7 These studies hinted at the special properties of supported
gold nanoparticles as a catalyst and formed the foundation for modern gold catalysis.
The real acceleration of gold catalysis research began circa 1987, following the
pioneering work by Haruta et al., in which small gold nanoparticles supported by
transition metal oxides were found to catalyze CO oxidation by O2 at temperatures far
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below 0°C.8’9 The economic incentive for developing a room temperature CO oxidation
catalyst is enormous, since CO removal is beneficial for the environment and for
industrial processes producing CO2 or H2.8 As a result, much effort over the last 25 years
has been directed toward understanding the nano-sized gold catalysts to improve
performance.
It was later realized that Haruta’s success in gold catalyzed CO oxidation lies in the
appropriate choice of support and synthesis method: using reducible transition metal
oxides such as TiO2, CeO2 and Co3O4 as the support works better than using conventional
non-reducible supports such as SiO2 and Al2O3;10-12 supported gold nanoparticles made
from coprecipitation (COPPT) and deposition-precipitation (DP) are more active than
those made by the classical method of impregnation, due to Au’s lower melting point and
low affinity to oxides (compared to Pd and Pt).13-15 As the interest in gold catalysis
increases, more reactions catalyzed by Au nanoparticles were developed, such as partial
oxidation of olefins,16 the water-gas-shift reaction (CO + H2O ! CO2 + H2),17 ethyne
hydrochlorination,18 propene epoxidation,19 and others.20 Interestingly (but maybe
unfortunately), it was found that different catalytic reactions are favored by different
gold nanoparticle properties, such as nanoparticle size, type of support, and methods of
synthesis. For example, the direct synthesis of H2O2 from H2 and O2 has better yields on
SiO2- and ALO3-supported Au nanoparticles compared to TiO2- and CeO2-supported;21’22
liquid phase glycerol oxidation is insensitive to the type of support and the Au
nanoparticle size (below 180 nm).23-25 As a result, the amount of literature on Au
catalysts is overwhelming yet inconclusive in many aspects. CO oxidation remains the
most studied reaction on Au catalysts, due to its simplicity and its importance in various
applications. As such, the latter part of this section will focus on the landmark
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experiments carried out on CO oxidation that revealed the special properties of
supported nano-sized Au, with emphasis on TiO2, as the support.
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Figure 1.1. Plots of supported Au nanoparticle catalytic activity (turnover frequency, TOF) for
CO oxidation as a function of particle size. A is reprinted from ref. 9 with permission; B is
reprinted from ref 26 with permission.

It was first thought that the catalytic activity of gold originated from the dimensions
(particle size and thickness) of the nanoparticles. Haruta et al. first reported,9 and
Goodman et al. later confirmed,26 that the CO oxidation activity on TiO2 or other oxide
supported Au nanoparticles was maximized when the particle size was around 3 nm in
Au diameter, as shown in Figure 1.1. Using scanning tunneling microscopy/spectroscopy
(STM/STS), the Goodman team reported a quantum effect, where Au clusters smaller
than 3 nm showed non-metallic properties, especially when the clusters were below 3atom-layer-height.26’27 The most active catalyst supports, preferably reducible transition
metal oxides such as TiO2, were thought to serve as an oxygen stabilizer or reservoir,
since the Au-O2 interaction is known to be poor.
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However, Bollinger and Vannice converted a batch of catalytically inactive Au powder
of 10 pm diameter into active catalysts for CO oxidation by depositing TiOx nanoparticles
on the inactive Au powder.28,29 Rodriguez et al. confirmed this observation by depositing
TiOx or CeOx clusters on a Au(rn) single crystal surface and found decent catalytic
activity towards the water-gas-shift reaction.30 These results indicate that the quantum
size effect of small Au nanoparticles may not be an important factor for gold catalysis,
and that the support plays a more important role than previously recognized.

Figure 1.2. Plots showing that the Au/TiO2 catalytic activity is proportional to the length of the
Au-Ti interfacial perimeter. A, for CO oxidation reaction, reprinted from ref. 33 with permission;
B. for H2-D2 exchange experiment, reprinted from ref. 34 with permission.

Based on the observations that i) Au or support oxide nanoparticles alone do not have
catalytic activity for CO oxidation, and ii) Au/TiO2 and TiOx/Au catalysts both have good
performance, Bond and Thompson proposed in 2000 that the activity for CO oxidation
probably originates from the interface between the two materials, where Au and the
support meet.31 They emphasized that the CO oxidation was aided by the hydroxyl
groups located on the support, near the periphery of Au nanoparticles. This view was
well accepted without experimental proof,1’16’32 until Behm et al. indirectly linked the
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catalytic activity for CO oxidation to the total length of the perimeter of the Au particles
at the Au/TiO2 interface, as shown in Figure 1.2A.33 Fujitani et al. also demonstrated that
for an H-D exchange reaction, the turnover frequency (TOF) is proportional to the total
length of the perimeter interface of Au/TiO2, as shown in Figure 1.2B.34 They also
demonstrated that a reverse TiOx/Au catalyst had comparable catalytic activity towards
the H-D exchange reaction as the classic Au/TiO2 catalyst.34 Besides indirect
experimental evidences, theory also predicted that the interfacial sites between the Au
and TiO2 support can be the key to activate oxygen.35’36
This project utilizes operando [operando: study the catalyst in it’s working state]
transmission IR spectrometry to provide direct observation of the localized catalytic
activity zone at the dual-perimeter region of the Au/TiO2 catalyst. Part I of this thesis
focuses on the mechanistic studies of several oxidation reactions catalyzed by the
Au/TiO2 catalyst.
We first discovered that Au/TiO2-catalyzed CO oxidation occurred at cryogenic
temperatures (~120 K), in which the CO molecules adsorbed on the TiO2 support were
the only mobile species to participate in the reaction (Chapter 3). The fact that the tightly
bound CO molecules on the Au nanoparticles were unreactive strongly suggested that the
reaction was localized at the perimeter of the Au nanoparticles. Density functional theory
(DFT) calculations revealed that the O-O bond scission was activated at the dual
perimeter sites where a Au atom and a Ti4+ ion work together.
Then we show that the special dual-perimeter sites on the Au/TiO2 catalyst can be
used to oxidize hydrogen to form water, where the H-H bond is also activated (Chapter
4). A Ti-OOH intermediate was formed and an early transition state was measured by
the deuterium kinetic isotope effect (DKIE), and confirmed by DFT calculations.
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Following the recognition of O-O bond scission and H-H bond scission at the dual
perimeter sites, we then studied the partial oxidation of acetate/TiO2 to produce the gold
ketenylidene species (Au2=C=C=O), where C-H bonds in CH3COO/TiO2 were activated
with the help of O atoms formed at the Au-Ti4+ dual perimeter (Chapters 5 and 6).
Besides the novel detection of the surface ketenylidene species by IR, the reactant and
product actually switched adsorption sites during the reaction, clearly implicating once
again the role of active sites at the localized dual-perimeter sites of the Au/TiO2 catalyst.
In addition to pinpointing the active sites on the Au/TiO2 catalyst for oxidation
reactions, it was also of interest to identify the charge state of active Au species, since the
literature has shown mixed results using different detection techniques.37-41 We have
found that extensive pre-oxidation of the Au/TiO2 sample in O2 at elevated temperatures
generated Aus+ sites that can be detected by a distinctive CO/Aus+ vibrational frequency
(20 cm-1 above the frequency from CO/Au0). These Au5+/TiO2 sites retarded the 120 KCO oxidation reaction by 22 fold, indicating an inhibition effect of the positive charge on
Au on the catalytic activity (Chapter 7).

II. Adsorption, Diffusion, and Desorption Properties of TiO2 and MgO.

Metal oxides, especially metal oxide powders, are popular supports for various
industrial metal or metal oxide catalysts. Their acidic or basic surface binding sites, plus
large surface area, make them good candidates to disperse and stabilize metal or metal
oxide nanoparticle catalysts.42,43
The intrinsic surface properties of the oxide support influence the physical and
chemical behavior of the metal catalyst of interest, such as gold. For model catalytic
studies using metal oxide supported precious metals, the concept of strong metal support
interaction (SMSI) was proposed and has been well documented since the late 1970s.44’45
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The SMSI effect was also reported for Au catalysts supported by TiO2,46 where the
wetting of the TiO2 surface by Au at 800 K in a reducing environment and the de-wetting
of the support and the sintering of the Au in an oxidation environment were observed.26
The surface defect sites on the support were shown to contribute significantly to the
interaction between Au nanoparticles and the support. Both experiments and theoretical
calculations indicate that the electron rich F-centers on MgO and TiO2 surfaces are
crucial for Au catalytic activity.35’40’41’47 Scanning tunneling microscope measurements
also observed Au cluster nucleation at the defect sites of TiO2(iio) single crystals48, and
that Au atoms deposited on a thin MgO film were charged.49 The subtle electronic flow
between the support and the Au nanoparticles is often suspected to be involved in
producing catalytic activity.
In addition to dispersing and stabilizing the Au nanoparticles, the high surface area
metal oxide support can also serve as a reservoir/sponge for reactants and products. As a
result, understanding the adsorption, diffusion, and desorption properties of the support
are valuable to elucidating the molecular details of catalysis. The issue is particularly
important because Au is known for its weak adsorption ability, and the reactants need to
reach the catalytically active region located at the Au-support interface.
Metal oxide surface adsorption, diffusion, and desorption properties are influenced
by many parameters, such as crystal structure, surface defect sites and density, surface
acidity, and the presence of surface hydroxyl groups. Part II of this project studied the
surface adsorption, diffusion, and desorption properties of two popular metal oxide
powders, TiO2 and MgO, as models for transition (reducible) metal oxides and non
reducible metal oxides. The surface acidity and diffusion/desorption properties of the
MgO and TiO2 powdered material were studied using transmission IR spectroscopy of
adsorbed pyridine as a weak-basic probe molecule. The diffusion and desorption of
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pyridine from MgO and TiO2 surfaces were found to occur by means of a mobile
precursor model. This model is well known for molecular diffusion/desorption on single
crystal surfaces, but was still foreign for diffusion/desorption through powered
materials.50,51 The influence of surface defect sites and surface hydroxyl groups on
pyridine/MgO diffusion/desorption were studied, where pyridine was found to bind
more strongly to the surface defect sites on the MgO surface (Chapter 8), and surface
hydroxyl groups (Mg-OH) generated from water vapor were found to dramatically
accelerate pyridine diffusion/desorption (Chapter 9).
The differences in pyridine diffusion/desorption on anatase and rutile TiO2 surfaces
were also studied (Chapter 10). It was found that the diffusion activation energy for
pyridine/anatase (90 kJ/mol) was more than double the diffusion activation energy for
pyridine/rutile (36 kJ/mol). This difference was confirmed by DFT calculations.
Since the TiO2 support is proposed to be an oxygen reservoir during CO oxidation on
a Au/TiO2 catalyst, the interaction between O2 and TiO2 was investigated at cryogenic
temperature. A weakly bound surface O2 species with vibrational frequency at 1550 cm-1,
identical to the Raman frequency of O2(g), was observed by IR (Chapter 11). The
adsorption enthalpy of the weakly-bound O2/UO2 species was calculated to be between 16 and -21 kJ/mol. The interaction between the TiO2 surface and the weakly bound O2
species was easily disturbed by the co-adsorption of CO, CO2 and H2O.

III.

Using

Operando

FTIR

to

Monitor

Heterogeneous

Surface

Catalytic

Processes.

Heterogeneous catalytic processes occur at the surfaces of the catalysts, where
adsorbed reactants are activated.43,52 Various surface characterization techniques were
developed throughout the exploration of the origin of catalytic activities, since the
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founding of the field of surface science by Irving Langmuir in the beginning of the 20th
century.53,54 Infrared spectroscopy was among the first technique developed (~1910 by
Coblentz55 to study water adsorption on minerals) and then later utilized to characterize
catalyst surfaces and the adsorption species on the surfaces (by Terenin et al. ~1940 to
study adsorbed molecules on oxides).52’55-62 The addition of the Fourier transformation
technique to IR spectroscopy in the 1960s boosted IR instrumentation to one of the most
widely applied spectroscopic techniques.57’63
R. van Santen roughly divided the research in heterogeneous catalysis into three
categories:64 1) macroscopic study, which concerns the engineering of the industrial
reactor and the bulk quality of the catalyst; 2) mesoscopic study, which explores the
kinetics of catalytic reactions and the activation of the catalysts; 3) microscopic study,
which reveals the mechanism and atomic-level details of the catalytic system. Surface
scientists are most interested in the microscopic portion of catalytic research, where the
goal is to understand the structure of the catalyst surface, how reactants adsorb and
activate at the surface, and the mechanism of the catalytic reactions. Only with this
information,

can

we

manipulate

catalysts

in

a

macroscopic

manner.

Infrared

spectroscopy is a technique that provides both microscopic and mesoscopic information,
thus linking the fundamental studies to the real catalytic world.
For microscopic studies, IR can be used to probe the catalyst surface properties, and
the reactant adsorption configuration.61-63 Figure 1.3 shows IR spectra of the C-O
stretching frequencies of gas phase CO, CO adsorption on TiO2, CO adsorption on
Au0/TiO2, and CO adsorption on Au5+/TiO2. Clear discrimination between the gas phase
and the 3 different adsorption sites of u(CO) are observed. This is because the electronic
interaction between CO and the adsorbent during bonding influences the intrinsic
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strength and force constant of the C-O bond, causing a shift in u(CO). Different
adsorbents interact with CO differently, resulting in distinctive CO(a) frequencies.

Wavenumber (cm1)
Figure 1.3. IR spectra of room temperature gas phase CO showing the resolved vibrationrotation lines (black), CO adsorbed on TiO2 at 120 K(red), CO adsorbed on Au0/TiO2 at 120 K
(blue), and CO adsorbed on Au5+/TiO2 at 120 K. The Au5+/TiO2 sample is produced by heating the
Au0/TiO2 in O2(g) at 473 K.

IR frequencies of adsorbed molecules can also provide information of bonding
configurations. Figure 1.4 shows the pioneering work done by Yates and Garland, of a
CO/Ni adsorption configuration assignment.65 At room temperature and low CO
coverage, only linearly adsorbed CO-Ni species were observed (species C), while at
higher CO coverages, less strongly bound bridging CO-Ni2 species could be seen (species
A).65 Etching away the Ni by making Ni(CO)4(g) showed that the dispersed Ni sites were
produced (species E) at the expense of the crystalline Ni sites.65

11
Fre
quency,
cm.-1

1915

2035

1963

Species

0
c
/\
Ni Ni
0
c
1
-Ni000
ccc
1/ \i

Site
Crystalline

Strength
of
adsorption
Very

strong

Ni

Crystalline

Very strong

Ni

Crystalline

Moderately

Ni

strong

-Ni Ni-

2057

2082

0
c
1
-NiO
c
ii-

Semi

Moderately

crystalline

strong

Ni

Dispersed

Weak

Ni

Figure 1.4. IR spectra of room temperature CO adsorption and band assignment on a 25% Ni
nanoparticle supported by alumina. Spectrum 1, 1.7 x 10-4 mm. CO pressure; spectrum 2, 2.0 x
10-4 mm.; spectrum 3, 3.5 x 10-4 mm.; spectrum 4, 2.3 x io~2 mm.; spectrum 5,1.2 mm; spectrum
6, 1.2 mm. after 12 hours. Reprinted from ref. 65 with permission. Copyright (1961) American
Chemical Society.

The mid-IR source employed in IR spectrometry usually covers a photon energy
range of 400-4000 cm1. This radiation can be used to probe molecules in all phases,
including gas, liquid, and solid. As a result, IR can be used to monitor catalytic reactions
in situ, under realistic reaction conditions (compared to other probe sources that only
work in vacuum, such as electrons). According to the Lambert-Beer Law, a linear
relationship exists between the absorption of the incident light and the concentration of
the absorbing species. Thus, the relative concentration of a specific surface-adsorbed
species can be deduced from the area of the signature IR absorption band corresponding
to one isolated vibrational mode of that species. Using this strategy, IR spectroscopy can
be used to gain mesoscopic information of a catalytic system, such as reaction kinetics.
Inorganic chemists have used the loss of u(CO) band area in transmission-absorption IR
measurements to follow the kinetics of ligand exchange reactions such as M(CO)6 + L ->
M(CO)5L + CO since the mid-1960s,66 and the exchange of isotopic CO into a gas-phase
metal carbonyl was first investigated in 1961. 67
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C. Reflection-Absorption D. Attenuated Total Reflection
Figure 1.5. Scheme of common IR spectroscopy techniques for studying adsorbed specis
including A. transmission, B. diffusion reflectance, C. reflection-absorption, and D. attenuated
total reflection.

According to the properties of the sample of interest, IR spectroscopy is usually
carried out in the following four ways: transmission IR, diffuse reflectance IR, reflectionabsorption IR, and attenuated total reflection (ATR) IR, as shown in Figure 1.5.
Transmission IR can be used when the bulk of the sample absorbs IR weakly. Samples
for transmission IR measurements need to be pressed into self-supported wafers, or
supported on an inert mesh or wafer holders. To avoid pressing of the sample, diffuse
reflectance IR can be used instead, where the sample can be measured as a loose powder.
If the sample does not transmit IR, such as metal single crystals, reflection-absorption IR
is employed. Finally, ATR-IR is used to study films or self assembled monolayers
(SAMs), where each reflection only penetrates a few micrometers into the sample. The
information gained from different IR spectroscopies is similar. Since most of the
catalysts used in heterogeneous catalysis are nanoparticles, transmission IR is a
convenient choice.
In this project, transmission IR was used to characterize the catalyst surface, as well
as to probe the oxide support properties. It was also used to monitor the
diffusion/desorption kinetics of reactants through the supports, and the reaction kinetics
during in situ catalytic reactions.
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Chapter 2
Instrumentation and Catalyst Preparation.

I. Instrumentation.

The vacuum transmission IR cell employed in this project was developed on the
basis of an earlier cell designed by Yates et al,1 which is now widely used throughout
the field. A top-view scheme of the cell is shown in Figure 2.1. The base pressure of
2

the stainless steel cell after bakeout is 1 x 10 Torr, achieved with a 55 L/s (N2)
-8

turbo-molecular pump which can be isolated from the cell by closing a gate valve.
The FTIR beam generated from a commercial Bruker TENSOR 27 spectrometer is
focused by four external optical mirrors to pass through the center of the IR cell and
to reach the external l-N2 cooled MCT detector. The cell has two differentially
pumped KBr windows for IR beam transmission (400-4000 cm transparent). A
-1

mechanical pump carries out the differential pumping of the space between the two
Viton O-ring window seals. The cell pressure is monitored by a MKS I-MAG cold
cathode ionization gauge for low pressure readings (10 -10 Torr) and a MKS
-10

-3

Baratron capacitance manometer for high pressure readings (0.001-100 Torr). A
quadrupole mass spectrometer (QMS) is connected to the cell for gas analysis, and
can be isolated from the cell by closing a gate valve.
The IR beam is aligned to focus at the center of the cell, where the samples are
mounted. Detailed calibration of the position of the optics and the samples can be
found in Appendix A. The samples are held on a l-N2 cooled reentrant Dewar with Zdirection motion. A closeup view of the sample holder is shown in Figure 2.2. The
samples were pressed into 7 mm diameter spots on a piece of tungsten grid by a

i8
hydraulic press, with pressures between 33,500 to 100,000 psi. The 0.051 cm thick
tungsten grid has 0.22 mm x 0.22 mm windows (-1370 windows/cm-2) that are
photo-etched in a tungsten foil, each small window holding a portion of the sample.

Figure 2.1. Top view scheme of the high vacuum transmission FTIR cell.

/-N2 Cooling
Feedthrough

Ni Clamps

Cu Rods for
Resistive Heating
Thermocouple (type K)
Sample I

W Grid

- Sample II
Blank Grid

Figure 2.2. A closeup view of the sample holder.
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Each sample spot holds approximately 0.005 g of material. The tungsten grid can
hold up to two samples at one time as shown in Figure 2.2. As a result, a catalyst and
a reference sample can be monitored by IR in the same experiment by moving the
manipulator in the Z-direction.
The tungsten grid is mounted between a pair of nickel clamps which are
connected to copper rods from the feed-through for efficient electrical heating and
cooling. This arrangement generates no vertical temperature gradient upon heating.1
A type K thermocouple that reads the sample temperatures to 0.1 K resolution is
welded on the top of the tungsten grid, directly above the samples. The thermocouple
and the electrical power supply for the resistive heating are connected to a National
Instruments Data Acquisition (DAQ) card. The DAQ card is controlled by a LabVIEW
program,

using

the

proportional-integral-derivative

(PID)

method

to

linearly

manipulate and program the sample temperature accurately between 85 and 1200 K.
The IR source and the MCT detector together with the entire IR beam pathway
are purged constantly by H2O- and CO2- free air. Information about the purge air
generator can be found in Appendix B. In order to eliminate the influence of the gas
phase and the tungsten grid, a reference spectrum taken through the gas phase and
the empty tungsten grid was subtracted from every spectrum recorded through the
sample under the same conditions.
Although not used in this project, the cell is also equipped with fiber optics, as
shown in Figure 2.1. The light source is perpendicular to the IR beam. When the
sample is installed diagonally in the cell (45° to the IR and the light source),
transmission IR spectroscopy can be used to measure photon-induced activities in
situ. A detailed description of the fiber optics installation and calibration can be
found in Appendix A.
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Reactants and probe molecules are introduced into the cell through a gas line
manifold. The gas line pressure is measured by a separate capacitance manometer
(0.1-1000 Torr). The gas-line is evacuated with the turbo-molecular pump as well.
The volumes of the gas-line sections are discussed in Appendix C.

II. Gold Catalyst Synthesis.
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Figure 2.3. A. TEM image of the Au/TiO2 catalyst after pre-treatment in the vacuum cell. B.
Plot of the Au particle size distribution.

While most of the oxides and catalysts used in this project were purchased or
donated, the Au/TiO2 catalyst was homemade. As mentioned in Chapter 1, the
synthetic method and particle size distribution contribute significantly to the gold
catalytic behavior. To avoid complications, the Au/TiO2 catalyst was synthesized via
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deposition-precipitation method with an average nanoparticle diameter of ~3 nm,
and was used throughout the entire project. The protocol for Au nanoparticle
deposition-precipitation with urea on TiO2 is adopted from Zanella et al.3 Figure 2.3
shows a transmission electron microscope (TEM) image of the Au/TiO2 catalyst used,
along with a histogram of measured Au nanoparticle size. TEM data were collected
on a JEOL 2000FXII microscope with 200 kV acceleration voltage.
Commercial TiO2 P25 powder (49 m2 g-1) is provided by Evonic Industries
(previously Degussa). Urea (99.5%) and hydrogen tetrachloroaurate (III) trihydrate
(HAuCV3H2O, Au precursor) were purchased from Acros. Before deposition, the
TiO2 powder was dried and activated at 373 K in a 100 mL/min air flow for at least
24 hours. The rest of the preparation process was carried out in the absence of light,
due to the known fact that the gold precursor may decompose under illumination. A
gold precursor aqueous solution was made (4.2 x 10-3 M HAuCl4 and 4.2 M urea).
One gram of activated TiO2 powder was mixed with 100 mL of the gold precursor
solution and reacted at 353 K with vigorous stirring for 8 hours. The pH of the
reaction mixture increased from ~2 at the beginning of reaction to ~7 at the end. The
Au/TiO2 powder was separated from the suspension by centrifuging at 3800 rpm for
20 min. To wash off the residual Cl- anion, which is suspected to compete with O2 for
active sites during CO oxidation,4 the Au/TiO2 powder was washed by 5 cycles of
vigorous stirring in 100 mL double-deionized water at 323 K, followed by
centrifugation at 3800 rpm for 20 min. Auger spectra, measured in a separate UHV
system, show no Cl- contamination on the samples after washing. The powder was
then dried at 373 K for over 24 hours under 100 mL/min air flow. The theoretical Au
loading on the catalyst is 8 wt%.
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Synthesized Au/TiO2 catalyst is stored in aluminum foil-covered 1.5 mL
Eppendorf tubes in a desiccator at room temperature, before installed in the vacuum
IR cell. After the catalyst was installed in the vacuum cell and before initial use, it
was heated to 473 K with a temperature ramping rate of 0.2 K/s and was held at 473
K in vacuum for 2.5 hours. Then 20 Torr of O2 was introduced into the cell at 473 K,
remaining for 1 hour. After pumping the cell down to high vacuum, the catalyst was
held at 473 K for another 0.5 hour, before it was cooled to desired temperature for
experimental use. The goal of the heating in vacuum and in O2 is to remove most of
the hydrocarbon impurities from the catalyst surface. Complete removal of all
impurities including hydroxyl groups requires higher treatment temperature, which
is known to cause Au particle agglomeration, and thus was not used. The TEM image
of the catalyst shown in Figure 2.3 was taken after the initial treatment described
above.
An Au/SiO2 catalyst made by DP method with an average Au particle size of ~3
nm was kindly provided by Dr. Zanella. Detailed description of the synthetic method
as well as the characterization of the Au/SiO2 catalyst can be found elsewhere.5
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Part I

Catalytic Oxidation Activities on Oxide Supported
Gold Nanoparticles
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Chapter 3
Spectroscopic Observation of Dual Catalytic Sites during
Oxidation of CO on a Au/TiO2 Catalyst.*
^Modified with permission from I. X. Green, W. Tang, M. Neurock, and J. T. Yates, Jr.,
“Spectroscopic Observation of Dual Catalytic Sites During Oxidation of CO on a Au/TiO2
Catalyst”, Science, 333, 736-739 (2011). The theoretical work was performed by Dr. Wenjie Tang
and Dr. Matthew Neurock and is included here for completeness.

The prevailing view of CO oxidation on gold-titanium oxide (Au/TiO2) catalysts is
that the reaction occurs on metal sites at the Au/TiO2 interface. We observed dual
catalytic sites at the perimeter of 3 nanometer Au particles supported on TiO2 during CO
oxidation. Infrared-kinetic measurements indicate that O-O bond scission is activated by
the formation of a CO-O2 complex at dual Ti-Au sites at the Au/TiO2 interface. Density
functional theory calculations, which provide the activation barriers for the formation
and bond scission of the CO-O2 complex, confirm this model as well as the measured
apparent activation energy of 0.16 electron volts. The observation of sequential delivery
and reaction of CO first from TiO2 sites and then from Au sites indicates that catalytic
activity occurs at the perimeter of Au nanoparticles.

I. Introduction.

Determining the atomic and electronic structure of the active site in heterogeneous
catalysis is a unifying theme for almost all work in the field.1-5 Understanding the
cooperative behavior between dual catalytic centers comprised of distinguishable active
sites is particularly challenging due to the complexity in resolving the mechanistic role of
each site and their interactions under catalytic reaction conditions. Herein, we use in situ
infrared spectroscopy to follow the dynamic changes at both Au and TiO2 sites that reside
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at the periphery of the Au/TiO2 interface. We show that the extraordinary catalytic
activity of nanometer-sized Au clusters supported on TiO2 results from dual catalytic
sites.
The unique catalytic behavior of Au/TiO2 contrasts to the inactivity of separate bulk
Au and oxide surfaces as was first recognized in the pioneering work of Haruta and
coworkers,6’7 and in the subsequent applications by others.8 While multiple mechanisms
have been proposed to explain the high catalytic activity of oxide-supported Au for CO
oxidation, there is little consensus on the nature of the active sites or the details of the
reaction mechanism. Some have proposed that the novel catalytic activity originates
predominantly from nanometer size Au particles, and that the role of the oxide support
is to stabilize these particles. Highly dispersed Au clusters thus provide a large fraction of
active coordinatively-unsaturated Au surface sites and can also possibly exhibit quantum
size effects.9-12 Others have proposed that the electronic interaction between the Au
nanoparticles and the underlying support is the key feature since cationic Au is thought
to be more active for the CO oxidation reaction.13’14 Two atom thick Au films, supported
on macroscopic-width thin TiOx films, where no perimeter interface between materials is
present, have been reported to show high relative activity supporting the idea of a
favorable electronic interaction between Au and TiO2.15 Considering the known weak
interaction between Au and O2, it was also proposed that the support may enhance the
catalytic reaction by localizing O2 or O atoms at Au perimeter sites.16-18 Several
experiments carried out with inverse catalysts demonstrated that the oxides might be
more important than just supporting the Au or enhancing the reaction on low
coordination number (CN) Au sites, by being involved directly in the catalytic reaction:
inactive Au single crystals or nano-sized Au powders become active when they come in
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contact with particular oxide supports such as TiOx or CeOx.19-21 The active sites for the
catalytic reaction are therefore postulated in this view to be at the Au/oxide interface.
A number of theoretical studies have also been reported which help to elucidate the
CO oxidation pathways and mechanisms over the supported Au catalyst,22’23 and
specifically examine the perimeter sites.24-29 Taking the most widely studied Au/TiO2
system as an example, it was postulated that O2 is activated at the perimeter sites
because of the enhancement of O2 or O adsorption by the TiO2 support;24-27 others
suggest that both the perimeter TiO2 sites and the Au sites with low CN are important for
the CO oxidation.28 In either case, the focus has been on the reaction between O2 and
CO/Au and it was proposed that the bi-molecular mechanism occurs through a
postulated CO-O2 intermediate, exclusively formed on the Au surface.
Although the catalytic importance of the perimeter has been recognized, the role of
the support is still generally overlooked. Reactions, and in particular CO oxidation, are
thought to occur on Au sites at the perimeter, while the support sites are only thought to
be involved in stabilizing O2 at the interface.17,21,24-28,30 The direct reaction of O2 and CO
on TiO2 sites which are adjacent to Au particles has not been considered, since weak
binding of CO occurs on supports such as TiO2.31,32 Although it was reported that CO
does not adsorb on smooth Au terrace sites,33 the CO adsorption on coordinatively
unsaturated Au sites is stronger than on TiO2,7,34,35 leading to the view that Au sites
deliver CO to active sites for the catalytic process. The experiments and theoretical
results reported here require the reconsideration of this fundamentally important issue
where just the opposite behavior has been found.
We have carried out CO oxidation over a Au/TiO2 catalyst at low temperatures, where
CO is chemisorbed on both Au and TiO2 sites and can be separately observed on these
sites during reaction. Direct proof of low temperature CO selective oxidation on TiO2
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sites near Au sites is presented here. Based on these experimental findings and the
results from density functional theory (DFT) calculations, we propose a new mechanism
for the operation of dual Au/TiO2 catalytic sites at the perimeter of Au nanoparticles.
We studied gold clusters (~2 nm - ~8 nm diameter, with a most probable diameter of
3 nm, as shown in Figure 2.3) supported on high surface area powdered TiO2 by
transmission infrared (IR) spectroscopy. Gold clusters of this size are reported to be the
most active for CO oxidation, both in actual supported Au catalysts7’9’16 as well as for
model catalysts made by vacuum deposition of Au clusters on single crystal films of
TiO2.12 The temperature range we have worked at (110 to 130 K) for CO oxidation assures
that only the low activation energy kinetic steps are being sampled. The observed steps
will also occur at the higher temperatures where the full catalytic cycle takes place. For
direct comparison, a pure TiO2 sample and a Au/TiO2 sample were separately observed
in adjacent positions on a W-mesh support in the same high vacuum transmittance IR
cell reactor with base pressure of 1x 10-8 Torr (Figure 2.2).

II. Model System and Computation Details.

To simulate the ~3 nm diameter Au particles supported by TiO2 system, we used a Au
nanorod structure which has a height of 3-atomic layers and is 3-atoms-wide covalently
bonded on top of a rutile TiO2(110) slab, as shown in Figure 3.1A-B. This structure is
similar to that used in previously reported DFT calculations.24,25 The Au nanorod
structure was chosen herein to model the sites on the Au particles supported on TiO2 due
to its computational tractability. It appropriately mimics the terrace and edge sites as
well as the Ti sites located at the Au/TiO2 interface as well as within the local vicinity.
The model, however, is an oversimplification of the nm-sized Au clusters on TiO2 as
there are no corner sites. These sites are likely to be somewhat more reactive for CO
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oxidation due to their ability adsorb and activate O2. As such the Au-nanorod structure
will somewhat underestimate the actual reactivity.

0.004

0.002 0
-0.002
-0.004
Charge density difference (e/A3)

Figure 3.1. A. Top view and B. side view of the 3-atomic-layer Au nanorod on rutile TiO2 (110)
surface model. Au atoms are yellow. Ti atoms are light grey. O atoms in TiO2 lattice are pink. C.
Charge density difference on the Ti5c sites noted by the dotted rectangle in B before and after Au
deposition. Red regions exhibit the highest electronic charge.

Two unit cells comprised of four O-Ti-O tri-layers were used to model the rutile
TiO2(110) surface. All of the simulations reported were carried out using a (2x3) unit cell
to simulate CO adsorption and diffusion and the larger (4x3) unit cell to model CO
oxidation. The atoms in the top two trilayers of the TiO2 slab were allowed to fully relax
while the atoms in the bottom two trilayers of the TiO2 slab were fixed to their lattice
positions for both unit cells. All of the Au atoms were allowed to relax in the Z-direction.
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All of the calculations reported herein were carried out using plane wave gradientcorrected DFT calculations as implemented in the Vienna ab initio Simulation Package
(VASP).36,37 The wavefunction was expanded in a plane-wave basis set with energy cutoff
of 400 eV. The PW91 gradient approximation (GGA) functional was used to describe the
exchange-correlation

energy.38

The

core-electronic

states

were

described

by

pseudopotentials constructed with the projector augmented-wave (PAW) method.39,40
The DFT+U method was implemented in our calculations to correct on-site Coulomb
interactions.41 The value of U was chosen to be 4.0 eV because it can generate similar
electronic

structure

that

was

experimentally

observed.42

Spin-polarization

was

considered for all calculations and was used when necessary. A vacuum gap of 10 A was
used in the Z-direction between slabs. The (2x3) and (4x3) unit cells were sampled with
(2x2x1) and (1x2x1) k-point mesh, respectively.43 Geometries were optimized until the
force on each atom was less than 0.03 eV/A.
The reaction pathway and activation barriers were found by the nudged elastic band
(NEB) method with image climbing,44,45 combined with the dimer method to isolate
transition states.46 The NEB method was used to follow the path between the reactant
and product states to the point where the perpendicular forces on all of the images along
the band were lower than 0.1 eV/A. The dimer method was subsequently used to isolate
the transition state to the point where the force acting on the transition state dimer was
lower than 0.03 eV/ A.
The charge density difference, pdiff, on the TiO2 surface before and after Au deposition
was calculated following Equation 3.1.
Pdiff = PAuITiO2) - pTiO2) - pAu)

(3.1)
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The electronic charge difference at the perimeter site is plotted in Figure 3.1C, showing
that negative charge accumulates on the Ti5c site at the perimeter after Au deposition.
This change in charge is responsible for the strong adsorption and activation of O2 at
these sites.30’33’47-50

III. Results and Discussion.

Figure 3.2. A. IR spectra of saturated CO layer: spectrum a, TiO2; b, Au/TiO2 under 0.060 Torr
of CO pressure at 120 K. B. IR spectral development during the CO oxidation reaction on Au/TiO2
under 1 Torr of O2 pressure at 120 K: a, before O2 introduction; z, after 120 min of reaction. The
CO/TiO2 oxidation was found to continue when the CO coverage was replenished from spectrum z,
indicating that the CO2(a) accumulation did not block the active sites. (Inset) The plot of
normalized integrated absorbance of CO/Au (red) and CO/TiO2 (black) against time during the
experiment.

The IR spectra at 0.060 Torr CO pressure at 120 K on both the Au/TiO2 catalyst and
the TiO2 reference sample are shown at saturation coverage in Figure 3.2A. A feature at
2179 cm-1 with a small shoulder at 2168 cm-1 that appeared on both samples was caused
by CO adsorption on TiO2.51 The blue shift from the gas phase frequency (2143 cm-1) is
generally attributed to CO chemisorbed on a metal cation site such as Ti4+, while a red
shift is observed for adsorption on metallic sites.33,51 Two additional features were seen in
Figure 3.2A on the Au/TiO2 sample. We assigned the broad band centered at 2102 cm-1
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in spectrum (b) as CO chemisorbed on metallic Au,22’32’33 and a small feature at 2341 cm-1
to chemisorbed CO2 on TiO2 sites on the Au/TiO2 catalyst.32 The CO2 band originated
from CO reacting with traces of residual O2 in the high vacuum cell. CO2 was only
produced on the Au/TiO2 catalyst, judging from a comparison of spectra (a) and (b) in
Figure 3.2A.
We evacuated the CO-saturated catalyst at 120 K for 1 hour before conducting further
experiments. During the evacuation, the small shoulder (2168 cm-1) arising from weakly
bound CO/TiO2 disappeared from the IR spectrum of the Au/TiO2 catalyst (as well as
from the pure TiO2 spectrum) as shown in Figure 3.2B(a) -- none of the more stronglybound chemisorbed CO or CO2 molecules desorbed at 120 K. CO oxidation began
immediately when the CO-saturated Au/TiO2 surface was exposed to 1.0 Torr of O2(g) at
120 K, as indicated by the gradual disappearance of the CO absorbance on TiO2 sites and
the growth of the CO2 feature on TiO2 sites in the IR spectra shown in Figure 3.2B (green
spectra). Surprisingly, the CO/Au feature hardly decreased in absorbance during the
oxidation at 120 K under O2(g). The integrated IR absorbance of a particular vibrational
mode is well-known to be proportional to the number of adsorbed species and can thus
be used as a quantitative measure for the reaction progress.52 The inset to Figure 3.2B
shows the very different kinetics observed for CO removal from TiO2 sites (fast) and Au
sites (slow). The main participant in the reaction is CO/TiO2, which depleted completely.
Only about 12% loss in CO/Au coverage occurred in over 120 min. The blue shift (~14
cm-1) of the CO/Au band after O2 introduction was likely the result of the coadsorption of
O2 on Au sites in the oxygen-rich environment.22'32 Little CO oxidation was detected on
the pure TiO2 reference sample, indicating the critical importance of the Au/TiO2
interface.
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Figure 3.3. A. Plots of the integrated absorbance of CO/TiO2 against time at various
temperatures fitted to first-order kinetics. (Inset) The Arrhenius plot. B. Plots of the normalized
integrated absorbance of CO on TiO2 against time under various O2 pressures at 120 K. (Inset)
The rate of CO consumption approaches a maximum at P(O2) > 2.5 Torr. C. IR spectra
development during temperature programmed desorption of CO. (Inset) The normalized
integrated absorbance of CO/Au (red) and CO/TiO2 (black) against temperature. D. Spectrum a,
IR spectrum of Au/TiO2 catalyst at 120 K in vacuum after thermally removing the CO/TiO2
species; b, IR spectrum of the catalyst shown in spectrum a after treatment in 1 Torr of O2 for 35
min at 120 K. (Inset) The integrated absorbance of CO/Au (red) and CO2/TiO2 (black) against
time for the process between spectra a and b.

Figure 3.3A shows the results of a kinetics study of the rate of CO/TiO2 consumption
on the Au/TiO2 catalyst by the reaction in 1.0 Torr O2(g) at various low temperatures
(110-130 K). The solid lines represent the best first-order fits to the data and show that
the reaction was accurately first-order in CO/TiO2 coverage. The inset shows an
Arrhenius plot of the data yielding an apparent activation energy of 0.16 ± 0.01 eV for
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the overall reaction. This activation energy is confirmed through an Arrhenius analysis of
the rate of adsorbed CO2 formation, yielding also an apparent activation energy of 0.16 ±
0.01 eV. The excellent agreement in the kinetics study between CO/TiO2 consumption
and CO2/TW2 generation confirmed that the reaction primarily occurred on the TiO2
sites and that the contribution from CO/Au oxidation was small at 120 K.
Figure 3.3B shows a plot of the rate of the reaction as a function of the O2 pressure at
120 K, where higher O2 pressure caused the reaction rate to increase. A plot of the
reaction rate as a function of O2 pressure (inset of Figure 3.3B) shows that the rate of CO
oxidation maximized at an O2 pressure of > 2.5 Torr at 120 K. This result suggests that
the O2 surface coverage on the Au/TiO2 catalyst reached a maximum under these
conditions, which caused the rate of reaction to remain constant even at higher O2
pressures.
To further examine the site-specific CO oxidation on Au/TiO2, we studied the thermal
desorption of the CO/TiO2 species. We gradually heated the CO-saturated Au/TiO2
catalyst from 90 K to 215 K in vacuum, and selectively removed the CO/TiO2 species
while more than 50% of the CO/Au species remained on the surface (Figure 3.3C). As
the CO coverage decreased upon raising the temperature, CO/TiO2 species desorbed
rapidly, while the CO/Au species desorbed more slowly. The inset of Figure 3.3C shows
the CO coverage change on Au and TiO2 plotted separately against temperature. The final
spectrum with only CO remaining on Au sites at 215 K is shown in Figure 3.3C(z). This
catalyst was then cooled to 120 K in vacuum [Figure 3.3D(a)], and then exposed to 1.0
Torr of O2. No reaction was detected in 35 min [Figure 3.3D(b) and the inset of Figure
3.3D]. This experiment shows that at 120 K, the most strongly chemisorbed CO/Au
species mixed with O2/Au species are inactive for CO oxidation, indicating that the active
site for low temperature CO2 formation is not a Au site.
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Figure 3.4. CO adsorption energies and configurations on different Au sites or on the Ti5c sites.
The distances between the CO and the adsorption site are noted. C atoms are black. O atoms in
CO are red.

CO chemisorption on Au and TiO2 was weak in both cases. It has been reported that
at temperatures above 25 K, CO does not chemisorb on Au(rn) terrace sites, neither on
single crystal nor on nanoparticles and films.

3033

However, CO can chemisorb on

coordinately unsaturated Au sites and the binding is stronger than on TiO2. The heat of
adsorption of CO/Au (coordinatively unsaturated sites) is reported to be in the range of
0.5-0.8 eV,

103435

while the heat of adsorption of CO/TiO2 is between 0.4 and 0.5 eV.

3135

DFT calculations of CO adsorption energies on Au sites and on TiO2 sites on the Au/TiO2
model presented herein yielded similar results, with binding energies of 0.7-0.9 eV for
CO/Au and 0.4 to 0.5 eV for CO/TiO2, as shown in Figure 3.4. Diffusion studies of
CO/TiO2 and CO/Au at 140 to 160 K also show that CO diffusion/desorption on TiO2 is
more rapid than on Au at all temperatures (Figure 3.5).
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Figure 3.5. Plots of normalized integrated absorbance of C0/Ti02 (left) and CO/Au (right)
against time at various temperatures showing the diffusion/desorption processes of CO from the
two surfaces, where CO/TiO2 diffuses and desorbs more rapidly than CO/Au.

DFT calculations were carried out to help identify the active sites for the low
temperature CO oxidation at the Au/TiO2 interface. In light of the experimental results
presented above, the theoretical calculations focused on the reactions that occur at
perimeter sites between TiO2 and Au.
O2 activation, the critical first step in CO oxidation, has been postulated to occur
either through direct O2 dissociation at the perimeter, or through a bimolecular CO-O2
reaction.24’27’28 We have considered both mechanisms at each of the possible sites on the
Au nanoparticles, the TiO2 support, and the Au/TiO2 perimeter sites. We started by
locating the most favorable O2 adsorption sites on the Au/TiO2 catalyst. DFT calculations
carried out on the adsorption of O2 on the ideal rutile TiO2(iio) surface revealed that O2
does not adsorb on these surfaces which is consistent with experimental results.53 This
lack of adsorption indicates that it would be very difficult to dissociate O2 directly over
the ideal TiO2(iio) surface, and as such, this was not considered. The adsorption of Au
on TiO2 leads to a significant charge transfer from the Au to the neighboring Ti5c cation
as is shown in Figure 3.1C. The charge transfer along with the unique di-o binding of O2
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at the perimeter Ti-Au site significantly enhances its adsorption (Figure 3.6) and
promotes the oxidation of CO.24,26 A thorough search for the adsorption of O2 at all of the
sites along the Au/TiO2 perimeter and on the Au nano-rod was carried out to help
identify the low barrier O2 activation sites, as shown in Figure 3.6. The co-adsorption of
CO at neighboring sites was found to help facilitate the activation of O2 either indirectly
via through-surface electronic interactions or directly by the formation of a reactive O*O-C*=O intermediate (where * denotes the atoms bound to the surface), as was recently
reported for CO oxidation on CO covered Pt particles.54 The results for the coadsorption
of CO and O2 and the activation of O2 are summarized in Figure 3.7.

M'J02)=-1.01 eV

AEJ02)=-0.51 eV

AEaJO2)=-038 eV

AEaJO2)=-0A 6 eV

Figure 3.6. O2 adsorption energy at different Au sites.

The 5 possible sites investigated for O2 activation are: A) the bridge oxygen O vacancy
site on the TiO2 perimeter; B) the Ti5c sites at the perimeter; C) the Au atoms on the
nanorod at the TiO2 interface; D) the Ti5c-Au perimeter site for the CO-O2 mechanisms;
and E) the Ti5c-Au perimeter site for the direct O2 dissociation mechanism. The initial,
transition (TS), and the final states for O2 activation, together with the energy required to
break the O-O bond are reported for all of the adsorption states in Figure 3.7. The
configurations shown in Figures 3.7B-D were found to follow the CO-O2 bimolecular
mechanism, while the remaining configurations involve direct O-O bond scission. The
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activation barriers reported for the CO-O2 bimolecular dissociation steps on the oxide
alone (0.65 eV - Figure 3.7B) and the metal alone (0.7 eV - Figure 3.7C) were found to be
much higher than the other three paths.

Initial TS Final

Ea [eV]
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0.16
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e
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Figure 3.7. The initial, transition and final states for the adsorption and activation of O2 along
with the corresponding activation energies for the dissociation of the O-O bond at 5 different sites:
A, O-vacancy on the TiO2 support; B, Ti5c sites at the perimeter; C, two Au atoms on the periphery
of the Au nanorod; D, Ti5c-Au perimeter site via CO-O2 mechanism; E, Ti5c-Au perimeter site via
direct O2 dissociation mechanism. Oxygen atoms in CO and O2 molecule are red. Hydrogen atoms
are cyan.

While the direct activation of O2 at an O vacancy site adjunct to Ti5c has the lowest
barrier (0.12 eV Figure 3.7A), it is very unlikely to be catalytically active, as one of the
dissociated O atoms will fill this site eliminating it from the catalytic cycle. The most
active sites therefore appear to occur at the Ti5c-Au perimeter sites. The bimolecular COO2 mechanism for the dissociation of O2 has a barrier of only 0.16 eV (Figure 3.7D) which
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is less than half that required for the direct O2 dissociation (0.39 eV - Figure 3.7E). The
results in Figure 3.7 clearly indicate that O2 activation and CO oxidation proceed at the
dual Ti5c-Au perimeter site via a CO-assisted path. This is the only site likely to be able to
contribute to the oxidation at temperatures as low as 110 K in the experiments.

site 3

Figure 3.8. A-B, Atomic O diffusion at the Au/TiO2 interface: A, on Au sites; and B, on Ti5c sites.
C-E, CO diffusion barriers on the Au/TiO2 catalyst: C, on TiO2, where the position of the Ovacancy under consideration is highlighted by a green circle; D-E, on two different Au adsorption
sites.

The oxidation of CO by O2 subsequently results in the formation of CO2(g) and an
adsorbed oxygen atom which resides either at the Au or Ti5c site. For the next step to
proceed, a second CO molecule must diffuse to the adsorbed oxygen atom or the
adsorbed oxygen atom must diffuse to a bound CO. The calculations reported in Figure
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3.8 provide insights into the mobility of CO and O at the Au/TiO2 interface and may help
to explain the IR observation of the selective oxidation of CO/TiO2.
Figures 3.8A-B show the calculated barriers for the diffusion of atomic oxygen on Au
and TiO2 to be 0.65 eV and 0.75 eV, respectively. These high diffusion barriers indicate
that it is unlikely for the atomic O to diffuse away from either type of adsorption site.
Figure 3.8C displays the possible diffusion barriers for CO on TiO2. CO can diffuse on the
TiO2 surface along paths that connect surface Ti sites. The activation energies for the CO
diffusion paths on TiO2 identified in Figure 3.8C (including a pathway through an O
vacancy), were all calculated to be within the range of 0.28-0.38 eV. At O2-rich
conditions there are likely very few O vacancies present and as such the calculated
diffusion barrier for CO/TiO2 should be close to 0.33 eV. This result agrees with the 0.35
eV CO/TiO2 diffusion energy calculated by Zhao et al.55 Finally, Figures 3.8D-E show the
possible diffusion paths for CO along the Au nano-rod. As was discussed above, CO only
chemisorbs on the low CN Au sites. The calculated barriers for CO diffusion indicate that
CO can diffuse with barriers of 0.1 eV (from site 1, labeled in Figure 3.8D) and 0.26 eV
(from site 2) to the strongest adsorption site (site 3). CO becomes trapped at this site as
the barriers to diffuse to the site 1 and 2, were calculated to be 0.73 (Figure 3.8D) and
0.50 eV (Figure 3.8E), respectively. At low temperatures CO is therefore likely localized
at these Au sites and can not diffuse to the Au/TiO2 perimeter sites.
The results from DFT calculations for the reaction energies and activation barriers for
all of the steps proposed in the mechanism for CO oxidation at the active Ti5c/Au
interface are shown in Figure 3.9. We start with CO on TiO2 (Figure 3.9A), as indicated
by the experimental results. The CO coverage at the TiO2 perimeter sites is set at 2/3
monolayer (ML), while the rest of the Ti5c sites are all occupied to simulate the saturation
coverage of CO used experimentally. This step is followed by the fast coadsorption of O2
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Figure 3.9. CO oxidation cycle proposed from DFT calculation results. The Au atoms and Ti
atoms are shown in yellow and grey respectively, whereas the O in TiO2 lattice, adsorbed O and C
atoms are shown in pink, red, and black respectively. Eb, Ea and AH refer to the binding energy,
activation barrier and reaction enthalpy, respectively. The elementary steps depicted include the
adsorption of O2 (A-B), interaction between O2 and CO (B-C), reaction of O2 and CO (C-D),
reaction of adsorbed atomic oxygen and CO (D-E), diffusion of CO (E-F and G-H), and desorption
of CO2 (F-G and H-A).
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at the dual perimeter site adjacent to the CO/T1O2 (Figure 3.9B) with a strong binding
energy of -1.01 eV. The adsorbed O2 reacts directly with one CO/TiO2 to form a CO-O2
intermediate that is stabilized by its interaction with the Ti5c site and the neighboring Au
site at the perimeter (Figure 3.9C); this step has an activation energy of 0.13 eV. The O-O
bond is substantially weakened upon its interaction with CO to form an O=C--O2
intermediate which dissociates with an activation energy of only 0.10 eV and generates
CO2-Ti and O-Ti (Figure 3.9D). The remaining O-Ti, which is trapped as a result of its
high diffusion barrier of 0.75 eV (Figure 3.8B), can readily react with a second CO at the
active Au/TiO2 periphery with a barrier of 0.11 eV (Figure 3.9E). The formation of
O = C - O a n d O = C - O - C = O complexes on Ti5c sites on TiO2(110) has been directly
observed at 100-110 K by STM recently.56’57 The CO2 formed can easily diffuse away from
the active site or desorb with a barrier of only 0.20 eV (Figure 3.9G). The perimeter sites
are then re-occupied by CO which diffuses from neighboring Ti5c sites with a barrier of
0.26 eV (Figure 3.9 F to H). This step returns the catalyst surface to its initial working
state. The reaction continues by adsorbing a second O2(g) at Au perimeter sites and by
CO/TiO2 surface diffusion (Figure 3.9B).
The catalytic cycle shown in Figure 3.9 is consistent with the experimental
observation that CO adsorbed on TiO2 containing Au nanoparticles is consumed by
reaction with O2 at the interface. The activation of O2 by CO and the reaction to form
CO2 and O proceeds at dual sites along the perimeter involving a Au atom and a Ti5c site.
The O/Ti5c species that results readily reacts at low temperature with CO which diffuses
from the TiO2 support to the active Ti5c site. The calculated barrier for this reaction is
only 0.11 eV which is consistent with previous results.27 The CO species on Au are much
less mobile with diffusion barriers that exceed 0.5 eV because of the strong adsorption of
CO (Figure 3.8D-E). The calculated activation barriers for the elementary steps reported
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in the oxidation of CO at the Ti5c site (0.10-0.26 eV) are all quite close to the
experimentally measured apparent activation energy (0.16 ± 0.01 eV). While it is difficult
to distinguish a rate-determining step without full kinetic simulations, the simple
analysis of the activation energies in Figure 3.9 suggests that the diffusion of CO from
the TiO2 support to the Ti5c perimeter site has the highest barrier. The apparent
activation energy for CO oxidation of 0.16 eV measured herein at low temperatures is in
good agreement with previously reported barriers of 0.2-0.3 eV from measurements
carried out at much higher temperatures (200-350 K) and pressures on Au/TiO2
catalysts.58’59 The catalytic cycle proposed in Figure 3.9 should likely hold even at high
temperature and CO pressure conditions, but requires the addition of CO adsorption
from the gas phase (-1.01 eV) and the CO diffusion from Au which can proceed at higher
temperatures (0.5 eV) as reflected in Figure 3.9A. Higher temperatures will also likely
result in the desorption of CO from the Ti5c sites and increase the oxidation of CO
adsorbed at the Au sites.
This Au/TiO2 interface and the processes that occur here are shown schematically in
Figure 3.10. O2(g) is captured at the perimeter site (process ® in Figure 3.10). CO
molecules on TiO2 sites are initially delivered to the active perimeter sites via diffusion
on the TiO2 surface where they assist O-O bond dissociation and react with oxygen at
these perimeter sites (processes @ and ® in Figure 3.10). After most of the CO/TiO2 is
depleted from TiO2 in the perimeter zone, a small fraction of CO/Au (~12% at 120 K)
with weaker binding energies and lower diffusion barriers is oxidized. The remaining
tightly bonded CO/Au is kinetically isolated from the CO oxidation at 120 K because
these CO/Au surface species cannot approach the active perimeter sites. At higher
temperatures, however, the CO on the Au sites become more mobile and can begin to
actively participate in catalytic CO2 production (process @ in Figure 3.10). The
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observation of the sequential delivery of the two types of adsorbed CO, present on both
sides of the perimeter of the Au nanoparticles, argues persuasively for reactivity to occur
within a zone at the perimeter of Au particles surrounded by TiO2 surface sites which
form dual sites for the reaction.

Figure 3.10. Schematic of the mechanism of low temperature CO oxidation over a Au/TiO2
catalyst at a perimeter zone of reactivity. Experiments directly observing CO/TiO2 and CO/Au
surface species show that processes ® and © are fast compared to process ©.
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Chapter 4
Low Temperature Catalytic H2 Oxidation over Nanoparticle
Au/TiO2 - Dual Perimeter Sites at Work.*
^Modified with permission from I. X. Green, W. Tang, M. Neurock, and J. T. Yates, Jr., “LowTemperature Catalytic H2 Oxidation over Au Nanoparticle/TiO2 Dual Perimeter Sites”,
Angewandte Chemie International Edition, 50, 10186-10189 (2011). The theoretical work was
performed by Dr. Wenjie Tang and Dr. Matthew Neurock and is included here for completeness.

The catalytic reaction of hydrogen with oxygen was studied by the transmission IR
method as well as by density functional theory over 3 nm Au particles supported on TiO2
powder. The kinetics for the formation of H2O(a) were investigated at 200-220 K. It was
found that dual-perimeter Au-TiO2 sites adsorb and dissociate molecular O2 via the
formation of a Ti-OOH hydroperoxy intermediate with an activation barrier of 0.16 eV.
The Ti-OOH species dissociates at the Au-TiO2 interface to form O-Au and Ti-OH
intermediates. The Ti-OH intermediate is subsequently hydrogenated by H-Au to form
water at the peripheral sites on TiO2. The calculated barrier of 0.25 eV appears to control
the initial rate of water formation which is in very good agreement with the
experimentally measured apparent activation energy of 0.22 ± 0.02 eV. A deuterium
kinetic isotope effect, kH/kD = 7, matches the theoretical ratio of 5 indicating that the
reaction takes place via an early transition state. By the observation of the changes in the
IR background during reaction, where dissolved H in TiO2 causes the occupancy by
electrons of defect sites near the bottom of the conduction band, it was possible to
monitor electron transfer effects from H to the defects during the reaction of H2 and O2
over the catalyst.

I. Introduction.
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The catalytic oxidation of H2 is of great interest due to its role in H2O2 synthesis,
catalytic oxidation of hydrocarbons and the selective removal of CO from hydrogen
streams1-5 as well as for its simplicity which makes it ideal for fundamental bond making
and breaking studies. This is especially true for supported Au nanoparticles which were
found to show unusually high activity by Haruta, et al.6 Previous explanations for this
activity have invoked quantum size effects for Au particles in the 2 nm range,7 electronic
effects in thin films of Au,8 and enhancement of the fraction of perimeter sites.9-12 Recent
experiments on inverse TiO2/Au catalysts have suggested that the enhanced catalytic
activity may be due to active sites at the TiO2/Au interface rather than a quantum size
effect.10’13
The presence of H2 gas in CO + O2 reaction streams is known to produce enhanced
catalytic activity for CO oxidation over Au/TiO2 catalysts. The promotional effect
originates from the addition of H2 and has been ascribed to H2’s ability to regenerate the
catalyst by reducing the hydrocarbon accumulation4,5 or by its reaction with O2 to form
hydroperoxy (OOH*) intermediates which readily oxidize CO.14-16 Previous theoretical
studies have provided unique insights for this reaction, but have only focused on the role
of Au.16-20 To our best knowledge, there are no reported theoretical studies on the H2 +
O2 reaction that have considered the influence or involvement of the TiO2 perimeter sites
at the Au-TiO2 interface. Herein, we use kinetic analyses together with in situ infrared
spectroscopic studies and density functional theory (DFT) calculations to examine the
activity of the Au sites as well as the Au and TiO2 perimeter sites at the Au/TiO2 interface
and elucidate a plausible reaction mechanism.

II. Results and Discussion.
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Figure 4.1. A. Schematic representation for the effect of atomic hydrogen spillover on Au/Ti02
catalyst and the IR excitation of defect-bound electrons to and above the conduction band edge
(CBE) of the TiO2. B. Plot of the IR background shift of the Au/TiO2 catalyst at 300 K under 10
Torr of H2. The inset shows the development of the CBE effect at 2000 cm-1 against time, as
atomic H donates electrons to TiO2 CBE defect sites.

It has been reported that atomic H dissolved in TiO221-23 may be detected by the IR
background upward shift, which is caused by trapped electrons from H in the
Conduction Band Edge (CBE) states, as shown in Figure 4.1a.24-26 Examples of this
phenomenon at room temperature are shown in Figures 4.1b and 4.2a, where a dramatic
IR background up-shift is caused by molecular H2 dissociation on Au followed by atomic
H spillover to the TiO2 support. Figure 4.2b shows that when a small quantity of O2 is
introduced to the H-rich surface, it drains the CBE electrons which results in an
immediate background drop. Simultaneously, the oxidation reaction of the H2 on the
Au/TiO2 surface to form H2O(a) is observed by the absorption band at 1620 cm-1
(5h2o).4’27 Removal of O2 by reaction causes the CBE to return to an increased level in the
H2-rich environment (Figure 4.2c). The whole process is summarized in Figure 4.2d
where both the CBE change and the H2O formation are plotted with respect to time.
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Figure 4.2. a). IR difference spectra of the H2 spillover and CBE background shifting effect on
the Au/TiO2 at 295 K under 1 Torr of H2. b). IR difference spectra of the H2 oxidation by O2 over
the Au/TiO2 at 295 K. c). IR difference spectra of the CBE background shifting effect on the (H2Opartially covered) Au/TiO2 surface when the O2 supply is cut off. d). Plot of the CBE and H2O
development against time during the above processes.

In an effort to observe more details of the H2-O2 reaction, the catalyst was cooled to
210 K and a 1:100 mixture of O2 and H2 was added. The reaction progress is shown in
Figure 4.3, indicating the production of both H2O(a) and OH. A search for peroxide
intermediate within the 1505-900 cm-1 region was inconclusive.28 No products were
observed on a pure TiO2 sample mounted below the catalyst for the same reaction
conditions, indicating that Au is necessary for the reaction. Similar experiments over the
temperature range of 200-220 K were carried out and the kinetics studies as a function
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Figure 4.3. IR difference spectra of the Au/Ti02 surface during H2 oxidation by 02 at 210 K.
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Figure 4.4. Kinetics for the oxidation of H2 by 02 over the Au/Ti02 catalyst as measured by the
change in the absorbance of H2O as a function of time and temperature. The inset shows the
Arrhenius plot.

of temperature are shown in Figure 4.4. An Arrhenius plot of the initial rate is shown in
the inset, yielding an apparent activation energy of 0.22 ± 0.02 eV. This is the first report
of the kinetics of H2 oxidation over Au/TiO2 below room temperature. Activation
energies at temperatures above 300 K have been measured as 0.38 eV for H2 + O229 and
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0.37 eV for H2-D2 exchange.10 The rate of reaction maximizes to nearly the same limit at
particular pressures of O2 (~0.08 Torr) and H2 (~1.4 Torr), as shown in Figure 4.5,
indicating site saturation for both reactants.
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Figure 4.5. The effects of: a) O2 pressure and b) H2 pressure on the H2 oxidation kinetics over
Au/TiO2. c). Plot of the initial rate of H2O formation as a function of increasing O2 partial
pressure. d). Plot of the initial rate of H2O formation as a function of the increasing H2 pressure.

DFT calculations were carried out to help elucidate the reaction mechanism and
identify possible active sites for the low temperature H2 oxidation. Details of the model
system employed to simulate the Au/TiO2 catalyst can be found in Chapter 3, Section II
(page 27). H2 oxidation is thought to proceed by the formation of two H adatoms. Our
DFT results as well as previous experiments24 show that the lowest H-H dissociation
barrier on Au in the absence of O2 is ~0.5 eV (Figure 4.6). As a result, we studied the
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influence of the co-existing O2 to the reaction. The calculated adsorption energies for O2
at various possible Au and TiO2 sites are shown in Figure 4.7. The most favorite binding
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Figure 4.6. DFT-calculated results for H2 dissociation on: (a) Au site with lowest CN (CN=7); (b)
Au site with highest CN (CN=9); (c) on Au site (CN=9) in the presence of O2 where a Ti-OOH
species is formed. Au is yellow. Ti is grey. Oxygen in the TiO2 lattice is pink. Adsorbed oxygen is
red. Hydrogen is cyan. Ea is the activation energy.

Figure 4.7. O2 adsorption configurations and binding energies, Eb, on: (a) perimeter TiO2 site;
(b) perimeter TiO2 sites with other configurations; (c) Au with low coordination number (CN=7);
(d) Au with high coordination number (CN=9). Au is yellow. Ti is grey. Oxygen in oxide is pink.
Oxygen is red.
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site for O2 is at the perimeter on TiO2 where it has a binding energy of ~1.8 eV (Figure
4.7b). This is consistent with previous theoretical calculations reported in the literature
which show a strong and preferential binding of O2 to the Ti5c cation sites at the Au/TiO2
interface.30 Figure 4.7c shows that the binding energy for O2 on the terrace of the Au
nano rod is rather weak, thus indicating a very low probability for adsorption at this site.
Previous calculations about O2 adsorption on Au agree with this conclusion.31 The
adsorption of O2 on the coordinatively unsaturated edge sites (CN=7) results in stronger
adsorption with an adsorption energy of -0.51 eV, as shown in Figure 4.7d. The
adsorption of O2, however, is still weaker as compared to the binding energy on the TiO2
perimeter site (-1.86 eV, Figure 4.7b).
The presence of O2 in the system can significantly lower the barrier to dissociate H2,
as is shown in Figure 4.6. The barrier to activate H2 on the Au/TiO2 system in the
absence of oxygen is 0.48 eV for H2 on the low coordination Au sites (CN=7) and 0.95 eV
on high coordination Au sites (CN=9), as shown in Figures 4.6a and 4.6b. The presence
of O2, however, can considerably lower the barrier for the activation of H2 by stabilizing
the transition state that results in stabilizing Ti-OOH formation. As a result, the H2
dissociation barrier is decreased to 0.16 eV, as shown in Figure 4.6c. The calculations
indicate that the local presence of adsorbed O2 can promote H2 dissociation to yield the
activation energy of 0.22 eV measured experimentally.
A H2 catalytic oxidation cycle is proposed by DFT calculation, as shown in Figure 4.8.
The adsorption of O2 at the Ti5c perimeter site, the most favored of all of the sites shown
in Figure 4.7, lowers the barrier for the dissociative adsorption of H2(g) at the
neighboring Au perimeter site down to 0.16 eV, as shown in Figure 4.8a-b. The
dissociative adsorption of H2 at this dual perimeter site thus produces Ti-OOH
intermediate and Au-H surface intermediates. Dissociation of the Ti-OOH to form Ti-OH
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and Ti-O was calculated to have a barrier of 0.20 eV (Figure 4.8c). The resulting O(a)
activates and dissociates a second incident H2(g) at the dual perimeter site, with a barrier
of 0.13 eV, as shown in Figure 4.8e). The final hydrogenation of the two Ti-OH species by
the two Au-H species proceeds with activation energies of 0.24 and 0.25 eV, as shown in
Figure 4.8f-g.

9)

f)

Figure 4.8. Catalytic reaction cycle and the corresponding activation barriers for the individual
steps of the mechanism for the oxidation of H2 to form H2O over model Au/TiO2 structures. The
Au atoms and Ti atoms are shown in yellow and grey respectively, whereas the O in the TiO2
lattice, adsorbed O and H atoms are shown in pink, red, and cyan respectively. Ea and AH
represent activation barriers and reaction energies separately.

The initial rate of H2O formation involves a sequence of elementary steps (Figure
4.8a-g) that have rather low activation energies in the range 0.13-0.25 eV. While it is
difficult to rigorously distinguish a rate controlling step, the hydrogenation of OH(a) to
form H2O has the highest activation energy of 0.25 eV, in good agreement with the
measured Ea of 0.22 eV. The low barriers of all other steps (Figure 4.8a-h) suggest that
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the Au/TiO2 perimeter sites serve as active sites for the H2 oxidation at low temperature,
via an O2-assisted H-H dissociation mechanism.
Calculations of H2O surface diffusion energies on TiO2 (estimated to be 0.21, 0.32,
and 0.43 eV at 1, 2/3, and 1/3 ML coverages) and desorption energy (0.79 eV in Figure
4.8g-h) suggest that H2O will cluster and accumulate to block the active perimeter sites
at low temperatures as the reaction proceeds. This is consistent with the results
presented in Figure 4.4 where the reaction stops at longer times. Our measurements
have therefore focused on the initial reaction rates where the effect of site blockage is
minimal. This also means that the kinetic studies shown in Figure 4.4 are controlled by
the disappearance of the active sites for H2 oxidation.
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Figure 4.9. D2 kinetic isotope effect for the oxidation of H2 by 02 over the Au/Ti02 catalyst at
200 K. The insets show the ab initio calculated initial state and transition state frequencies for the
O2-assisted H2 dissociation process.

To further elucidate the mechanism, we carried out D2 labeling studies to measure
the kinetic isotope effect (KIE). The rates of reaction of O2 with H2 and D2 at 200 K,
which are compared in Figure 4.9, show a ~7 fold increase in the initial rates for H2 over
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D2. The zero point energy (ZPE) differences for the reactant H2 and D2 and the
corresponding transition states (TS) were considered in order to calculate the KIE to
compare with the experimental results. The inset of Figure 4.9 shows the calculated
initial state and TS and the corresponding vibrational frequencies of the H2 dissociation
reaction (steps a-b in Figure 4.8). If the ZPE difference is taken only for the initial state,
the rate ratio, kn/ko, is calculated to be 87. Instead, using both initial and transition state
frequencies, the calculated kn/ko = 5, in good agreement with the experimentally
measured KIE value of 7, and indicating that an early TS is involved.
In summary, the active site for the H2 + O2 reaction over a Au/TiO2 nanoparticle
catalyst at low temperature was located at dual perimeter sites at the interface between
Au and TiO2 as schematically shown in the abstract drawing. An O2-assisted H2
dissociation via a Ti-OOH intermediate was proposed involving an early transition state.
The calculated activation energies for sequential steps in the range 0.13-0.25 eV agree
with the measured apparent activation energy of 0.22 eV.
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Chapter 5
Localized Partial Oxidation of Acetic Acid at the Dual
Perimeter Sites of the Au/TiO2 Catalyst—Formation of Gold
Ketenylidene.*
^Modified with permission from I. X. Green, W. Tang, M. Neurock, and J. T. Yates, Jr., “Localized
Partial Oxidation of Acetic Acid at the Dual Perimeter Sites of the Au/TiO2 Catalyst—Formation
of Gold Ketenylidene”, Journal of the American Chemical Society, Just Accepted, (2012).
Copyright 2012 American Chemical Society. The theoretical work was performed by Dr. Wenjie
Tang and Dr. Matthew Neurock and is included here for completeness.

Chemisorbed acetate species derived from the adsorption of acetic acid have been
oxidized on a nano-Au/TiO2 (~3 nm diameter Au) catalyst at 400 K in the presence of
02(g). It was found that partial oxidation occurs to produce gold ketenylidene species,
Au2=C=C=O. The reactive acetate intermediates are bound at the TiO2—perimeter sites
of the supported Au/TiO2 catalyst. The ketenylidene species is identified by its measured
characteristic stretching frequency v(CO) = 2040 cm-1 and by

13C

and

l8O

isotopic

substitution comparing to calculated frequencies found from density functional theory.
The involvement of dual catalytic Ti4+ and Au perimeter sites is postulated based on the
absence of reaction on a similar nano-Au/SiO2 catalyst. This observation excludes low
coordination number Au sites as being active alone in the reaction. Upon raising the
temperature to 473 K, the production of CO2 and H2O are observed as both acetate and
ketenylidene species are further oxidized by 02(g). The results show that partial
oxidation of adsorbed acetate to adsorbed ketenylidyne can be cleanly carried out over
Au/TiO2 catalysts by control of temperature.

I. Introduction.
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The scarcity of fossil fuels along with the increasing price of oil have stimulated
significant efforts in the utilization of other forms of renewable energy such as biomass.
Acetic acid, which is one of the most common products produced in the conversion of
biomass, has gained considerable attention.1 The transformation of acetic acid into other
useful products is currently one of the key issues in the development of optimal
economic strategies for the conversion of biomass. Novel Au oxidation catalysts which
have demonstrated remarkable catalytic performance for the selective oxidation of CO
and other hydrocarbon sources2-4 also show promising potential for oxidation processes
that convert acetic acid to valuable unsaturated hydrocarbon intermediates via the
selective removal of hydrogen.
Experiment as well as theory have shown that dual perimeter sites for nanometer
Au/TiO2 catalysts which involve both Au and Ti4+ centers, located at the interface of the
Au nanoparticles and the TiO2 support, catalyze oxidation reactions by dissociating O2
molecules at these sites.5-8 In this paper, we show that these localized Au-Ti perimeter
sites can catalytically oxidize acetic acid to a novel gold-ketenylidene surface
intermediate (Au2=C=C=O, also known as gold ketenide). This species is produced by the
activation the C-H bonds in the methyl group of chemisorbed CH3COO/TiO2 at the
Au/TiO2 perimeter, subsequently following the breaking of one C=O bond.
The study of ketenylidene species (CCO) has taken place over a century since the first
synthesis of ketene in 1905.9 It is considered as an important intermediate in
hydrocarbon combustion,10-13 Fischer-Tropsch catalysis,14-18’

(but see ref 19)

and even in

present-day astrochemistry.20 Most metal ketenylidene species are synthesized as
complexes with CCO ligands centered on transition metal atoms, such as Ru,14 Fe,21 Os,21
Ta,15 Zr,22 Hf,17 or Pt;23 or observed during Cu thin film growth using a Cu organometallic
complex.24 A set of group 11 metal (Cu, Ag, Au) ketenylidenes was synthesized from

62
corresponding

salts.25-27

The

detection

of

ketenylidene

species

by

spectroscopic

measurements is typically confirmed by theoretical simulations.23’28-30 Since the proposal
of possible surface ketenylidene species by Shriver et al. in 1987,14 only two documented
cases of ketenylidene detection were reported on well-characterized surfaces: acetone
was reacted with a pre-oxidized Ag(iii) surface;16’31 and CO was deposited on a
W2C(000i) surface.32 Herein, we show for the first time the spectroscopic observation of
gold ketenylidene formation on a TiO2-supported Au catalyst from the partial oxidation
of acetic acid at Au-Ti dual perimeter sites at the interface using 02(g). The reaction is
particularly interesting mechanistically because the acetic acid reactant dissociatively
adsorbs to form a carboxylate (CH3COO-) intermediate on the TiO2 support while the
product, ketenylidene, is bound to the gold nanoparticles as a Au2=C=C=O species.

II. Methodology.

The Au/TiO2 catalyst (with Au particles possessing a mean diameter of ~3 nm) was
synthesized using the deposition-precipitation protocol from HAUCI4, TiO2 powder
(Degussa P 25) and urea as developed by Zanella et al.33 Following synthesis, the
Au/TiO2 catalyst and a blank TiO2 sample were pressed separately as 7 mm diameter
spots into a tungsten grid and mounted into a high vacuum transmission IR cell that is
described in detail previously.7’8 To activate and regenerate the catalyst before each
experiment, a standard annealing treatment at 473 K was carried out. The treatment
includes heating in vacuum for 30 min, oxidation by 18 Torr of O2 for 210 min, followed
by evacuation for 10 min. This annealing procedure removes most of the hydrocarbon
species accumulated on the catalyst during its preparation, as observed by IR
spectroscopy. Annealing at higher temperature was avoided to minimize possible
sintering of Au particles during treatment. The samples were cooled to reaction
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temperatures between 370 K and 400 K as described in each experiment after the
annealing treatment.
Acetic acid (CH3COOH, 99.9%) was purchased from Fisher Scientific. Ethylene (C2H4,
research purity) was purchased from Matheson TRI-GAS. Isotope labeled ethylene
(13C2H4, 99 atom%

13C)

was purchased from Sigma-Aldrich. Research purity oxygen gas

(O2, 99.998%) was purchased from Matheson TRI-GAS.

l8O2

gas (99 atom%) was

purchased from Isotec Inc. A Au/SiO2 sample with ~3 nm Au particle diameter was
generously provided by Professor R. Zanella, following the synthesis protocol described
elsewhere.34
In density functional theory (DFT) calculations, the ~3 nm diameter Au particles
supported by TiO2 was simulated by a 3-atomic-layer-high and 3-atom-wide Au nanorod
structure bonded on top of a rutile TiO2(110) slab, as was described in detail in Chapter
3, Section II (page 27).

III. Results and Discussion.

Figure 5.1 shows the IR spectra of saturated adsorbed acetate (from acetic acid) on
the Au/TiO2 catalyst and on the TiO2 blank sample at 400 K after evacuation of gas
phase acetic acid. The four main features observed at 2936 cm-1 (symmetric CH3
stretching), 1532 cm-1 (asymmetric CO2 stretching), 1454 cm-1 (symmetric CO2
stretching), and 1338 cm-1 (CH3 deformation) match well with other reported acetate ion
adsorption features on TiO2.35 The resemblance between the two spectra indicates that
acetic acid dissociatively adsorbs on the TiO2 surface to produce acetate. A weak feature
at 2040 cm-1 is uniquely observed on the Au/TiO2 sample and is attributed to the acetate
partial oxidation product—gold ketenylidene.36 We postulate that this new species comes
from acetate reacting with the adsorbed oxygen left over from the annealing treatment of

64
the Au/TiO2 catalyst. The unique 2040 cm-1 band corresponds to the C=O stretching
motion, and falls into the observed frequency range of 2004-2076 cm-1 for other reported
ketenylidene ligands14’15’17’24’36 and the silver ketenylidene surface species.31 The other
reported vibrational frequencies of gold ketenylidene species (vau-c at 428 cm-1; 6cco at
562 cm-1)36 are below the natural spectral cut off of TiO2 (~1000 cm-1), and thus are not
observed.

Wavenumber (cm1)
Figure 5.1. IR spectra of acetate species (from acetic acid) adsorbed on (a) Au/Ti02 and (b) Ti02
at 400 K.

When the adsorbed acetate on the Au/TiO2 catalyst as reported in Figure 5.1a comes
into contact with 1 Torr of gas phase O2 at 400 K, the band at 2040 cm-1 increases
immediately in absorbance as shown in Figure 5.2, indicating an increase in coverage of
the surface ketenylidene species due to CH3COO/TiO2 oxidation. Gold ketenylidene
appears to be the first and only oxidation product observed by IR from adsorbed acetate
ion at 400 K. No gas phase CO2 was detected during the 90 min experiment, indicating a
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lack of total oxidation at 400 K on the Au/TiO2 catalyst. However, during the annealing
treatment in O2 at 473 K carried out to restore the catalyst surface, all adsorbed acetate
and ketenylidene species were oxidized to CO2 and H2O, judging from the IR spectra (not
shown). This behavior gives evidence for temperature-controlled oxidation. No reaction
was detected from the IR observations on the TiO2 blank sample under the same
experimental conditions for 90 min, indicating that gold is necessary for the catalytic
oxidation of acetate.

Wavenumber (cm1)
Figure 5.2. IR spectra (solid lines) of the acetate partial oxidation process on the Au/Ti02
catalyst at 400 K under 1 Torr of O2(g). Dotted spectrum: before O2 exposure (reproduced
spectrum from Figure 5.1a).

To further confirm the role of the Au-Ti dual perimeter sites, a Au/SiO2 sample with a
similar average gold particle size (~2.5 nm) was synthesized by Zanella et al.34 and tested
in our laboratory. Identical pre-treatment and experimental conditions to that employed
for the Au/TiO2 sample were used on the Au/SiO2 sample, but no ketenylidene species
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were detected at 400 K under 1 Torr of 02(g), as shown in Figure 5.3c. The adsorbed
acetate in the SiO2 spectrum matches with literature reports, where acetic acid deprotonates on the SiO2 surface.37 Hydrogen bonding between the carbonyl group and the
highly-hydroxylated SiO2 surface also occurs, indicated by the intensity decrease of the
isolated Si-OH band at 3735 cm-1 and the increase of the broad band ~3571 cm-1 for
hydrogen-bonded Si-OH groups.37 The obvious differences between the acetate/Au/SiO2
spectrum (Figure 5.3b) and the acetate/Au/TiO2 spectrum (Figure 5.1) again confirm
that the acetate observed in Figure 5.1 is adsorbed on TiO2 and not on Au.
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Figure 5.3. IR spectra of a similar acetic acid oxidation experiment as depicted in Figure 2 but
on a Au/SiO2 sample. Spectra a-e are taken in one experiment sequentially: (a) clean
hydroxylated Au/SiO2 sample at 400 K; (b) adsorbed acetic acid on Au/SiO2 at 400 K; (c) after
contact with 1 Torr of O2 at 400 K for 30 min; (d) ramp up temperature to 550 K and increase O2
pressure to 11 Torr for 1 min; (e) in 11 Torr of O2 at 550 K for 60 min.

To be sure that the Au/SiO2 sample is inactive towards acetic acid oxidation, the
reaction temperature was increased to 550 K with an increased oxygen pressure of 11
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Torr. Under these conditions, the loss of adsorbed acetate/SiO2 species was observed
during the 60 min experiment shown in Figure 5.3d-e, but no gold ketenylidene species
were detected by IR spectroscopy. The negative result from the Au/SiO2 sample shown in
Figure 5.3 compared to the observed catalytic activity on the Au/TiO2 catalytic sites for
oxidation of CH3COO/TiO2 indicates that the oxidation requires both a Ti site and a Au
site, and that low-coordinate Au sites present on Au/SiO2 are insufficient for
ketenylidene formation.

Wavenumber (cm‘1)
Figure 5.4. ^C-isotopic study of gold ketenylidene formation from ethylene oxidation on
Au/TiO2 catalyst. Spectra taken after 90 min of reaction at 370 K with 0.5 Torr of ethylene and
0.5 Torr of O2. (a) 12C2H4 study. (b) ^2^ study.

In a separate set of experiments, we found that acetate and gold ketenylidene are also
the final products of ethylene partial oxidation on a Au/TiO2 catalyst at temperatures at
370 K. Utilizing this property, we used isotope-labeled

13C2H4

to confirm the vibrational

assignment of gold ketenylidene. Figure 5.4 shows the oxidation products of a mixture of
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0.5 Torr 12C2H4 and 0.5 Torr O2 compared with the oxidation products of a mixture of 0.5
Torr 13C2H4 and 0.5 Torr O2, on the Au/TiO2 catalyst at 370 K. Acetate and gold
ketenylidene features are observed during the reaction as shown in Figure 5.4. The

13C

substitution caused a red shift for every vibrational feature observed in acetate and gold
ketenylidene. A 57 cm-1 red shift was measured for Au2=13C=13C=l6O (1983 cm-1)
compared to Au2=12C=12C=l6O (2040 cm-1). In addition to

13C

isotope labeling, we also

used l8O (99%) to oxidize ethylene. A Au2=12C=12C=l8O adsorption band at 2010 cm-1 was
observed

(spectrum

not

shown),

red

shifted

30

cm-1

from

the

non-labeled

Au2=12C=12C=l6O species.

Figure 5.5. The adsorption energy and v(C=O) vibrational frequency for the most stable
configurations of ketenylidene on different sites: a) on Au-Au edge site, b) on Ti5c sites at the
Au/TiO2 perimeter, c) on Ti5c site removed from the Au/TiO2 interface. Panel d) shows the second
most stable configuration of ketenylidene on a Ti5c site at the perimeter.

To rationalize these frequency shifts, we carried out first principles density functional
theory (DFT) calculations to simulate the chemisorbed gold ketenylidene structure and
its corresponding frequencies. We surveyed the entire Au/TiO2 model surface and
calculated the most probable adsorption sites in order to find the most stable
configurations for the ketenylidene species, including the Au and Ti5c sites at the
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Au/TiO2 perimeter, as well as the Ti5C sites removed from the interface. The linear
ketenylidene species preferentially binds to the bridge Au-Au edge site (CN=7) at the top
of the Au cluster to form a Au2=C=C=O species that is oriented away from the edge as
shown in Table 5.1. The adsorption energy of ketenylidene at this site was calculated to
be -3.85 eV (Figure 5.5a) which is significantly larger than the other configurations
examined, including the formation of a di-o bound Ti5c-C=C=O-Ti5c intermediate which
lies parallel the TiO2 surface (-2.77 eV, Figure 5.5b), the formation of (Ti5c)2-C=C=O
intermediates oriented normal to the TiO2 support removed from the Au nano-rod (-2.52
eV, Figure 5.5c) as well as at interfacial Ti5c-Ti5c sites at the Au perimeter (-2.32 eV,
Figure 5.3d).

Table 5.1. Comparison of experimentally measured gold ketenylidene isotopically-labeled
species frequencies, and DFT calculated frequencies.

In addition to AU2 being the most stable adsorption site for ketenylidene it also
results in the closest theoretical v(C=O) vibrational frequency (2041 cm-1) to the band
frequency measured experimentally (2040 cm-1) for the non-isotope-labeled gold
ketenylidene species. The calculated vibrational frequencies for ketenylidene adsorbed
on the various Ti5C sites (Figure 5.5) differ from the experimental measured value by
more than 30 cm-1. The calculated isotopic shift of the v(C=O) frequency for the
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Au2=C=C=O

configuration

compared

to

the

experimental

measurements

are

summarized in Table 5.1. The close match confirmed the observation of the production
of gold ketenylidene chemisorbed species from the partial oxidation of CH3COO/TiO2.

Ti02

Ti02

Figure 5.6. Scheme of the catalytic oxidation of CH3COO/TiO2 at the perimeter of the Au/TiO2
particle, forming Au2=C=C=O.

The catalytic partial oxidation of acetate ion adsorbed on TiO2 to form gold
ketenylidene at the dual perimeter sites of the Au/TiO2 catalyst thus appears to proceed
through a series of steps involving C-H bond scission and C-O bond scission. We
postulate that the C-H bond scission is activated by the atomic O generated from 02(g)
dissociation at the Au-Ti dual perimeter sites.7’8 Following C-H bond scission, the Au-C
bonds start to form, which facilitates the activation of the C-O bond at the Ti cationic
sites. A schematic of the oxidation process from CH3COO/TiO2 to the O=C=C/Au
intermediate is shown in Figure 5.6.
To the best of our knowledge, this is the first report of the catalytic oxidation of
acetate (and ethylene) to ketenylidene over a supported Au catalyst. The gold
ketenylidene species formed at temperatures around 400 K can be further oxidized to
CO2 and H2O at 473 K on the same catalyst, illustrating that the depth of the catalytic
oxidation can be controlled by varying the reaction temperature. The acetate to
ketenylidene formation path is a combination of dehydrogenation (oxidation) and
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deoxygenation of

chemisorbed

acetate, which

are crucial

steps for biomass conversion

into more valuable industrial chemicals.
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Chapter 6
Mechanism of the Partial Oxidation of Acetic Acid by O2 at
the Dual Perimeter Sites of a Au/TiO2 Catalyst.*
*Modified version of that prepared for The Journal of Physical Chemistry C. The theoretical work was
performed by Dr. Wenjie Tang and Dr. Matthew Neurock and is included here for completeness.

A novel gold ketenylidene species (Au2=C=C=O) was recently observed by infrared
spectroscopy from the partial oxidation of acetic acid by O2 on a Au/TiO2 catalyst. The
mechanism of this partial oxidation reaction is studied experimentally as well as
theoretically by density functional theory (DFT). The reaction was found to be localized
at the dual perimeter sites of the Au/TiO2 catalyst, where O2 was activated. No
ketenylidene formation was observed on the Au/SiO2 catalyst or a TiO2 blank sample.
The mechanism involves multiple C-H bonds and C-O bond scission at the Au-Ti4+ dual
perimeter sites, where C-H bonds scission occurs on Au sites and C-O bond scission
occurs on neighbor TiO2 sites. An

18O2

isotopic labeling experiment indicated that the O

moiety of the ketenylidene species originated from the acetic acid. The rate-limiting step
was found to be the C-O bond scission. An overall activation energy of 1.80 eV was found
from the DFT calculation, which matched the experimentally measured apparent
activation energy of 1.7 ± 0.2 eV. A deuterium kinetic isotope effect of ~4 indicates that
the C-H bonds activation is important in the overall acetate oxidation reaction.

I. Introduction.

Since organic acids are one of the common products from biomass conversion,
research on the decarboxylation, reduction, and partial oxidation of organic acids such as
acetic acid, yielding high value feedstock molecules, is of importance.1 Acetic acid is a
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good model molecule for organic acids due to its simplicity and characteristic
carboxylate functional group. As a result, the total oxidation of acetic acid over metal
oxide catalysts such as TiO2 and SnO2 has been studied extensively as a model reaction
for volatile organic molecule removal from polluted air.2-4
As a novel oxidation catalyst, gold nanoparticles supported on TiO2 have shown
fascinating activity in reactions involving molecular O2, such as CO oxidation,5-8 H2
oxidation,9 and propene epoxidation.10 Various density functional theory (DFT)
simulations,7’9’11’12 accompanying experimental results,7’9’13 pinpointed the active sites for
O-O bond dissociation at the Au-Ti4+ dual perimeter sites where Au and TiO2 meet. In
low temperature H2 oxidation9 and room temperature H2-D2 exchange14 experiments, it
was demonstrated that the Au/TiO2 catalyst can also activate H-H bond dissociation at
the Au nanoparticle perimeter. The atomic H atoms generated at the perimeter can spill
over to the TiO2 support and cause a dramatic increase in IR background intensity due to
the population of empty states near the bottom of the conduction band of TiO2.9’15
We have briefly reported the partial oxidation of acetic acid at the dual perimeter
sites of a Au/TiO2 catalyst, forming gold ketenylidene (Au2CCO) species.16 The reactant,
acetic acid, adsorbs on the TiO2 support forming acetate/TiO2, while the observed partial
oxidation product, Au2CCO, adsorbs on the Au nanoparticles. The change in adsorption
sites during reaction indicates that the active sites for this partial oxidation correspond
to the Au-Ti4+ dual perimeter sites which surround ~ 3 nm Au nanoparticles on TiO2.
Herein, we provide kinetic studies of the partial oxidation reaction using in situ
transmission FTIR measurements. Together with DFT calculations, we present a
reaction mechanism involving three C-H bond activation steps at the Au/TiO2 dual
perimeter sites. The C-H bond activation is aided by atomic O species, which are also
formed at the perimeter sites.
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II. Methodology.

The high vacuum transmission FTIR cell as well as the Au/TiO2 catalyst has been
described in great detail in Chapter 2. To test the necessity of the Au-Ti4+ dual perimeter
sites for the catalytic reaction, a Au/SiO2 sample with ~3 nm Au particle diameter was
generously provided by Professor R. Zanella, following the synthesis protocol described
elsewhere.17 Experiments related to the Au/SiO2 catalyst were done separately from the
Au/TiO2 and TiO2 catalysts, with similar pre-treatment and experimental parameters.
Before each use, the catalysts were treated at 473 K in vacuum for 30 min, in 18 Torr
of O2 for 210 min, followed by evacuation for 10 min. This treatment removes most of the
IR-visible hydrocarbon impurities accumulated on the catalysts’ surface during synthesis
and assembly. Complete removal of the hydroxyl species requires more aggressive
annealing at elevated temperatures (above 673 K for TiO218’19 and well above 1000 K for
SiO220). Such high temperature procedures were not performed to avoid Au particle
aggregation. This treatment can also remove acetate from the Au/TiO2 catalyst surface,
but not for TiO2 or Au/SiO2, as will be discussed in Section III.C.
Acetic Acid (CH3COOH, 99.9%) was purchased from Fisher Scientific. Isotope labeled
acetic acid species, acetic acid-1-13C (CH313COOH, 99 atom%

13C)

and acetic acid-D4

(CD3COOD, 99.9 atom% D), were purchased from Sigma-Aldrich. Freeze-pump-thaw
cycles were performed before use on all three kinds of acetic acid. Urea (99.5%) and
HAuCV3H2O were purchased from Acros. Research purity
purchased from Matheson TRI-GAS.

18O2

16O2

gas (99.998%) was

gas (99% isotopic purity) was purchased from

Isotec, Inc.
All simulations reported herein were carried out using density functional theory
(DFT) calculations as implemented in the Vienna ab initio Simulation Package (VASP).21
Modeling details can be found in Chapter 3, Section II (page 27).
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III. Results and Discussion.
A. FTIR Study of Acetic Acid Adsorption on Different Catalyst Surfaces.

Figure 6.1 shows the IR spectra of the three catalyst surfaces of interest, namely TiO2,
Au/TiO2, and Au/SiO2, interacting with acetic acid at 400 K. Black spectra show the
catalyst surfaces in vacuum after pre-treatment, before acetic acid exposure; red spectra
show the catalysts in contact with 0.5 Torr of acetic acid gas, followed by evacuation for
30 min at 400 K. The adsorption features of acetic acid are similar comparing TiO2 and
Au/TiO2, but very different on the Au/SiO2 surface. These observations indicate that
acetic acid absorbs on TiO2 and SiO2 differently, and that Au nanoparticles make little
contribution to the spectral features.22

Wavenumber (cm'1)
Figure 6.1. IR spectra of acetic acid adsorption at 400 K on a). Ti02; b). Au/Ti02; and c).
Au/SiO2. Black spectra—clean catalysts surface; red spetra—0.5 Torr acetic acid followed by
evacuation for 30 min. Spectrum d) shows 0.5 Torr gas phase acetic acid IR adsorption.
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Figure 6.id shows the gas phase IR spectrum of acetic acid (0.5 Torr) at 400 K. When
adsorbed at 400 K, acetic acid forms surface acetate species on all surfaces.4’23-30
According to other IR reports on acetate adsorption on TiO2,4’23-26 the main features
labeled on Figures 6.1a and 6.1b are assigned as following: 2936 cm-1, symmetric CH3
stretching (vs(CH3)); 1532 cm-1, asymmetric -COO stretching (vas(CO2)); 1454 cm-1,
symmetric -COO stretching (vs(CO2)); 1400 cm-1, 1338 cm-1, and 1324 cm-1, CH3 bending
(5(CH3)). The frequency difference between symmetric and asymmetric v(CO2) is 78 cm-1,
indicating the acetate is adsorbed on the TiO2 surface via a symmetrical bidentate
orientation, as shown for chelating and bridging acetate species in the inset in Figure
6.1a.23-25 Clearly distinguishing between the chelating structure and the bridging
structure by IR vibrational frequencies is difficult and under debate.23-25 However, DFT
simulations of acetate adsorption on the TiO2 rutile (110) surface (this work, Section
III.B), the anatase (010) surface,31 and the anatase (101) surface,32 all indicate that the
bridging configuration is more stable than the chelating structure.
Acetic acid adsorbs on the SiO2 surface as acetate species at 400 K as well.27-30
However, the acetate/SiO2 IR features are quite different from the acetate/TiO2 features
in the v(CO2) region: three bands at 1747 cm-1, 1432 cm-1, and 1377 cm-1 are observed.
Young has reported a careful IR comparison of the adsorption of acetic acid, acetyl
chloride, and acetic anhydride on SiO2 surfaces at 300 K and 423 K, and found the three
bands described above in all cases.29 It is then deduced that acetate adsorbs on SiO2 via a
monodentate configuration, where the 1747 cm-1, 1432 cm-1, and 1377 cm-1 bands
corresponding to C=O stretching (v(CO)), asymmetrical CH3 bending (5as(CH3)), and
symmetrical CH3 bending (5s(CH3)), respectively. The higher frequency bands at 3030
cm-1 and 2946 cm-1 correspond to Vas(CH3) and Vs(CH3), respectively. The highest
frequency band at 3735 cm-1, corresponding to isolated SiO-H stretching on the SiO2
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surface, is heavily perturbed by acetate adsorption, forming hydrogen bonds with the
carbonyl moiety. One possible adsorption configuration of acetate on the SiO2 surface is
given in the inset to Figure 6.1c.

B.

DFT Simulation of Acetate Formation and Most Stable Configuration on

the Au/TiO2 Catalyst.

Figure 6.2. Acetic acid adsorption at different sites. The Au atoms and Ti atoms are shown in
yellow and grey respectively, whereas the O in the TiO2 lattice, adsorbed O, C atoms and H atoms
are shown in pink, red, black and white respectively. AEads refers to the adsorption energy.

Since the IR bands observed for acetate/TiO2 species cannot discriminate between
chelating and bridging acetate adsorption configurations (Figure 6.1), we employed DFT
simulation to locate the most favorable site for the acetic acid adsorption and acetate
formation on the Au/TiO2 catalyst. It is found that acetic acid does not bind to the Au
nano-particle, even at the low coordinated Au site that has a coordination number (CN)
of 7 (Figure 6.2a). A gas phase acetic acid molecule approaching the Au nano-particle
needs to overcome a 0.95 eV OH group de-protonation barrier to form acetate, with an
endothermic reaction heat of 0.04 eV, as shown in Figure 6.3a. The lack of stability of the

8o
acetic acid molecule and the high barrier required for the acetate/Au formation exclude
the Au site as the active site for adsorption or reaction, which agrees with the
experimental observation shown in Figure 6.1.

Initial State

Transition State

Final State

Ea

AH

(eV) (eV)

0.95

+0.04

0.09
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Figure 6.3. Acetate formation from acetic acid on a). TiO2 and b). Au sites. Ea and AH refer to
the activation barrier and reaction enthalpy, respectively.

Unlike on the Au nano-particles, the acetic acid molecule binds strongly to the TV
sites of the TiO2 support, with adsorption energies ranging from -1.04 eV to -1.10 eV
(Figure 6.2b-c). The acetic acid molecule binds to the TiO2 surface through the carbonyl
O moiety to the Ti5c sites, with the acidic proton forming a hydrogen bond with the
bridging lattice oxygen from the TiO2, as shown in Figure 6.2b-c. The de-protonation of
adsorbed acetic acid to form acetate on TiO2 proceeds easily with a small barrier of 0.09
eV and an exothermic reaction heat of 1.05 eV, as shown in Figure 6.3b.
We also compared the adsorption energy of the chelating and the bridging bidentate
configuration of acetate/TiO2 shown in Figure 6.1 and found that the bridging
configuration (Figure 6.3b) is ~1.0 eV more sable than the chelating bidentate. A recent

8i
STM study and DFT calculation of acetic acid adsorption on anatase TiOaCioi) surface
also found the bridging configuration to be the stable adsorption state.32 Thus, we will
use the bridging bidentate configuration to simulate acetate/TiO2.

C.

FTIR Study of the Interaction between Adsorbed Acetate and Oxygen on

Different Catalyst Surfaces.

Figure 6.4. IR spectra of adsorbed acetate reacting with 1 Torr of 02 on three catalysts at 400 K:
a), on Ti02; b). on Au/Ti02; and c). on Au/Si02. Black spectra—before 02 exposure (reproduced
from the red spectra of Figure 6.1a); red spectra—in contact with 1 Torr of 02 at 400 K for 90 min.

The acetate-saturated surfaces shown in Figure 6.1 were exposed to 1 Torr of O2 at
400 K and monitored for 90 min under steady state. Figure 6.4a shows the results on the
TiO2 sample, where little change developed after 90 min. In contrast, Figure 6.4b shows
the development on the Au/TiO2 catalyst, where the formation of the gold ketenylidene
species (Au2CCO) is observed by IR at 2040 cm-1.16 A small amount of Au2CCO was
already formed after acetic acid adsorption in Figure 6.1b, showing that the high
temperature O2 pre-treatment (described in Section II.A) left a trace amount of adsorbed
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O species on the catalyst surface which is reactive at 400 K.33 Little change in the acetate
features upon Au2CCO formation were observed on the Au/TiO2 sample in Figure 6.4b,
indicating that the partial oxidation of acetate, forming Au2CCO, is a minor reaction
causing the majority of the acetate species to remain unaffected.
The interaction between acetate/SiO2 and 1 Torr of O2 at 400 K is minimal at 400 K,
as shown in Figure 6.4c. The negative results on TiO2 and Au/SiO2 indicate that the
partial oxidation of acetate/TiO2 to form Au2CCO is catalyzed at the Au-Ti4+ perimeter
sites at 400 K. Since Au/SiO2 contains coordinatively unsaturated Au atoms at the
perimeter of the ~3 nm Au particles, this experiment indicates that sites of this kind
alone are insufficient for acetate partial oxidation which can only be induced by dual
sites involving both Au and TiO2.
To further demonstrate the special properties of the Au-Ti4+ perimeter sites, a set of
experiments investigating the interaction of acetate with O2 at elevated temperatures on
the three different surfaces were performed, as shown in Figure 6.5. Since the Au/TiO2
and TiO2 catalysts were held on the same tungsten mesh, the reaction temperature was
chosen to be 473 K to protect the Au/TiO2 catalyst from sintering. As shown in Figure
6.5a-b, after 210 min in 18 Torr of O2, acetate intensity decreased only slightly on the
TiO2 sample, while most of the acetate disappeared on the Au/TiO2 catalyst. Gas phase
CO2 was also detected in the cell, as highlighted in Figure 6.5. The CO2 is believed to be
the product of the total oxidation of acetate and ketenylidene on the Au/TiO2 catalyst.
The other total oxidation product, H2O, is not detected on the surface at 473 K, and is
also not detected in the gas phase, possibly due to adsorption on the room temperature
cell walls. The TiO2 sample is held in the same experimental environment as the Au/TiO2
catalyst, and thus gas phase CO2 is also detected when the TiO2 sample is observed, as
shown in Figure 6.5a.
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Wavenumber (cm1)
Figure 6.5. IR spectra of adsorbed acetate reacting with 02 on three catalysts at elevated
temperatures: a). on TiO2 with 18 Torr of O2 at 473 K; b). on Au/TiO2 with 18 Torr of O2 at 473 K;
and c). on Au/SiO2 with 11 Torr of O2 at 550 K. Black spectra—upon just reaching target
temperature, before O2 exposure; red spectra—after reaction in O2.

More aggressive oxidation of acetate/SiO2 using 11 Torr of O2 at 550 K on the Au/SiO2
sample is shown in Figure 6.5c. Higher temperature is used here because no IR spectral
change was detected at 473-500 K at all. At 550 K, during 60 min of reaction, most of the
adsorbed acetate/SiO2 species disappeared from the IR spectrum, as indicated by the
loss of acetate/SiO2 spectral features and the reappearance of isolated SiO-H groups, but
little oxidation product (no Au2CCO and little CO2(g)) was detected.
The more aggressive high temperature studies shown in Figure 6.5 confirmed that
without the Au-Ti4+ dual perimeter sites, no ketenylidene species is produced from
acetate partial oxidation. It also demonstrated that the oxidation depth of the
acetate/TiO2 species on the Au/TiO2 catalyst can be tuned by reaction temperature—
partial oxidation at 400 K and total oxidation at 473 K.
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D. Partial Oxidation of Acetate with 18O2 Isotopic Species on Au/TiO2.

The oxidative formation of AU2CCO from acetate/TiO2 on the Au/TiO2 catalyst
requires the synergistic action of TiO2 sites and Au sites in close proximity on the multi
material catalyst: the reactant acetate is adsorbed on the TiO2 support and the product
ketenylidene is adsorbed on the Au nanoparticles, as shown in Scheme 6.1. The reaction
involves multiple C-H and C-O bond activations. The partial oxidation would not
proceed without oxygen, indicating that the activation of the C-H and/or the C-O bond is

H

O

+ O2
400 K
- 3H
- 1O

C

C
Au

Au

Ti Ti
Scheme 6.1. Acetate/Ti02 partial oxidation forming Au2CCO.
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Figure 6.6. IR spectra of the partial oxidation of acetate by l802 on Au/Ti02. Dotted line
indicates the absorption frequency of Au2CC18O, which is not observed.
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assisted by O2. To identify the origin of the O atom in the final AU2CCO product, a l8O2
isotope experiment was carried out.
As shown in Figure 6.6, during the 90 min experiment with

18O2

gas at 400 K, no

18O

scrambled species (characteristic v(CO)=2010 cm-1)16 is detected. This confirms that the
O in Au2CCO comes from the original acetate species.

E. Kinetic Studies of the Formation of Ketenylidene.
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Figure 6.7. Kinetic studies of the partial oxidation of acetate to ketenylidene on the Au/Ti02
catalyst. Solid curves underneath experimental data points are mathematical fits to first-order
kinetics. Inset shows the Arrhenius plot.

Steady state partial oxidation of acetate on the Au/TiO2 catalyst as shown in Figure
6.6 was carried out in the temperature range of 400-420 K for kinetic studies, under 1
Torr of O2. The integrated absorbance of the Au2CCO band centered at 2040 cm-1 is used
as a measure of the amount of product accumulated on the catalyst surface. The
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oxidation reaction becomes significantly retarded after 90 min at all temperatures,
indicated by the sluggish rate of growth of the Au2CCO IR band when approaching the
90 min endpoint. Normalization of the integrated absorbance of Au2CCO species to the
maximum measured value is carried out to make experiments executed on different days
more comparable. Plots of the reaction extent at five different temperatures are shown in
Figure 6.7. The five experiments with various temperatures were carried out randomly in
sequence.
Since the catalyst surface is saturated with acetate before reaction and since oxygen is
abundant from the gas phase, the reaction is pseudo-first order in active site
concentration located at the Au-Ti4+ perimeter, as shown in Equation 6.1.
Rate _ d[Auzcco] _ kX[acetatex[O2]x[Active Site = k'x[Active Site]

(6.1)

The solid lines under experimental data points shown in Figure 6.7 display the
mathematical fit to first-order kinetics. The normalization described earlier does not
alter the reaction constant k obtained from the mathematical fit. The Arrhenius plot is
constructed as shown in the inset of Figure 6.7, yielding an apparent activation energy of
1.7 ± 0.2 eV.

F.

Study of the Deuterium Kinetic Isotope Effect (DKIE) in the Partial

Oxidation of Acetate Species.

As shown in Scheme 6.1, the partial oxidation of acetate/TiO2 forming Au2CCO
involves multiple C-H bond scission steps and one C-O bond scission step. To elucidate
the nature of the transition state, a DKIE study was designed, where a 1-to-1-ratio acetic
acid-H4 and acetic acid-D4 mixture was pre-made in the gas-line and exposed to the
Au/TiO2 catalyst in a competitive experiment. In order to distinguish the partial
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oxidation product from H- and D-labeled acetate, the hydrogen-free gold ketenylidene,
C labeling was employed for the acetic acid-H4 species (CH3 COOH). As a result,

13

13

observation of the formation of non-labeled Au2CCO species at 2040 cm allows the
-1

measurement of the rate of CD3COO partial oxidation, while observation of the C13

isotopic labeled Au2C CO species at lower frequency (~1990 cm ) allows the rate of
13

-1

CH313COO partial oxidation to be simultaneously measured.

Wavenumber (cm'1)

Figure 6.8. Deuterium kinetic isotope study, a). Partial oxidation of 1:1 ratio of adsorbed
CH313COO/TiO2 and CD3COO/TiO2 at 400 K; b). plots of the integrated absorbance of Au2C13CO
from acetic acid-H4 oxidation and Au2CCO from acetic acid-D4 oxidaion as a function of reaction
time; c). plots of kn/k^ as a function of the reaction time and the extent of reaction.

Figure 6.8a shows the IR spectra development in the gold ketenylidene region during
the DKIE study. As expected, the deuterium labeled acetate partial oxidation proceeded
at a slower rate compared to the non-labeled species as seen in the ketenylidene spectra
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shown in Figure 6.8a. Figure 6.8b shows a plot of the integrated absorbance of the two
gold ketenylidene species as a function of reaction time. As shown in Equation 6.1 and
Figure 6.7, the reaction is pseudo-first order in the Au-Ti4+ dual perimeter site
concentration. The rate of the two ketenylidene species formation can be represented by
Equations 6.2 and 6.3:
d[Au! C C0]
d t

= kHx[CH313COO]x[O2]x[Active Site]

d[Au2Cco] _ k [ C D 3 C O O x [ O 2 ] x [ A c t i v e Site]

(6.2)
(6.3)

Since the concentration of the two acetate species, the O2 pressure, and the
concentration of the active site are the same, dividing Equation 6.2 by Equation 6.3
yields Equation 6.4:
kn _ d[Au2C13COVdt
kD d[Au2CCO]/dt

(6 4)
( .4)

Figure 6.8c shows the DKIE, fe/kD, evaluated by point-by-point differentiation of the
numerical data in Figure 6.8b. A linear least square fit of the DKIE data is shown in
Figure 6.8c. A maximum fe/kD of 4.2 at full active site coverage (t = 0 min) is deduced
from the linear fit. The DKIE falls to near unity as the reaction slows down. This
observed initial DKIE value is consistent with the Hutchings team’s report, where DKIE
values in the 4-2 range was found for benzyl alcohol partial oxidation (forming
benzaldehyde and toluene) over a Au-Pd/TiO2 catalyst.34
The observation of a DKIE means that C-H bond breaking in acetate/TiO2 partial
oxidation is of importance. The decrease in the overall DKIE during reaction may be due
to a variation in the nature of the transition state on Au sites which are crowded by
Au2CCO species at later

stages of the reaction. Possibly thefrontier orbitals

bonds become less importantfor the reaction under crowded

at the C-H

conditionson the Au sites

and other factors become dominant, even though the activation energy remains constant.
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G. DFT Proposed Mechanism of the Acetate Partial Oxidation

With the acetate adsorbed on the Ti5c sites, O2 was admitted to the system from the
gas phase. It has been reported by us that the Au-Ti4+ dual perimeter sites can dissociate
O2 with a barrier of 0.4-0.6 eV, generating oxygen adatoms at the Au perimeter.33 These
oxygen adatoms can then diffuse on the Au nano-particle with barriers of 0.23-0.72
eV.7’33 At the experimental temperature in the current study (> 400 K), it is expected that
the O adatoms can diffuse around the Au nano-rod and react when the appropriate
reactant configuration is found. It is also reasonable to assume that the O adatoms are in
abundance, at 1 Torr pressure. Since the reaction process, breaking C-H bonds and a C-O
bond in acetate/TiO2, only occurs in O2, our mechanism involves O atom migration to Au
perimeter sites followed by C-H bond activation on Au sites.
As shown in Scheme 6.1, the partial oxidation of acetate/TiO2 forming Au2CCO clearly
involves both the Au surface sites and the TiO2 support. As a result, it is natural to focus
the mechanistic study at the Au/TiO2 dual perimeter sites. From the reactant acetate
(CH3COO-) to the product ketenylidene (=C=C=O), a net of three C-H bonds and one C
O bond are broken. After testing different sequences of steps, the most favorable (lowest
energy barrier) reaction pathway is summarized below:
O2(g) + Au-Ti4+ ! 2O

(6.5)

H3CCOO + O ! H2CCOO + OH

(6.6)

H2CCOO + OH ! HCCOO + H2O

(6.7)

HCCOO ! HCCO + O

(6.8)

HCCO + O ! CCO + OH

(6.9)

The detailed structures of the initial state, transition state and the final state of each
step shown above are summarized in Figure 6.8. After adsorption, the methyl moiety of
the acetate/TiO2 species first loses two hydrogens consecutively with barriers of ~0.8 eV
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and starts to form Au-C bonds with the remaining -CH moiety to Au (Figure 6.9 a-b).
The two dehydrogenation processes are assisted by an O adatom nearby, eventually
forming an H2O molecule on the Au. The H2O molecule produced bonds weakly on the
Au (-0.08 eV) and desorbs quickly. After the activation of the two C-H bonds, a C-O bond
of the carboxylate moiety breaks with an ~0.7 eV barrier, resulting in the formation of
Au2CHCO that then detaches from the TiO2 (Figure 6.9c). The last C-H bond is then
broken at Au sites with the aid of another O adatom, forming Au2CCO, as shown in
Figure 6.9d. The final Au2CCO configuration shown in Figure 6.9d theoretically gives
v(CO) of 2041 cm-1, consistent with the IR measurement (2040 cm-1).16 This reaction
pathway to Au2CCO also retains the O moiety from the original acetate ion, as shown
experimentally in Section III.D.

Initial State Transition State Final State Ea AH DKIE
(eV) (eV) (kH/kD)

Figure 6.9. Key steps for the ketenylidene formation at perimeter. a-d corresponding to
Equations 6.6-6.9.
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Although the first dehydrogenation step has the highest intrinsic barrier (0.86 eV,
Figure 6.9a), the highest overall barrier occurs at the C-O bond breaking step as the first
two steps are endothermic, as shown in Figure 6.10 with black lines. In the overall
calculated partial oxidation of acetate, the transition state for the C-O bond breaking step
is 1.80 eV higher than the initial state involving acetate/TiO2 at the perimeter and an O
adatom on Au. This overall activation energy corresponds closely to the experimentally
measured apparent activation energy of 1.7 eV, and is reasonable for an oxidation
process occurring at 400 K. Thus, the C-O bond scission in the HCCOO/TiO2 species is
the rate limiting step for the reaction.
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Figure 6.10. The energy diagram along the reaction pathway shown in Figure 6.9 for acetate
oxidation on Au/TiO2 sites and on TiO2 sites. Ea(overall) refers to the overall barrier of the
reaction.

The calculated DKIE of each C-H bond activation steps are also shown in Figure 6.9.
The kH/kD value of 3-4 is consistent with other calculated DKIE reports for C-H bond
activation.35,36 A sequence of three equally important C-H bond breaking steps, each with
DKIE value of 3-4, would be expected to exhibit an overall DKIE greater than 3-4. The
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fact that the observed overall DKIE is ~4.2 (Figure 6.8) indicates that the three C-H bond
scission weigh differently to the final product. This could be due to the fact that the ratelimiting step (the C-O bond breaking step) does not involve C-H bond breaking.

H. Energy Barriers for Ketenylidene Formation on the TiO2 Surface

Figure

6.11.

Consecutive

C-H

bond

and

C-O

bond

scission

(Equations

6.6-6.8)

of

acetate/TiO2

away from the Au/TiO2 dual perimeter site.

Since the Au/TiO2 catalyst is fully-covered with acetate adsorbed on the TiO2 sites, we
also studied the possibility of ketenylidene formation on the TiO2 support away from the
Au-Ti + perimeter, following the same mechanism depicted in Equations 6.6-6.9, as the
4

red pathway shown in Figure 6.10. The reaction starts from the adsorbed acetate/TiO2
configuration shown in Figure 6.3b. Due to the upright adsorption configuration of the
acetate on TiO2, interaction between the C-H bonds to adsorbed O adatoms on the TiO2
surface is excluded. As a result, the C-H bond scissions on TiO2(110) is aided by bridging
oxygen from the oxide surface. The calculated first three steps (Equations 6.6-6.8) of the

93
reaction, which all have high energy barriers, were shown in Figure 6.11. The
dehydrogenation steps shown in Figure 6.11a-b generate very unstable CH2 and CH
moieties, since there is no Au nearby for stabilization. As a result, high activation
barriers of 1.19 eV and 2.28 eV are obtained according to the Br0nsted-Evans-Polanyi
relationship.37-38 On top of these steps, the C-O bond scission step which follows the two
C-H bonds breaking produces a HCCO group and an O adatom adsorbed on the Ti5c site
of TiO2 (Figure 6.11c). The HCCO group is very unstable and some stabilization from the
nearby Ti5c site is observed, causing a small energy drop (AH=-0.57 eV). However, the
stabilization from the Ti5c sites is not nearly as strong as that provided by the Au at the
Au/TiO2 perimeter sites, resulting in a system that is still in a very high energy state, as
shown in Figure 6.10. The C-O breaking step at the TiO2 sites has a barrier of 0.83 eV,
raising the overall barrier to 4.10 eV (Figure 6.10, red pathway). This overall barrier
prohibits the reaction at ~400 K.
The advantages of the Au-Ti4+ dual perimeter comparing to TiO2 or Au alone are that
Au can strongly interact with the dehydrogenated species,16’39-41 while the Ti4+ sites
stabilize the O moiety left from C-O bond scission on the carboxyl end.7 Since there is no
Au to stabilize the CH2 or CH moiety at the TiO2 lattice sites, the products from the C-H
or C-O bond breaking (Equations 6.6-6.8) are unstable and the energy required to
proceed the reaction becomes formidable. These effects, together with the O adatoms
generated at the Au-TiO2 dual perimeter sites, help to promote the C-H and C-O bond
cleavage. The combined activity of Au and TiO2 sites is necessary for the formation of
ketenylidene from acetate. The joint site activity supplies O atoms and OH radicals on Au
sites which promote C-H bond scission in acetate species and eventually C-O bond
scission on TiO2 sites to produce chemisorbed gold ketenylidene with the steps shown in
Equations 6.5-6.9.
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IV. Summary of Results.

The adsorption and oxidation of acetic acid on a Au/TiO2 catalyst has been studied
experimentally and theoretically. The following results have been obtained:
1. Acetic acid dissociatively adsorbs on TiO2 surface, forming bridging bidentate
acetate/TiO2.
2. The partial oxidation of acetate/TiO2 to form Au2CCO occurs near 400 K, at the
Au-Ti + dual perimeter site present at ~3 nm Au nanoparticles. No ketenylidene
4

formation occurs on Au/SiO2 or TiO2 under even more aggressive oxidation conditions,
indicating that coordinative unsaturation in Au nanoparticles or TiO2 alone is
insufficient to support this reaction.
3. It was found by DFT simulation that the Au-Ti dual perimeter site is crucial for
4+

three processes: (1) activating O2; (2) promoting the dehydrogenation steps; and (3)
stabilizing the O moiety after the C-O bond scission.
4. A

O2 isotope study revealed that the O moiety in the Au2CCO intermediate

18

species originated exclusively from the acetic acid, not from the gas phase oxygen.
5. The rate-limiting step for acetate partial oxidation was found to be the C-O bond
scission of the HCCOO/TiO2 intermediate. An initial deuterium kinetic isotope effect of
~4 was observed.
6. The overall calculated activation energy for ketenylidene formation on the
Au/TiO2 catalyst is 1.80 eV, matching with the 1.7 ± 0.2 eV apparent activation energy
measured.
7. By raising the reaction temperature from ~400 K to 473 K, the partial oxidation
process is converted to the total oxidation process for acetate/TiO2, on the Au/TiO2
catalyst, forming CO2 and water.
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Chapter 7
Inhibition at Perimeter Sites of Au/TiO2 Oxidation Catalyst
by Reactant Oxygen.*
*Adapted with permission from I. X. Green, W. Tang, M. McEntee, M. Neurock, and J. T. Yates,
Jr., “Inhibition at Perimeter Sites of Au/TiO2 Oxidation Catalyst by Reactant Oxygen”, Journal
of the American Chemical Society, ASAP, 2012. Copyright 2012 American Chemical Society. The
theoretical work was performed by Dr. Wenjie Tang and Dr. Matthew Neurock and is included
here for completeness.

TiO2-supported gold nanoparticles exhibit surprising catalytic activity for oxidation
reactions compared to noble bulk gold which is inactive. The catalytic activity is localized
at the perimeter of the Au nanoparticles where Au atoms are atomically adjacent to the
TiO2 support. At these dual catalytic sites, an oxygen molecule is efficiently activated
through chemical bonding to both Au and Ti4+ sites. A significant inhibition by a factor of
22 in the CO oxidation reaction rate is observed at 120 K when the Au is pre-oxidized,
caused by the oxygen-induced positive charge produced on the perimeter Au atoms.
Theoretical calculations indicate that induced positive charge occurs in the Au atoms
which are adjacent to chemisorbed oxygen atoms, almost doubling the activation energy
for CO oxidation at the dual catalytic sites in agreement with the experiments. This is an
example of self-inhibition in catalysis by a reactant species.

I. Introduction.

The origin of the activity of oxide-supported nanoparticle Au catalysts has been of
great interest over the last two decades.1’2 This activity contrasts markedly with the
inactivity of the bulk metal. Nanoparticle Au catalysts exhibit extraordinary efficiency
and selectivity in key industrial oxidation reactions involving molecular oxygen.3
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Understanding the mechanisms by which these catalysts carry out oxidation reactions
will provide valuable insights and guidance toward the design of new catalytic materials.
Joining the effort of unraveling the CO oxidation process on the Au/TiO2 catalyst lead by
others,4-8 we have shown spectroscopically that on a catalyst comprised of ~3 nm Au
particles supported on TiO2 the catalytic activity is localized at the Au perimeter, where
dual catalytic sites involving Au atoms and Ti4+ ions work together at very low
temperatures to activate molecular oxygen and oxidize both H2 as well as CO.9’10 More
research is needed as many aspects of the dual-catalytic system are still unclear and
under debate.
The charge state of active Au species during the catalytic reaction is one area that has
been greatly debated, with different reports citing the active sites as being either
negative, neutral or positively charged Au species. For instance, Au clusters deposited on
oxide F-centers were reported to be negatively charged and highly active for CO
oxidation;8’11-13 other experiments, however, suggest that the active sites for CO oxidation
are comprised of partially oxidized (positively charged) Au centers.14-17 In addition, there
are also various reports that suggest as-synthesized cationic Au(III) is not active for CO
oxidation at room temperature until reduced to metallic Au3’18 and that the metallic Au is
the active species.18,19 Previous theoretical calculations of charge effects on Au also
provided mixed conclusions as to the relationship between the Au oxidation state and
the catalytic activity.7-20-35
Two important challenges associated with establishing the charged state of the active
sites experimentally are: (1) it was hard to measure the partial charge state (oxidation
states between 0 and ± 1) of localized Au atoms in situ directly via common techniques
such as X-ray photoelectron spectroscopy, X-ray absorption near edge structure
spectroscopy, or Mossbauer spectroscopy until recently;15-36 and (2) the reactant for the
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standard catalyst activity test, the CO molecule, is a strong reducing agent for Au
nanoparticles at room temperature or lower.37-39 To avoid these complications, we use
the reactant CO molecule as a surface probe at very low temperatures (~120 K) to detect
the Au oxidation state during the catalytic reaction, and in addition, to kinetically track
the reaction progress via in situ infrared (IR) spectroscopy. At these low temperatures
the reduction of cationic Au by CO does not occur during the catalytic reaction.
We have previously demonstrated that at temperatures in the range 110-130 K, CO
molecules adsorbed on the TiO2 support (CO/TiO2) are the active species for CO
oxidation and are delivered to the dual catalytic perimeter sites by diffusion across TiO2.9
By working at low temperatures the reaction is kinetically simplified via the exclusion of
higher activation energy processes. In contrast, CO adsorbed on Au sites is essentially
unreactive at 120 K.9 In the work reported here we show that pre-oxidation of the Au
perimeter sites of the Au/TiO2 catalyst at high temperature (473 K), to produce Aus+
sites, reduced the CO oxidation activity by a factor of 22 at 120 K. The apparent
activation energy for CO oxidation over the Au/TiO2 catalyst increases from 0.16 eV to
0.27 eV when Aus+ sites are produced by pre-oxidation of the catalyst. Density functional
theory (DFT) calculations indicate that the origin of the local catalytic inhibition or site
poisoning is the conversion of Au0 to Aus+ at the Au nanoparticle perimeter that results
from the strong chemisorption of oxygen atoms at these sites. Understanding the
inhibition of the active Au sites in the low-temperature regime provides insight into the
mechanism of the CO oxidation reaction on Au/TiO2 catalysts at higher temperatures,
thus coupling low temperature studies to catalysis at higher temperatures.

II. Methodology.
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Detailed description of the synthetic method of the Au/TiO2 catalyst and the vacuum
transmission FTIR cell can be found in Chapter 2. After the catalyst was installed and
activated in the vacuum cell, pre-oxidation of the catalyst to various stages was carried
out at temperatures from 295 K to 473 K in 5 Torr of O2 for 30 min. Pre-reduction of the
catalyst to different degrees was carried out in 0.07 Torr of CO for 5 min at temperatures
in the range 120-473 K, as indicated in each experiment reported. All experiments
described in this study were carried out on the same catalyst prepared by repeated
oxidation in O2 followed by reduction in CO, i.e. the catalyst was reusable for many
experiments. No heating above 473 K was performed to avoid the known effect of
sintering of Au nanoparticles.6’40 Thus, a “fully-oxidized Au5+/TiO2 catalyst” or a “fullyreduced Au0/TiO2 catalyst” were made by O2 oxidation or CO reduction at 473 K.
Transmission

electron

microscope

measurements

of

the

catalyst

after

repeated

oxidation/reduction cycles show a Au particle size distribution similar to the as-prepared
catalyst (2-8 nm diameter, with a most probable diameter of 3 nm, Figure 2.3).9’10’41 The
catalyst, oxidized and reduced at different temperatures, was cooled to 120 K in vacuum
for the CO adsorption and oxidation reaction.
CO adsorption on the catalyst to saturation coverage at temperatures between 110 K
and 130 K was achieved by back filling the cell with 0.07 Torr of CO gas. For the CO
oxidation studies, after reaching saturation, the CO gas was evacuated from the cell for
approximately 10 min to produce one monolayer (ML) coverage. An IR spectrum was
taken after 8.6 min of CO evacuation in each experiment and was used as the point of
time zero for the reaction kinetics study. One Torr of O2 was then introduced to the cell
and the CO oxidation reaction immediately began. FTIR spectra were taken every minute
until the CO/TiO2 adsorption feature was gone from the IR spectra (~20 min for
Au0/TiO2 catalyst and ~6o min for Au5+/TiO2 catalyst).
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First principle plane wave density functional theory (DFT) calculations carried out
using the generalized gradient approximation (GGA)42 were used herein to explore the
influence of oxidized Au sites on CO oxidation. The Au/TiO2 system was simulated
herein by a Au nano-rod supported on a rutile TiOaCiio) surface. Detailed information
about the calculation can be found in Chapter 3, Section II (page 27).

III. Results and Discussion.
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Figure 7.1. IR spectra of 120 K-saturated CO adsorption of the Au/Ti02 catalyst surface
modification by (a) oxidation in O2 and (b) reduction in CO at different temperatures.

The step-wise oxidation of the catalyst was carried out to examine the Au0 to Au8+
species conversion. Figure 7.1a shows the IR spectra in the CO stretching region of a
reduced catalyst pre-oxidized to different levels. The IR absorption bands at 2179 cm-1
and 2206 cm-1 are assigned to CO adsorbed on Ti4+ sites (denoted as CO/TiO2) because
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identical bands are observed on a TiO2 blank sample also held in the IR cell. The IR band
at ~2io6 cm-1 is assigned to CO terminally adsorbed on metallic Au0 sites based on
previous investigations (denoted as CO/Au0).9’39’43-45 The high frequency shoulder at
~2126 cm-1 is generally assigned to CO adsorbed on positively charged Aus+ sites (0<5<1,
denoted as CO/Au5+).39’44-46 As the pre-oxidation temperature increases from 295 K to
473 K, the 2106 cm-1 band decreases in absorbance at saturation coverage, while the 2126
cm-1 band increases in absorbance, indicating a transition from CO/Au0 species to
CO/Aus+ species under increasingly aggressive oxidation conditions.
The Au-catalyst pre-oxidation process was shown to be completely reversible by
observation of

vco

during reduction of the oxidized Au5+/TiO2 catalyst in gas phase CO.

Figure 7.1b shows the 120 K-CO IR absorption spectra of the pre-oxidized catalyst
reduced at temperatures from 170 K to 230 K in 0.07 Torr of CO, where an increase of
CO/Au0 species is accompanied by a decrease of CO/Aus+ species, just opposite from
Figure 7.1a. It is noted that the Au oxidation state produced by pretreatment has no
influence on the neighboring CO/TiO2 species, since the band frequency, band shape,
and saturation absorbance of the CO/TiO2 species remains unchanged upon Au
oxidation/reduction. We denote the catalyst in Figure 7.ia(i) as the “fully-reduced
Au0/TiO2” sample and the catalyst in Figure 7.ia(v) as the “fully-oxidized Au5+/TiO2”
sample. The CO/Au1+ (vco=2i86-2159 cm-1),38’43’47 CO/Au3+ (vco=~2207 cm-1),47 and
CO/Au5- (vco=2038-1900 cm-1)46’48 species reported by others on Au nanoparticle
catalysts using IR or other measurement techniques11’12’14 are not found in our IR
observations.
To gain quantitative knowledge of the conversion between Au0 and Aus+ species, the
overlapping CO/Au0 and CO/Aus+ bands have been deconvoluted using a Lorentz
function in all measurements made during the CO reduction process (part of which are
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presented in Figure 7.1b). The integrated absorbance of each deconvoluted band is used
as a measurement of the amount of the corresponding species on the surface. Figure 7.2
depicts the conversion of CO/Aus+ to CO/Au0 as a function of increasing reduction
temperature in CO. The reduction process starts above 147 K in 0.07 Torr of CO, before
which little change in integrated absorbance is observed for either species. The total
integrated CO absorbance on the Au0 and Aus+ sites remains constant during the
reduction (Figure 7.2, right axis) indicating that the saturation coverage of adsorbed CO
(1 ML) on the Au nanoparticles is constant for various stages of reduction, and supports
the idea that the extinction coefficients of CO/Au0 species and CO/Aus+ species are quite
similar. The oxidation/reduction procedures using O2 and CO provide a very convenient
method to reproducibly modify the Au/TiO2 catalyst.
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Figure 7.2. Left axis: plots of the CO/Au5+ fractional conversion to CO/Au0 species monitored by
deconvolution of IR bands from Figure 7.1b using the Lorentz vco line shape function and
comparing the integrated absorbance of each deconvoluted band. Right axis: plot of the total
integrated IR absorbance of CO/Au5+ and CO/Au0 species combined, versus catalyst reduction
temperature.
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To determine the kinetic influence of oxidation of the Au/TiO2 catalyst, we performed
low temperature CO oxidation reactions on the fully-reduced catalyst and on the fullyoxidized catalyst separately. Infrared spectra taken during the first 1200 s of the two
experiments are shown in Figure 7.3. Consistent with our previous findings on Au0/TiO2
catalysts,9 CO/TiO2 is the main active species undergoing oxidation at 120 K judging by
the disappearance of CO/TiO2 feature from the IR spectra. An absorption band near
2350 cm-1, corresponding to the production of CO2/TiO2, is observed to increase. At 120
K, the CO2 product is captured on the catalyst surface. The CO/Au0 and CO/Aus+ bands
are slightly blue shifted during the reaction, indicating partial charge transfer by
adsorbed oxygen atoms on nearby Au sites at 120 K. But these CO/Au0 and CO/Aus+
species are not significantly consumed during the CO oxidation reaction due to their
limited diffusional motion on Au sites at such low temperature.9 This small blue shift
disappears upon evacuation of O2 and readsorption of CO at 120 K (spectra not shown).
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The main kinetic difference in the two experiments in Figure 7.3 is the decrease of the
rate of CO/TiO2 consumption (as well as CO2/TiO2 generation) on the fully-oxidized
Au5+/TiO2 catalyst. In 1200 s at 120 K, the CO/TiO2 oxidation reaction is complete on the
fully-reduced Au0/TiO2 catalyst (Figure 7.3a), while ~20% of CO/TiO2 remains on the
Au5+/TiO2 catalyst (Figure 7.3b). Kinetic plots of the CO/TiO2 consumption on fullyreduced and fully-oxidized Au/TiO2 are shown in Figure 7.4, where a reversibility test for
the catalyst during multiple reduction/oxidation cycles is also shown. The CO/TiO2
oxidation reaction follows accurate first-order kinetics in CO coverage in both cases,
indicated by the fitted solid lines in Figure 7.4. The catalyst performance is reproducible

Time (s)

Figure 7.4. Representative kinetic plots of the CO/TiO2 oxidation process on the fully-reduced
Au0/TiO2 catalyst (red, corresponding to Figure 7.3a), and on the fully-oxidized Aus+/TiO2 catalyst
(black, corresponding to Figure 7.3b). Solid lines represent the first-order kinetics fit for the
experimental data.

for the mild oxidation-reduction cycles used in this study. The first-order CO oxidation
rate constant at 120 K is ~22 times larger on the fully-reduced Au0/TiO2 catalyst
compared to the Au5+/TiO2 catalyst, indicating an inhibition effect associated with the
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formation of Au5+ species. A similar reduction in the CO oxidation rate was also reported
on a O2-treated Au/SiO2 catalyst working at room temperature.49 It is noteworthy that
the inhibition on Au5+/TiO2 is detected by the decrease of the rate of consumption of the
CO/TIO2 species, which is the only participant for CO oxidation at 120 K, showing again
the unique activity of dual catalyst sites at the Au perimeter for CO/TIO2 oxidation on the
Au/TiO2 catalyst. As shown previously9 and below, these sites involve Au and Ti centers
which have a special capability to activate molecular O2 at the perimeter of Au
nanoparticles on TIO2.

Time (s)

Figure 7.5. Plots of the integrated absorbance of C0/Ti02 against time during reaction with 02
at various temperatures fitted to first-order kinetics. Inset: the Arrhenius plot comparing
activation energies on Au0/TiO2 (red) and Au5+/TiO2 (black). Data for Au0/TiO2 was taken from
Chapter 3 (ref. 9).

Previously we reported the apparent activation energy for CO oxidation on the
Au0/TiO2 catalyst to be 0.16 ± 0.01 eV.9 For comparison we carried out a study of the
effect of temperature on the CO/TiO2 oxidation on the fully-oxidized Au5+/TiO2 catalyst
in the temperature range of 110-130 K as shown in Figure 7.5a. The resulting apparent

io8
activation energy for the oxidation of CO/TiO2 was found to be 0.27 ± 0.01 eV (Figure
7.5b), a near doubling of apparent activation energy. The ratio of pre-exponential factors,
Aox/Ared « 103, indicates that the O-inhibition of Au catalytic activity is likely not due to
site blocking by adsorbed O atoms. We had postulated previously that the lower
activation energy process measured for CO oxidation over the Au0/TiO2 catalyst may be
heavily influenced by the CO/TiO2 species’ diffusion energy across the TiO2 surface.9 The
large difference in the pre-exponential factors therefore may indicate that the two
Arrhenius plots are likely describing processes that differ in mechanism and activation
entropy, where CO oxidation on Aus+ sites is entropically more favorable. It is worth
noting that working at low temperatures is important to see the reduction of catalytic
activity associated with the presence of the Aus+ site. At elevated temperatures near room
temperature, the inhibition by chemisorbed oxygen will not be observed as the CO can
migrate to the oxidized Au site and easily reduce it (Figure 7.2).
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Density functional theory (DFT) calculations provided detailed insight into the
mechanism for CO oxidation at the dual catalytic sites of the Au0/TiO2 perimeter.9 We
carry out similar calculations herein to follow the influence of partially oxidized Au on
the oxidation of CO at the dual Au/TiO2 sites using the same Au/TiO2 interface model
presented previously.9 A detailed charge analysis of the Au sites on the fully-reduced
Au/TiO2 surface shows that all of the surface Au atoms are neutral, except for those that
are in direct contact with the bridge oxygen atoms of the TiO2 support which have a
charge of ~ + 0.1 e as shown in Figure 7.6.

Some previous theoretical studies have suggested the importance of Aus+ for CO
oxidation on the Au/TiO2 catalyst.7’28-30’32 The models that were used examined only the
influence of charge transfer between the TiO2 support and the Au nanoparticles. There
are no studies, however, of which we are aware, that examine the influence of the pre
oxidation of Au nanoparticles by chemisorbed oxygen on Au/TiO2 catalysts. These sites
involving chemisorbed oxygen, however, are more likely to be the relevant sites
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associated with the inhibition phenomena that occur at O2-rich conditions. We start by
examining the Au sites where direct O2 activation most likely proceeds. We showed
previously that O2 preferentially adsorbs at the perimeter sites along the Au/TiO2
interface where it is partially activated by its interaction with the Au, thus forming a TiO-O-Au, peroxo type intermediate.9 The direct activation of O2 at these perimeter sites,
where no assistance by other molecules is involved, proceeds with a barrier of 0.4-0.6 eV
(Figure 7.7), resulting in the production of O adatoms at the Au perimeter. Once formed,

Figure 7.8. (a-c)-O atom diffusion on Au nanorod; (d)-O atom diffusion on Ti5c and (e)recombination to O2. AH refers to the reaction energy. The O atom diffusion on Ti5c data comes
from Chapter 3 (ref. 9).
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these O adatoms can diffuse to Au sites that are further removed from the perimeter as
shown in Figure 7.8. The favorable binding sites for these atomic O species is either on a
FCC three-fold hollow or on the edge bridge site, as shown in Figure 7.8a-c. The binding
energies for these chemisorbed O adatoms are -0.3 to -0.4 eV with respect to one half of
the O2 molecule in gas phase, indicating that the O2 dissociative adsorption is exothermic
and chemisorbed O adatoms resulting from the O2 dissociation are stable. The higher

before oxidation after oxidation

frequency change

Figure 7.9. Theoretical predictions of the CO vibrational frequency change before and after
oxidation. a, b, c, and d represent different CO and O adsorption configurations on the Au nano
rod.
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activation barriers for O surface diffusion on Au are consistent with the fact that these
sites form only at the higher pre-oxidation temperatures ( > 295 K). These O adatoms
inductively increase the positive charge of the neighboring Au atoms as shown in Figure
7.9 (Aus+, 8=0.i-0.3) and directly influence the vibrational frequency of CO adsorbed on
these electropositive Au sites. The vibrational frequency calculation results are reported
in Figure 7.9. Calculated CO/Aus+ frequencies reveal a blue shift of +14-23 cm-1 from
CO/Au0, which is in very good agreement with the +20 cm-1 shift observed

Initial State Transition State Final State

ifei8-§i-ii
8eHMI
§!
Au-Site I

before oxidation: E =0.16
eV
a

Au-Site I

after oxidation: E =0.65
eV
a

Au-Site II

before oxidation: E =0.27 eV

1HIS
2 n'8
Au-Site II

after oxidation: E =0.32
eY
a

Figure 7.10. Oxygen inhibition effect for O-O bond scission at the Au/TiO2 perimeter from DFT
calculation. a,b-CO-assisted O2 dissociation at Au-Site I (a) before and (b) after Au oxidation by
an O adatom. c, d-CO-assisted O2 dissociation at Au-Site II (a) before and (b) after Au oxidation
by an O adatom.
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experimentally (from ~2106 to ~2126 cm-1, Figure 7.1).
CO oxidation at the Au0/TiO2 perimeter was found to follow a path where molecular
O2 is activated in the presence of a nearby CO molecule at a dual catalytic site via a Au-OO-Ti precursor.9’23’28 We examine the two characteristically different perimeter sites
present in our model as shown in Figure 7.10 which reveal the differences that result
from the different coordination numbers (CN) of the Au atoms that bind to the TiO2
support. The first site (site I, Figure 7.10a) involves a more coordinatively unsaturated
Au atom (CN=6) and is anchored to the support by a TiO2-bridging oxygen atom. The
second site (site II, Figure 7.10c) involves a Au atom with CN=7 which also interacts with
a TiO2-bridging oxygen atom. The different coordination numbers at these sites provide
insights into the behavior of Au atoms with different coordination numbers in contact
with the TiO2 support of actual catalysts. When the Au was not oxidized, the activation
energies calculated for the O-O bond scission (assisted by CO at the perimeter) are 0.16
eV (site I) and 0.27 eV (site II), as shown in Figures 7.10a and 7.10c. The lower barrier
for CO oxidation reported at site I is the result of the less-coordinatively saturated Au
atom50 in site I, strongly stabilizing the terminal O of O2 on TiO2. Similarly the higher
barrier for CO oxidation at site II, compared to site I, is due to the weaker interaction of
Au with O2 that arises from the increased CN of the Au atom at site II over that at site I.
In this case for the reduced Au0/TiO2 catalyst, CO oxidation can proceed at either site at
120 K, with site I being kinetically dominant. The presence of partially-oxidized Au
atoms that result upon the formation of chemisorbed oxygen atoms reduces the ability of
Aus+ to stabilize the CO-O2 formation in the transition state upon reaction with CO, thus
increasing the activation barrier (Figures 7.10b and 7.iod). The CO oxidation activation
barrier for Aus+ at site I is now markedly higher at 0.65 eV as shown in Figure 7.10b. The
activation barrier for site II shown in Figure 7.iod is only 0.32 eV. This significant
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activation barrier increase at site I is the result of the much stronger binding of the
chemisorbed oxygen atom due to the lower CN of Au at site I (CN=6) than at site II
(CN=7). The strong chemisorption of atomic oxygen at site I prohibits site I from
carrying out catalytic oxidation whereas site II can still catalyze CO oxidation at
temperatures in the range 110-130 K. Since the pre-oxidation of the Au/TiO2 catalyst was
performed in 5 Torr of O2 at elevated temperature (473 K), it is reasonable to assume the
majority of perimeter sites are covered with O adatoms after oxidation. In fact, based on
the changes in CO/Au and CO/Aus+ absorbance in Figure 7.2, about 60% of the Au0 sites
on the surface of the Au nanoparticles become Aus+ sites for the particular size
distribution of the Au nanoparticles used in the experiment. As a result, Au-Site I is
poisoned whereas Au-Site II becomes the most active site for CO oxidation at low
temperatures. The reaction of CO with the first oxygen of O2 at Au-Site II results in the
formation of CO2 and an O adatom on the TiO2 perimeter. This bound oxygen atom
reacts with a second CO molecule on the TiO2 support to form CO2 with a barrier of only
~0.1 eV to regenerate the active site.
The end result from the theoretical simulations is that the formation of strongly
chemisorbed oxygen bound to coordinatively unsaturated Au atoms inhibits these sites
for low temperature CO oxidation. The more coordinatively saturated Au atoms
associated with bound oxygen atoms can still oxidize CO but the barrier is increased to
0.32 eV which is consistent with the experimentally observed inhibition of the Au/TiO2
catalyst by pre-oxidation and agrees with the 0.27 eV measured apparent activation
energy.
The pre-oxidation is carried out in a temperature range where Au-based catalytic
reactions are usually performed (295-473 K). At these temperatures, Aus+ species formed
from oxygen chemisorption are likely to be involved. The apparent activation energy of
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0.27 eV on the Au5+/TiO2 catalyst agrees with previously-reported 0.2-0.3 eV activation
energies for CO oxidation on Au/TiO2 catalysts measured at higher temperatures (200
350 K).51’52 While these partially oxidized sites demonstrate reactivity that is consistent
with that reported over working catalysts, the higher temperature used here to activate
O2 also promotes the diffusion of adsorbed atomic oxygen from the interface where it can
react with CO on Au0 sites. In our low-temperature experiments, the more active Au0
metal sites at the Au perimeter are only present at temperatures below 200 K. This
argument is confirmed by the extension of the Arrhenius plots shown in Figure 5b, where
CO oxidation activity on the Aus+ sites surpasses the Au0 sites at 198 K. In the
temperature range of T>198 K, CO reacts with the O adatoms on the Au nano-rod,
constantly reducing the Aus+ sites to Au0 sites, and the activity increases above that
observed when Aus+ sites remain unreduced, below 147 K (Figure 7.2). The Aus+ sites
exhibit lower reactivity than Au0 sites which is consistent with the results from in situ Xray
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IV. Conclusion.

The activity of Au catalytic sites located at the boundary between Au nanoparticles
and a TiO2 support have been studied experimentally and theoretically in order to
understand the influence of oxygen adsorption on the model low-temperature oxidation
reaction, CO + 1/2O2 ! CO2. As on the reduced Au/TiO2 catalyst, CO is found to be
supplied from TiO2 sites surrounding the pre-oxidized Au nanoparticles at catalytic
reaction temperatures near 120 K, confirming the general picture of catalytic activity at
the nanoparticle perimeter. It is found that on the oxygen-treated catalyst the reaction
rate is considerably reduced and the activation energy is nearly doubled by electronic
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effects which involve the induction of positive charge into the perimeter Au atoms by O
atom adsorption. The activation of O2 on the inhibited Aus+ catalyst is assisted by a
neighboring CO molecule at low temperatures. The ability of the catalyst to activate
molecular O2 at dual perimeter sites involving Aus+ atoms and neighbor Ti4+ ions in the
support is retarded significantly for the CN=6 Aus+ atoms, causing the catalytic site to
shift to the CN=7 Aus+ sites. It is likely that the higher temperature and higher O2
pressure regimes for CO oxidation involve these Aus+ perimeter sites, where the
oxidation of Au0 to Aus+ by O2 and the reduction of Aus+ to Au0 by CO occur constantly.
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Part II

Adsorption, Diffusion, and Desorption Properties of
Metal Oxides
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Chapter 8
IR Spectroscopic Measurement of Chemisorbed Pyridine
Diffusion Kinetics through MgO Nanoparticles — The
Involvement of Surface Defect Sites in Slow Diffusion.*
^Reprinted with permission from S. Kim, X. Wang, C. Buda, M. Neurock, O. B. Koper, and J. T.
Yates, Jr., “IR Spectroscopic Measurement of Diffusion Kinetics of Chemisorbed Pyridine
through Nanocrystalline MgO Particles. The Involvement of Surface Defect Sites in Slow
Diffusion”, The Journal of Physical Chemistry C 2009, 113, 2219-2227. Copyright 2009 American
Chemical Society. The theoretical work was performed by Dr. Corneliu Buda and Dr. Matthew
Neurock and is included here for completeness.

The molecular transport of pyridine through nanosized MgO particles has been
investigated by Fourier transform IR spectroscopy. Two regimes of chemisorbed
pyridine diffusion are observed. A fast diffusion process is associated with pyridine
bound to nondefective smooth MgO(100) facets which exhibit an activation energy
barrier of 35.7 kJ mol-1 for escape into a mobile precursor. The slow pyridine diffusion
process occurs from defect sites, where the activation energy of escape to the mobile
precursor is measured to be 64.6 kJ mol-1. The escape barriers controlling pyridine
diffusion through MgO powders are similar to the calculated adsorption energy on
MgO(100) and to the calculated adsorption energies on various defect sites on MgO(100)
having lower Mg2+ coordination numbers than those on MgO(100) facets.

I. Introduction.

Molecular transport in porous solids has been conventionally considered as the
diffusion through the pores with a rate which is modified by the presence of pore walls
which bind molecules at adsorption sites.1-4 The diffusivity is determined by the textural
properties of the porous materials such as the pore volume, pore size distribution, and
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surface area, as well as the surface chemical properties of the pore walls. For adsorbed
molecules the transport has been explained by surface diffusion along the internal
surface within the pore structure.56 The bound molecules are activated into a mobile
precursor state in which they move laterally and then desorb into vacuum, as shown in
Figure 8.1.78 The activation energy controlling the rate of surface diffusion, which is
denoted as the escape barrier, has been found to be near the desorption activation energy
in accordance with Figure 8.1. Therefore, the rate of the overall transport process is
controlled by the escape barrier leading to the mobile precursor state.

0
Potential
Energy

Adsorption state
---------------------------------- U--------------------------------------------------------------------------Distance

Figure 8.1. Schematic potential energy diagram of the mobile precursor state model for
activated surface diffusion. The coordinate describing motion from site to site in the mobile
precursor diffusion is a lateral coordinate across the surface.

Infrared spectroscopy has been used to study the long range Fickean diffusion
kinetics in powders by monitoring the absorbance change in the vibrational modes of
diffusing molecules in-situ.9-12 In the our previous report using transmission IR
spectroscopy,13 we developed a new method to study the diffusion properties of
molecules moving from the condensed phase inward into high area y-AhO3 powders.
With this technique the diffusion of organic molecules from a condensed film (formed at
low temperature on the outer geometrical surface of the powder) into the interior of the
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compressed powder was monitored by using a characteristic IR band as a spectroscopic
sensor of the arrival of diffusing molecules at new adsorption sites within the bulk of the
powder. The diffusivity was determined by fitting the change in absorbance due to
chemically bound molecules to Fick’s second law, lending agreement with theory.
In the present work, we have studied molecular transport properties through
nanosized MgO powders by using chemisorbed pyridine as a probe molecule. In these
measurements diffusion outwards was employed. We found that molecular transport of
pyridine through porous MgO is governed by two separable activated escape processes
into the mobile precursor state which are associated with two types of pyridine
chemisorption binding sites on the MgO surface. The molecule in the mobile precursor
state may desorb into vacuum or readsorb on a chemisorption site. Density functional
theoretical calculations find two predominant modes of pyridine adsorption with
adsorption energies that agree with those found experimentally to within the exected
accuracy.

II. Methodology.
A. Experimental.

MgO powder is compressed into the grid (0.005 cm thickness) using a hydraulic
press (60,000 psi).14-16 In separate studies, an unpressed MgO sample was prepared by
spraying a slurry of MgO in acetone + water mixture onto the grid through a temporary
mask which is designed to locate the sample spot position.17’18 While the slurry was
sprayed, the grid was maintained at 50 °C by electric heating with a dc power supply to
rapidly evaporate the solvents.
The powdered MgO was obtained from Nanoscale Corporation (Manhattan, KS). The
synthetic process used for producing such powders is described elsewhere.19 The MgO is
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composed of hexagonal platelet particles with individual crystallite sizes of less than 8
nm. The major physical characteristics of the MgO sample for different treatment
conditions are listed in Table 8.1. Compared to the “as-received” material, the specific
surface area and the pore volume have significantly decreased in samples treated at 1200
K for dehydroxylation. Figure 8.2 shows the pore size distribution of the corresponding
MgO samples. The BET (Brunauer-Emmett-Teller) method was employed using a
Quantachrome Nova 2200 BET instrument. The BJH method, developed by Barrett,
Joyner and Halenda in 1951 was used to calculate the pore size distribution (PSD). The
method is based on the Kelvin equation and corrected for multilayer adsorption.20 It is
most widely used for calculations of the PSD over the mesopore (2-50 nm) and part of
the macropore range. The mesopore size distribution function gives the volume of pores
as a function of their diameter. When the MgO is heat-treated before or after
compression, most of pores less than 10 nm in size disappear due to the agglomeration of
the particles, as seen in Figure 8.2.

Table 8.1: Typical Properties of the MgO Nanoparticles
uncompressed
MgO

compressed
MgO“

treated at
treated at
1200 K with
1200 K with
untreated N2 flowing untreated N2 flowing
SSA (m2/g)
av pore diameter (nm)

241
5.0

13
14.1

19
20.5

23
23.4

pore volume (cm3/g)

0.3

0.04

0.10

0.14

a

Compressed with 60000 psi.

The compressed/uncompressed MgO sample was annealed to 1100 K in vacuum for
0.5-2 hours to produce a dehydroxylated surface. Figure 8.3 shows the IR spectral
changes of the compressed MgO sample upon heating, where the surface hydroxyl
groups and surface carbonate species disappear from the MgO.
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(a) Unpressed MgO -No heat (b) Uncompressed MgO - 1200 K (c) Compressed MgO - 1200 K

10
Pore Diameter (nm)

Pore Diameter (A)

20

30

Pore Diameter (nm)

Figure 8.2. Pore size distribution of MgO powder samples: (a) uncompressed; (b) uncompressed
with heat treatment at 1200 K; (c) compressed with heat treatment at 1200 K.

Wavenumber (crrt1)

Figure 8.3. FT-IR spectra of compressed MgO during heat treatment up to 1200 K. The loss of
surface Mg-OH and Mg-C03 species is observed.

Pyridine was obtained from Sigma-Aldrich (anhydrous, 99.8 % purity) and further
purified with freeze-pump-thaw cycles using liquid nitrogen. The MgO was exposed to
pyridine at 260 K to form a saturated chemisorbed phase. Spectroscopic measurements
show that no physisorbed pyridine forms under these adsorption conditions. The IR
measurements versus time of pyridine diffusion were carried out in vacuum at 270-300
K, and the diffusion of pyridine from the MgO was monitored by plotting the absorbance
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decrease of several pyridine vibrational modes. The temperature range used herein was
near the onset temperature for desorption of chemisorbed pyridine.

T(K)

Figure 8.4. TPD spectra of chemisorbed pyridine from compressed MgO. The kinetic fit to the
leading edge, depicted by crosshatching in the TPD spectra, yields AEact = ~32.4 ± 0.4 kJ/mol.

Figure 8.4 shows temperature-programmed desorption (TPD) from a chemisorbed
pyridine layer which is initially near saturation coverage. Thermal desorption at m/e =
79 (parent) was recorded at an electron energy of 70 eV. Measurements near the onset
temperature for desorption, 270 K, provide an estimate of the lowest activation energy
for pyridine escape by desorption from the powdered surface. This process is probably
kinetically controlled by the escape barrier from the most weakly bound chemisorbed
state to the mobile precursor state and then to vacuum. An exponential fit to the leading
edge of the desorption curve yields an activation energy of 32.4 ± 0.4 kJ mol-1 for
pyridine desorption, over the temperature range 278-323 K, as shown by the cross
hatched region.
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B. Computational.

Nonlocal gradient corrected periodic density functional theoretical (DFT) calculations
were carried out to determine the optimal pyridine adsorption sites on the MgO(100)
surface and their corresponding adsorption energies. All of the calculations were
performed using Vienna Ab-initio Simulation Program (VASP), a periodic DFT code
which expands the wave function as a series of plane waves.21-23 The interactions between
the

core

and

the

valence

electrons

were

described

by

Vanderbilt

ultrasoft

pseudopotentials (US-PP).24 The calculations were all carried out within the Generalized
Gradient Approximation where the Perdew-Wang 91 (PW91) functional25 form was used
to calculate the exchange and correlation energies. The electronic energies were
converged to within 10-4 eV, whereas the geometry was optimized such that the forces on
each atom were below the threshold value of 0.05 eV/A. A 3x3x1 Monkhorst-Pack kpoint mesh26 was used to sample the first Brillouin zone.
The MgO(100) surface was modeled using a 3x3 unit cell comprised of four layers,
each of which contained nine Mg and nine O atoms. A vacuum region of 15 A was placed
between each of the MgO slabs. The bottom two layers of the slab were held fixed to their
optimized bulk configuration, while the top two layers along with the pyridine molecule
were optimized. Both Mg2+ and O2- defect sites were created by removing Mg and O
atoms from the top surface. The pyridine adsorption energies were calculated using
Equation 8.1:
4Eads

= !pyridine/MgO — !pyridine — !MgO

(8.1)

where Epyridine/Mgo, Epyridine, and Emqo refer to the energy of pyridine bound to the MgO
surface, pyridine alone in the gas phase, and the bare MgO(100) surface, respectively.
The theoretical estimates of adsorption energy do not include small van der Waals
contributions.
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III. Results.
A. Spectroscopic Measurements.

Figure 8.5. FT-IR spectra of chemisorbed pyridine on compressed MgO with increasing
exposure time at 260 K and ~15 mTorr.

Figure 8.5 shows IR spectral developments as pyridine is adsorbed on MgO from the
gas phase (~ 15 mTorr) at 260 K. The assignments in Figure 8.5 are based on published
results following Wilson’s notation.27-31 The IR absorbance develops monotonically as
chemisorbed pyridine molecules saturate the surface. Figure 8.6 shows the normalized
integrated absorbances of two specific vibrational modes, V19b (the C-C, C-N stretching
mode) at 1443 cm-1 and V1 (the sym. ring breathing mode) at 1003 cm-1 (these modes are
denoted by arrows in Figure 8.5), plotted as a function of increasing pyridine exposure at
~15 mTorr pressure and 260 K. The modes develop and their absorbance saturates in
about 2-4 hours. Since the MgO is totally dehydroxylated (see Figure 8.3) by the 1200 K
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Figure 8.6. Plots of the integrated absorbance of two pyridine vibrational modes upon
increasing exposure time up to saturation coverage. The diffusion measurements are made from
the saturated pyridine layer.

pre-treatment process, the pyridine adsorption occurs at Mg2+ Lewis acid sites via the
nitrogen atom and the vibrational frequencies observed for the adsorbed pyridine are
near those found for pyridine chemisorbed on Lewis acid sites of metal oxides in
published reports.32-34 The pyridine sym. ring breathing mode (vi) shows a distinct blue
shift when the pyridine molecule adsorbs to a metal ion caused by the interaction
between the metal ion and the pyridine’s nitrogen.35-37 Upon adsorption on Mg2+ sites the
mode shifts by +12 cm-1, compared to the frequency in the gas phase, so that the
chemisorbed pyridine is clearly separated from physisorbed pyridine species which can
only be populated at lower adsorption temperature or higher pressure. Similar
adsorption behavior is observed for the vi9b mode which is also an indicator of the
coverage of chemisorbed pyridine.
Figure 8.7 shows, starting with the saturated surface, the spectral changes as a
function of time for two pyridine vibrational modes, vi9b and vi, after heating to two fixed
temperatures in vacuum (270 K and 300 K). The absorbance of the pyridine modes

130
decreases as the adsorbed pyridine molecules diffuse out of the interior of the
compressed MgO samples at the elevated temperatures. The line shape changed during
desorption are related to the involvement of two chemisorption sites, as will be discussed
later.

[a] in v 19b mode region

Wavenumber (crrf1)

[b] in

mode region

Wavenumber(cm'1)

Figure 8.7. FT-IR spectra of pyridine on compressed MgO at 270 K and 300 K for increasing
diffusion time in vacuum in the region of (a) the v19 vibrational mode and (b) the v1 vibrational
mode.

B. Diffusion Studies - Compressed MgO.

The spectra of the depleting pyridine chemisorbed layer were taken every 2-5 min for
over 2 h at several fixed temperatures (270, 280, 290 and 300 K). The integrated
absorbances, which are normalized to a point measured 5 min after evacuation at 260 K,
are plotted as a function of time at each temperature, as shown in Figure 8.8. The points
can be fitted to Fick’s Second Law in one dimension.38
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Time (sec)

Figure 8.8. Plots of normalized absorbance of pyridine remaining during diffusion from
compressed MgO at 270 K - 300 K. Symbols are experimental results and solid lines are the best
fit to the double diffusion Equation 8.4. The normalization was done to the data point measured
after exposure at 260 K followed by evacuation for 5 min.

The total amount 0f pyridine remaining adsorbed on the MgO at time t, Mt, is for a
single diffusion process38

Mt =

J

I^
C( x, t) dx = M01^
x exp {-D(2n +1)2 n2t /12}
=0(2n + l)2n2

(8.2)

where, l = thickness of compressed MgO, C(x,t) = pyridine concentration at position x
and time t, and M0 = total amount adsorbed at saturation point (mol g-1 MgO) at t = 0.
Then, the normalized amount of pyridine remaining at time t for a single diffusion
process is given by Equation 8.3:
M, A
0= — l = y .
exp {-D(2n +1)2 n2t /12}
A
A
I
2
M 0 A 0 n=0(2n + D n 2

(8.3)

where 6a = the fraction of sites occupied by pyridine; A t is the absorbance of pyridine as
measured by IR during diffusion, and A0 is absorbance of the saturated layer.
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The diffusivity was not defined successfully in our measurements by a single diffusion
process. In the depletion of pyridine from the MgO, there is initially a very rapid
diffusion stage, followed by a much slower process, as seen in Figure 8.8. Therefore the
data points are fitted to a diffusion model involving two parallel diffusion processes, as
shown in Equation 8.4:

^ X + 1)

A-ef
0

n-0

(2n

n

{~Df

<

2

"+'

1 1
n-0

2
1 1 112
X + 1)
( 2 ^^{-D < "+1 * ' }

(2n

n

(8.4)
where 6/, 6s = the fractional coverage of pyridine initially involved in the fast and slow
processes, and D/, Ds = diffusion coefficient of pyridine in each process.

Time (sec)

Figure 8.9. Separation of the slow and fast diffusion processes at each temperature as obtained
by mathematical fits in Figure 8.8.

The best-fit curve at each temperature is shown as a solid line in Figure 8.8
correspondingly closely to the experimental points. The high quality of the fit indicates
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that the diffusion process is well described by the two parallel rate processes. Figure 8.9
shows the separation of the fast and slow diffusion processes. It may be seen from the
starting points that at 300 K about 64 % of the pyridine experiences the slow diffusion
process, whereas at 300 K about 18 % experiences the fast diffusion process. These
coverages do not add to 100 % because the first points were measured following some
initial desorption. It is likely that the fraction of pyridine participating in the fast process
is underestimated.

T(K)
310

300

290

280

270

260

1/T (K1)

Figure 8.10. Arrhenius plots for the slow diffusion and the fast diffusion processes for pyridine
from compressed MgO. The diffusivity values at various temperatures in each process is shown on
the right hand axis.

Arrhenius plots for the two diffusion processes yield the corresponding activation
energy values, as shown in Figure 8.10. The values of diffusion coefficients obtained at
various temperatures are shown on the right-hand side of the graph, where the value of l
= 0.005 cm, which is the thickness of the MgO deposit. Each point is an average from the
data obtained from two pyridine vibrational modes, V19b and V1, in two separate diffusion

134
measurements, with the standard deviation. The diffusivity Ds in the slow process is in
the range of 3.0 x 10-12 to 6.0 x 10-11 cm2 s-1 with an activation energy of ~64.6 ± 2.4 kJ
mol-1, which is about twice the activation energy in the initial fast process. The fast
process exhibits Df in the range of 8.9 x 10-10 to 4.5 x 10-9 cm2 s-1 with an activation energy
of ~35.7 ± 1.0 kJ mol-1. The two processes are postulated to be due to the activation of
different kinds of chemically bound pyridine species to the mobile precursor state, which
is controlled by the escape barrier for each species. The fast kinetic process is associated
with flat and non-defective MgO sites, and the slow process is attributed to defect sites
where the pyridine molecules bind strongly.

C. Comparison of Compressed and Uncompressed MgO Powders.

Time (sec)

Figure 8.11. Plots of normalized diffusion amount of pyridine remaining during diffusion on
uncompressed MgO at 300 K, compared to that on compressed MgO. Symbols are experimental
results and solid lines are the best fit to the double diffusion Equation 8.4. The normalization was
done as in Figure 8.8.
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Figure 8.11 shows the diffusion rate of pyridine from a sprayed (uncompressed) MgO
sample at 300 K, compared to that from the compressed MgO (reproduced from Figure
8.8). The diffusion coefficients in the uncompressed MgO are obtained by the best fit to
the diffusion Equation 8.4 at 300 K, and found to be 3.8 x 10-11 cm2 s-1 (compared to 6.0 x
10-11 cm2 s-1 (compressed)) and 4.8 x 10-9 cm2 s-1 (compared to 4.5 x 10-9 cm2 s-1
(compressed)) for the slow and fast processes, respectively. The diffusivity for the slow
process in the uncompressed MgO is slightly lower than in the compressed sample, while
the value for the fast process is within the measurement error range. Moreover, the
molecular fraction involved in the slow process increases up to ~ 75 % for the
uncompressed MgO, as compared to ~ 64 % in the compressed sample, suggesting that
physical compression of the nanoscale particles may remove defect sites to a small
degree.

D. Spectroscopic Detection of Defect Site Adsorption.

IR spectral changes during pyridine depletion from the two MgO samples are
compared for two specific vibrational modes, V8b (the C-C, C-N stretching mode) and V12
(the asym. ring breathing mode), as shown in Figure 8.12. As the depletion from the
compressed MgO continues (see upper spectra in Figure 8.12), the species which are
associated with the fast process disappear more rapidly and the more strongly bound
pyridine increases in relative coverage. Two overlapping spectral features are associated
with the fast and slow diffusion processes. This indicates the presence of two kinds of
adsorbed pyridine species associated with the two diffusion processes. It is clearly seen
that IR spectral features on the uncompressed MgO (see lower spectra in Figure 8.12) are
very close to that of strongly bound pyridine which participates in slow diffusion, as seen
as a slowly decreasing shoulder on the compressed MgO (upper spectra). This means
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that the fraction of the strongly bound species observed spectroscopically is initially
larger on the uncompressed MgO, which is consistent with the higher fraction of slowly
diffusing pyridine molecules (75 % in uncompressed MgO vs 64 % in compressed MgO)
obtained from the previous kinetic analyses.

Figure 8.12. FT-IR spectra of pyridine on compressed and uncompressed MgO at 300 K with
increasing diffusion time in the region of (a) the V8b vibrational mode; and (b) the V12 vibrational
mode.

E. Theoretical Results.

Pyridine adsorption on the MgO surface is predominantly electrostatic in character
involving the donation of the lone pair of electrons on the basic nitrogen atom to the
charged Mg center. The strength of electrostatic interaction with pyridine increases as
the positive charge on MgO increases. In general, we find that the interaction energies
increases as the metal coordination number decreases, as might be expected.
The preferred mode of adsorption of pyridine was found to be in an atop
configuration on top of a Mg atom, with the pyridine molecule oriented perpendicular to
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the MgO surface. This results in a Mg-N bond length of 2.313 A and an adsorption energy
of -41.5 kJ mol-1. In a second stable configuration, pyridine adsorbs tilted from the
surface normal by 45.9° and has a Mg-N bond length of 2.392 A. It is more weakly held
to Mg in this state with a calculated adsorption energy of -21.2 kJ mol-1. The final
possible configuration of adsorption of pyridine is one in which the pyridine aromatic
ring lies parallel to the surface. This adsorption configuration is associated with a very
weak binding energy of -5.8 kJ mol-1.

(a) Pyridine on MgO(IOO)

Next to oxygen vacancy
Ead = - 41.4 kJmol'1

Step site
Ead = - 55.0 kJmol-1

Kinksite
Ead = - 74.3 kJmol-1

Figure 8.13. DFT calculation of the configuration and adsorption energy of chemisorbed
pyridine (a) on MgO(10o); and (b) on representative MgO defect sites.

In order to probe the nonideality of the MgO surface, we examined the adsorption of
pyridine on MgO at different Mg coordination sites created by introducing O vacancy
defect sites (CN = 4), step sites (CN = 3), and kink sites (CN = 2). The adsorption energy
of pyridine adjacent to an O defect site (-41.4 kJ mol-1) was found to be quite similar to
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that for pyridine on the ideal MgO(ioo) surface at -41.5 kJ mol-1 for the perpendicular
mode of adsorption and -21.2 kJ mol-1 for the tilted orientation. The reduction of the
coordination number from 5 to 4 increased the positive charge on the Mg atom, but this
was compensated by repulsive interactions between the negatively charged neighboring
O atoms, which ultimately resulted of step and kink sites in the MgO surface decreased
the Mg coordination numbers from 4 to 3 and from 3 to 2, respectively. The decrease in
coordination number of Mg on the step and kink surfaces is no longer compensated by
the repulsive influences f the neighboring oxygen and as such the pyridine adsorption
becomes energetically more favorable. The pyridine adsorption energy increases from 41.5 kJ mol-1 on MgO(100) to -55.0 kJ mol-1 (Mg-N = 2.180 A) at the step site and to 74.3 kJ mol-1 (mg-N = 2.135 A) at the kink site. The representative adsorption
configurations of pyridine adsorbed on MgO surfaces are depicted in Figure 8.13.

IV. Discussion.
A. Observation of Mobile Precursor Diffusion Kinetics.

The kinetic behavior observed for pyridine diffusion through MgO powder may be
described accurately by a mobile precursor model, as shown in Figure 8.14. Here, a
strongly chemisorbed pyridine molecule, localized on its adsorption site, can enter a
weakly bound adsorption configuration at molecule-surface distances which are larger
than those characteristic of the chemisorptive binding. This mobile precursor moves
rapidly over the surface over low barriers. The molecule in the precursor state can either
undergo desorption or return to a strong binding adsorption site. During adsorption
through the precursor intermediate, the sticking coefficient will remain constant over
most of the coverage range.7
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In the mobile precursor mechanism for surface diffusion, the activation energy
controlling

surface diffusion will be the escape barrier height, separating the

chemisorbed species from the diffusing precursor species. The observation of two
overlapping activated processes for pyridine diffusion through MgO powder indicates
that two MgO binding sites, having different escape barriers, are involved, as shown in
Figure 8.14. It would be expected that the escape barrier in both cases will be smaller
than the barrier to direct desorption from the chemisorption binding site.

^Adsorption state

-------------------a----------------------------------------Distance

Figure 8.14. Schematic potential energy diagram of the slow and fast diffusion processes for
pyridine through MgO based on the mobile precursor state model.

In this model the fast process will dominate at higher pyridine coverages, followed by
the slow process as the surface coverage decreases, as is experimentally observed. After
the majority of the fast diffusing molecules have been depleted from the weaker binding
sites, the slow process will dominate and will be controlled by the escape barrier from the
stronger binding sites.
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B. Crystallographic Issues on MgO Particles. Pyridine Adsorption Sites.

The original uncompressed MgO studied here consists of hexagonal platelets about
80 nm in length and 10 nm thick, characterized by a high fraction of cubic crystal faces of
(100) orientation. In addition to these faces, atomic steps, atomic step kinks, and oxygen
vacancy defects are likely present on the surface and these defects will provide higher
pyridine binding energy sites, compared to the smooth MgO(100) facets.
It is noted that the measured activation energy for fast diffusion (35.7 ± 1.0 kJ mol-1)
is slightly less than the calculated binding energy from the MgO(100) sites (41.5 kJ mol1),

consistent with the teachings of Figure 8.1 and 8.14. the slow diffusion process, fed by

the more strongly bound pyridine into mobile precursor diffusion from the defect sites
(64.6 ± 2.4 kJ mol-1). The calculated energy range for desorption from defect sites ranges
from 41.4 to 74.3 kJ mol-1 therefore includes in its range the activation energy measured
for the slow diffusion process.

C. MgO Powder Compression Effects.

Under the vacuum condition used in this experiment, surface diffusion predominates
over Knudsen diffusion effects, since the mean free path of gas molecules is enormous
compared to the pore sizes.
The uncompressed MgO powder exhibits a high surface area and a narrow pore size
distribution centered at ~5 nm diameter (see Table 8.1 and Figure 8.2). Heating or
compression of the powder causes a large decrease in surface area and a large increase
in the average pore size. This is interpreted as being due to agglomeration of the
nanometer-size MgO crystallites, producing larger clusters which have lost most of the
small pores, leaving only larger pores with an average diameter of 14-23 nm (see Table
8.1). Compression of the MgO powder is also found to slightly increase the fraction of
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rapidly diffusing pyridine molecules from 16% to 22% (see Table 8.2), and this is
attributed to the removal of some of the active defect sites through agglomeration from
small crystals to larger clusters. Similar effects due to aggregation processes have been
reported by others.39-41 Alternately, the enhancement of the rate of surface diffusion in
the compressed powder can also be related to a decrease in the diffusion pathway
tortuosity of the compressed MgO powder, compared to the uncompressed powder.

Table 8.2: Diffusion Parameter forPjuidine Diffusion on MgOinCompressed and
UncompressedSamplesat 300K.
Df
(10-9 cm2
compressed MgO
uncompressed MgO

D.

Observation

erf

the

et
s-1)

4.5
4.8

Elementary
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22
16
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(10-11 cm2
6.0
3.8

Surface

0S
s-1),
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75

Diffusion

Procebs
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unimportant in governing the two microscopic processes which control surface diffusion
for two general types of MgO sites.
Another observation supports the conclusion that two states of adsorbed pyridine are
responsible for the fast and slow diffusion processes. In Figure 8.12, where the spectral
line shape of two pyridine vibrational modes is monitored as diffusion occurs, there is
strong evidence that the vsb mode and the V12 modes contain two overlapping
components. On the compressed MgO, diffusion of pyridine followed by desorption first
consumes the species associated with the high frequency components; the other
component is slow to disappear as diffusion/desorption continues. On the uncompressed
MgO, where diffusion is somewhat slower, a higher fraction of the pyridine is observed
as the slow diffusion species, judging by the comparison of spectral lineshapes. This
observation is consistent with the idea that compression to produce larger agglomerates
also removes some defect sites from the powdered material but that the inherent site
inhomogeneity governs the ratio of the fast and slow surface diffusion processes at the
atomic level.

V. Summary of Results.

The following observations about pyridine diffusion through dehydroxylated MgO
powder have been made:
1. Diffusion of chemisorbed pyridine, adsorbed on Mg2+ Lewis acid sites, occurs via
the operation of a mobile precursor mechanism involving highly mobile species fed by
strongly chemisorbed species.
2. The rate-determining step for diffusion through the powder followed by desorption
into vacuum involves activation over an escape barrier from the chemisorbed species
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into the mobile precursor state. The escape behavior is smaller than the adsorption
energy.
3. Two different pyridine chemisorbed species are associated with a fast and slow
diffusion process on MgO. The escape barrier for the fast process is 35.7 kJmol-1, and for
the slow process the escape barrier is 64.6 kJmol-1.
4. DFT calculations show that the binding energy for pyridine to MgO(100) is 41.5
kJmol-1. On defective MgO sites, the pyridine binding energy is calculated to be in the
approximate range of 41.4-74.3 kJmol-1. These values are quantitatively consistent with
the postulate that slow diffusion originates from pyridine molecules bound to MgO
defect sites, where the coordination number for Mg2+ ions at these sites is lower than CN
= 5 for the MgO(100) crystal facet.
5. Extreme compression of the MgO powder to remove most of the ~5 nm diameter
pores causes only a relatively small increase in the diffusion speed and produces little
change in the magnitude of the two diffusion coefficients involved, or in the observed
ratio of pyridine participating in the fast and slow pyridine diffusion processes.
6. Small frequency differences in the V8b and the V12 modes are associated with
pyridine binding to weak binding (MgO(100)) and strong binding MgO (defect) sites.
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Chapter 9
Direct Spectroscopic Observation of the Role of Humidity in
Surface Diffusion through an Ionic Adsorbent Powder—The
Behavior of Adsorbed Pyridine on Nanocrystalline MgO.*
*Adapted with permission from X. Wang, S. Kim, C. Buda, M. Neurock, O. B. Koper, and J. T.
Yates, Jr., “Direct Spectroscopic Observation of the Role of Humidity in Surface Diffusion
through an Ionic Adsorbent Powder. The Behavior of Adsorbed Pyridine on Nanocrystalline
MgO.”, The Journal of Physical Chemistry C 2009, 113, 2228-2234. Copyright 2009 American

Chemical Society. The theoretical work was performed by Dr. Corneliu Buda and Dr. Matthew
Neurock and is included here for completeness.

The influence of water vapor on the surface diffusion behavior of pyridine adsorbed
on powdered MgO surfaces has been studied by FTIR absorption spectroscopy. It has
been found that the introduction of water vapor significantly increases the pyridine
surface diffusion coefficient. FTIR spectra showed that water vapor converted Lewis acid
Mg2+ sites to Br0nsted Mg-OH sites. These measurements also detected the change in
surface bonding of pyridine to the two types of sites. The activation energy for escape of
chemisorbed pyridine into a mobile precursor state is lower for pyridine bound to MgOH sites than for binding to Mg2+ sites, causing the hydroxylated MgO to exhibit a higher
diffusivity than found for dry MgO containing no surface hydroxyl groups. This effect
was confirmed by DFT calculations of the binding energy of pyridine to MgO(ioo) sites
and to defect sites on MgO(ioo), where hydroxylation decreases the binding energy by ~
30 kJmol-1 on each type of site.

I. Introduction.

The adsorption of trace contaminants from gas mixtures onto high area oxide
surfaces is often compromised by the coadsorption of water in gas streams being
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purified.1-7 In the testing of sorbents for personnel protection, the breakthrough time of
the toxic reagent is often used as a measure of the efficacy of the sorbent.2 The
introduction of water vapor into the gas stream often reduces the breakthrough time
considerably. This decrease in breakthrough time is thus used as a practical measure of
the influence of water on the sorption efficiency of high surface area materials.
These changes are likely the result of the molecular interactions that occur between
water and the high surface area sorbent for which a number of questions exist. Does
water preferentially occupy strong adsorption sites, thus resulting in a decreased
sorption efficiency (decreased effective surface area), or does water occupy these sites
and thus weaken the binding of the toxic reagents? Herein we present infrared
spectroscopic evidence for an adsorbed molecule, pyridine, obtained during its surface
diffusion/desorption through high surfase area MgO powder, showing that the injection
of water significantly increases the pyridine surface diffusion coefficient by displacement
of the pyridine from strong adsorption sites (Lewis acid sites) to weaker hydrogenbonded sites.
The method of using transmission IR spectroscopy as a kinetic probe for the study of
surface diffusion is employed in our laboratory, using a thin deposit of powdered
material in which molecular diffusion can be studied. The in situ absorbance changes in
the vibrational modes of diffusing molecules can be fit to long range Fickean diffusion
kinetics very well.8-13 Our original method, used in the study of diffusion inward into
high area Y-ALO3, starting from a condensed film of the molecule of interest on the outer
geometrical surface of the powder, was successful in measuring the coefficient of
diffusion at a single temperature.11 Recent developments of this method involve
measuring diffusion outward from a saturated adsorbed layer. Following adsorption to
saturation, the surface is exposed to vacuum, which results in a slow depletion of the
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adsorbed layer which can be monitored conveniently by IR spectroscopy.12 This method
has the advantage that the temperature dependence of surface diffusion can be measured
over a short range of temperature, permitting the activation energy for the diffusion
process to be measured.
We observed two different pyridine diffusion regimes for the pyridine/MgO system.12
The first is the fast diffusion regime associated with diffusion of pyridine absorbed on
terrace MgO(100) sites. The second regime is the slow diffusion regime which is
associated with pyridine adsorbed onto defect Mg2+ sites, where the pyridine binding
energy is larger than on terrace MgO(100) sites. The thermal excitation of chemisorbed
pyridine allows it to overcome the escape barrier and form a mobile precursor state
which can either rapidly diffuse along the surface until it desorbs or re-adsorbs onto
another chemisorption site.12,14,15
Using this method we have examined the role of injected water on the diffusion of
pyridine through MgO powder. Dissociation of water molecules produces Mg-OH
groups4-7 which convert the Lewis acid sites to Brensted acid sites. Instead of bonding to
the Lewis acid Mg2+ sites on the hydroxyl-free MgO surface through the lone pair of
electrons on the nitrogen atom in pyridine, weaker hydrogen bonds form between the
hydroxyl-covered MgO surface and the pyridine molecules, thus resulting in a more
rapid diffusion/desorption process.

II. Methodology.
A. Experimental.

The experimental methods used in this work are described in detail elsewhere.12,16
The powdered MgO, which was provided by NanoScale Corporation, (Manhattan, KS),
consists of hexagonal platelet particles with individual crystallite sizes smaller than 8
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nm. In order to prepare a coherent sample disk, the MgO powder was pressed into the
17

grid using a special die under 60,000 psi,

18-19

achieving a density of 0.008 g cm . The
-2

compressed MgO sample was annealed to 1200 K in vacuum for 30 minutes to cause
complete dehydroxylation prior to pyridine adsorption. The N2-BET surface area of the
compressed material is 23 m g and the pore size distribution is reported elsewhere.
2

-1

12

We believe that the predominant surface planes on the MgO crystallites have the
MgO(100) orientation.

12

Pyridine was obtained from Sigma-Aldrich (anhydrous, 99.8% purity) and further
purified

with

freeze-pump-thaw

cycles

using

liquid

nitrogen.

In

the

pyridine

diffusion/desorption experiment without water (experiment I), the MgO sample was
exposed to pyridine vapor at about 1 Torr pressure and 295 K to form a saturated
chemisorbed layer, as determined by reaching a maximum in pyridine absorbance. The
chamber was pumped (< 1X10 Torr) at 295 K by a turbo-molecular pump for 10
-7

minutes. The sample was then heated to 300 K and infrared spectra were continuously
recorded over time immediately after 300 K was achieved. The process was monitored by
plotting the absorbance decrease versus time for one pyridine vibrational mode, the V19b
mode.

In

the

water

displacement

experiment

(experiment

II),

after

pyridine

diffusion/desorption without water for 1800 s, the sample was suddenly exposed to
water vapor pressure at 53 mTorr. Pumping was then quickly started after the IR
spectrum showed a clear saturation of hydroxyl group absorbance and the pyridine
diffusion/desorption experiment was continued. In a separate water-pretreatment
experiment (experiment III), after annealing, the MgO sample was exposed to water
vapor at 53 mTorr and 295 K for 600 s. The chamber was then pumped out for 1800 s
before pyridine exposure. A pyridine diffusion/desorption experiment was then carried
out at 300 K.
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The infrared spectra were recorded with a Bruker TENSOR 27 FT-IR spectrometer,
using a liquid nitrogen cooled MCT detector. Each spectrum was obtained in 12 s by
averaging 32 interferograms at 2 cm-1 resolution. The background spectrum was taken
through the empty grid region and was subtracted from the measured IR spectrum.
Each diffusion/desorption experiment was observed for 2 hours, with IR spectra being
taken every 2-5 minutes.

B. Computational.

Nonlocal gradient corrected periodic density functional theory (DFT) calculations
were carried out using the Vienna Ab-initio Simulation Program (VASP)20-22 to
determine the adsorption energies of pyridine on the terraces and steps of the
dehydroxylated and hydroxylated Mg(100) surfaces. All of the calculations were
performed within the Generalized Gradient Approximation using the Perdew Wang 91
(PW91) functional23 form to account for the corrections to the exchange and correlation
energies. Vanderbilt ultrasoft pseudopotentials were used to describe the interactions
between the core and the valence electrons.24 The electronic energies for all of the
calculations reported were converged to within 10-4 eV, whereas the geometry was
optimized such that the forces on each atom were below the threshold value of 0.05 eVA-1.
A 3x3x1 Monkhorst-Pack k-point mesh25 was used to sample the first Brillouin zone.
The MgO (100) surface was modeled using a 3x3 unit cell comprised of 4 layers, each
of which contained 9 Mg and 9 O atoms. A vacuum region of 15 A was placed between
each of the MgO slabs. The bottom two layers of the slab were held fixed to their
optimized bulk configuration, while the top two layers along with the pyridine molecule
were optimized. The pyridine adsorption energies were calculated using Equation 9.1:
A

Eads = Epyridine/MgO(H) ~ Epyridine ~ EMgO(H)

(9.1)
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where Epyridine/Mgo, Epyridine and EMgo(H) refer to the energy pyridine bound to the Mg2+ (or
Mg-OH) site on the MgO surface, pyridine alone in the gas phase and the bare (or
hydroxylated) MgO(100) surface, respectively. Pyridine adsorption was examined at the
Mg2+ sites on the bare MgO(100) surface, OH sites on the hydroxylated MgO(100)
surface, Mg2+ sites at the bare step edge of the MgO(100) surface and at the hydroxylated
step edge of the MgO(100) surface.

III. Results.
A. Influence of Surface Hydroxylation on Kinetics of Pyridine Diffusion.

Time (sec)

Figure 9.1. Plots of the integrated absorbances of the pyridine ring-breathing vibrational mode
V19b (1443 cm-1) as a function of increasing diffusion time at 300 K for experiments I and II. Dark
circles are data points from experiment I while triangles are data points from experiment II. Solid
lines through experimental data points are the best fit lines to the double diffusion Equation 9.2.

Figure 9.1 shows the normalized, integrated absorbances of the pyridine ringbreathing (vCCN) vibrational mode, V19b in the Wilson notation26-29 (1443 cm-1), versus
time for the pyridine diffusion/desorption experiment without water and the H2O
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displacement experiment on the dehydroxylated MgO, respectively, at 300 K. The
integrated absorbances are normalized to the corresponding baseline measured 300 s
after pyridine evacuation. The diffusion/desorption experiment without water yields
results similar to results reported elsewhere,12 which reveal two diffusion processes: an
initial process which is quite fast, followed by a slower process.
We have shown previously that the experimental data can best be fit to model based
on Fick’s Second Law by assuming two different diffusion processes.12 This results in
Equation 9.2:
A“
8
r
“
8
r
6 A = a = 9 f V ---------- 8--------------- exp {-Df ( 2 n + \)2 n2 t / 1 2 } + 6 V 8------ exp {-D ( 2 n + \)2 n2 t /1 2}
A
{
}
fV (2n + 1) 2 n 2
J
}
2
2
(2n + 1) n

(9.2)
where 9a = the fraction of sites occupied by the absorbate (pyridine in this case); At =
total absorbance for the pyridine remaining after desorption time t, Ax = total
absorbance of pyridine after adsorption for infinite time; 9f, 9s = fractional coverage of
pyridine involved in the initial fast or slow diffusion process; Df, Ds = diffusion
coefficient of pyridine in the fast and slow process; t = time (s); and l = thickness of the
compressed MgO sample (0.005 cm in our case). On the dehydroxylated surface, about
74% of the pyridine follows a slow diffusion process with the diffusivity Ds = 7xi0-11 cm2s1,

whereas about 17% of the pyridine follows a fast diffusion process with Df = 3xi0-9

cm2s-1 in good agreement with previous measurements.12 The percentages do not add to
100% because of a delay time before beginning the diffusion measurement. The best-fit
curve to Equation 9.2 is drawn as a solid line through the experimental points of the
diffusion/desorption experiment without water (dark circles).
Compared to the diffusion/desorption experiment without water on dehydroxylated
MgO, the sudden introduction of water vapor in Figure 9.1 rapidly accelerates the
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depletion of pyridine from the MgO surface. In order to fit the experimental data points
to Fick’s Second Law, we divided the data into two sections: (i) points from 0 to 1740 s as
the combination of fast and slow diffusion on the hydroxyl-free surface; and (ii) points
from 1940 s to the end as another combination of fast and slow diffusion processes on
the water-treated surface. The 200 s vacancy in between the two sections was due to
experiment delay when we introduced water vapor. The best-fit curve is drawn as a solid
line through the triangular experimental points from the H2O displacement experiment
in Figure 9.1. In section (i), about 77% of the pyridine is in the slow diffusion process
with Ds = 7X10 cm s and 10% of the pyridine is in the fast diffusion process with Df =
-11

2

-1

3X10 cm s . For the water-treated MgO in section (ii), about 38% of the pyridine
-9

2

-1

participates in a slow diffusion process with Ds = 3X10 cm s and 45% of the pyridine
-10

2

-1

is in a fast diffusion process with Df = 8x10-9 cm s . Thus the introduction of water
2

-1

increases the fraction of fast diffusing molecules by a factor of about 5, and
results in an increase in the fast diffusion coefficient by a factor of 3.
Figure 9.2 shows the normalized integrated absorbances of the V19b vibrational mode
of pyridine versus time at 300 K, for the hydroxyl-free diffusion/desorption experiment,
as well as for the diffusion/desorption experiment on a MgO surface previously exposed
to H2O. The best fit models derived from Fick’s Second Law are drawn as solid lines
through the corresponding experimental data points. There are still two diffusion
processes in the case of the H2O pre-treated MgO surface: about 53% of the pyridine is in
the slow diffusion process with Ds = 2X 10 cm s and 32% of the pyridine is in the fast
-10

diffusion process with Df = 3X10

-9

2

-1

cm s . Compared to the diffusion/desorption
2

-1

experiment from a dehydroxylated MgO surface, the initial absolute amount of pyridine
adsorbed

is

smaller

on

the

H2O

pre-treated

MgO

surface.

Furthermore,

diffusion/desorption from the H2O pre-treated MgO surface involves a larger fraction of
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pyridine participating in the fast diffusion process, thus causing pyridine depletion to be
more complete within the two-hour experiment.

Figure 9.2. The integrated absorbances of the pyridine ring-breathing vibrational mode Vi9b
(1443 cm^as 1 functionofincreasing diffusion time; at 300 K forexperiments IandHI. Dark
circlesaredatapoints fromexpnriment I while squanes are data points from experiment IIL Sohd
lmes through experimental data points are she best-fithnestothidouMe nbffusmn Esuation 9.2.

Ah

the

catenated

diffusmn

ooeffitients

for

She

dfffosi^nftii3S^i^SitS0]^]^]^oc^^^(Si

measnred id Figure 9ii and 9.2 are summarized in TbMe 9.i.

eftn

diffeeent sampte

surfaces fftt.(f.](^i[fxne^^^ir in' dehyffrouylaled), the influence of the delay tims before
ls^teritittne the diffusion experiment is different. Thus flis deviation oif the sum of lhc
psrcentage coverage from 100% varies.

Table 9.1: Diffusion Parameters for Pyridine Diffusion on MgO and on Mg-OH surfaces.
Df (1a-n an2 s-1) 0f (%) Ds (10-11 an2 s-1) 6S (%)

experinett
difftsiso/dessiptist fxefiiEftt eitlstt
este. (I)
Hrf displsaenett fxefiiEftt (II)

diffisiso/dessrptisf fxefiiEftt so Hrf
eiesdssibed stifsae (Ill)

3
aifftiist/afisietist so the estei-fiee
stiftae (i)
aifftiiso/afisretist dtiiti sod sftei the
stddet iotisdtatiso sf estei (ii)

3

17

7

74

10

7

77

8

45

27

38

3

32

22

53
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B. Spectroscopic Effects following H20 Introduction to Dehydroxylated MgO.

Wavenumber (cm'1)

Figure 9.3. FTIR spectra of v(OH) region and v(CH) region of pyridine molecules adsorbed on
hydroxyl-free MgO ((a)) and hydroxyl-covered MgO ((b)-(d)) at 300 K. Spectra (a), (b), (c), and
(d) were taken at corresponding point in Figures 9.1 and 9.2.

Wavenumber (cm'1)

Figure 9.4. FTIR spectra of v(CCN) region of pyridine molecules adsorbed on hydroxyl-free
MgO (a) and hydroxyl-covered MgO (b-d) at 300 K.
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Figures 9.3 and 9.4 present IR spectra at points (a), (b) and (c) from Figure 9.1 and
point (d) from Figure 9.2. Point (a) is almost at the end of the diffusion/desorption
experiment without water (4740 s) on dehydroxylated MgO where the primary diffusion
occurs by the slow diffusion process. Point (b) is at the middle of the process induced by
H2O (2000 s) where the diffusion is mainly in the fast diffusion regime, with
approximately the same pyridine coverage as at point (a). The spectrum at point (c) in
the H2O displacement experiment is taken at the same diffusion time as point (a). In
Figure 9.2, point (d) in the pyridine diffusion/desorption experiment on the H2O pre
treated MgO surface (780 s) has almost the same pyridine coverage as at point (a) in
Figure 9.1. Spectra (c) and (d) are almost identical to each other, in both Figures 9.3 and
9.4, as a result of the involvement of surface Mg-OH groups in hydrogen bonding to
pyridine in both cases.
Figure 9.3 shows the IR spectra of the O-H stretching mode (v(OH)) and the C-H
stretching mode for adsorbed pyridine (v(CH) region). Compared to spectrum (a),
spectra (b), (c), and (d) result in a downward shift of the vibrational peak frequency for
the isolated OH group vibrational mode, from 3735 cm-1 to 3701 cm-1, 3720 cm-1 and
3720 cm-1, respectively. This is accompanied by the formation of a broad, intense OH
band in the region 3680-3150 cm-1 that results from hydrogen bonding of Mg-OH
surface species to pyridine. In the v(CH) region (3120-2950 cm-1) in Figure 9.3, the most
intense and sharp peak at 3069 cm-1 in spectrum (a) decreases in absorbance due to
pyridine depletion and shifts slightly to lower wavenumber (3069 cm-1 ^ 3065 cm-1) in
(b) and (c), (d), respectively.
Figure 9.4 shows the IR spectra in the pyridine ring-breathing mode (v(CCN)) region.
The most intense mode, V19b, experiences only a decrease in intensity but no frequency
change from (a) to (d), making the integrated absorbance of this spectral feature

157
excellent for judging the relative coverage of pyridine during the experiment. In contrast,
the second most intense spectral mode, V8a, experiences both a decrease in intensity and
a small upward shift from 1598 cm-1 in spectrum (a) to 1601 cm-1 in spectra (b)-(d). The
small peak on the lower wavenumber side of V8a also decreases in absorbance and shifts
upward from (a) to (d) as the surface is hydroxylated. A broad low intensity band around
1630 cm-1 appears in spectra (b)-(d) due to the introduction of H2O. The peak at 1479 cm1

decreases in absorbance from (a) to (d), while the peak at 1486 cm-1 shifts to the higher

wavenumber, and initially increases slightly in absorbance upon introduction of H2O.
Associated OH groups are produced on the MgO surface by H2O adsorption and
dissociation. The v(OH) frequency shifts, shown in Figures 9.3 and 9.4, can be
interpreted as a hydrogen bonding interaction between pyridine and the Mg-OH group.
We will discuss this in detail in the Discussion section. In addition, the introduction of
H2O to dehydroxylated MgO surfaces in these experiments may result in a low coverage
of adsorbed H2O molecules as evidenced by the observation of an intense H2O bending
mode peak at about 1630 cm-1 immediately after H2O introduction. However, this
spectral peak due to adsorbed H2O almost disappeared after evacuation. Thus, there is
little influence of adsorbed H2O molecules on pyridine diffusion/desorption on the MgO
surface. The enhanced pyridine diffusion rate is, instead, attributed to the conversion of
Lewis acid Mg2+ sites to Brensted Mg-OH sites.
Thus, the induction of a fast pyridine diffusion process is associated with the
formation of weak hydrogen bonds to pyridine when Mg-OH surface sites are present.
The Mg-OH groups eliminate Lewis acid Mg2+ sites which strongly bond to pyridine.

IV. Discussion.
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It is reported elsewhere12’30’31 that pyridine mainly adsorbs on two different types of
Lewis acid sites (designated LPy and L*Py) on a dehydroxylated MgO surface: 5-fold
Mg2+ sites (terrace sites) and 3 or 4-fold Mg2+ sites (defect sites). The binding energy of
pyridine at the defect Mg2+ sites is higher than that of the terrace Mg2+ sites so the
activation energy for pyridine adsorbed on the stronger bonding sites (L*) to form the
mobile precursor active for diffusion is larger than for pyridine adsorbed onto weaker
bonding sites (L).12 Two different escape barrier energies for pyridine from the two types
of Lewis acid sites lead to two parallel diffusion/desorption processes from the
dehydroxylated MgO surface, as illustrated in Figure 9.5. The excellent fit between the
data and the model for the diffusion/desorption experiment involving two kinetic
processes, as shown in Figures 9.1 and 9.2 (dark circles), helps to confirm this theory.

Figure 9.5. DFT calculations of the adsorption energies of pyridine chemisorbed on A.
dehydroxylated MgO(ioo) terrace; B. hydroxylated MgO(ioo) terrace; C. dehydroxylated
MgO(ioo) step; and D. hydroxylated MgO(ioo) step.
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The results in Figure 9.1 show that the sudden introduction of water vapor
dramatically increases the diffusion/desorption behavior of pyridine from the MgO
surface. Comparing the diffusion coefficients shown in Table 9.1, we see that the results
from the pyridine diffusion/desorption experiment on a hydroxyl-free MgO surface are
essentially identical in the two separate experiments, I and II; an initial fast diffusion
stage followed by a slower process. The introduction of water vapor mid way in
experiment II (section (ii)) increased the diffusivity of pyridine (Df = 8x10-9 cm2s-1) as
compared to the diffusivity of pyridine found in diffusion/desorption without water (Df =
3X10-9 cm2s-1). After the new condition was reached on the hydroxyl-covered MgO
surface, a greater diffusivity of pyridine in the slow process was also observed (Ds =
3X10-10 cm2s-1) as compared to diffusivity on the dehydroxylated MgO (Ds = 7X10-11 cm2s1).

Note that in experiment III, where a separate pyridine diffusion/desorption

experiment on a water pre-treated MgO surface was carried out, a Df similar to pyridine
diffusion/desorption from the hydroxyl-free MgO surface and a Ds similar to pyridine
diffusion/desorption from the hydroxyl-covered MgO surface were found.
The new adsorption sites appear to be created by water vapor adsorption and
dissociation on MgO since both the fast and the slow diffusion processes are modified in
favor of fast diffusion. The introduction of water vapor changes the environment on the
MgO surface, which changes both the amount of pyridine adsorbed on the different types
of sites as well as the characteristics of the diffusion processes. Further analysis of the IR
spectra supports this conclusion, as discussed below.
Spectrum (a) in Figure 9.3 shows a small peak at 3735 cm-1 which indicates a low
coverage of isolated hydroxyl groups on the surface. The pressed MgO sample used in
our experiment was annealed at 1200 K under vacuum for 30 minutes in order to
produce an almost completely dehydroxylated surface. It is known that annealing at

i6o
1200 K for 2 hours can produce a totally dehydroxylated MgO surface.12 By comparing
the experimental results from the MgO samples annealed to 1200 K under vacuum for
30 minutes and 2 hours, respectively, we conclude that the low residual coverages of
hydroxyl intermediates will not significantly influence the diffusion/desorption behavior
of pyridine. The appearance of a broad band around 3550 cm-1 in spectra (b)-(d) is due to
the formation of associated OH—Py adsorbed species, which will now be denoted as Hbonded pyridine (HPy). In addition, Mg-OH—HO-Mg hydrogen bonding between
neighboring species will also contribute to the broad band.
In the C-H stretching mode region in Figure 9.3 (lower wavenumber region), the
shape of spectrum (a) (several small peaks with the largest peak around 3069 cm-1) is
very similar to other reported IR spectra32 and shows that pyridine molecules are
adsorbed on Lewis acid sites (denoted as LPy regardless of whether terrace or defect sites
are involved). After the introduction of water vapor, in spectra (b)-(d) of Figure 9.3, the
intensity of the most intense peak in the C-H stretching region decreased and the whole
C-H stretching band is broadened and shifted slightly to lower wavenumbers. These
changes indicate pyridine displacement and the formation of H-bonded pyridine (HPy),
which is taking the place of LPy.32
The peak positions of vsa and V19b of the ring-breathing modes may also be used to
analyze the pyridine adsorption sites.30’33’34 Spectrum (a) in Figure 9.4 shows the v(CCN)
region of LPy species on the MgO surface at 300 K. The vsa peak at 1598 cm-1 and V19b
peak at 1443 cm-1 are indicative of the LPy species on an MgO surface.33,34 After the
sudden introduction of water vapor, there is a small upward frequency shift of vsa, as
seen in spectrum (b) of Figure 9.4, suggesting the conversion of LPy species to HPy
species. The vsa frequency at 1601 cm-1 of spectra (b)-(d) also indicates the existence of
HPy species.33
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Additional evidence for the conversion of LPy species to HPy species can be seen in
the features of Figure 9.4 around 1480 cm-1 in the V19a region of the pyridine vibrational
spectrum. The V19a split features at 1486 cm-1 and 1479 cm-1 in spectrum (a) are indicative
of the fast-diffusing and slow-diffusing LPy species12 on dehydroxylated MgO(100) facets
and on defective surface sites, respectively, which possess different diffusion coefficients.
Hydroxylation eliminates the split features and produces a single peak in the 1488-1489
cm-1 range in spectra (b)-(d). This shows that upon hydroxylation, the LPy species are
replaced by the HPy species with even larger diffusivities and with an upward shifted,
unsplit feature.
After the introduction of water vapor, the original Lewis acid sites on the MgO surface
become covered with -OH groups making them Br0nsted acid sites. For the
dehydroxylated

MgO(100)

surface,

the

calculated

binding

energy

for

pyridine

chemisorption, which occurs via the electron donation from the lone pair of electrons on
the pyridinic nitrogen atom to the surface Mg2+ cation, was calculated to be -42 kJmol-1,
as shown in Figure 9.5A. On the hydroxylated MgO(100) surface, pyridine adsorbs atop
of the surface hydroxyl creating a hydrogen bond between the proton of the OH group
and the nitrogen atom on pyridine, which is shown in Figure 9.5B. The calculated
binding energy for pyridine chemisorption through this hydrogen bond was -12 kJmol1.35
1

Thus, pyridine adsorbed on an Mg-OH site (HPy) is more weakly bound by 30 kJmol-

than the LPy species. Similar calculations were carried out for pyridine adsorption at

the dehydroxylated and hydroxylated step edges of MgO(100). The results, which are
shown in Figures 9.5C and 9.5D, indicate that the adsorption energy of pyridine
increased on both the dehydroxylated and hydroxylated atomic steps by about -15 kJmol1

over those reported on the ideal terraces of MgO(100), resulting in adsorption energies

of -57 kJmol-1and -27 kJmol-1 for the dehydroxylated and hydroxylated surfaces,
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respectively. After the injection of water onto the MgO surface, pyridine experiences a ~
3-fold increase in its surface diffusion coefficient, Df, and a ~ 5-fold increase in the
population of the rapidly diffusing pyridine.
In experiment III, where pyridine is initially adsorbed onto a previously hydroxylated
surface, the fast diffusion coefficient, Df, remains the same as on the dehydroxylated
surface ( = 3X10-9 cm2s-1), and the slow diffusion coefficient increases by a factor of about
3, from 7X10-11 cm2s-1 to 22X10-11 cm2s-1. The fraction of fast-moving pyridine molecules,
Of, increases by about a factor of 2 or 3 to 32%. Hydroxylation also produces a 30%
decrease in the fraction of slow-moving molecules. Thus the hydroxylation of the MgO
surface leads to a general increase in both the pyridine surface diffusion coefficients, as
well as an increase in the fraction of fast-moving molecules.

Distance

Distance

OH-free MgO Surface

OH-covered MgO Surface

Figure 9.6. Schematic potential energy diagrams of the slow and fast diffusion processes for
pyridine through MgO before and after the adsorption and dissociation of water, based on the
mobile precursor state model.

A

schematic

which

highlights

the

influence

of

water

vapor

on

pyridine

diffusion/desorption is shown in Figure 9.6. Water vapor converts the Lewis acid sites to
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Brensted acid sites on an MgO surface. The rate of diffusion/desorption of pyridine on a
dehydroxylated MgO surface is based on the pyridine adsorbing to terrace Mg2+ sites
denoted as LPy and to defect Mg2+ sites denoted as L*Py in Figure 9.6, while the
diffusion/desorption on a hydroxylated MgO surface is mainly based on pyridine
adsorbing to OH groups through hydrogen bonding. The chemisorbed LPy or hydrogenbonded HPy species are activated over a characteristic escape barrier into a mobile
precursor state which has high surface mobility. The process of surface diffusion is
kinetically controlled by the passage over the escape barrier into the mobile precursor
from which pyridine can desorb. The weaker surface binding in HPy species as compared
to LPy and L*Py species result in the greatly enhanced surface diffusion rate of pyridine
when the MgO surface is hydroxylated.

Figure 9.7. Schematic diagram of the effect of water on pyridine surface binding to MgO.

The overall effect of the introduction of water vapor on the binding properties of
pyridine to an MgO surface is described in Figure 9.7. The pyridine adsorption to the
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MgO surface is weakened due to the water vapor converting Lewis acid sites to Brensted
sites.

V. Summary of Results.

The main results from this study are summarized below:
1. Infrared spectroscopy has been used to monitor the kinetics of surface diffusion of
pyridine molecules through nanocrystalline MgO particles at 300 K.
2. The hydroxylation of MgO by water vapor adsorption and dissociation at 300 K
enhances both the rate of pyridine surface diffusion and the fraction of fast-diffusing
molecules compared to the dehydroxylated surface.
3. IR spectroscopic studies of the shifts of selected pyridine vibrational modes and of
the formation of hydrogen-bonded Mg-OH—Py modes reveal that the formation of the
weakly-bond hydrogen-bonded pyridine species increases the surface diffusion rate of
pyridine.
4. DFT calculations show that the binding energy for pyridine to dehydroxylated
MgO(i00) surface is -42 kJmol-1; the binding energy for pyridine to the hydroxylated
MgO (100) surface is -12 kJmol-1. Both binding energies increase by -15 kJmol-1 at the
step edge leading to pyridine chemisorption energies of -57 and -27 kJmol-1 for the
dehydroxylated and hydroxylated surfaces, respectively. These values support the
postulate that the formation of the hydroxyl group on the MgO surface causes the
enhancement of the pyridine surface diffusion rate.
5. Diffusion occurs via a mobile precursor mechanism which rapidly conducts
molecules to vacuum by processes kinetically controlled by the escape barrier height for
the adsorbed species into the mobile precursor state.
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Chapter 10
IR Spectroscopic Measurement of Diffusion Kinetics of
Chemisorbed Pyridine through TiO2 Particles.*
^Reprinted with permission from I. X. Green, C. Buda, Z. Zhang, M. Neurock, and J. T. Yates, Jr.,
“IR Spectroscopic Measurement of Diffusion Kinetics of Chemisorbed Pyridine through TiO2
Particles”, The Journal of Physical Chemistry C 2010, 114, 16649-16659. Copyright 2010
American Chemical Society. The theoretical work was performed by Dr. Corneliu Buda and Dr.
Matthew Neurock and is included here for completeness.

The chemisorption and surface diffusion/desorption of pyridine from TiO2 powder (P
25) has been measured as a function of temperature using transmission IR spectroscopy.
Two classes of diffusion have been measured with activation energies of 36 kJ/mol (fast)
and 90 kJ/mol (slow). By comparing density functional theory (DFT) calculations of
bonding energies on TiO2 rutile (110) and anatase (101), the dominant crystal planes
expected in P 25 TiO2, it is found that fast diffusion would be expected on the rutile
phase and that much slower diffusion would be expected on the anatase phase. In
addition the presence of oxygen defect sites will produce more strongly bound pyridine
than either of the model crystal planes selected for investigation. To both types of TiO2
surfaces, pyridine bonding occurs to coordinatively unsaturated Ti cation sites through
the N lone pair of the pyridine molecule. More than 85% of the molecules exhibit slow
surface diffusion and this is attributed to diffusion on the dominant anatase crystallites
as well as to diffusion on defective sites. Diffusing molecules exhibit a

V19b

ring-breathing

mode, with the rapidly-diffusing molecules exhibiting a mode frequency of ~1438 cm

-1

and the slowly-diffusing species exhibiting a mode frequency of ~1445 cm . Electron
-1

stimulated desorption ion angular distribution (ESDIAD) studies of the C-D bond
directions for pyridine on the rutile TiO2(110)-1 x 1 surface show that the ring plane is
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rotated by 37 ± 1° with respect to the [001] azimuth on the crystal surface, in good
agreement with the 39° rotational angle calculated by DFT. Several ring breathing modes
of pyridine are slightly broadened on rutile sites compared to anatase sites and this may
be due to more freedom for librational vibrations of the more weakly-bound pyridine
molecules.

I. Introduction.

TiO2 is a widely studied metal oxide due to its catalytic properties in both traditional
chemistry1, photochemistry,2-6 and other applications such as photovoltaic devices,4 gas
sensors7 and as a white pigment.2 A fundamental understanding of the elementary
adsorption and transport processes along with the catalytic properties of TiO2 powders is
critical in its use as an active catalyst as well as a support. Single crystal TiO2, as a simple
and more controllable system, is one of the most intensively investigated model
oxides.3’5’6 However, powdered TiO2 polycrystalline samples are widely employed for
heterogeneous catalysis due to large surface area, multiple adsorption sites and ease of
handling.3,8 This paper investigates the bonding and activated diffusion of pyridine on
and through TiO2 powders and follows a similar study on powdered MgO.9
A commercial TiO2 polycrystalline powder, Aeroxide® P 25 (or Degussa P 25), is
known and well accepted as a standard material used in both industry and research, due
to its chemical/photochemical activity and stability. It contains TiO2 nanoparticles in
both anatase (d

=

25 nm) and rutile (d

=

85 nm) phases with a ratio of about 4:1.10

However, it has been shown that TiO2 nanoparticles with anatase and rutile phases have
different adsorption ability,11 photocatalytic activity,12,13 and behave differently for the
dispersion of supported molybdena.14
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The surface diffusion of adsorbed molecules in porous materials is influenced by the
properties of both the porous material and the adsorbed molecules. These properties
include pore volume, pore size distribution, surface area, and the interaction between the
adsorbate and the various types of surface sites.15 The transport of adsorbed molecules
through porous solids can be described as the thermally activated hopping of molecules
from one adsorption site to another along pore walls.16 The bound molecules are thought
to be activated via the formation of a mobile precursor state in which they can move
laterally along the surface until they either desorb into the vacuum or readsorb onto
another trapping site.9,17-19 In the mobile precursor model, the activation barrier for
diffusion is defined as the energy necessary to activate the adsorbed molecule from its
chemisorbed state into the weakly bound mobile precursor mode, which is known as the
“escape barrier”.9,19 The energy needed to further activate the molecule from the mobile
precursor state to vacuum is relatively low since the mobile precursor is governed by the
weak van der Waals interactions between the adsorbate and the adsorbent surface. The
surface transport of molecules through the powdered surface is therefore activated by
overcoming the “escape barrier”, instead of the conventional “desorption barrier”.
TIR (transmission infrared spectroscopy) is a powerful tool for studying the surface
diffusion of probe molecules through powdered nano size materials.9,19,20 The vibrational
mode frequencies of an adsorbed molecule are sensitive to its chemical environment,
allowing different adsorption sites and condensed phases to be distinguished. The
surface sensitivity of TIR employed to study adsorbates on high surface area solids is
quite high resulting in a detection limit of ~ 10-4 ML (monolayer) for the adsorbate. The
integrated absorbance change in the infrared bands of diffusing molecules gives
information about the fraction of molecules lost by diffusion and desorption from the
powder sample and this information can be used to fit the diffusion kinetics through
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Fick’s Second Law of diffusion.9’19’21 Changes in the infrared band lineshapes and
frequency provide information about species’ surface bonding changes during the
diffusion process.
The aromatic structure together with the nitrogen functional group of pyridine (Py)
makes it an ideal mimic of certain other toxic organic molecules. The lone pair of
electrons that reside on the nitrogen atom provide significant basic character and
pyridine is often used as a probe of the acid sites on metal oxide surfaces and their
degree of acidity.22-24
In this paper, we use transmission FTIR with pyridine as a probe molecule to study
the adsorption and diffusion/desorption behavior of pyridine on powdered TiO2 to reveal
the surface properties of powdered polycrystalline TiO2. The results show that there is a
distribution of sites with different Lewis acid character found on the powdered sample.
The results are compared with theoretical results in order to understand and quantify the
different adsorption states and modes of diffusion.

II. Methodology.
A. Experimental.
1. FTIR and XRD Measurements on Powdered TiO2.

The experimental system used in this paper was described in detail previously.20
Powdered TiO2 was provided by Evonik Industries (Aeroxide® TiO2 P 25). The sample as
received was polycrystalline composed of ~8o% anatase and ~20% rutile phases.10’25’26
Although the literature records that a phase change from anatase to rutile occurs during
calcinations (in air) around and above 900 K,25-27 XRD results shown in Figure 10.1
indicate that the treatment used in this work does not change the anatase to rutile ratio
significantly. This is possibly due to the lack of oxygen in the high vacuum cell which
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retarded the phase transformation from anatase to rutile. The specific surface area (SSA)
of the sample, before further treatment, was 49 m g . The powdered material was
2

-1 10

hydraulically pressed at 100,000 psi into a circular spot 7 mm in diameter onto the
tungsten grid which is 0.0508 mm in thickness containing about 1370 windows (0.22
mm x 0.22 mm) per cm that are filled with the compressed TiO2 powder. The total
2

amount of TiO2 powder on the tungsten grid after compressing was 0.0054 g with a
density of 0.014 g cm .
-2

20 (°)
Figure 10.1. XRD patterns of the Ti02 P 25 polycrystalline sample used in this work. Black
pattern (a) represents the P 25 sample as received and red pattern (b) shows the sample after
heating in vacuum to 1000 K for 90 min. Black dots are added to spectrum (a) where the maxima
in the diffraction lines are overlapped with pattern (b).

The compressed sample was then mounted in the high vacuum IR chamber. Before
each experiment, a sample cleaning cycle was carried out. The sample was first heated in
vacuum to 680 K at a heating rate of 30 K/min. Oxygen gas was then introduced to the
chamber at 680 K until a chamber pressure of 2 Torr was reached. The sample was
maintained under oxygen for 1 hour to oxidize and remove any organic residue as
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monitored by IR spectroscopy. The sample was then heated up to 780 K at 2 Torr O2
pressure for further oxygen treatment for 0.5 hour. The chamber was then pumped back
to vacuum with the TiO2, at 780 K, and the sample was heated up to 1000 K for 1.5 hours
in vacuum for hydroxyl removal and thermal reduction. This procedure will produce a
TiO2 surface containing oxygen vacancy defect sites.3’28 The IR spectrum (not shown)
reveals that after the treatment cycle, the TiO2 surface is free of detectable organic
molecules as well as hydroxyl species. The sample was then cooled to the desired
temperature at a cooling rate of 30 K/min.

Wavenumber (cm'1)

Figure 10.2. FTIR spectra of chemisorbed pyridine molecules on the Ti02 polycrystalline surface
showing increasing amounts of adsorbed pyridine at 250 K. Spectra a-e are taken with 1, 3, 6, 12,
or 18 x 10 mole of pyridine molecules introduced to the chamber, respectively. The inset plots
the integrated absorbance of the pyridine ring-breathing mode V19b (1445 cm-1) as a function of
increasing pyridine exposure. Saturation is reached at 1.8 x 10 mole exposure.
-3

-2

Pyridine was obtained from Sigma-Aldrich (anhydrous, 99.8% purity) and further
purified with freeze-pump-thaw cycles using Z-N2. After the cleaning cycle, the TiO2
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sample was exposed to pyridine gas at 250 K until saturation of the chemisorbed species
was observed to cause the IR spectra to reach the maximum pyridine absorbance, as
shown in the inset to Figure 10.2. At the saturation point, 1.8 x 10 moles of pyridine
-2

molecules had been introduced to the chamber. However, due to the I-N2 cooling of the
reentrant dewar holding the grid, only a fraction of the introduced pyridine molecules
actually reached the TiO2 sample. The chamber was then pumped at a TiO2 temperature
of 250 K (to a pressure <5x10-6 Torr) by a turbo-molecular pump. A reference spectrum,
to which spectra measured during diffusion were ratioed, was taken 7 min after
pumping. After 10 min of pumping, the sample was heated up to a constant temperature
in the range from 260 to 290 K for diffusion experiments. The temperatures for the
diffusion experiments were chosen based on TPD results on TiO2(110)-1x1 (not shown)
which revealed that the onset temperature for chemisorbed pyridine desorption was
around 255 K. IR spectra were taken continuously over time once the desired diffusion
temperature was achieved. The diffusion/desorption process was monitored by plotting
the integrated absorbance decrease versus time for one pyridine vibrational mode, the
V19b mode.
The IR spectra were recorded with a purged Bruker TENSOR 27 FTIR spectrometer,
using a liquid nitrogen cooled MCT detector. Each spectrum was obtained in 51 s by
averaging 128 interferograms at 2 cm-1 resolution. A background spectrum, taken
through the empty tungsten grid, was subtracted from the measured IR spectrum. Each
diffusion/desorption experiment was carried out for 2 hours, with IR spectra taken every
2 min.
Powder X-ray diffraction (XRD) data were collected using Cu Ka radiation on a
PANalytical X’Pert PRO powder diffractometer equipped with an X’Celerator detector.
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The TiO2 sample was treated in the high vacuum IR cell with the sample cleaning cycle
described above and then cooled to room temperature and transferred to the
diffractometer. Data were collected between 5-90° 20 in scanning mode with a step size
of 0.0167° and a count time of 20 s.
2.

Adsorption Configuration Study on Single Crystal Rutile TiO2(iio)-ix 1

Surface.

The adsorption configuration of pyridine on rutile TiO2(110) single crystal has been
studied in a separate ultrahigh vacuum (UHV) chamber equipped with electronstimulated

desorption

ion

angular

distribution

(ESDIAD),

low

energy

electron

diffraction (LEED), Auger electron spectroscopy (AES), and a quadrupole mass
spectrometer (QMS). The base pressure is below 3X10 Torr, as described elsewhere.
-11

29’30

The time-of-flight ESDIAD (TOF-ESDIAD) has been carried out using a pulse electron
gun operating at 40 kHz with incident electron energy of 210 eV. The TiO2(110)-1x1
surface can be reproducibly produced by Ar+ sputtering followed by annealing at 900 K
in vacuum, and has been characterized by LEED and AES. Deuterated pyridine
30

(C5D5N) was dosed to the TiO2(110) surface at 85 K through an absolutely-calibrated
capillary array doser. After dosing, the C5D5N/TiO2(110) surface was annealed at 300 K
31

for a short time to remove the physical adsorption layer, and then returned to 85 K for
TOF-ESDIAD experiments. The angular distribution of the D+ ions ejected from oriented
C5D5N molecules was used to determine the azimuthal orientation of the pyridine ring by
observing the direction of the 3,4, and 5 C-D bonds.
Deuterated pyridine (C5D5N) was purchased from Aldrich with 99.9% atom D purity
and was purified by freeze-pump-thaw treatment.
A rutile TiO2(110) single crystal was purchased from Princeton Scientific Corp.
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B. Computational.

In an effort to complement the experimental results, first principle density functional
theoretical calculations were carried out to examine the adsorption of pyridine at
different sites on two model TiO2 surfaces in order to establish the modes of adsorption
and the adsorption energies. All of the calculations reported herein were carried out
using periodic plane wave density functional theory (DFT) code VASP by Kresse and
Hafner.

32-34

The non-local exchange and correlation effects were modeled within the

generalized gradient approximation (GGA) using the Perdew Wang (PW91) functional.
35

In order to reduce the number of plane-waves needed, the interaction between valence
and core electrons were described by the use of Vanderbilt Ultrasoft Pseudopotentials
(US-PP) with a plane-wave basis cutoff energy of 396 eV. A (3 x 3 x 1) Monkhorst-Pack
36

k-point mesh was used to sample the first Brillouin zone. The convergence criteria for
37

electronic energy was set to 10 eV, while geometries for each atomic configuration were
-4

optimized until the forces on each atom were less than 0.05 eV/A. For this study both
anatase and rutile TiO2 crystal forms were used to examine pyridine adsorption. The unit
cells were cleaved along the 101 (anatase) and 110 (rutile) directions respectively, with a
crystal slab of 8 atomic layers separated by a 10 A vacuum space between slabs. The
lowest two layers of the TiO2 slab were held fixed, while the remaining six were
optimized along with adsorbents to their lowest energy configuration. The average
adsorption energy (EAds), defined as the overall adsorption energy divided by total
number of adsorbed pyridine molecules, for the following reaction (TiO2 + nPy ^ TiO2Pyn) was calculated using Equation 10.1:
EAds = [E(TiO2-Pyn) - E(TiO2) - nxE(Py)]/n

(10.1)

where n refers to the number of pyridine molecules adsorbed and E(TiO2-Pyn), E(TiO2),
and E(Py) refer to the total energies for n-molecules of pyridine adsorbed on TiO2, bare
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TiO2 surface and the pyridine molecule calculated in the gas phase, respectively. In order
to compare with the experimental thermal heats of desorption we define the heat of
adsorption of pyridine per mole (Q) to be the absolute value of the calculated energies of
adsorption as shown in Equation 10.2:
Q = - (DEads)

(10.2)

This conforms to the experimental definition that the heat liberated during adsorption is
a positive value. In addition, we make the approximation that the changes in the zero
point energy, vibrational, rotational and translational energies and the volume,
contributed to the enthalpy, can be neglected.

III. Results and Discussion.
A. Pyridine Chemisorption on TiO2 Surfaces.

Figure

10.2

shows

the

IR

absorbance

development

for

pyridine

molecules

chemisorbing on the TiO2 surface at 250 K. The C-H vibrational mode region around
3000 cm-1 and the C-C-N ring breathing vibrational mode region around 1500 cm-1 are
indicated. Several important spectral features that will be discussed in more detail later
are labeled in Figure 10.2, based on Wilson’s notation38 and other published results
following Wilson’s notation.9’39’40
All of the pyridine vibrational features increase monotonically in absorbance as the
number of pyridine molecules chemisorbed on the TiO2 surface increases. Since after the
sample cleaning cycle the TiO2 surface is fully dehydroxylated, the chemisorption sites
for pyridine are the Ti cations which serve as Lewis acid centers to which pyridine can
bind via its lone pair of electrons on the nitrogen atom. The peak frequency and
lineshape of the strong V19b absorbance which appears at 1445 cm-1 corresponds to the CN-C stretching mode and is termed a pyridine ring breathing mode. The position of the
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vi9b absorbance at 1445 cm confirms that pyridine molecules chemisorb on the surface
-1

Lewis acid centers (Ti cation sites). , The frequency of this mode is most strongly
19 23

affected by the interaction between the nitrogen lone pair from the pyridine molecule
and the substrate surface. ,

11 23,24

Thus, it has been chosen to monitor the relative amount

of pyridine chemisorbed on the TiO2 surface. The integrated absorbance of the v19b mode
is assumed to be proportional to the amount of pyridine chemisorbed on the metal oxide
surface. , The inlay on Figure 10.2 shows the integrated absorbances of the V19b mode
9 19

normalized to the maximum integrated absorbance during pyridine exposure as a
function of the increasing amount of pyridine introduced into the chamber.
In the v(CCN) region, a shoulder on the lower wavenumber side is seen on both the
v19a (peak at 1496 cm , shoulder at 1480 cm ) and the v19b (peak at 1445 cm , shoulder at
-1

-1

-1

1438 cm ), indicating that there is more than one type of Lewis acid site on the TiO2
-1

surface. It is also noted that the features in the v(CH) region are more complicated when
compared to pyridine chemisorbed on the Lewis acid sites of other metal oxide
surfaces.

9,11,23,41

More C-H vibrational features and multiple combination modes are

observed. These spectra will be discussed in Section III.H.

B. Diffusion/Desorption Studies at Different Temperatures.

The pyridine-saturated TiO2 surface at 250 K, whose infrared spectrum is shown in
Figure 10.2, is programmed upwards in temperature after evacuation for 10 min, and
then held at a constant temperature between 260 and 290 K for diffusion studies lasting
2 hours with spectra taken every 2 min. In an actively pumped vacuum system, with
temperatures higher than the adsorption temperature (250 K), pyridine molecules begin
to diffuse and desorb from the TiO2 surface, causing the corresponding IR absorbances
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to decrease. The integrated absorbances of vigb, normalized to a point measured 7 min
after evacuation at 250 K, are plotted as a function of diffusion time at each temperature,
as shown in Figure 10.3.

O)

Time (min)

Figure 10.3. Normalized integrated absorbance of the vi9b mode as a function of increasing
diffusion time at different temperatures. Hollow circles show experimental data points taken at
each temperature from 260 to 290 K. Solid lines of the same respective colors underneath the
data points show the best fit curves to the double diffusion Equation 10.3 at each temperature.
The curves are normalized to the data point taken after pyridine saturation at 250 K followed by
evacuation for 7 min.

We have shown previously in a study concerning the adsorption and diffusion of
pyridine on MgO that the experimental diffusion curve can be fit to a model based on
Fick’s second law by assuming two different diffusion processes.9’19 The mathematical
expression is shown in Equation 10.3,21
8 . 2 exp {-60 D,(2 n + 1)2n2 f /1 2 }
1
)f=0(2n + 1)2n

6 A - A- - 6/V
A,

,

8

r

i

+6 sS^----------—— exp{-60Ds(2 n + 1)2n2?/l2}
J
n=0 (2 n + 1)2n

(10.3)
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where 6a = the fraction of sites occupied by the adsorbate (pyridine in this case); At =
total integrated absorbance for the pyridine remaining after desorption time t, Ao = total
integrated absorbance of pyridine after adsorption for infinite time; 6/, 6S = fractional
coverage of pyridine involved in the initial fast or slow diffusion process; Df, Ds =
diffusion coefficient of pyridine in the fast and slow process; t = time (min); and I =
thickness of the compressed Ti02 sample (0.00508 cm in our case). The best-fit curve at
each temperature is shown as a solid line in Figure 10.3 corresponding closely to the
experimental points shown in the same color. The best fit for all four diffusion curves
requires the use of two characteristic diffusion processes to fit the fast and slow
processes.

Table 10.1: Diffusion Parameters for Pyridine Diffusion on TiO2 surfaces.
trmp(K) Ds (10-10 cm2 s-1) ft (%) Dr (10-13 cm2 s-1) ft (%)

260
270
280
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Figure 10.4. Arrhenius plots for the fast diffusion and the slow diffusion processes for pyridine
from the TiO2 polycrystalline surface.

Arrhenius plots for the two diffusion processes are shown in Figure 10.4. Activation
energies of the fast and slow diffusion are calculated to be 35.8 ± 2.1 kJ/mol and 90.0 ±
17.8 kJ/mol, respectively.
The TiO2 P 25 sample used in this work contains polycrystalline phases of both
anatase (~80%) and rutile (~20%) as shown in Figure 10.1. Thus, the measured
activation energies are averages among a series of different adsorption environments,
including different crystal structures, surface defect types, and adsorbate structures.

C. Spectroscopic Evidence for the Two-Process Diffusion.

Infrared spectra from all 4 diffusion studies from 260 K to 290 K have the same
development trend. Data collected at 280 K are chosen as representative of the 4
diffusion studies. The V19b vibrational mode’s lineshape changes during pyridine’s
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diffusion/desorption from the Ti02 surface at 280 K are shown in the upper panel of
Figure 10.5. The main peak at ~ 1445 cm1 and the shoulder at ~ 1438 cm1 both decrease

Wavenumber (cm )
Figure 10.5. FTIR spectra (upper panel) and difference spectra (lower panel) of the vlyi, mode
lineshape changes during pyridine diffusion on a Ti02 polycrystalline surface at 280 K. Spectra
shown in black, red, blue, green, pink and yellow green correspond to diffusion for 1, 11, 31, 51, 85,
and 119 min respectively. Difference spectra are referenced to the first spectrum (black) shown in
the upper panel.

in absorbance as the diffusion process proceeds. This V19b ring-breathing vibrational
mode is typically seen as a sharp, strong, single peak in pyridine chemisorbed on Lewis
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acid sites of various powdered metal oxide surfaces, such as ZrO2,23 AI2O3,23 and MgO,9 in
the 1440-1447 cm-1 region. The appearance of the lower wavenumber shoulder indicates
that multiple types of Lewis acid adsorption sites exist on the TiO2 particles.
Difference spectra shown on the bottom panels of Figure 10.5 show the spectra from
the top panels each subtracted from the first spectrum of the diffusion experiment on the
same panel. Over the 2 hour experiment, ~30% of the shoulder was depleted, with only a
10% reduction in the main peak absorbance. Thus, we propose that for the V19b
vibrational mode, the main absorbance at 1445 cm-1 corresponds to molecules
undergoing the slow diffusion process, while the shoulder at 1438 cm-1 corresponds to
molecules undergoing the fast diffusion process.

D. Computational Results.
1. Adsorption of Pyridine at the Ti5c site-Rutile TiO2(iio).

Density functional theoretical calculations were carried out to determine the
adsorption modes of pyridine and their corresponding adsorption energies at a range of
different sites on both the anatase (101) and rutile (110) TiO2 surfaces. The calculated
adsorption energies were used to establish the most stable adsorption sites in order to
compare with the experimental results and help identify the possible sites responsible for
the fast and slow diffusion regimes found experimentally. A rigorous quantitative
comparison of the result between theory and experiment is difficult due to range of
different adsorption sites that may be present on rutile and anatase TiO2 surfaces. The
results can also be obscured due to the fact that DFT and in particular the PW91
functional used here tend to overestimate the adsorption energies.42 The adsorption of
pyridine on the rutile TiO2(110) surface occurs at the exposed cation Ti sites which have a
coordination number 5. This is often termed the Ti5C4+ site.3 Pyridine adsorbs atop of the
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Ti cation site whereby the plane of the molecule is perpendicular to the surface.42
Pyridine adsorption involves the transfer of electrons from the lone pair on the nitrogen
atom into the unfilled states of the Ti cation.

Figure 10.6. Pyridine adsorption on the rutile TiO2(110) single crystal surface: (a) rotated and
(b) perpendicular orientations relative the plane of bridging oxygen atoms, respectively. The
rotated species exhibit ± 39° ring rotation with respect to the [110] azimuth. Pyridine adsorption
on the anatase TiO2(101) single crystal surface: (c) parallel and (d) perpendicular orientations.

The calculations here reveal that the most stable adsorption configurations on the
rutile TiO2(110) surface are on the exposed Ti cations. The pyridine molecule rotates
around its central axis in order to gain an enhanced stabilization as a result of the weaker
interactions between the hydrogen atoms on the pyridine and the exposed bridging
oxygen of the rutile surface. When pyridine adsorbs on the rutile (110) surface
perpendicularly, the hydrogen atoms bound to the carbon atoms adjacent to the nitrogen
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within the pyridine ring point towards the surface. Pyridine rotates around the Ti-N
bond in order to allow these two hydrogen atoms to form weak hydrogen-bond
interactions with the bridging 2 coordinate oxygen anions which sit on the surface and
the 5 coordinate oxygen anions in the plane of the surface. The lowest energy adsorption
state on rutile (110) is shown in Figure 10.6a resulting in a pyridine adsorption energy of
71 kJ/mol (exothermic). The adsorption of the pyridine molecule is almost exclusively a
result of an electrostatic interaction between N and Ti atoms (Ti-N = 2.37 A). The
distances between pyridine H atoms and surface O atoms are all greater than a standard
hydrogen bond (2 A) and therefore only very weakly contribute to the overall adsorption
process. In this configuration, the rotation angle between the pyridine molecular plane
and the bridging oxygen row is calculated to be 39°. Further discussion and experimental
measurements of this angle will be provided in Section III.E.
If pyridine is rotated around the Ti-N axis in order to place it directly within the plane
of the two bridging oxygen anions that sit in adjacent rows and the Ti adsorption center
(as shown in Figure 10.6b), the bond distances between the bridging oxygen and the
hydrogen reduce to 1.85 A. The rotation weakly enhances the hydrogen bonding between
the pyridine and the bridging oxygen, but this occurs at the expense of the strong
electrostatic interaction between the Ti and the N. The Ti-N bond distance increases to
2.47 A which weakens the overall adsorption energy by 14 kJ/mol down to 57 kJ/mol.
This decrease in overall adsorption energy supports our initial statement that the main
contribution to adsorption of pyridine on the rutile TiO2(110) surface is via the donation
of electrons from the N to the Ti cation.
2. Adsorption of Pyridine on the Anatase TiO2(ioi) Surface.

The adsorption energy of pyridine on the anatase TiO2(101) surface is 85 kJ/mol (as
shown in Figure 10.6d) which is 14 kJ/mol stronger than on the rutile surface (shown in

185
Figure 10.6a) despite the fact that the Ti-N bond lengths on the two surfaces are within
0.04 A of one another and that both sites involve a Ti5C4+ site. The increased adsorption
appears to be the result of an increased hydrogen bonding on the anatase surface. For
example, the adsorption of pyridine is 16 kJ/mol stronger when the plane of the pyridine
is aligned perpendicular to the plane of the bridging oxygens and the Ti center (Figure
I0.6d) such that the hydrogen atoms can interact with the bridging oxygen anions (H—O
distances are 2.21 and 2.42 A) compared to when the pyridine is oriented normal to the
Obr-Ti-Obr plane (Figure 10.6c) which results in no hydrogen bonding and an adsorption
energy of 69 kJ/mol. This 16 kJ/mol difference which is attributed solely to hydrogen
bonding is very close to the differences between the calculated pyridine adsorption
energies on the anatase surface in the absence of hydrogen bonding (69 kJ/mol, Figure
10.6c) and on the rutile surface (71 kJ/mol, Figure 10.6a). This suggests that the more
open channels that form as a result of the rows of the exposed bridging oxygen atoms
allow for hydrogen bonds to form without inhibiting the approach of pyridine to the
surface and sacrificing the strong N-Ti interaction, causing pyridine to adsorb more
strongly on the anatase TiO2(101) surface. As such the oxygen atoms on the anatase
surface are more attractive toward the H atoms of the pyridine molecule than those
located on rutile.
3. Adsorption of Pyridine at Oxygen Vacancy Sites on Rutile and Anatase.

The experimental results for pyridine diffusion on TiO2, shown in Figures 10.3 and
10.4, suggest that there is a distribution of different adsorption sites. While the clear
distinction between the rutile and anatase surfaces can account for some of the observed
experimental results, other possible adsorption sites, such as the oxygen vacancy defect
sites, also play an important role. The Ti sites adjacent to an O vacancy defect should be
considerably more reactive to pyridine than those of stoichiometric anatase or rutile. We
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carried out herein a number of calculations whereby we remove 1-2 oxygen atoms
directly connected to the Ti centers responsible for pyridine adsorption, in order to
understand the influence of the defect sites on the adsorption of pyridine.
The removal of one of the bridging oxygen atoms on the rutile (110) surface in the
form of V2 O2(g) was calculated to be highly endothermic (Q = -401 kJ/mol) as the
coordination number (CN) of the Ti center is reduced from 6 to 5. The subsequent
removal of a second oxygen bound to the same Ti was found to be slightly more
endothermic (Q = -407 kJ/mol) as the CN of the Ti is reduced to 4. In contrast to the
removal of the first oxygen atom, the removal of a second oxygen atom resulted in
significant reconstruction whereby the Ti center moves inward toward the second layer
to help compensate for its lower coordination number. On anatase (101) the energy
required for removal of the first oxygen was calculated to be -440 kJ/mol, which is
significantly more endothermic than that on rutile (110). The results found here for the
removal of oxygen from the surface of TiO2 agree very well with previous results reported
in the literature on both rutile43 and anatase.44
The adsorption of pyridine at the defect sites on the reduced TiO2 surface was found
to be more exothermic as a result of the lower CN and enhanced acidity of the Ti sites.
Pyridine adsorbs at the oxygen vacancy of rutile TiO2(110) with its C2 axis tilted by 45o
from the surface normal as is shown in Figure 10.7a. The optimized structure has a Ti-N
bond length of 2.34 A which is similar to that found on the defect free surface. The
adsorption energy of pyridine at the defect site (CN = 5) on the rutile (110) surface was
calculated to be 92 kJ/mol, which is 21 kJ/mol stronger than that on the defect-free TiO2
rutile (110) surface. The adsorption of pyridine at the same Ti center with two oxygen
vacancies (CN = 4) resulted in a minor weakening of the pyridine binding energy, as the
adsorption energy decreases from 92 kJ/mol to a value of 84 kJ/mol. The reduced
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affinity of the Ti cation in this surface for pyridine is the result of the surface
reconstruction. The orientation of pyridine on the doubly reduced rutile TiO2(iio)
surface was found to be perpendicular to surface normal with a Ti-N bond distance of
2.36 A as is shown in Figure 10.7b.

Figure 10.7. Pyridine adsorption over O vacancy defects on TiO2 single crystal surfaces: (a) one
oxygen defect, rutile (110); (b) two oxygen defects, rutile (110); and (c) one oxygen defect, anatase
(101).

The adsorption of pyridine at the defect site on anatase (101) was found to be 104
kJ/mol which is 12 kJ/mol stronger than that at the defect site on rutile (110). This was
the highest affinity for pyridine we found for all of the sites examined. The optimized Ti
N bond here was found to be 2.15 A as seen in Figure 10.7c which is significantly smaller
than that on the rutile (110) surface.
4. Summary of the Energetics of Adsorption of Pyridine on TiO2.

The calculations reported here reveal that a wide range of pyridine adsorption
energies (from 57 kJ/mol to 104 kJ/mol) on TiO2 are possible. These energies, which are
summarized in Figure 10.8, depend strongly on the bulk crystal structure (rutile vs.
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anatase), surface orientation, and the presence of oxygen-vacancy defects reducing the
surface Ti cation coordination number (CN = 4-6). A summary of the calculated

Figure 10.8. Range of pyridine adsorption energies over non-defective and O vacancy defects on
TiO2 rutile and anatase single crystal surfaces. The interval of adsorption energy values for rutile
and anatase are associated with different pyridine ring orientations relative to the TiO2 surface.
The calculated adsorption energy values of pyridine on TiO2 are slightly overestimated by PW91
DFT functional.

adsorption energies on different sites on the rutile and anatase surfaces and the role of
oxygen defect sites is given in Figure 10.8. This calculated span of adsorption energies
from 57 to 104 kJ/mol is in rough agreement with the distribution of activation energies
for diffusion as reported in section III.B from experiments (36 to 90 kJ/mol), especially
considering the well known tendency of the PW91 functional to overestimate adsorption
energies. The distribution of pyridine molecules bound at different angular orientations
to the coordinatively saturated Ti cation sites on the rutile surface, as well as those
species on the anatase surface that do not form hydrogen bonds, are the most weakly
held species with a distribution of adsorption energies that range from 57 to 71 kJ/mol.
The most strongly held pyridine molecules are those found on anatase which are
hydrogen bonded and those found at the defect sites of both surfaces which have
adsorption energies on the order of 84 to 104 kJ/mol. These two types of adsorption
modes (weak and strong) likely result in the fast and slow diffusion modes identified
experimentally although the exact identification of adsorption sites is beyond the scope
of this work. The more rapidly diffusing species may be due to the pyridine bound to the
defect-free surfaces of rutile whereas those which diffuse more slowly may be the result
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of pyridine diffusion on the anatase surfaces or near oxygen-defect sites on either rutile
or anatase crystals. In the mobile precursor model for surface diffusion, the “escape
barrier” is smaller than the “desorption barrier” as a result of weak van der Waals
bonding of the mobile molecule. Within this model, our experimental results (36 kJ/mol
for fast diffusion and 90 kJ/mol for slow diffusion) and theoretical results (adsorption
energies ranging between 57 kJ/mol to 104 kJ/mol) are consistent with each other.

E.

ESDIAD Study of the Pyridine Adsorption Configuration on the Rutile

TiO2(iio) Single Crystal Surface.

[001]

Figure 10.9. (a): D+ ESDIAD pattern obtained from C5D5N adsorbed on the rutile TiO2(110)
single crystal surface. The beam colors from red to blue indicating descending D+ ion yield from
the oriented molecules. The crystal axes orientation on the TiO2(110)-1x1 surface is also indicated
by the arrow. (b): Theoretical simulation of the configuration of pyridine adsorbed on the
TiO2(110)-1x1 surface.

The ESDIAD pattern of the angular distribution of D+ from the C5D5N/TiO2(110)-1x1
surface is shown in Figure 10.9a. The beam colors from red to blue indicate descending
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D+ ion yield from the various C-D bonds sampled. Five beams, a strong central beam and
four weaker side beams, are observed. The crystal azimuthal orientation of the TiO2(110)
substrate, which was measured by LEED, is also labeled in Figure 10.9a. The central
stronger beam comes from the D+ desorption from the para D atoms (position 4 on the
pyridine ring), and the side weaker beams come from the D+ desorption from the meta D
atoms (position 3 and 5). The ESDIAD pattern shows that the chemisorbed pyridine
molecular plane is not perpendicular to the bridging oxygen row direction ([001]), but
rotates around its central axis (Ti-N bond direction) to form an angle. Due to the
symmetry of the TiO2(110) surface with respect to the [001] or [11 0] azimuth, the
pyridine molecule can rotate either clockwise or anti-clockwise, which leads to four side
beams instead of two. The angle between the pyridine molecular plane and the [001]
azimuth is measured to be 37 ± 1°, which agrees very well within measurement and
theoretical error with the theoretical results (39°) reported in section III.D.1. For easy
comparison, the top view of the theoretical simulation of pyridine adsorbed on the rutile
TiO2(110)-1x1 surface is shown in Figure 10.9b (same configuration of Figure 10.6a). The
high electron-stimulated desorption (ESD) yield of the para D atom compared with the
meta D atoms is due to less neutralization of the electron-excited ionization process at
the central position than that of the side positions by the charge transfer from the
TiO2(110) substrate, as well as to the fact that both ring orientations will contribute to
45

the central D+ ion yield originating from the para position.

F. Computational Results for Pyridine Adsorption to Higher Coverages.

The comparisons made between the theoretically calculated adsorption energies and
the measured diffusion barriers did not consider the potential differences in coverage
that may take place between the calculations carried out a low coverage and the
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experiments. To better understand the influence of pyridine coverage on the adsorption
energies on TiO2, we carried out a series of calculations where we successively increased
the number of pyridine molecules adsorbed on the rutile TiO2(110) surface and varied
their specific locations. The results are shown in Figure 10.10 where empty circles (O)
represent empty Ti cation sites that are available for pyridine adsorption and solid circles
(•) represent pyridine-occupied sites. Pyridine molecules adsorb on the rutile (110)
surface with the most stable configuration shown in Figure 10.6a. A fully occupied
surface as shown in Figure 10.10g is given for illustration.

Figure 10.10. Map of sequential pyridine adsorption on the rutile TiO2(110)-1x1 surface. The
empty circles (O) represent empty sites, while solid circles (•) illustrate the pyridine adsorption
locations.

From the most stable configuration of one pyridine molecule adsorbed on rutile (110)
surface, as shown in Figure 10.10a, the addition of a second pyridine molecule in one of
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the adjacent Ti channels divided by a row of bridging oxygen anions at the surface
(Figure 10.10b), did not appreciably alter the average adsorption energy (70 kJ/mol)
from that of the single pyridine molecule (71 kJ/mol). In contrast, when two Py
molecules share the same channel and are adsorbed at two neighboring Ti cation sites
(Figure 10.10c), the average adsorption energy decreases by 16 kJ/mol to 55 kJ/mol.
Upon optimization, both pyridine molecules bend away from each other by about 7°
from the normal of the substrate in order to minimize the repulsion between the rings
(as indicated by black arrows), but both still remain adsorbed at neighboring Ti atoms on
the rutile (110) surface. As the coverage increases to four pyridine molecules adsorbed on
the slab, where two of the pyridine molecules are placed in neighboring channels (Figure
10.10e), the average adsorption energy decreases by only 2 kJ/mol to 53 kJ/mol. This
suggests that pyridine can occupy up to 67% of available Ti sites on the terrace rutile
(110) TiO2 surface without major changes in average adsorption energy.
Further increases in the pyridine coverage results in the co-adsorption of pyridine at
Ti sites within the same channel (Figure 10.10d) whereby there are significant repulsive
interactions

between

the

pyridine

molecules

which

make

the

overall

process

endothermic with an adsorption energy value of -18 kJ/mol. The successive adsorption
of pyridine molecules in adjacent channels (Figure 10.10f-g), replicating maximum
pyridine coverage, results in only minor decreases in average adsorption energy (-22 and
-25 kJ/mol) relative to a full occupied channel (Figure 10.10d). We conclude that
pyridine molecules adsorb at Ti sites in a discontinuous manner (occupied-occupiedunoccupied) along the channels delimited by O planes, which allows pyridine molecules
to avoid the repulsion between the adjacent rings.
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G. Postulate for Fast and Slow Diffusion Sites in the Mobile Precursor
Model.

From the experimental results, the fast diffusion route dominates the overall
diffusion process in the beginning with the participation of a total fraction of ~9% of the
adsorbed pyridine. According to the theoretical results, pyridine molecules adsorbed on
the terrace rutile (110) surface are the most weakly held with an adsorption energy of 57
kJ/mol. The theoretical results also showed that at full coverage, due to the repulsion
from adjacent pyridine-pyridine interactions, only a maximum of 67% of the terrace sites
on rutile (110) could be available to pyridine molecules. The TiO2 P 25 sample used in
this work contains ~20% rutile and ~80% anatase phase. Thus, we postulate that the fast
diffusion is attributed to pyridine molecules adsorbed on terrace rutile sites.
Since the activation barrier for the fast diffusion is lower by more than 2-fold
compared to the barrier for the slow process, initially the majority of the mobile
precursor state will be populated from those sites—terrace rutile Ti cation sites. As
diffusion proceeds, slow diffusion begins to dominate the process because the population
of pyridine molecules shifts toward those adsorbed on anatase TiO2 and to sites on both
rutile and anatase containing 3 and 4 coordinated Ti defective sites with a stronger
binding energy and a higher escape barrier.

H. Spectroscopic Evidence of Pyridine Adsorption on Rutile and Anatase
Surfaces.

It is very difficult by infrared spectroscopy to accurately characterize the adsorbed
pyridine species when a mixture of two crystalline phases of TiO2 (anatase and rutile) is
being investigated. While the (101) and (110) faces of the anatase and rutile crystals,
respectively, are the dominant faces, other faces and admixed faces are also present. In
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addition, defect sites on both anatase and rutile surfaces are likely present. Despite this
problem of mixed phases, studies of the variation in the infrared lineshape for several of
the pyridine ring-breathing modes offer glimpses of the pyridine binding to anatase and
rutile phases of TiO2. In Figure 10.11, a study of the infrared lineshape of the overtone of
one ring-breathing mode, 2v8b mode, is shown during experiments where adsorption is
being carried out and also when diffusion/desorption occurs. In addition, lineshape
studies are shown when readsorption of pyridine is investigated.
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Figure 10.11. FTIR spectra and difference spectra of the 2vsb mode lineshape changes during: (a)
pyridine adsorption at 250 K; (b, c) diffusion/desorption at 280 K; and (d, e) re-adsorption at 250
K, on the TiO2 polycrystalline surface.

Figure 10.11a shows the IR absorbance development of the 2v8b mode during pyridine
adsorption at 250 K (zoomed in from Figure 10.2). As more pyridine molecules arrive on
the TiO2 surface, in the 2v8b mode region, three bands at 3156, 3152, and 3144 cm grow
-1

side by side. However, during the diffusion experiments, as shown in Figure 10.11b, the
two wings at 3156 cm and 3144 cm decrease as the diffusion/desorption process
-1

-1

continues, while the center peak at 3152 cm increases. We consider the “wing”
-1

development to be indicative of line broadening of the 2v8b mode. The broad 2v8b mode,
present throughout the pyridine adsorption process, sharpened in response to the
diffusion/desorption process. This change can be better seen in difference spectra, as
shown in Figure 10.11c, where the spectra from Figure 10.11b are each subtracted from
the first spectrum of the diffusion experiment (1 min) in the same figure. The
disappearance of “wing” spectral components seen at 3156 and 3144 cm and the growth
-1

of the central band at 3152 cm can be clearly seen, indicating that the 2v8b mode
-1

sharpens as the fast-diffusing pyridine species leave the sample by desorption.
After one diffusion/desorption experiment has taken place, when the 2v8b mode had
been converted to a sharper single band, the sample was cooled back to 250 K and
pyridine

was

reintroduced

to

the

chamber.

The

broadened

multi-peak

feature

reappeared immediately, as shown in Figure 10.11d. As the number of pyridine molecules
introduced into the chamber increases, a completely reversed trend from Figure 10.11b
develops. The difference spectra of Figure 11d are shown in Figure 10.11e. The central
2v8b component decreases in intensity while the two “wing” components develop as
shoulders, indicating line-broadening.
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A similar line-broadening during adsorption and sharpening during desorption
phenomenon is also observed for the V8b, V19a, and V8a + V19a modes, but the spectra are
not shown here.
To rule out the influence of temperature differences between the adsorption
experiment and the diffusion experiment on the pyridine spectral lineshape change, a
separate adsorption experiment was carried out at 300 K (not shown) proving that the
broad band also exists at 300 K when the chamber is filled with 0.4 Torr of pyridine.
Thus the broadened absorption spectrum is associated with pyridine adsorption over a
wide

temperature

range,

whereas

desorption

at

constant temperature

leads to

sharpening of the spectrum.
These spectral developments are consistent with the following hypotheses: (1). The
chemical bond strength for pyridine chemisorbed on anatase is generally stronger than
for rutile surfaces as shown in Figure 10.8. The escape energy from the adsorption site
to the mobile precursor species will therefore also generally be larger for pyridine bound
to anatase surfaces compared to rutile surfaces. (2). Adsorption from the gas phase at
250 K fills both anatase and rutile sites to saturation. (3). Diffusion/desorption
preferentially removes pyridine from the rutile sites. (4). Exchange of pyridine molecules
between anatase and rutile crystallites is slow at 250 K. (5). Broadening of the ring
breathing modes occurs preferentially on rutile sites.
The activation energies for diffusion measured here may be used to estimate the
lifetime of a pyridine molecule on a TiO2 particle of a particular diameter. (The average
particle size for anatase particles are ~ 25 nm; the average particle size for rutile particles
are ~85 nm.10) For the fast moving pyridine molecules, assumed to be mainly on rutile
sites and associated with a diffusion activation energy of 36 kJ mol-1, we use the equation
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for a random walk in two-dimensional diffusion, l = 4Dt, where l is the step length; D is
the diffusion coefficient; t is the lifetime. Using Dfast,

250 k

= 3.4 x 10-10 cm-2s-1 for fast

diffusion at 250 K and 85 nm as the step length, the time required for diffusion from a
rutile particle to a neighboring particle will be of ~ 0.2 s. Similarly, using Dsiow, 250 k = 2.7
x 10-14 cm-2s-1 and l = 25 nm, the time for particle-to-particle diffusion by the slow
process is ~ 230 s. This is the order of time for diffusion across an anatase particle to a
neighboring particle. For adsorption at 250 K from the gas phase, achievement of full
coverage occurs on both rutile and anatase sites and broadened ring breathing modes are
observed. As diffusion/desorption occurs, the rutile-bound pyridine is preferentially
depleted in short times, causing the narrowing of the infrared features. Upon pyridine
readsorption, where empty rutile sites are preferentially repopulated, the modes are
again observed to broaden.
The spectroscopic separation observed for pyridine molecules, between rutile and
anatase sites, is certainly only an approximation. Defect sites on either rutile or anatase
crystal faces will have enhanced binding and therefore are also likely to contribute to the
slow diffusion process. However, the long time (~230 s) calculated for pyridine molecule
diffusion across TiO2 anatase crystallites suggests that we are, in the main, observing
separate diffusion processes occurring on separate crystallites, with rutile crystallite
having much shorter retention times compared to anatase.
The reasons for enhanced 2v8b line width for pyridine adsorbed on rutile crystal
surfaces compared to anatase crystal surfaces is difficult to explain. Lifetime broadening
of the vibrationally-excited 2v8b mode would be associated with more strongly-bond
pyridine species (on anatase sites) which could more rapidly exchange energy with the
TiO2 substrate. This is just opposite to the experimental observation, where the more
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freely-moving pyridine molecules, exhibiting the lowest activation energy for diffusion,
also exhibit the broadened 2v8b line shape. The broadened IR modes observed for the
pyridine molecules on the rutile sites may indicate the preferential presence of low
frequency librational modes for the more weakly-bound pyridine species giving line
broadening effects for some higher frequency internal vibrational modes of chemisorbed
pyridine. The higher librational freedom postulated for pyridine on rutile (110) surfaces
(due to reduced hydrogen bonding compared to anatase (101)) may be involved in
causing the broadened ring breathing modes for the fast diffusing pyridine molecules.

IV. Summary.

The following observations have been made about the adsorption and surface
diffusion of pyridine through TiO2 powder:
1. Heat treatment at 1000 K in vacuum to completely dehydroxylate the TiO2 does not
change the crystalline structure of the mixture significantly.
2. Pyridine chemisorbs to a saturation coverage on Lewis acid sites on dehydroxylated
TiO2.
3. The saturated pyridine layer diffuses and desorbs at experimentally observable
rates in the temperature range 260 - 290 K.
4. Diffusion occurs with a mixture of kinetics which can be accurately simulated using
Fick’s second law. Two kinetic processes for pyridine diffusion are found with an
activation energy of 35.8 ± 2.1 kJ/mol (fast process) and an activation energy of 90.0 ±
17.8 kJ/mol (slow process).
5. More than 85% of the molecules experience the slow diffusion process. This is
comparable to the relative abundance of anatase crystallites.

199
6. The vi9b ring breathing mode exhibits two components at -1445 cm-1 and -1438
cm-1. The -1445 cm-1 band is associated with molecules undergoing the slow diffusion
process involving more strongly-bound pyridine molecules mainly from anatase sites;
the -1438 cm-1 band is associated with the molecules undergoing a faster diffusion
process on rutile sites.
7. Comparison of pyridine chemisorption energies by DFT calculations indicates that
rutile TiO2 surfaces chemisorb pyridine more weakly than anatase.
8. Pyridine adsorption occurs at coordinatively unsaturated Lewis acid Ti sites via the
donation of electrons from the N lone pair of the pyridine molecule to the Ti cation.
Oxygen vacancy defect sites enhance pyridine bonding on both anatase and rutile
surfaces. Hydrogen bonding effects between C-H bonds adjacent to the N in pyridine and
the bridging O atoms on the rutile TiO2(110)-1x1 crystal plane contribute only weakly to
the formation of the chemisorption bond. Stronger hydrogen bonding to surface oxygen
sites occurs on anatase (101) surfaces.
9. Pyridine molecules chemisorb perpendicularly on Ti4+ cation sites on the rutile
TiO2(110)-1x1 surface with a -37° angle of the ring plane with respect to the [001]
azimuth, as confirmed by both ESDIAD measurements and DFT calculations.
10. Lateral repulsive interactions between coadsorbed pyridine molecules on TiO2 (as
calculated from DFT) limit the pyridine coverages to 67% of the available Ti cation
surface sites on the TiO2(110)-1x1 surface.
11. The ring breathing modes v8b, v19a, 2v8b, and (v8a+v19b) are broadened on rutile
sites compared to anatase sites, possibly due to more freedom for molecular libration on
rutile sites. This is consistent with reduced hydrogen bonding of the 2- and 6- C-H bonds
to surface oxygen atoms on rutile (110) surfaces.
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12.

The large difference in pyridine’s chemisorption and diffusion energies for anatase

and rutile suggests that the transport of many gases through polycrystalline TiO2 will be
similarly affected. This is of importance in the use of TiO2 as a catalyst support as well as
a sorbent powder.
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Chapter 11
Vibrational Spectroscopic Observation of Weakly-Bound
Adsorbed Molecular Oxygen on Powdered Titanium
Dioxide.*
^Reprinted with permission from I. X. Green and J. T. Yates, Jr., “Vibrational Spectroscopic
Observation of Weakly Bound Adsorbed Molecular Oxygen on Powdered Titanium Dioxide”,
The Journal of Physical Chemistry C 2010, 114, 11924-11930. Copyright 2010 American Chemical
Society.

The adsorption of O2 from air is an essential step in the use of TiO2 as a photo
oxidation catalyst. This work explores the properties of a weakly-bound O2 species which
is probably the precursor to “active” O2 needed for the photo-oxidation of molecules by
TiO2. Adsorbed molecular oxygen was observed via FTIR for the first time on nano-sized
TiO2 particles. The observed O-O stretching mode frequency at 1550 cm-1 is identical to
the Raman displacement of O2 gas, showing that the interaction between the IR active O2
molecules and TiO2 is relatively weak. It is noteworthy that weak adsorption of O2 on
TiO2 is accompanied by the development of a weak IR absorption band due to the
production of a small dipole in the molecule. In addition, the constant vo2 observed for
increasing coverage indicates that the O2 molecules exhibit only small interactions with
each other in the adsorbed layer. The adsorption enthalpy of O2 on TiO2 is measured to
be between -16 to -21 kJ mol-1. The O2- species formed by O2 adsorbing on TiO2 surface
defect sites (likely to be the active O2 in photochemistry), with a calculated vibrational
frequency of 1097 cm-1, is not observed in this work. The influence of co-adsorbed CO,
CO2 and H2O with the adsorbed O2 species was also investigated. It is found that when
the adsorbed surface species, such as CO, CO2, and excess H2O, screen the TiO2 surface
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electric field and TiO2 surface dispersion forces, the IR active O2 species are no longer
observed.
I. Introduction.

TiO2 has drawn vast interest due to its potential to catalyze photo-chemical
reactions.1-4 One important application of TiO2 as a photo-catalyst lies in oxidizing
hazardous organic materials into non-toxic molecules utilizing sunshine.1-4 Thus, the
adsorption of oxygen from air forms an important step since O2 is the abundant
oxidizing agent.
Stoichiometric TiO2 is an insulator with little photo-catalytic capability.5’6 However,
in reduced form, excess electrons located within the band gap cause the TiO2-x to become
an n-type semiconductor which can be used in various applications. TiO2 can be easily
reduced by thermally annealing, during which the TiO2 surface exhibits a preferential
loss of oxygen, generating bridging oxygen vacancies.6 These surface defect sites serve as
strong-binding adsorption sites during photo-reactions. The study of weakly-bound O2
molecules, which likely are precursors to strongly-bound photoactive O2 molecules,
allows us to better understand the sequence of elementary steps involved in TiO2mediated photo-oxidation.
Infrared spectroscopy is a powerful tool in exploring the photo-oxidation process
involving organic materials on TiO2 surfaces, since it can: 1) detect the in situ reaction
mixture elements; 2) follow the change of reactant concentrations and record the build
up of products; and 3) distinguish adsorbed species and photo-chemical intermediates.
It is a disadvantage that gas phase oxygen is IR inactive; O2 is a diatomic molecule with a
symmetric electron cloud configuration, unable to couple to incident IR light. However,
it has been shown that the influence from ionic substrates, such as sodium zeolite,7,8 can
induce IR activity for adsorbed diatomic molecules, such as H27 and N2.8 Thus, the
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interaction between adsorbed O2 and the TiO2 substrate can alter the symmetry of the
oxygen molecule and generate an induced dipole and a dynamic dipole, making the O2
species weakly IR visible.
In this work, the vibrational frequency of a weakly-adsorbed oxygen species on the
TiO2 surface at 1550 cm-1 is observed by IR for the first time. Isotopic studies confirm the
vibrational frequency belongs to the O-O stretching mode. CO, CO2, and H2O molecules
are used to test the nature of the IR active O2 species and its adsorption sites. The
adsorption enthalpy of the IR active O2 on TiO2 is measured to be in the range of -16 to 21 kJ mol-1, depending on coverage.

II. Methodology.

A high vacuum stainless steel transmission IR cell with a base pressure of ~1 x 10-8
Torr after bake out was employed in this work. A detailed description of the cell can be
found elsewhere.9’10 The TiO2 powdered sample used in this work was provided by
Evonik Industries (Aeroxide® TiO2 P

25). Before treatment, the sample was

polycrystalline, composed of ~ 75 % anatase and ~ 25 % rutile phases with a specific
surface area (SSA) of 49 m2g-1.11 The powdered sample was pressed at 100,000 psi into a
circular spot (0.7 cm in diameter) onto the tungsten grid by a hydraulic press. The total
sample mass on the grid after pressing was 5.5 x 10-3 g with a density of 0.014 g cm-2.
The grid with sample was then mounted in the high vacuum IR cell.
In order to remove impurities from the TiO2 sample, a cleaning cycle was performed
before each experiment. The sample heating and cooling rate was set to 30 K min-1
throughout the cleaning cycle and experiments. The TiO2 sample was first heated in
vacuum to 680 K. Oxygen gas (2 Torr) was then introduced into the chamber to oxidize
any impurities adsorbed on the TiO2 sample. After 30 min of oxygen treatment, the
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chamber was pumped back to vacuum and the sample was held at 680 K for another 30
min. The purpose of this procedure is to partially reduce the TiO2 sample and to generate
surface defect sites. , IR spectra were taken at the end of the reduction process to make
5 6

sure the surface was hydrocarbon, hydroxyl, and carbonate free. The sample was then
cooled to the desired temperature.
Research purity O2 gas (99.998 %) was purchased from Matheson TRI-GAS. O2
16

18

gas (99 % isotopic purity) was purchased from Isotec Inc. The purity of the CO and CO2
gas used was 99.999 %. Deionized water was employed and further purified with freezepump-thaw cycles before use.
The IR spectra were recorded with a Bruker TENSOR 27 FTIR spectrometer in
combination with a liquid-nitrogen cooled MCT detector. The spectrometer, detector,
and entire IR beam pathway not inside the vacuum cell were all purged continuously
with H2O- and CO2-free air. Each spectrum was obtained by averaging 256-1024
interferograms. The spectral resolution is set at 2 cm . Integration of the IR absorbance
-1

near 1550 cm was carried out in the wavenumber range 1559 cm -1541 cm using a
-1

-1

-1

linear baseline that connects the frequency limits of the peak envelope. A background
spectrum, taken through the gas phase and empty tungsten grid, was subtracted from
each measured IR spectrum under identical conditions to eliminate small interference
from the gas phase and the grid. Each IR spectrum was taken after the gas phase and
adsorbed phase had reached equilibrium, as judged by the IR spectral stability.

III. Results.
A.

l6O2

Adsorption on TiO2.

Figure 11.1 shows the IR absorbance development of

16

O2 adsorbed on the TiO2

surface at 120 K. The spectra shown here are difference spectra generated by subtracting
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the IR spectrum of the clean TiO2 surface at 120 K without any oxygen adsorption from
the spectra obtained after O2 adsorption on TiO2 at 120 K. As the O2 chamber pressure
16

16

increases, a weak sharp adsorption band at 1550 cm develops. This band is assigned to
-1

the O-O stretching mode. The peak frequency is negligibly influenced by the oxygen
pressure and coverage at 120 K as shown in Figure 11.1. Similar

16

O2 adsorption

experiments at 140 K and 160 K show that the peak frequency is not influenced by
temperature either.

Wavenumber (cm1)

Figure 11.1. FTIR spectra of weakly-bound l602 species on the Ti02 surface with increasing l602
pressure at 120 K. Each spectrum is differenced to the IR spectrum of the clean TiO2 surface at
120 K without any oxygen adsorption. The inset plots the isotherms of 16O2 adsorption on TiO2
surface at 120 K (black), 140 K (red), and 160 K (blue).

The Raman displacement of

16O2

gas is 1550 cm-1.12 The identical O-O stretching mode

frequency observed in the IR spectra shows that the bond force constant is barely
changed during the

16O

2

adsorption on TiO2. This suggests that the IR active O2 species is

very weakly bound on the surface in the sense that no obvious electron donation or
withdrawal can be sensed by the O-O bond frequency.
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The inset of Figure 11.1 shows the isotherm plots of the integrated absorbance of
adsorbed 16O2 in the 1550 cm-1 absorbance range as a function of increasing 16O2 pressure
at 120 K (black), 140 K (red) and 160 K (blue). (The maximum 16O2 pressure reached at
120 K was 50 Torr; above this pressure a decrease in cooling rate was observed, causing
accurate temperature control to be lost.) The integrated absorbance is proportional to
the amount of 16O2 that is adsorbed, becoming IR active due to interaction with the TiO2
surface. Each data point on the isotherms represents the equilibrium amount of IR active
O2 adsorbed on the TiO2 surface at the given oxygen gas pressure. It can be seen that at

16

the same oxygen pressure, the integrated absorbance of

O2 decreases as temperature

16

increases. In other words, to reach the same IR active 16O2 coverage, higher oxygen gas
pressure is required at higher temperature.
The O-O stretching mode of 16O2 at 1550 cm-1 is only seen in equilibrium with gas
phase oxygen. When pumped back to vacuum in the temperature range of 120 K - 160 K,
complete O2 desorption occurs as judged by the disappearance of the absorption band.
This observation also indicates that the interaction between the IR active oxygen species
and the TiO2 surface is weak.
The adsorption enthalpy of

O2 adsorbing on TiO2 follows van’t Hoff’s equation as

16

shown in Equation 11.1:
AH 0

Peq = ke RT

(11.1)

where Peq is the equilibrium gas pressure (Torr) at a given oxygen coverage; k is a
constant; AH° is the standard adsorption enthalpy, and T is the adsorption temperature
(K). Figure 11.2 is a plot of the measured adsorption enthalpy as a function of the
increasing integrated absorbance of 16O2. The measured adsorption enthalpy is in the
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range of -16 kJ mol-1 to -21 kJ mol-1. The adsorption enthalpy decreases when the gas
pressure and the O2 coverage increase due to slightly repulsive O2-O2 interactions.

Integrated Absorbance of 1602

Figure 11.2. Plot of standard adsorption enthalpy obtained from analysis of the isotherms of l602
on TiO2 as a function of increasing integrated absorbance of 16O2, in the temperature range of 120
- 160 K.

B. Isotopic Study of l8O2 Adsorbed on TiO2.

To confirm the IR observation of the oxygen O-O stretching mode, a study involving
18O2

was carried out, as shown in Figure 11.3. Figure 11.3a shows the IR spectrum of

adsorbed

16O2

mixture of

at 1.6 Torr equilibrium pressure. Figure 11.3b shows the spectrum of a 1 : 1

16O2

and

18O
2

each at a partial pressure of 0.2 Torr. The

stretching mode at 1550 cm-1, while the

18O2

16O2

exhibited an O-O

exhibited an O-O stretching mode at 1463

cm-1. The two frequencies are in accordance with the expected isotopic shift for an
isolated molecule to within the accuracy of the wavenumber measurements (± 1 cm-1)
indicating that the adsorbed molecule behaves almost as a free molecule without
detectable modification by adsorption of the O-O force constant.
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Wavenumber (cm'1)

Figure 11.3. FTIR spectra of a), adsorption equilibrium between 1.6 Torr l602 and Ti02 at 120 K;
and b). adsorption equilibrium between 0.4 Torr l6O2 and l8O2 (1 : 1 mixture) and TiO2 at 120 K.
The partial pressure of 16O2 and 18O2 in the mixture is 0.2 Torr. Each spectrum is differenced to
the IR spectrum of the clean TiO2 surface at 120 K without any oxygen adsorption.

C.

l6O2 Displacement

by CO and CO2 on TiO2.

In order to understand the properties of the TiO2 surface region that cause oxygen
molecules to become IR active, CO and CO2 molecules were separately used to displace
adsorbed

16O2

molecules. Both CO and CO2 are known to chemisorb on TiO2.13-17 CO

interacts chemically with O2 to oxidize photo-chemically on TiO2(110).18 CO2 is known to
interact with oxygen-vacancy defect sites on TiO2(110).19
l.

l6O2 Displacement

by CO.

After the sample cleaning cycle, the TiO2 sample was cooled to 120 K and 24 Torr of
16O2

was introduced. Then CO was introduced through a leak valve from a storage vessel

containing CO at 144 Torr. The leak valve was shut after every 2 min of CO leakage and
an IR spectrum was taken after the leak valve had been closed for 10 min when
equilibrium between the gas phase and the TiO2 surface had been reached.
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Figure 11.4. l602 displacement by CO on the Ti02 surface at 120 K. Panel a and b show the FTIR
spectra of adsorbed CO increase and IR active l6O2 absorbance decrease as the CO dosing time
increases, respectively. Panel c shows the plot of normalized integrated absorbances of CO and
16O2 as a function of increasing CO dosing time.

Figure 11.4 shows the IR spectra development in the C-O stretching mode region
(panel (a)) and the O-O stretching mode region (panel (b)) as CO dosing time increases.
As more CO molecules are introduced into the chamber, causing the CO absorbance to
increase until saturation is reached (the spectra of CO dosing for 18 min and 20 min are
overlapped with each other, indicating CO saturation was reached), and the

16O2

absorbance to decrease until the absorption band disappears from the spectra. Adsorbed
CO on TiO2 causes complete displacement of adsorbed 16O2 at 120 K.
A big decrease in absorbance is seen in Figure 11.4a-b between CO dosing for 14 min
(red) and 16 min (green). At this point, the CO absorbance increased dramatically. This
change is also clearly seen in Figure 11.4c which is a plot of the normalized integrated
absorbance of CO and

16O2

as a function of increasing CO dosing time. The

absorbances are normalized to the initial point where only 24 Torr of

16O2

16O2

and no CO

212
molecules are in the chamber. The CO absorbances are normalized to the CO saturation
point (CO dosing for 18 min).
It is not known whether this effect is due to coverage induced changes for CO
adsorbed on the liquid-N2 cooled surfaces inside the cell, or to two sequential kinetic
processes on the TiO2 surface. The experiments show that an inverse relation exists
between normalized O2 and CO integrated absorbances.
2.

l6O

2

A

Displacement by CO2.

CO2-16O2 displacement

experiment

was

carried

out

similarly

to

the

CO

displacement experiment. After the sample cleaning cycle, the TiO2 sample was cooled to
120 K, and 24.5 Torr of

16

O2 gas was introduced into the chamber. CO2 gas was then

leaked into the chamber through the same leak valve at an initial backing pressure of 144
Torr. IR spectra were taken periodically during the CO2 dosing process, during which the
leak valve was sequentially turned on and off and equilibrium between the gas phase and
the TiO2 surface had been reached at each CO2 exposure.
Figure 11.5a shows the absorbance development of the CO2 (V3 region), while Figure
11.5b shows the absorbance development of the carbonate (CO3, Vs and Vas region) and
the absorbance decrease of the O-O stretching region. Within the

V3

region, the

vibrational modes around 2400-2300 cm-1 are attributed to the CO2 molecule linearly
adsorbed on the surface Ti cation sites through one O moiety.14’15 The small IR
absorbance at 2280 cm-1 is due to the natural abundance of adsorbed

13

CO2.14’15’17 In the

carbonate region, bands at 1462 cm-1 and 1376 cm-1 are assigned to

Vas

and

Vs

of

monodentate carbonate respectively; bands at 1612 cm-1 and 1582 cm-1 are assigned to
the free carbonyl stretch in bidentate carbonate while the band at 1317 cm-1 is assigned to
the asymmetric stretch frequency (vas) of the bidentate carbonate.14’15’17
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C02(v3) Region

10O
2

+ CarbonateRegion

Wavenumber (cm1)

Figure 11.5. l602 displacement by C02 on Ti02 surface at 120 K. Panel a shows the C02 v3 region
development with increasing CO2 dosing time. Panel b shows the O2 and carbonate region
changes during the CO2 dosing. Panel c shows the plot of normalized integrated absorbances of
CO2 (V3 mode) and O2 as a function of increasing CO2 dosing time.
l6

16

It is clear that CO2 also displaces

16

O2, diminishing the absorbance of the O-O

stretching mode in the IR spectra. However the displacement process is much more
prolonged for the CO2 molecules (about 130 min) compared to the CO molecules (about
18 min) under similar conditions of admission of the displacing molecule. Following CO2
dosing for 127 min, the CO2 (V3 mode) reached saturation (as compared with CO2 dosing
for 132 min), and the O-O stretching mode disappeared from the IR spectra.
Figure 11.5c shows the normalized integrated absorbances of the CO2 (V3 mode, red)
and the O-O stretching mode (black) as a function of increasing CO2 dosing time.
Absorbances for

16

O2 are normalized to the initial point where only 24.5 Torr of

16

O2 and

no CO2 is in the chamber. The CO2 (V3 mode) absorbances are normalized to the
saturation point (CO2 dosing for 127 min). Both the CO2 and 16O2 development curves are
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linear in response to increasing CO2 dosing time. As with CO, the

l6

O2 absorbance

behaves inversely with the CO2 absorbance.

D. Influence of Pre-Adsorbed H2O on l6O2 Adsorption.

The H2O molecule is known to dissociate on a TiO2 surface point vacancy defect at
room temperature, leaving one -OH group filling the defect and the other H atom
reacting with a nearby surface oxygen atom forming another -OH group.20’21 Thus,
dissociated H2O molecules can make the TiO2 surface point defects unavailable to oxygen
molecules. Since isolated OH groups (no extra hydrogen bond formed), associated OH
groups (with hydrogen bonds), and molecularly adsorbed H2O all show different
characteristic features in the IR spectrum, H2O molecules are an excellent probe to
characterize the surface. Thus, in this work H2O is used to modify the TiO2 surface to
different extents to determine the degree of surface screening required to prevent O2
adsorption.
1. Influence of Excess H2O on 16O2 Adsorption on TiO2.

After the sample cleaning cycle, the TiO2 sample was cooled to 300 K. At this
temperature, H2O gas was introduced into the chamber gradually. Infrared spectra were
taken periodically, during which the chamber was closed and 10 min was allowed for the
H2O(g) and the adsorbed species to reach equilibrium.
The group of black spectra in Figure 11.6 show the IR absorbance development of
isolated OH stretching, associated OH stretching, and H-O-H bending modes during the
H2O exposure until a chamber pressure of 1 x 10-3 Torr of H2O gas was reached in
spectrum a, at 300 K. During this development, several characteristic IR features
appeared: (i) the isolated OH stretching modes between 3750 cm-1 and 3550 cm-1.
Adsorbed isolated OH groups usually exhibit sharp IR bands if the adsorption
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environment is simple and uniform.922 However, the powdered TiO2 sample employed
here exposes multi-crystalline planes with various defects on the surface of each. This
greatly complicates the isolated OH adsorption environment, leading to multiple sharp
peaks in the high frequency region; (ii) the associated OH stretching band between 3500
cm-1 and 2500 cm-1. This is usually observed as a single broad band because the
hydrogen bonding between OH groups and other surface species multiplies the
complexity of the O-H intermolecular bonding situation leading to a general broadening
of the band9

; (iii) the H-O-H bending mode at 1620 cm-1. The existence of this

22 23

absorbance indicates that there are adsorbed H2O molecules on the TiO2 surface at 300
K.

Wavenumber (cm'1)

Figure 11.6. FTIR spectra of H20 adsorption on Ti02 surface at 300 K (a and the other 7 black
spectra + b and c) and 16O2 adsorption on H2O covered TiO2 surface at 120 K (d-e). Spectra a-b
show the absorbance development with increasing H2O dosing at 300 K. The equilibrium H2O
pressures at a and b are 1 x 10-3 Torr and 2.5 x 10-2 Torr, respectively. Spectrum c shows the H2O
covered TiO2 surface after evacuation for 10 min at 300 K. Spectra d and e show the H2O covered
TiO2 surface at 120 K in vacuum and in 10 Torr of 16O2, respectively. The inset shows magnified OO stretching region of spectra d and e.
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Spectrum b in Figure 11.6 (pink) shows the IR features when the H2O chamber
pressure is increased to 2.5 x 10-2 Torr. Compared to spectrum a (1 x 10-3 Torr H2O
pressure), a large increase in absorbance of the associated OH stretching mode is seen
but little growth of isolated OH stretching or H-O-H bending modes is seen. This
indicates that the TiO2 surface is saturated with adsorbed OH groups and molecular H2O.
Enhanced hydrogen bonding occurs at 2.5 x 10-2 Torr H2O equilibrium pressure.
The H2O saturated TiO2 sample was evacuated for 10 min at 300 K, as shown in
Figure 11.6c (green spectrum). During evacuation, a slight decrease in absorbance was
seen in all three characteristic spectral regions mentioned before. The sample was then
cooled to 120 K, as shown in Figure 11.6d (blue spectrum). At low temperature,
additional sharp peaks within the isolated OH stretching region appeared and may be
due to the reduction of thermal motion of the OH group. A weak band at 2344 cm-1
developed (spectrum d) due to the CO2 impurity from the chamber walls adsorbing onto
the cooled TiO2 surface.
16

O2 was then introduced into the chamber, in an attempt to observe adsorbed O2.

Figure 11.6e (red spectrum) shows the spectrum with 10 Torr of 16O2 gas in the chamber.
No O-O stretching feature can be detected. The inset of Figure 11.6 shows a magnified
portion of spectra d and e in the O-O stretching mode region in which no vo2 absorbance
developments are found at 10 Torr 16O2. The adsorption channel for the IR active oxygen
species is blocked by the excess H2O adsorbed on the TiO2 surface.
2. Influence of Isolated OH Groups on l6O2 Adsorption.
Excess H2O not only occupies the active defect sites on the TiO2 surface, but also
forms hydrogen bonded H2O “network” among the OH groups and H2O molecules that
cover the surface. It is not unexpected that a layer such as this would block surface sites
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capable of weakly bonding O2 and activating the infrared absorption by means of a
surface electric field at the TiO2 surface. In order to further investigate the blockage of O2
adsorption by water and OH groups, we studied O2 adsorption on the surface containing
only isolated OH groups.

Wavenumber (cm1)

Figure 11.7. Spectrum a shows the H20 covered Ti02 surface at 120 K (duplicate from Figure
11.6d). Spectrum b shows the H2O covered TiO2 surface produced in spectrum a after annealing
at 450 K for 10 min. Spectrum c and d shows the TiO2 surface produced in spectrum b at 120 K in
vacuum and in 2 Torr of 16O2, respectively. The inset shows magnified O-O stretching region of
spectra c and d.

Figure 11.7a (black spectrum) shows the same spectrum as in Figure 11.6d, which is
the H2O-covered TiO2 surface at 120 K. The sample was heated to 450 K in vacuum for
10 min, giving the green spectrum shows in Figure 11.7b. Following annealing in vacuum
at 450 K, only strongly-bound isolated OH groups remained on the surface.2324
Associated OH groups and molecularly adsorbed H2O either convert to isolated OH
groups, or desorb from the surface in the form of H2O(g).25 After heating at 450 K for 10
min, most of the associated OH stretching and the H-O-H bending modes have
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disappeared from the spectrum, as shown in Figure 11.7b. The characteristic spectral
feature for OH groups adsorbed on a rutile TiO2 surface is now seen at 3422 cm as
-1

reported elsewhere as well as other isolated OH species.
24

The sample was then cooled to 120 K for O2 exposure. Figure 11.7c (blue spectrum)
16

and d (red spectrum) show the TiO2 surface before and after 2 Torr of O2 gas exposure
16

at 120 K, respectively. The inset of Figure 11.7 shows a magnified portion of spectrum c
and d in the O-O stretching mode region. An IR absorbance at 1550 cm is clearly seen in
-1

spectrum d indicating the existence of the IR active O2 species on the surface. In other
16

words,

O2 co-adsorbs with isolated OH groups on the TiO2 surface. Knowing that

16

isolated OH groups that survived the 450 K treatment are most likely adsorbed on and
around the oxygen-vacancy defect sites,

20,21,23

suggests that the IR active oxygen species

is not the same species that adsorbs on and near the TiO2 surface defect sites.

IV. Discussion.
A. Nature of the IR Active O2 Species.

O2 adsorption on TiO2 has been studied by various techniques such as scanning
tunneling

microscopy

(STM),

26’27

temperature

photon stimulated desorption (PSD),

18,30

programmed

desorption

(TPD),

28>29

and electron stimulated desorption (ESD).

31,32

On rutile TiO2(110) single crystal surfaces, O2 molecules can adsorb on surface oxygenvacancy point defects.

26,33

It is generally believed that vacancy defects on TiO2 are

electron rich, and O2 molecules adsorbed on the TiO2 surface will withdraw some
electron density from the substrate and become slightly negatively charged as O25 .

- 28,34-36

This O25 species is believed to play an important role in the photo-oxidation process on
-

hydroxyl free TiO2. Due to the acceptance of a partial electron from the substrate, the
vibrational frequency of the O-O stretch is expected to be greatly red shifted. It is noted
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that the superoxide (O2") species exhibits an O-O stretching mode at 1097 cm-1 and the
peroxide (O2 ) species exhibits an O-O frequency of 802 cm-1.37
2-

In our work, only a single vibrational frequency was found at 1550 cm-1 for
adsorption (1463 cm-1 for

O2

16

O2) as shown in Figure 11.1 and Figure 11.3. The lack of

18

frequency shift from Raman observations indicates that the O-O bond is essentially
identical to that in gas phase oxygen. This suggests that the influence of the TiO2 surface
on the adsorbed molecular O2 observed here is primarily due to a physical effect and not
to a chemical effect. The weak bonding (-16 to -21 kJ mol-1) is in the range for O2 physical
adsorption on oxides and below the range for weak chemisorption.38-39 At the same time,
the influence from the substrate has to be significant enough for the symmetric electron
cloud of the O2 molecule to deform slightly in order to generate a dipole moment change
during bond length change (a dynamic dipole or dipole derivative (d"gr )) to become IR
active. We propose that this IR active O2 species is weakly-bound to the TiO2 surface via
a general surface electric field. It is likely that hindered rotational freedom exists for this
weakly-bound and slightly polarized O2 molecule.
A schematic depicting O2 adsorption on the TiO2 surface is given in Figure 11.8. Three
types of molecular oxygen species are shown on this scheme: (i) chemically bound
oxygen, shown as red O28 ; (ii) weakly-bound oxygen with slightly hindered rotational
-

freedom, shown as blue O2 species; (iii) gas phase oxygen that is not bound on the
surface, shown as purple O2 molecules. The chemically bound oxygen (red) is most likely
to be the direct oxidizing agent when TiO2 is used as a photo-catalyst, since direct
bonding of the chemisorbed O2 species occurs with the substrate. It is bound onto the
TiO2 surface strongly enough so that in vacuum it only desorbs after activation by either
thermal energy at temperatures higher than 400 K according to TPD studies28, or by
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photon or electron stimulation in PSD30 and ESD31 studies. As discussed before, this
oxygen species is expected to have an O-O stretching frequency lower than 1550 cm-1 due
to strong surface chemical bonding. On the other hand, the purple colored gas phase
oxygen is not bound to the TiO2 substrate and thus remains IR inactive.

WeaklyT£rkiin*i

^

Figure 11.8. Scheme of the equilibrium of O2 (g) with TiO2. The O26- species are bound to
oxygen-vacancy defect sites.

The blue colored weakly-bound oxygen molecules in Figure 11.8 are the IR active
species. They are stabilized further away from the TiO2 surface compared to the red
colored chemically-bound oxygen. Their weak interaction with the TiO2 surface is most
likely not sufficient to strongly restrict the orientation of the molecule, giving it slightly
hindered rotational freedom. The weakly-bound oxygen is in equilibrium with the gas
phase oxygen; thus the IR absorbance of the O-O stretching mode increases
monotonically with increasing oxygen gas pressure. As the oxygen gas pressure increases,
more weakly-bound oxygen species squeeze into the near-surface layer, causing slightly
increased repulsion between O2 molecules and a slight decrease in adsorption enthalpy.
Although the IR active oxygen species is not in direct contact with the TiO2 surface, it
still holds research interest because it likely serves as the supply reservoir and precursor
for the chemically bound oxygen species. Most of the photo-catalytic uses of TiO2 are
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performed in an oxygen-rich environment which allows the formation of weakly-bound
O2 species.

B.

Confirmation

of

the

Weakly-Bound

Oxygen

Model

Using

a

Water

Modified TiO2 Surface.

Section III.D shows a set of O2 adsorption experiments using excess water covering
the TiO2 surface and on a TiO2 surface covered only with isolated OH groups. Figure 11.6
shows that no weakly-bound O2 is observed in the IR spectrum of a TiO2 surface covered
by excessive water under 10 Torr of oxygen gas pressure, while Figure 11.7 shows that the
IR active O2 species produced in equilibrium with 2 Torr of oxygen gas exists on a TiO2
surface containing only isolated OH species.
The difference between the surfaces in Figure 11.6 and Figure 11.7 is that in Figure
11.6, the surface is completely covered by OH groups, hydrogen bonding, and excessive
water. In that case, not only the surface defect sites and adsorption sites for OH groups
and water molecules are blocking oxygen adsorption, but other available sites are also
blocked by hydrogen bonding between adsorbed water and OH groups. The excessive
hydrogen bonding network makes direct interaction with the TiO2 surface impossible for
oxygen molecules. Thus, no oxygen was detected in the IR spectrum showed in Figure
11.6e. Under these conditions, screening of the electric field associated with the TiO2
surface can both hinder O2 adsorption as well as diminish O2 polarization.
On the other hand, the surface in Figure 11.7 has only isolated OH on the surface. The
adsorbed OH groups may block those sites where O2 chemically adsorbs, but still leaves
spaces for the weakly-bound O2 species to interact with the TiO2 directly. Thus, when
exposed to 2 Torr of
in Figure 11.7d.

16O2

gas, the O-O stretching mode at 1550 cm-1 appeared, as shown
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C. Displacement of Surface-Bound Oxygen and Weakly-Bound Oxygen.

In section III.C, it is shown that both CO and CO2 can displace the weakly-bound l6O2.
In both cases the absorbance of weakly-bound O2 and either CO or CO2 exhibit an
accurate inverse relationship to each other. This suggests that the adsorbed CO or CO2
molecules shield the O2 molecules from the TiO2 surface in a general manner, possibly by
reducing the local electric field in their vicinity.
CO adsorbs on the TiO2 surface with the carbon end interacting with the Ti cation via
the o orbital.15 All the adsorbed CO molecules contribute to the vibrational frequency
between 2225 and 2150 cm-1. CO2 adsorption on the TiO2 surface is more complicated
since CO2 can either adsorb linearly with bonding to one O moiety or form a carbonate.
The V3 mode was chosen to demonstrate the O2 displacement by CO2 in Figure 11.5c
because it corresponds to the asymmetric stretching of linear CO2 molecules. However,
the carbonate species also shows an inverse displacement pattern with the weakly-bound
O2 species, as proven by integrating the absorbance at 1376 cm-1 (not shown).
As more CO or CO2 molecules adsorb on the TiO2 surface, a screening layer between
the substrate and the weakly-bound O2 species starts to form. The CO and CO2
adsorption can modify the electric field which the weakly-bound O2 species senses by
generating an induced opposite electric field. The difference between using CO and CO2
molecules in displacing weakly-bound O2 species lies in their ability to modify the
electric field of the substrate.

V. Summary.

Transmission IR spectroscopy has been used to observe a weakly-bound molecular
oxygen species which exhibits absorbance as a result of its interaction with bare sites on
a powdered TiO2 surface which has been thermally treated to produce a small fraction of
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oxygen vacancy defect sites. The following properties of the adsorbed O2 species have
been observed:
1. The O2(a) species exhibits a physical-adsorption enthalpy near -21 kJ mol-1 at low
coverage and experiences weak intermolecular repulsive forces as the coverage increases,
causing an enthalpy increase of about 5 kJ mol-1 at the highest coverage measured.
2. The

16

O2 species exhibits a vibrational frequency of 1550 cm-1 that is identical to

that of gas phase

16

O2. The lack of a frequency shift is consistent with the very weak van

der Waals O2 binding to TiO2. The O-O stretching mode in the IR is likely turned on
through interactions of the O2 with an electric field which exists above bare TiO2 sites on
the surface.
3. The isotopic shift for

18

O2(a) compared to

16

O2(a) is consistent with the behavior of

an essentially free molecule.
4. The O2(a) stretching frequency is constant (± 1 cm-1) over the coverage range
investigated confirming that only weak intermolecular forces are developed as coverage
increases.
5. Chemisorbed CO, CO2 and H2O block O2 adsorption. However, partial coverages of
hydroxyl groups are not completely effective in blocking O2 adsorption.
6. The weakly-bound O2 species is likely the precursor to more strongly-bound
molecular O2 species which are able to be electronically activated by electron-hole pairs
made in TiO2 by UV irradiation.
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Appendix A
Geometry of the Cell — Position of the Sample, Width of the
IR Beam, and the Calibration and Installation of the Fiber
Optics.

The vacuum IR cell is constructed using of a 3% in stainless steel cube which has six
33/s” ports. The transmission IR beam passes the cell through the Y-direction, via 2
differentially pumped KBr windows, as shown in Figure 2.1. A vacuum UV fiber optical
cable is installed in the cell from the X-direction. The sample holder enters the cell from
the Z-direction. Ideally, all three axes should intersect in the center of the cube.
However, the sample is slightly off-centered since the IR sample feed-through where the
Ni sample holder clamps are installed on has 4 electrical connectors—two for the
thermocouple and two for the Ni clamps. It is crucial to know the exact location of the
center of the sample on the X-Y plane, in order to focus the IR and UV beams
appropriately. A set of careful measurements was made to obtain this information and
will be summarized in this section. This section will be divided into 3 parts: A.1 the
physical position of the center of the sample in relation to the 3/ in cube cell; A.2 the
width of the IR beam at the focus point and its relationship to the aperture size; and A.3
the fiber optic output beam width and power as a function of distance to the sample.

A.1. The Position of the Sample Center. (Notebook #10, pages 22-23)

Figure A.1 shows the physical position of the center of the sample on the X-Y plane
(top view). Since the sample manipulator has vertical motion, information on the Zdirection is not useful at this point. The measurements were made on the bare cell cube
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without the differentially pumped windows. As shown in Figure A.2, a ruler with known
thickness (measured by caliper) was pressed tightly against the cell’s outer-wall to create
a spacer plate for the flat side of the caliper to rest against. This arrangement assured
that the caliper pin is perpendicular to the W-mesh. The thickness of the ruler was later
deducted from the total length measured. It is important to note the orientation of the
Ni-clamps when making the measurements as shown in Figure A.1, since the distance
will be different when the Ni-clamps are turned 180°. A similar method was used for the
y-direction measurements.

Top View

Figure A.1. Top view of the cell with the sample center position labeled (dimensions in inches).

Figure A.2. Scheme of the measurement setup.
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The measured values shown in Figure A.1 are only for reference use and rough
estimation for future users, since each individual feed-through employed should give a
unique (but similar) sample position.

A.2. The Width of the IR Beam at the Sample Position and Its Relationship
to the Aperture Size. (Notebook #10, pages 8-21)

The FTIR spectrometer is equipped with an aperture wheel that can control the IR
beam width. The aperture can be set to a value between 0.5 mm and 6 mm. Ideally, one
should be able to choose an appropriate aperture size that is slightly smaller than the
sample size to obtain a high signal to noise ratio without incident light missing the
sample. However, it was found that the actual IR beam size at the center of the cell is not
directly proportional to the aperture size. The aperture size shown on the computer
should only be used as a reference to the trend of the actual IR beam. This session
explains the method used to measure the IR beam size near the center of the IR cell and
the measured values.

Figure A.3. Tools used to calibrate the IR beam size. A, manipulation stage; b, cardboard mask.
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A manipulator stage with separate X, Y, Z-direction motions was employed, as shown
in Figure A.3a. The graduated scales on the manipulator stage are labeled to 1/1000”
increments. A number-9-shaped cardboard mask was made and glued to the
manipulator, as shown in Figure A.3b. The width of the mask was enough to block the
entire IR beam at the widest measurements. Aluminum tape was used to add more
weight and stiffness to the cardboard, so the mask remained straight and still during the
measurements. A set of separate rulers was drawn on the empty cell edges, as shown in
the inset of Figure A.4. A Y-value was fixed for each set of X and Z direction
measurements.

X direction (in)

Figure A.4. IR beam width calibration at 3 mm aperture size. Each curve shows the IR beam
width at the indicated Y-position.

Aperture sizes 0.5 mm, 1 mm, 3 mm, and 5 mm were tested. The final results are
plotted in Figures 4-6, and are summarized below:
1.) The beam size does not change much through the cell (along the Y-direction), as
shown in Figure A.4. In other words, the focus point is not sharp.
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2.) The beam size increases as the aperture setting increases, but not proportionally,
as shown in Figures A.5-6. With a 7-mm (0.28 in) diameter sample spot, the 3 mm
aperture setting is the optimal value (5.7 mm).
3.) The beam width on the x-direction and the z-direction are similar, with the xvalue slightly larger.

X direction (in)

Figure A.5. IR beam width on the X-direction at indicated aperture size.

Z direction (in)

Figure A.6. IR beam width on the Z-direction at indicated aperture size.

The center position of the IR beam can be adjusted by tuning the two optical mirrors
in front of the cell. The other two optical mirrors located after the cell in the IR path need
to be adjusted accordingly to collect the maximum IR signal. When using the IR alone,
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the Z-direction location of the IR beam is not very important as long as all of the IR
beam can exit the cell via the KBr window. This is because the sample can be moved into
the IR beam by the Z-direction manipulator. However, when using in conjunction with
the UV source, it is crucial to make sure the UV beam and the IR beam are at the same
height, for in situ UV-IR measurements. A similar set of measurements to locate the Zdirection location of the IR beam was made and the result is reported in Figure A.7. The
UV optical cable was installed according to this measurement as well as the sample
position reported in the last section.

Side View
X

1.66
1.50

3.38
IR

fiber optic tip
.18

widest sampk width
0.28
Figure A.7. Side view of the cell with sample position, IR beam position, and UV fiber optic tip
position labeled (dimensions in inches).

A.3. Calibration and Installation of the Ultraviolet Fiber Optics (Notebook #9,
pages 142-152; Notebook #10, pages 1-8, 24-25, 33)

a. Calibration of the UV Lamp and the Fiber Optics

The UV source in use is a Hg arc lamp. The UV light generated is then directed to the
sample inside the vacuum cell through fiber optics. The fiber optics comes in 6 parts. In
the connecting sequence, they are: UV source to fiber optics focus head, air part of the
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fiber optics cable, air part fiber optics to CF flange connector, fiber optics CF flange,
vacuum part fiber optics to CF flange connector, and the vacuum part fiber optics cable.
The output intensity of the fiber optics decays while the output spot size increases, as
the target distance increases. One of the goals of the calibration is to decide the optimum
distance between the fiber optics output and the sample, where the output spot size is
large enough to cover the entire sample (7 mm, 0.28 in). The other goals of the
calibration are to test the stability of the UV lamp, to test the loss of intensity at the air to
vacuum connection, and to test the dependence of the cable outlet intensity on the target
distance.
A thermopile with a 2 mm x 2 mm detector area was used for the calibration. The
absolute intensities measured were not used for the position calibration purpose, but the
thermopile was calibrated to 23.2 V/W with linear upper limit of 0.1 W/cm2. In the
calibration setup, the thermopile was fixed on the bench top, and the optical cable is
attached to the manipulator stage shown in Figure A.3. The manipulator stage provided
accurate distance movement for the output power decay study, and accurate lateral
movement for output spot size measurements.
Figure A.8 shows the output spot size as a function of the distance between the outlet
and the target. In this study, the cable outlet is moved laterally in the same plane that is
located at a fixed distance away from the thermopile detector. The plots are trapezoids
because the left and right legs are formed when the UV beam enters and leaves the active
detector area, while the shorter base is formed when the UV beam covers the entire
detecting area, generating higher and constant measured intensity. The outlet spot size
is revealed as the length of the longer base of the trapezoid. The optimum distance
between the outlet and the sample is 3 cm, where a ~9 mm (0.36 in) output is observed.
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This spot size is big enough to cover the entire 7 mm-diameter maximum sample, with
some space for mis-alignment.

Vaccum part output spot size (cm)

Figure A.8. Fiber optic vacuum part cable output spot size measured at indicated target distance.

Power Supply (W)

Figure A.9. UV lamp stability test.

The UV lamp power supply provides 150-500 W of power. The UV lamp intensity can
be controlled accurately by tuning the power supply output. Figure A. 9 shows the
vacuum part cable output intensity at 3 cm distance as a function of power supply output,
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over 3 days of testing. The measurements were made after the lamp had warmed up at
500 W power for 30 min.
The UV output intensity decrease as target distance increases was measured at the air
part cable outlet and the vacuum part cable outlet, as shown in Figure A. 10. This study
shows that there is a loss of the power at the CF flange connectors.

Figure A.10. Plots of the outlet intensity decay as a function of increasing target distance from
the end of separate parts of the fiber optics cables. Both the air cable output and the vacuum cable
output are reported.

b. Installation of the Fiber Optics.

As shown in Figure A.10, the UV output intensity decays roughly exponentially with
increasing distance to the target. In addition, the UV output spot is only slightly bigger
than the sample. As a result, it is very important to fix the tip of the vacuum part of the
fiber optics cable at the correct position.
The vacuum part of the fiber optic cable is 14.5 in long. The cable has some flexibility,
but it cannot be bent at a sharp angle or it will damage the fiber inside. In order to keep
the fiber optic cable straight, the length of the IR cell was extended by 4 additional CF
flange extension tubes with lengths of 2.5 in, 5 in, 5 in, and 2.625 in (total 15.125 in). A
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special clamp was designed to hold the tip of the cable at the exact position, 3 cm away
from the cross where the sample and the IR beam meets, as shown in Figure A.7. The
clamp was slotted to avoid virtual leaks. A front view scheme of the clamp is given in
Figure A.11.

Figure A.11. A front view scheme of the fiber optic clamp.
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Appendix B
Maintenance of the Parker Purging Gas Generator.

The Parker Balston® FT-IR purging gas generator (Model 75-52) filters out the H20 (73 F dewpoint) and C02 (<ippm) components from the compressed air provided by the
department, to produce IR silent purging gas for the FTIR spectrometer. It consists of
four main parts (Figure B.i) that need maintenance from time to time: 1) pre-filter, 2)
logic box, 3) twin-filter towers, and 4) humidity indicator.

Figure B.i. The purging gas generator system with extra external filters installed.

The generator operates at room temperature with an inlet air pressure of 60-125 psi.
The sorbent material inside the twin-filter towers (3) removes a moderate amount of
moisture from incoming air. However, an excessive amount of water or oil damages the
filtration material irreversibly. The pre-filter (1) prevents some of the oil and liquid water
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from entering the towers by adsorptive filtration. The excess liquid oil and water caught
by the pre-filter accumulates at the bottom of the airtight container and exits when the
stopper floats up. The pre-filter will get saturated and gradually loose it’s filtration
ability. The manufacturer suggests changing the pre-filter annually.
It has been noticed that the compressed air entering the gas generator sometimes
carries a large amount of water and oil that cannot be completely removed by the pre
filter. An additional set of external filters (0) is installed in front of the pre-filter, as
shown in Figure B.1. These external filters are purchased from Reading Technologies
(800-521-9200, www.driair.com) and the filters inside need to be replaced every 6
months. The part numbers for the external filter replacement elements are: 23-P4 and
23-P14.
It is very important to have good pre-filter to protect the gas generator. However, if
the twin-filter towers get damaged, indicated by IR observation, replacements can be
purchased from Parker (part number B05-0020). Figure B.2 shows an example of the
gas phase CO2 level as a function of time, when one of the twin towers is damaged.
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Figure B.2. Plots of integrated absorbance of C02, in purged IR pathway and in IR cell, as a
function of time.
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The twin towers work alternatively, controlled by the logic box (3). The inlet air is
directed to one tower at a time—the working tower, while the other tower is idling. The
outlet H2O- and CO2- free air from the working tower is divided to two parts, one used to
purge and clean the idling tower, the other one directed to the outlet of the generator.
Each tower works for about 4 min and 54 s. The switch is activated by the electronics in
the logic box (3). A loud outgassing sound can be heard when the switch occurs, as the
working tower looses air and the idling tower picks up the pressurized air. One can
monitor the switching noise to diagnose if the logic box is working properly. The
outgassing sound should happen every 4’54” ± 2”. The cycle interval shown in Figure B.2
is ~10 min, indicating that only one tower is damaged. The logic box can also be
purchased from Parker.
When switching to new twin-filter towers, the generator should run 24 h with the
outlet to the IR spectrometer closed, in order to activate/clean the filtration materials
inside the towers. This can also be performed periodically to regenerate the generator.
Part 4 of the gas generator is a humidity indicator. When the generator is working
properly, the indicator should be green. If the outlet air contains a large amount of water,
the indicator will be yellow. However, the humidity indicator is not as sensitive as the IR
spectrometer. One would notice the unusual CO2 and H2O noise level before the
humidity indicator turns yellow. To change the humidity indicator, simply unscrew the
nut at the bottom.
The annual maintenance kit (part number MK7552) sold by Parker contains a pre
filter and a humidity indicator. It is very important to keep monitoring the status of the
pre-filter (1) and the external filters (0). They should be replaced more often than in the
standard interval when compressed air quality is poor, and less often when compressed
air quality is good.
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Appendix C
Gas Line Volume Calibration.*
^Contents from this chapter are located on Notebook #6, pages 36-43.

When dosing gas reactants to the IR cell, sometimes mixtures of two or more gases
with fixed ratios need to be made in the gas line. Such operations are performed by
mixing together known amount of different gases trapped in separate portions of the gas
line. The gas amount in each portion is calculated from the pressure of the gas and the
volume of the part of the gas line filled with that gas, following the Ideal Gas Law.

Figure C.1. Scheme of the gas line and the sectioning of the volume calibration.

A gas line volume calibration was carried out in order to fulfill the needs of mixing
gases. A diagram of the gas line and the calibration sectioning is shown in Figure C.1. A
glass bulb (standard) with known volume (V , 503.3 mL) is attached to the gas line. A 6”
s

long stainless steel cold trap (with a double male connector) noted as V0 was also
calibrated. The volume between the glass bulb and the gas line, noted as VT, was also
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calibrated. This small volume is the connection between a female (on the gas line) and a
male VCR. It can change slightly from connection to connection, depending on how the
male VCR is welded to the next connection (possibly a valve). The rest of the gas line was
divided into 3 sections, noted as V1, V2, and V3. The final result of the calibrated volumes
of each labeled section is given in Table C.1.
The volume calibration is done using room temperature air, following Boyle’s law:
PiVi = PfVf. Room temperature air is a good and free substitute/model for other gases
under dosing conditions. Air from an initial section (Vi) with a known pressure (Pi) is
expanded to a larger final section (Vf) to obtain a new equilibrium pressure (Pf). As
shown in Figure C.1, there is only one gauge on the gas line for pressure reading, which is
a 0.1-1000 Torr capacitance monometer. As a result to the position of the pressure
gauge, V1 need to be included in all pressure measurements in order to have a pressure
reading.

Table C.1. Gas Line Sections Volume

Section

V0

V1

V2

V3

V

Volume (mL)

57.7

99.7

40.6

51.0

2.6

t

The closed IR cell with the UV fiber optics extension and without the QMS portion is
~ 2.5 L (note that the cell volume changes with the sample z-position). Following is a
sample calculation of how to produce 20 Torr of 1:100 ratio O2:H2 mixture in the gas line
section V1+V2, where O2 is connected to the V2 portion of the gas line while H2 is
connected to the V1 part of the gas line.

P(02)*!2 = _L
P(H2)xV1

100

20 Torr x (V1 + V2) = P(02)xV2 + P(H2)xV1
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Solving the two equations together yields P(O2)=o.7 Torr and P(H2)=27.9 Torr. (Keep in
mind that the pressure gauge reads to the 0.1 Torr.) Since the pressure gauge is
connected to V1, trapping H2 in V1 should be the last step. In other words, one should fill
(V1+V2) with 0.7 Torr of O2 first. Then trap the 0.7 Torr of O2 in V2 and evacuate V1 for H2
trapping. After 27.9 Torr of H2 is trapped in V1, open the valve between V1 and V2 to let
O2 and H2 mix. The pressure gauge should read close to 20 Torr after all operations.
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