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Abstract
Elementary Steps and Site Requirements for NOx Adsorption and Oxidation
on Metal and Oxide Surfaces
by
Brian M. Weiss
Doctor of Philosophy in Chemical Engineering
University of California, Berkeley
Professor Enrique Iglesia, Chair

NO oxidation catalysts are used in conjunction with NOx adsorbents to remove toxic
nitrogen oxides from combustion effluents that lack CO and residual hydrocarbons as
reductants. Efficient NOx trapping strategies require detailed knowledge of the reaction
mechanism and the structural requirements for NO oxidation and for NOx adsorption,
which are investigated here by kinetic, isotopic, and spectroscopic methods.
NO oxidation rates on Pt, PdO, RhO2, and Co3O4 catalysts increase linearly with O2
and NO pressures and are inhibited by NO2, consistent with a kinetically-relevant NO
oxidation step that requires the reaction of O2 with vacancies (*) on active sites nearly
saturated with oxygen atoms (O*). Equilibrated reactions between catalyst surfaces and
NO and NO2 molecules establish the concentration of oxygen vacancies during NO
oxidation. Measurements of 16O2-18O2 exchange rates are used to confirm and to further
investigate the O2 activation steps proposed for NO oxidation. NO oxidation rates on all
catalysts are markedly higher on large metal and oxide clusters that bind oxygen more
weakly than small clusters; consequently, oxygen vacancies become more abundant as
cluster size increases. Both RhO2 and Co3O4 undergo one-electron reductions to
intermediate oxidation states (Rh2O3 and CoO) when vacancies form during NO
oxidation, which allows both Rh and Co oxides to effectively catalyze NO oxidation.
The pervasive NO2 inhibition of NO oxidation turnovers leads to synergistic effects
between NOx adsorbents and NO oxidation catalysts. NO oxidation rates are much higher
when NO2 adsorption sites are present to bind NO2 as it forms on catalyst sites, and NO
oxidation rates depend critically on the rate of NO2 adsorption on oxide substrates.
NOx adsorption on BaO-containing solids leads to nitrites (NO2–) and nitrates (NO3–).
The formation of nitrites on BaO/Al2O3 requires vicinal co-adsorption of NO and NO2 to
displace carbonates that form during exposure to CO2 in combustion effluent. NO and
NO2 bind rapidly as nitrite, but NOx uptakes as nitrite are limited in CO2-rich streams by
thermodynamics that result in most binding sites being occupied with carbonate at high
CO2/NOx ratios. Nitrates are more stable, and their formation is required to achieve large
NOx uptakes from combustion effluent. The conversion of nitrites to nitrates, however,
requires N2O4 molecules as oxidants that form slowly by non-activated homogeneous
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NO2 dimerization reactions, consistent with nitrate formation rates that increase with
(NO2)2 and are independent of adsorbate coverage. Pt clusters present in close proximity
to nitrite-saturated BaO domains provide a catalytic route for the formation of N2O4 that
reacts subsequently with nitrites. These elementary steps lead to nitrate formation rates
on BaO/Pt/Al2O3 that are inhibited by NO and are proportional to NO2 pressure and the
coverage of unreacted nitrites. The results herein identify the physical limitations of
oxidation catalysts and NOx adsorbents that are used for NOx trapping and provide new
opportunities for optimizing NOx storage materials by exploiting previously
unrecognized synergies between the catalyst and adsorbent components.
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CHAPTER 1
NOx STORAGE-REDUCTION STRATEGIES

Nitrogen oxides (NOx) adversely affect human health and are generated in significant
quantities by automobile engines as combustion byproducts. Public concern over NOx
emissions has resulted in strict regulations on the exhaust from motored vehicles. The
mandated targets for NOx emissions are efficiently achieved for conventional sparkignition (gasoline) engines by noble metal (“three-way”) catalysts on which NOx and
residual O2 are reduced by stoichiometric amounts of CO and residual hydrocarbons to
harmless species (N2, CO2, and H2O) [1-5]. Compression-ignition (Diesel) engines,
however, operate at conditions that lead to elevated O2 pressures in the exhaust, and
reductants are completely consumed before NOx is converted to N2 [2-5]. As a result, the
noble metal catalysts used to control Diesel exhaust achieve negligible NOx conversions
to N2, and alternate strategies are required to satisfy increasingly stringent regulations
that now demand NOx conversions above 95% and outlet NOx concentrations below 1 Pa
(Table 1).
Table 1. NOx emissions standards for a heavy-duty Diesel engine vehicle.
Europe
United States
Amount
NOx outlet
Amount
NOx outlet
Year
emitted [5]
pressure
Year
emitted [6]
pressure
a
(g NOx / kWh)
(Pa)
(g NOx / kWh)
(Pa)a
Pre-1996
No limit
10-30b Pre-1987
No limit
10-30b
1996
7.0
8.5
1987
14.3
17.3
2008
2.0
2.4
2003
5.3
6.4
2013
0.4
0.5
2010
0.3
0.4
a. NOx pressure that meets the emission limit for a 400 kW engine with fuel
consumption of 200 g kWh-1 and air-to-fuel ratio of 44 g fuel (g air)-1, which are
typical values for Diesel engines [7].
b. NOx pressure in untreated Diesel exhaust streams [7].
The decomposition of NOx to N2 and O2 over solid catalysts in the absence of CO or
residual hydrocarbons is inhibited by O2 [8-12], and thermodynamics restricts NOx
conversions to impractical levels at relevant conditions [13]; therefore, efficient NOx
removal requires the presence of reductant molecules that are usually absent from Diesel
exhaust. The necessary reductants (e.g. urea) can be added to exhaust streams by
mechanical injectors, but such systems require frequent maintenance and suffer control
problems in balancing reductant injection and NOx emission rates [14, 15]. Alternatively,
NOx can be adsorbed on solid surfaces to remove it from exhaust (Scheme 1, left panel)
[16-18]. Saturated adsorbents can be regenerated by briefly modifying engine conditions
to achieve pulses of residual hydrocarbons that reduce adsorbed NOx to N2 (Scheme 1,
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right panel) [16-18]. This strategy has been applied in practice, but is not widespread
because expensive noble metal components are used inefficiently and models of the
adsorbent chemistry are inadequate to develop reliable control schemes [17, 18]. These
problems are exacerbated by numerous contradictory proposals concerning the
fundamental chemistry of NOx storage reactions [17, 18]; therefore, the purpose of this
dissertation is to clarify and elucidate the elementary steps and site requirements for NOx
adsorption on relevant materials.
Scheme 1. Proposed fundamental processes of NOx storage and reduction from [16].

Nitric oxide (NO) is the primary NOx constituent of engine exhaust, but NO interacts
weakly with most oxide substrates at typical exhaust conditions; therefore, catalysts are
required to react NO with residual O2 to form NO2 molecules that bind strongly to basic
metal oxides [16, 19-21]. Dispersed Pt clusters show high NO oxidation reactivity and
are commonly used as NO oxidation catalysts [22, 23]. Kinetic studies of NO oxidation
on Pt suggest that a reaction between O2 and a bare Pt site is the sole kinetically-relevant
step, but that a majority of Pt sites are occupied by chemisorbed oxygen atoms during
reaction as a result of equilibrated reactions involving NO and NO2 [24, 25]. Kinetic
studies also find that catalysts with large Pt clusters show higher turnover rates than
catalysts containing small clusters [22-26], but the reason for these size effects remains
contentious and may involve either the formation of unreactive oxides by small Pt
clusters or inherent differences in the oxygen binding energies between small and large
clusters. This controversy and additional mechanistic details are resolved in Chapter 2, in
which the proposed mechanism is first confirmed by isotopic labeling experiments and by
kinetic data over a wider range of conditions than recorded previously. Pt clusters of all
sizes are shown to remain as metals during reaction; therefore, the size effects result from
differences in oxygen binding energies on the surfaces of large and small clusters, and
not from the formation of unreactive oxides by small clusters.
Other catalysts (based on PdO, RhO2, and Co3O4) also possess significant reactivity
for NO oxidation to NO2 [27-31], but no rigorous mechanistic details or comparisons
between the reactivity of each catalytic element have previously been reported. Chapter 3
addresses this deficiency for PdO clusters by applying kinetic and isotopic methods to
show that the elementary steps for NO oxidation on PdO are similar as those on metallic
Pt catalysts, though Pd clusters are present as oxides during reaction. The effects of
cluster size on NO oxidation rates are compared on both Pt and PdO catalysts to identify
the structural properties that control NO oxidation rates on metal and oxide surfaces.
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Chapter 4 completes the mechanistic studies of NO oxidation with kinetic data on
dispersed RhO2 and Co3O4 catalysts. Both RhO2 and Co3O4 show similar kinetic behavior
for NO oxidation as Pt and PdO catalysts, consistent with the kinetic-relevance on all
catalysts of an O2 activation step on oxygen-atom vacancies. RhO2 and Co3O4 catalysts
differ, however, from Pt and PdO catalysts because both Rh and Co form stable oxides
with intermediate oxidation states (Rh2O3 [32] and CoO [33]) that are accessible during
the formation of vacant sites within catalyst surfaces. The availability of such
intermediate oxidation states causes high O2 activation rates on RhO2 and Co3O4 and
leads to different pathways for O2 activation during isotopic O2 exchange reactions and
during NO oxidation.
NO oxidation reactions provide NO2 molecules that irreversibly bind to basic oxide
substrates, but high concentrations of NO2 strongly inhibit NO oxidation by diminishing
the abundance of oxygen vacancies on which O2 is activated [24, 25]. As a result, NO
oxidation rates are found to be significantly higher in the presence of BaO adsorbents that
strongly bind NO2 as it forms on Pt and PdO catalysts (Chapters 2 and 3, respectively).
Local NO2 concentrations are critically affected by intrinsic adsorption rates and by the
density of sites that irreversibly bind NO2, and these properties of adsorbents are
investigated in more detail in the final chapter of this dissertation.
NO2 readily adsorbs on many oxides [16, 34], but only the most basic oxides (K2O
and BaO) have received attention because more reactive oxide surfaces are required to
bind NOx at the high temperatures (623-673 K) that appear to be required for efficient
NOx storage-reduction strategies [21]. NOx adsorbs on both K2O and BaO as nitrite
(NO2–) and nitrate (NO3–) [20, 35-41], but the reactions that form such species at relevant
conditions remain unclear. Nitrite formation may occur by molecular adsorption of NO or
NO2 on oxide [35, 39, 41-43] or peroxide [43, 44] surfaces, or via steps involving Ptcatalyzed reactions of NO and O2 [45]. The formation of nitrates requires oxidants (e.g.
O2 or NO2) to provide additional oxygen atoms that convert molecularly adsorbed NOx to
nitrates [35, 42, 46-48]. The necessary oxidants may react directly with molecularly
adsorbed species [42, 46] or with oxide substrates to form peroxide intermediates that
oxidize NO2 as it adsorbs [43, 47, 48]. The presence of noble metal sites near NO2
adsorption sites leads to greater NOx uptakes as nitrate [15, 38, 45], but the mechanism
for nitrate formation via reactions on oxidation catalysts and the proximity requirements
remain speculative. The rate-limiting steps for NOx adsorption have not been identified;
therefore, it remains unclear whether the empirically-determined optimal conditions for
NOx trapping [21] reflect a need to displace pre-formed carbonates that are present on
basic oxide substrates exposed to streams containing high CO2 pressures or a need to
oxidize NO2 to form stable nitrates (NO3–).
Chapter 5 investigates NOx adsorption on BaO containing solids by combining
infrared spectroscopy and kinetic data to identify specific reactions and rate-limiting
steps for nitrite and nitrate formation. The NOx adsorption reactions are studied at
conditions that cause nitrites and nitrates to form at significantly different rates, allowing
each process to be studied independently. These measurements show that nitrite
formation occurs rapidly and requires molecular co-adsorption of NO and NO2 at vicinal
positions to displace pre-formed carbonate. Equilibrium nitrite coverages, however, are
shown to be limited in the presence of high CO2 levels (~10 kPa) relative to NOx (~0.01
kPa), as carbonate species compete with nitrite for binding sites. The formation of more
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stable nitrates leads to higher NOx uptakes, but requires N2O4 molecules as oxidants,
which form slowly via non-activated homogeneous bimolecular collisions between NO2
molecules. The presence of Pt sites in close proximity to BaO adsorption sites allows
nitrites to convert to nitrates at much higher rates; the measured nitrate formation kinetics
suggest a mechanism in which reactions on Pt establish equilibrium concentrations of
N2O4 that subsequently react with nitrites on BaO surfaces via activated processes. These
Pt-catalyzed nitrate formation reactions are required to form stable adsorbates at the high
space velocities and low residual NOx pressures in exhaust treatment systems.
This dissertation on NO oxidation and NOx adsorption identifies a previously
unrecognized synergy between the catalysts and adsorbents used in lean de-NOx trapping
strategies. A transition metal or metal oxide is necessary to catalyze NO oxidation to
more reactive NO2 molecules, but NO2 inhibits NO oxidation; therefore, basic oxide
substrates must rapidly and irreversibly bind NO2 to lower its concentration and increase
NO oxidation rates. NO2 adsorption on BaO-containing solids in streams containing high
CO2 concentrations requires storage as stable nitrates that are formed by reactions
involving N2O4 oxidants. These N2O4 oxidants are formed much faster by reactions of
NO2 on Pt surfaces than by homogeneous NO2 dimerization reactions; therefore,
reactions on oxidation catalyst sites provide an efficient pathway by which the adsorbent
can irreversibly bind NO2 from CO2-containing streams. Successful NOx storage
strategies then must appropriately employ the oxidation catalyst and the NOx adsorbent to
facilitate high rates of both NO oxidation and NO2 adsorption.
References
[1] J. Kaspar, P. Fornasiero, N. Hickey, Catal. Today, 77 (2003) 419.
[2] H.S. Gandhi, G.W. Graham, R.W. McCabe, J. Catal., 216 (2003) 433.
[3] M. Shelef, R.W. McCabe, Catal. Today, 62 (2000) 35.
[4] M.V. Twigg, Catal. Today, 117 (2006) 407.
[5] R. Burch, Catal. Rev., 46 (2004) 271.
[6] United States Environmental Protection Agency, Emission Standards Reference
Guide, 2010, http://www.epa.gov/otaq/standards/index.htm, accessed Nov. 6, 2010.
[7] J.B. Heywood, Internal Combustion Engine Fundamentals, McGraw-Hill, Inc., New
York, 1988.
[8] B. Moden, P. Da Costa, B. Fonfe, D.K. Lee, E. Iglesia, J. Catal., 209 (2002) 75.
[9] A. Amirnazmi, M. Boudart, J. Catal., 30 (1973) 55.
[10] A. Amirnazmi, M. Boudart, J. Catal., 39 (1975) 383.
[11] F. Garin, Appl. Catal. A-Gen., 222 (2001) 183.
[12] M. Iwamoto, H. Yahiro, K. Tanda, N. Mizuno, Y. Mine, S. Kagawa, J. Phys. Chem.,
95 (1991) 3727.
[13] C.T. Goralski, W.F. Schneider, Appl. Catal. B-Environ., 37 (2002) 263.
[14] M. Koebel, M. Elsener, M. Kleeman, Catal. Today, 59 (2000) 335.
[15] P. Forzatti, Appl. Catal. A-Gen., 222 (2001) 221.
[16] N. Takahashi, H. Shinjoh, T. Iijima, T. Suzuki, K. Yamazaki, K. Yokota, H. Suzuki,
N. Miyoshi, S. Matsumoto, T. Tanizawa, T. Tanaka, S. Tateishi, K. Kasahara, Catal.
Today, 27 (1996) 63.
[17] W.S. Epling, L.E. Campbell, A. Yezerets, N.W. Currier, J.E. Parks II, Catal. Rev.,
46 (2004) 163.

4

[18] S. Roy, A. Baiker, Chem. Rev., 109 (2009) 4054.
[19] N.W. Cant, M.J. Patterson, Catal. Today, 73 (2002) 271.
[20] E. Fridell, H. Persson, B. Westerberg, L. Olsson, M. Skoglundh, Catal. Lett., 66
(2000) 71.
[21] E. Fridell, M. Skoglundh, B. Westerberg, S. Johansson, G. Smedler, J. Catal., 183
(1999) 196.
[22] L. Olsson, H. Persson, E. Fridell, M. Skoglundh, B. Andersson, J. Phys. Chem. B,
105 (2001) 6895.
[23] L. Olsson, B. Westerberg, H. Persson, E. Fridell, M. Skoglundh, B. Andersson, J.
Phys. Chem. B, 103 (1999) 10433.
[24] S.S. Mulla, N. Chen, W.N. Delgass, W.S. Epling, F.H. Ribeiro, Catal. Lett., 100
(2005) 267.
[25] S.S. Mulla, N. Chen, L. Cumaranatunge, G.E. Blau, D.Y. Zemlyanov, W.N. Delgass,
W.S. Epling, F.H. Ribeiro, J. Catal., 241 (2006) 389.
[26] L. Olsson, E. Fridell, J. Catal., 210 (2002) 340.
[27] S. Salasc, M. Skoglundh, E. Fridell, Appl. Catal. B-Environ., 36 (2002) 145.
[28] Y. Su, K.S. Kabin, M.P. Harold, M.D. Amiridis, Appl. Catal. B-Environ., 71 (2007)
207.
[29] M.M. Yung, E.M. Holmgreen, U.S. Ozkan, J. Catal., 247 (2007) 356.
[30] C.H. Kim, G. Qi, K. Dahlberg, W. Li, Science, 327 (2010) 1624.
[31] H. Abdulhamid, J. Dawody, E. Fridell, M. Skoglundh, J. Catal., 244 (2006) 169.
[32] O. Muller, R. Roy, J. Less-Common Met., 16 (1968) 129.
[33] W.M. Haynes, CRC Handbook of Chemistry and Physics, 91st Edition, in, CRC
Press/Taylor and Francis, Boca Raton, FL, 2011.
[34] C. Verrier, J.H. Kwak, D.H. Kim, C.H.F. Peden, J. Szanyi, Catal. Today, 136 (2008)
121.
[35] C. Sedlmair, K. Seshan, A. Jentys, J.A. Lercher, J. Catal., 214 (2003) 308.
[36] F. Prinetto, G. Ghiotti, I. Nova, L. Lietta, E. Tronconi, P. Forzatti, J. Phys. Chem. B,
105 (2001) 12732.
[37] B. Westerberg, E. Fridell, J. Molec. Catal. A Chem., 165 (2001) 249.
[38] L. Lietta, P. Forzatti, I. Nova, E. Tronconi, J. Catal., 204 (2001) 175.
[39] A. Desikusumastuti, M. Happel, K. Dumbuya, T. Staudt, M. Laurin, J.M. Gottfried,
H.-P. Steinruck, J. Libuda, J. Phys. Chem. C, 112 (2008) 6477.
[40] C.-W. Yi, J.H. Kwak, J. Szanyi, J. Phys. Chem. C, 111 (2007) 15299.
[41] F. Prinetto, M. Manzoli, S. Morandi, F. Frola, G. Ghiotti, J. Phys. Chem. C, 114
(2010) 1127.
[42] A. Desikusumastuti, T. Staudt, M. Happel, M. Laurin, J. Libuda, J. Catal. 260 (2008)
315.
[43] T.J. Toops, D.B. Smith, W.P. Partridge, Catal. Today, 114 (2006) 112.
[44] S.S. Chaugule, A. Yezerets, N.W. Currier, F.H. Ribeiro, W.N. Delgass, Catal. Today,
151 (2010) 291.
[45] I. Nova, L. Castoldi, L. Lietta, E. Tronconi, P. Forzatti, F. Prinetto, G. Ghiotti, J.
Catal., 222 (2004) 377.
[46] H. Mahzoul, J.F. Brilhac, P. Gilot, Appl. Catal. B-Environ., 20 (1999) 47.
[47] C. Hess, J.H. Lunsford, J. Phys. Chem. B, 106 (2002) 6538.
[48] C. Hess, J.H. Lunsford, J. Phys. Chem. B, 107 (2003) 1982.

5

CHAPTER 2
NO OXIDATION CATALYSIS ON PT CLUSTERS:
Elementary steps, structural requirements, and synergistic effects of NO2 adsorption sites

Abstract
Kinetic and isotopic methods show that NO oxidation on supported Pt clusters
involves kinetically-relevant molecular O2 adsorption on surfaces nearly saturated with
oxygen adatoms (O*). Oxygen chemical potentials at Pt surfaces determine O*
coverages; they are rigorously expressed as O2 virtual pressures and depend on the
thermodynamics of NO2-NO interconversion reactions. NO oxidation and 16O2-18O2
exchange rates were identical at the same oxygen chemical potential, consistent with
kinetically-relevant molecular O2 adsorption in both cases. NO oxidation and 16O2-18O2
exchange rates increased with increasing size on Pt clusters that remain metallic during
these reactions. These cluster size effects reflect the weaker oxygen bonds and higher
vacancy concentrations on larger clusters, which bind oxygen adatoms more weakly than
smaller clusters. These trends are similar to those found for methane and dimethyl ether
combustion on Pt and Pd catalysts, which require vacancy sites on O*-saturated cluster
surfaces in their respective kinetically-relevant steps. Inhibition of NO oxidation by NO2
persists to undetectable NO2 concentrations and leads to large increases in NO oxidation
turnover rates when Pt clusters are placed within diffusion distances of NO2 adsorption
sites on BaCO3/Al2O3 adsorbents. NO oxidation rates on intrapellet catalyst-adsorbent
mixtures are accurately described by a simple reaction-adsorption model in which NO2
adsorbs via displacement of CO2 on BaCO3 surfaces.
1. Introduction
NOx storage systems consisting of noble metal catalysts and alkali or alkaline-earth
adsorbents offer potential strategies to remove NOx from fuel-lean combustion exhaust
[1], but require larger amounts of costly noble metals than alternate abatement strategies,
thus hindering their widespread use [2,3]. In these systems, noble metals catalyze NO
oxidation to NO2, which binds on adsorbents [1] but the detailed mechanisms for
oxidation and adsorption and for the coupling of these two functions remain controversial
and incompletely understood [2].
NO oxidation kinetics on Pt/Al2O3 are consistent with kinetically-relevant molecular
O2 adsorption on Pt surfaces nearly-saturated with chemisorbed oxygen (O*) [4]. Density
functional theory (DFT) treatments concluded that chemisorbed NO increases O2
dissociation rates and leads to higher O* coverages than achieved by exposing catalysts
to O2 in the absence of NOx co-reactants [5]. Rate data on catalysts with varying Pt
dispersion and cluster size indicate that NO oxidation occurs more rapidly on large than
small Pt clusters [6]. These studies remain silent about whether cluster size effects reflect
the formation of inactive Pt oxides or stronger surface Pt–O bonds for small clusters [6].
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The effects of NO2 adsorbents on NO oxidation processes have been examined by
measuring NO conversion rates on catalyst-adsorbent mixtures. These studies have
claimed that atomic contact among Pt and BaO species is required for efficient NO2
removal [7-9]. These conclusions relied on data from materials for which the structure of
Pt clusters and of BaO adsorption sites changed concurrently with their proximity [7-9].
Detailed kinetic interpretations were also rendered equivocal by the complete NO
conversion levels that prevailed throughout these studies [7-9].
Here, we provide kinetic and isotopic evidence for the identity and relevance of
elementary steps involved in NO oxidation on Pt clusters under conditions of strict
kinetic control. We compare NO oxidation and 16O2-18O2 isotopic exchange reactions to
confirm the kinetically-relevant O2 activation steps on Pt surfaces. We also show that Pt
clusters remain as metals during NO oxidation by X-ray diffraction measurements and by
investigating the kinetic-consequences of the O* coverage and the oxygen chemical
potential on NO oxidation rates. The observed effects of Pt cluster size on turnover rates
then result from variation in the strength of oxygen bonds on metal surfaces, which
affects the abundance of vacancies within chemisorbed oxygen adlayers required for O2
activation steps, as also shown for CH4 oxidation on Pt and PdOx clusters [10,11] and
dimethyl ether oxidation on Pt clusters [12], whose kinetically-relevant steps also involve
reactions on oxygen vacancies. Finally, we have measured NO oxidation rates on
mixtures of Pt catalysts and BaCO3 adsorbents to show that adsorbents increase NO
oxidation rates by scavenging NO2 molecules that inhibit NO oxidation. The pervasive
proximity requirements in catalyst-adsorbent formulations appear to reflect, for the most
part, NO2 inhibition of NO oxidation rates on Pt, which persists even at the very low NO2
pressures (<1 Pa) prevalent in catalyst-adsorbent systems.
2. Experimental Methods
2.1 Catalyst synthesis and characterization. -Al2O3 (Sasol SBa-200, 150 m2 g-1)
support powders were heated to 1023 K at 0.07 K s-1 in flowing dry air (Praxair, extra dry,
1 cm3 s-1 g-1) for 4 h before impregnation with precursor salts. Pt(NH3)4(NO3)2 (Alfa
Aesar, 99.99%) or Ba(CH3COO)2 (Alfa Aesar, 99.999%) were dissolved in de-ionized
water to prepare catalysts with 1.2% wt. Pt content and adsorbents with 17% wt. BaCO3.
Solutions were added dropwise to Al2O3 (3-5 g) up to the point of incipient wetness (0.5
cm3 g-1). Impregnated materials were treated in stagnant ambient air at 393 K for 4 h.
Al2O3 samples impregnated with Pt were heated in flowing dry air (Praxair, extra dry, 1
cm3 s-1 g-1) at 0.07 K s-1 to 673 - 948 K and held at the final temperature for 4 h to
prepare samples with a range of metal dispersion (0.1–0.7) and cluster size (1–8 nm).
Samples impregnated with Ba(CH3COO)2 were heated to 723 K in flowing dry air
(Praxair, extra dry, 1 cm3 s-1 g-1) at 0.07 K s-1, held at 723 K for 3 h, cooled to ambient
temperature, and treated in flowing 10% CO2/He (Praxair, 99.999%, 1 cm3 s-1 g-1) to form
samples containing BaCO3, which would have otherwise formed upon handling in
ambient air [13].
The fraction of exposed Pt atoms was measured from uptakes of irreversibly
chemisorbed H2 at 313 K (Quantachrome analyzer) using previously established
protocols [12]. Average cluster sizes were estimated from Pt dispersion values by
assuming hemi-spherical clusters with the metal density of bulk Pt (21.45 g cm-3) [14]. X-
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Ray diffraction patterns were measured using a Siemens D5000 diffractometer, Cu-K
radiation and a scan rate of 0.2º min-1. PtO2 (99.9%) was obtained from Sigma-Aldrich.
2.2 NO oxidation rate measurements. Reactant gases (99.999% purity) were obtained
from Praxair (2% NO/2% Ar/He, 1% NO2/He, 10% O2/He) and metered by electronic
controllers (Porter Instruments). He (Praxair, 99.999%) was used as an inert carrier. NO2containing mixtures were passed through 200 mg of Pt/SiO2 (0.36 dispersion, prepared in
the same manner as Pt/Al2O3; Davison Grade 62 Silica Gel) kept at 323 K to remove
impurities that were reported by others [15] and caused significant deactivation in our
case. Catalysts were pelleted and sieved to retain 0.18–0.25 mm aggregates and held
within a fritted quartz reactor (10 mm) kept at constant temperature by resistive heaters.
Temperatures were measured by K-type thermocouples at the outer reactor wall and
controlled electronically (Watlow Series 96). Concentrations in the inlet and outlet
streams were measured with a MKS Multigas 2030 infrared analyzer (2 cm3 cell; 2 cm
pathlength, 338 K). NO oxidation rates are reported as turnover rates (per surface Pt atom,
Pts) at NO conversions less than 25%. At conversions above 10%, rates were obtained by
an integral reactor formalism that incorporated the measured rate equation and the
assumption of plug-flow hydrodynamics.
Rates were measured between 553 K and 683 K for inlet streams containing NO
(0.048–0.242 kPa), O2 (0.3–8 kPa), and NO2 (0.002–0.129 kPa). Pt catalysts were treated
at 673 K in flowing 2 kPa H2/He (Praxair, 99.999% purity, 8 cm3 s-1 g-1) for 1 h before
rate measurements. NO oxidation rates were also measured after catalysts were exposed
to flowing 101 kPa O2 (Praxair, 99.999% purity, 8 cm3 s-1 g-1) as noted in Section 3.3.
Catalyst-adsorbent mixtures were prepared by mixing Pt/Al2O3 and BaCO3/Al2O3
components within the same pellets (0.12-0.18 mm) or as separate pellets (0.12-0.43 mm).
The grain size within pellets was <0.04mm. Catalyst-adsorbent mixtures were heated to
573 K at 0.08 K s-1 in a flowing mixture containing 0.5 kPa O2/0.5 kPa CO2/He (8 cm3 s-1
g-1) and held for 1 h in flowing 0.5 kPa O2/He before exposure to NO oxidation mixtures.
Adsorbent materials did not catalyze reactions of NO-O2 in the absence of Pt catalysts.
The cumulative NOx adsorption on Al2O3 (20 mol NOx g-1) was much less than on
BaCO3/Al2O3 (170 mol NOx g-1); thus, NOx adsorption on Pt/Al2O3 did not contribute to
the measured rate transients. The dilution of Pt catalysts with -Al2O3 within pellets or of
catalyst-adsorbent mixtures with separate quartz particles within the bed (Sigma-Aldrich,
acid washed and calcined, 1.25 g, 0.18-0.25 mm) did not affect steady-state NO oxidation
rates, confirming the absence of temperature gradients [16].
2.3 18O2-16O2 exchange rate measurements. Steady-state 18O2-16O2 exchange rates were
measured on Pt/Al2O3 in a gradientless recirculating batch reactor (498 cm3 volume,
Agilent 5890 gas chromatograph, mass selective detection) [17]. Reactants and inert
gases (99.999% chemical purity) were obtained from Praxair (He, H2, 90% O2/10% Ar),
Ikon Isotopes (2% 18O2/2% Ar/He, 96% isotopic purity), or Sigma-Aldrich (18O2, 98%
isotopic purity). Catalysts were heated to 723 K at 0.1 K s-1, held for 1 h in 5 kPa H2/He
(30 cm3 s-1 g-1); cooled to reaction temperatures (613-693 K) in flowing He (30 cm3 s-1 g1
); and a flow of 2 kPa O2/He (30 cm3 s-1 g-1) was maintained for 1 h before each
experiment to ensure O2 adsorption-desorption equilibrium. The batch reactor was filled
with an equimolar mixture of 18O2-16O2 at either 2 or 20 kPa total O2 pressures with Ar as
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an internal standard and He as an inert carrier to maintain ambient pressure. Exchange
rates were determined from the measured isotopic content of dioxygen as a function of
contact time, using methods presented previously [18].
3. Results and Discussion
3.1 Kinetics and mechanism of NO oxidation on Pt clusters. Figure 1 shows the
kinetic response of NO oxidation reactions to NO, NO2 and O2 pressures on Pt/Al2O3
(0.47 dispersion) at 573 K. NO oxidation turnover rates are proportional to NO and O2
pressures and inversely proportional to NO2. The measured NO oxidation rates are
accurately described by the equation:
rNO  k Pt [ NO]1 [O2 ]1 [ NO2 ]1 1   
(1)
consistent with previous data [4]. Here,  is the approach-to-equilibrium factor, given by
KR-1[NO2]2[NO]-2 [O2]-1, and KR is the equilibrium constant for the overall reaction:
2 NO + O2
2 NO2
(2)
available from thermodynamic data [14].

NO oxidation rate (10-3 mol NO (mol Pts)-1 s-1)
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Figure 1. Effects of ( ) NO, ( ) NO2, and ( ) O2 pressures on forward NO oxidation
rates on Pt/Al2O3 (0.47 dispersion) at 573 K. Each pressure was varied separately while
others were kept at 5 kPa O2, 56 Pa NO2, or 113 Pa NO.
We consider the sequence of elementary steps previously proposed for NO oxidation
[4, 6, 15] and depicted in Scheme 1. O2 adsorbs molecularly on a vacant site (*; step 1)
and dissociates via reaction with a vicinal site to form chemisorbed oxygen (O*; step 2)
or via reaction with chemisorbed NO to form adsorbed NO2 and O* (step 2a). Vacancies
form via reactions of NO with O* to form NO2 in quasi-equilibrated steps. Step 3 is not
an elementary step as written, but instead reflects a sequence of quasi-equilibrated
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elementary steps that can be rigorously combined. When O* and * are the most abundant
surface intermediates and O2* species dissociate before they desorb, step 1 becomes the
sole kinetically-relevant step and NO oxidation rates are given by:
k1 [O2 ]
rNO 
(3)
1   
1  K 3 [ NO2 ] [ NO]1
Here,  has the same meaning as in Eq. 1 and represents the ratio of the forward to the
reverse rate of NO oxidation, as derived from rigorous non-equilibrium thermodynamic
treatments of chemical kinetics [19]. Equation 3 becomes identical to the expression that
accurately describes all rate data (Eq. 1) when chemisorbed O* atoms are the most
abundant adsorbed intermediates (K3[NO2][NO]-1>>1), an assumption that we use
throughout the rest of this manuscript.
Scheme 1. Proposed NO Oxidation Mechanism.
k1

O2 + *

k2

O2* + *
O2* + NO + *

k2a

O2*

(1)

2 O*

(2)

O* + NO2

(2a)

NO2 + *

(3)

2 NO2

(3a)

O2v + 2*

(3b)

K3-1
NO + O*
KR
2 NO +

O2v
KO

-1

2 O*

3.2 18O2–16O2 exchange and NO oxidation rates on Pt/Al2O3. The NO oxidation rate
expression (Eqs. 1, 3) is consistent with O2 adsorption on a single oxygen vacancy as the
kinetically relevant step. We probe next the kinetic relevance and reversibility of the
proposed O2 activation step by considering the mechanism and rates of oxygen isotopic
exchange, a reaction that reflects the dynamics and thermodynamics of the interaction
between O2 and catalyst surfaces.
18
O2-16O2 exchange (in the absence of NO) occurs at O* coverages in chemical
equilibrium with prevalent dioxygen pressures. The O* coverages during NO oxidation
depend on the pressures of NO2 and NO, which react rapidly with Pt surface, instead of
prevalent O2 pressures. A rigorous comparison between isotopic exchange and NO
oxidation requires that we relate the oxygen chemical potentials in both processes. We
note that the quasi-equilibrated step that determines O* coverages during NO oxidation
(Scheme 1, step 3) can be written as two steps: the stoichiometric NO oxidation reaction
(step 3a) and a (hypothetically) quasi-equilibrated O2 dissociation step (step 3b). The
latter reflects equilibrium with a virtual O2 pressure, which represents the chemical
potential of oxygen at surfaces during catalysis and determines both O* coverages and
the tendency of metal clusters to form bulk oxides. This oxygen chemical potential can be
expressed as a virtual oxygen pressure, O2v, defined as the O2 pressure that would give at
10

conditions of adsorption-desorption equilibrium the same O* coverage present during
steady-state catalysis in the presence of a given NO-NO2 mixture. This virtual O2
pressure is given by the equilibrated reaction in step 3a:
O2v = [NO2]2 [NO]-2 KR-1
(4)
where KR is the equilibrium constant for Eq. 2 and is available from thermodynamic data.
Oxygen coverages during NO oxidation catalysis are identical to those present during
isotopic exchange when virtual O2 pressures during the former equal actual O2(g)
pressures during exchange.
The thermochemical cycle on step 3 in Scheme 1 also shows that the equilibrium
constant for step 3, K3, is related to KR and to the equilibrium constant for O* binding, KO,
by:
K3 = (KO / KR)1/2
(5)
Equations 3-5 lead to NO oxidation rates that can be expressed exclusively in terms of
actual and virtual O2 pressures, the dynamics (k1) of molecular O2 adsorption, and the
thermodynamics (KO) of O2 dissociation on Pt clusters:
k1 [O2 ]

rNO 
(6)
K O1/2 [O2 v ]1/2
We compare next isotopic exchange rates measured at a given O2(g) pressure with
NO oxidation rates measured at this value of the virtual O2 pressure (determined by
NO2/NO ratios). Specifically, we compare reverse NO oxidation rates with isotopic
oxygen exchange rates because both depend only on the oxygen chemical potential.
Reverse rates of NO oxidation (NO2 decomposition) are given by:
k1

rNO 
[O2 v ]1/2
(7)
1/2
KO
We note that the rate constants involved in NO2 decomposition (k1 and KO) and the
functional form of NO2 decomposition rates (Eq. 7) are related to the rate constants and
functional form of NO oxidation (Eq. 6), as required by microscopic reversibility. The
isotopic exchange rate, rO2 , has a similar functional form (Eq. 8) as the reverse NO
oxidation rates (Eq. 7) when oxygen bond rearrangements are much faster than O2
adsorption.
k1
rO2 
[O2 ]1/2
(8)
1/2
KO
Figure 2a shows reverse NO oxidation rates (at 2 kPa O2v) and 18O2–16O2 exchange
rates (at 2 kPa O2(g)) on Pt/Al2O3 (0.47 dispersion). Reverse NO oxidation rates were
obtained from the product of and the forward NO oxidation rate measured at 7 kPa
O2(g), and also from direct measurements of NO2 decomposition rates (without added
O2). NO2 decomposition rates measured directly were identical to those determined from
reverse rates during NO oxidation on Pt/Al2O3 (0.47 dispersion) at similar virtual O2
pressures, consistent with the accuracy of Eqs. 6 and 7 and of the defining equation for
O2 virtual pressures (Eq. 4). These rates were also identical to 18O2–16O2 exchange rates
at all temperatures and gave similar activation energies for all of these processes (110±20
kJ mol-1 for exchange: 120±10 kJ mol-1 for NO2 decomposition; 613-693 K). Isotopic O2
exchange rates on Pt films have been reported to be proportional to [O2]1/2 [20], as
suggested by the form of Eq. 8. Isotopic exchange rates on Pt/Al2O3 (0.47 dispersion)
were 7x10-3 and 3x10-2 mol (mol Pts)-1 s-1 at 2 kPa and 20 kPa O2, respectively, consistent
11
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O2 Activation Rate (10-3 mol (mol Pts)-1 s-1)

O2 activation rate (10-3 mol (mol Pts)-1 s-1)

also with the dependence on [O2]1/2 indicated by Eq. 8. The similar rates (Fig. 2) and rate
expressions (Eqs. 7, 8) of O2 exchange and the reverse of NO oxidation confirm the
kinetic relevance of the O2 adsorption-desorption step (Scheme 1, step 1) and use of O2v
(Eq. 4) as a rigorous descriptor of the oxygen chemical potential.
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Figure 2. (a) O2 activation rates on Pt/Al2O3 (0.47 dispersion) plotted in an Arrhenius
format during ( ) 16O2-18O2 exchange at 2 kPa O2(g), ( ) NO2 decomposition at 2 kPa
O2v, and ( ) the reverse of NO oxidation at 2 kPa O2v, 7 kPa O2(g). (b) O2 activation rates
on Pt/Al2O3 at 673 K during ( ) 16O2-18O2 exchange at 2 kPa O2(g) and ( ) the reverse of
NO oxidation at 2 kPa O2v. Results for Pt film from [20].
The turnover rates for isotopic exchange and NO oxidation were similar to each other
on Pt catalysts with different mean cluster sizes (2 and 8 nm; Fig. 2b), consistent with the
kinetic relevance of O2 adsorption-desorption steps on both catalysts. Exchange rates
were, however, much lower on Pt catalysts with smaller clusters (Fig. 2b), and rates on
Pt/Al2O3 catalysts (2 and 8 nm Pt clusters) were much lower (by factors of 3-23 times at
673 K) than rates on Pt films (extrapolated to 673 K from 523 K) [20]. These effects of
cluster size are similar to those reported in a previous study of NO oxidation on Pt
clusters [6], and are discussed next in more detail.
3.3 Effects of Pt cluster size on NO oxidation and O2 exchange rates. The effects of Pt
cluster size on NO oxidation rate constants are shown in Figure 3. NO oxidation rates
constants increased with increasing cluster size [6], in parallel with observed increases in
oxygen isotopic exchange and NO2 decomposition rates (Fig. 2b). These cluster size
effects also parallel trends in the reported values for the O2 adsorption heat (QO) on Pt
surfaces, which are higher on Pt clusters (2.5 nm; 270 kJ (mol O2)-1) than on larger
crystallites in Pt powder (1600 nm; 220 kJ (mol O2)-1) [21]. These effects are consistent
with DFT calculations [22] that show coordinatively-unsaturated corner and edge sites
prevalent on small Pt clusters bind O-atoms more strongly than the facet sites prevalent
on large clusters. NO2 decomposition and exchange rates also decrease because they
12

NO oxidation rate constant (10-4 kPa-1 s-1)

require desorption of chemisorbed species, which becomes more difficult with increasing
adsorbate binding energy on smaller clusters.
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Figure 3. NO oxidation rate constants, k1K3-1, as a function of mean cluster size on
Pt/Al2O3 at 603 K for NO oxidation ( ) at 0.15 kPa O2v, 5 kPa O2, and ( ) from [6].
Oxygen binding energies influence apparent NO oxidation rate constants through the
effects of the KO term in its denominator (Eq. 8), which depends, in turn, on the heat of
adsorption of O* (QO/2) (defined as the negative of the adsorption enthalpy). The oxygen
adsorption heat affects the measured rate constant according to:
 E  QO / 2 
k1
 A exp   1
(9)

1/ 2
KO
k BT


Here, E1 is the activation barrier for molecular O2 adsorption and A is the pre-exponential
factor. The assumption that O2 adsorption is non-activated (E1~0 kJ mol-1) suggests
measured NO oxidation activation energies (Table 1) correspond to dissociative heats of
adsorption (at near saturation coverages) that increase from 240 to 260 kJ mol O2-1 as Pt
cluster diameters decreases from 8 to 1 nm. Heats of adsorption on Pt single crystals
decreases from 300 kJ (mol O2)-1 at low coverages on Pt(111) and Pt(110) facets to 140
kJ (mol O2)-1 and 220 kJ (mol O2)-1, respectively, at 0.30 coverages [23, 24], while the
average O2 adsorption heat on Pt clusters (2.5 nm) is reported to be 270 kJ (mol O2)-1 [21].
Average heats of adsorption tend to overestimate the binding energy of the most weaklyadsorbed oxygen adatoms, which desorb to form vacancies on saturated surfaces. Yet,
these average values of O2 adsorption heats are only slightly larger than those inferred
here (QO=240-260 kJ (mol O2)-1) from NO oxidation activation energies and the
assumption of non-activated O2 adsorption (E1~0 kJ mol-1). Electrostatic repulsion among
co-adsorbed species leads significant O2 dissociation barriers (~35 kJ mol-1 on CO
covered surfaces [25]). Such effects are likely to be even stronger on O*-saturated
surfaces and to lead to larger activation barriers for O2 dissociation. Non-negligible
activation barriers for O2 adsorption, E1, decrease the heat of adsorption, QO, required to
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describe measured NO oxidation activation energies. An increase in E1 as O* binding
decreases with cluster size would be expected from ubiquitous linear free energy relations
and may explain why the variation in measured NO oxidation activation energies with
cluster size (10 kJ mol-1 for 1-8 nm clusters) is smaller than expected from the
concomitant change in the heat of oxygen chemisorption (50 kJ (mol O2)-1 for 3-1000 nm
crystallites [21]).
Table 1. Pre-Exponential Factors, A, and Apparent Activation Energies, E1 + QO/2, for k1
KO1/2 on Pt/Al2O3.
Mean Pt
E1 + QO/2
Cluster Size
A (108 s-1)
(kJ mol-1)
(nm)
8

4 ± 3

121 ± 5

2

1 ± 1

125 ± 4

1

1 ± 1

129 ± 4

Cluster size effects similar to those reported here for NO oxidation are also evident
for the combustion of CH4 [10, 11] and dimethyl ether [12] on PdO and Pt clusters. These
reactions also require vacancies on O*-saturated surfaces in their respective kineticallyrelevant steps; these steps involve the activation of C-H bonds on site pairs, in which Catoms interact with a vacancy and H-atoms with O*. We conclude that these strong
effects of cluster size are general features of reactions requiring vacancies on O*saturated surfaces. In contrast, CO oxidation turnover rates are also limited by molecular
adsorption of O2, but reactions occur on CO*-covered surfaces and are independent of Pt
or Pd cluster size (1.5-10 nm) [26, 27]. The different size effects for O2 dissociation on
CO* and O* covered surfaces result from the dependence of adsorbate binding energies,
which determine vacancy concentrations, on cluster size. Apparently, the size effects on
binding energy are less pronounced for CO, which prefers atop sites [28] than for O*,
which prefers multi-coordinate sites [22] whose coordination properties more strongly
depend on surface structure.
We consider also the possibility that cluster size effects on NO oxidation turnover
rates reflect the preferential formation of less reactive bulk oxides in the case of small Pt
clusters. Metal-oxygen bonds on metal surfaces weaken as oxygen coverages increase [23,
24] because of electrostatic repulsion between adsorbates [5]. Such effects persist and
become even stronger as bulk atoms also oxidize with increasing oxygen chemical
potentials. Thus, we consider bulk oxidation unlikely to lead to unreactive surfaces by
decreasing vacancy concentrations during NO oxidation. Indeed, CH4 combustion
turnover rates are much lower on Pd than PdO, because of the weaker surface Pd-O
bonds for the latter, which leads to higher concentrations of the vacancies required for CH bond activation [11].
The remarkable accuracy with which the rate equations reported here and in a
previous study [4, 6] (Eqs. 3, 6) describe all NO oxidation rate data on large and small
clusters over a 103-fold range in O2 virtual pressures and a ~100 K range in temperatures
indicates that either the phase of Pt clusters did not change within this range of oxygen
chemical potentials or that such changes were catalytically inconsequential. Specifically,
14


Eq. 6 requires that the value of (O2/ rNO )2 be strictly proportional to O2v with a slope
proportional to KO k1-2, which is confirmed by the data in Figure 4 for a 103-fold variation
in O2v (10-3-100 kPa) on large and small clusters. Thus, neither small nor large clusters
undergo any phase change consequential to surface reactivity for any clusters within the
respective size distributions in these catalysts; large clusters show higher turnover rates
for all values of the prevalent oxygen chemical potential. Every cluster within the size
distribution prevalent in these samples must therefore remain in either metal or oxide
form throughout the entire experimental range of oxygen chemical potentials.

(O2/ rNO)2 (104 kPa2 mol-2 (mol Pt)2 s2)

104

102

100

10-2

10-3

10-2
10-1
O2v(kPa)

100

Figure 4. NO oxidation kinetic response to O2v on Pt/Al2O3 (( ) 0.13 and ( ) 0.54
dispersion) at 573 K with 0.3-8 kPa O2, 0.01-0.13 kPa NO2, 0.05-0.24 kPa NO. The
dashed lines model the data with Eq. 8 and have slopes that are proportional to KO k1-2.
We use thermodynamic data to assess the Pt phase that exists throughout these
measurements. The enthalpy of PtOx formation (-66±20 kJ (mol O)-1) [29, 30] and the
reported Pt-PtOx phase diagrams (for bulk Pt; 2-400 MPa O2, 873-1173 K) [31]
extrapolated to NO oxidation conditions suggest that Pt would remain metallic for O2v
below 1 kPa and large bulk-like crystallites (>8 nm) at 573 K. X-Ray diffractograms (Fig.
5) confirmed that 8 nm Pt clusters are metallic after treatment in H2 (2 kPa, 473 K, 1 h)
and even after treatment in O2 (101 kPa, 603 or 698 K, 12 h); the latter O2(g) pressures
are much larger than the O2v values prevalent during NO oxidation catalysis (0.01–2 kPa;
553-673 K). Small Pt clusters (2 nm) did not show detectable diffraction patterns after
catalysis, but their rates were also accurately described by Eq. 6 at all O2v values. This
indicates that these Pt clusters are also metallic at all conditions; otherwise, higher O2v
would progressively oxidize an increasing fraction of the smaller clusters within the
distribution of clusters size present in these samples, and preferentially retain larger
clusters as metals. These trends would cause significant deviations from the linear

dependence of (O2/ rNO )2 on oxygen virtual pressure (Fig. 4), if the Pt phase at a given

15

oxygen chemical potential depended on cluster size and oxidation state were
consequential for catalysis.
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Figure 5. X-Ray diffractograms of (a) PtO2 and Pt/Al2O3: (b) 0.13 dispersion catalyst
treated with 101 kPa O2 (698 K, 12 h); (c) 0.13 dispersion catalyst after 101 kPa O2 (603
K, 12 h); (d) 0.13 dispersion catalyst after 2 kPa H2 (673 K, 1 h); (e) 0.5 dispersion
catalyst after 2 kPa H2 (673 K, 1 h). Diffractograms collected at ambient conditions.
The conclusion that the strong effects of cluster size on NO oxidation turnovers do
not arise from the preferential bulk oxidation of small clusters is consistent with
measurements of NO oxidation turnover rates after thermal treatments intended to reduce
or oxidize Pt clusters (Fig. 6). NO oxidation rates on Pt/Al2O3 catalysts with 0.13 and
0.54 dispersion decreased only slightly (<5%) during NO oxidation for 30 ks when they
were treated in H2 before reaction (2 kPa; 673 K, 1 h). Initial NO oxidation rates were
smaller (by a factor of ~2; 0.13 dispersion) when treated in O2 (101 kPa O2, 603 K, 2 h)
instead of H2 before reaction, but rates increased with time and reached values only ~20%
smaller than on samples treated in H2. These small effects of thermal treatment and
reaction time were even weaker on smaller Pt clusters (0.54 dispersion). NO oxidation
rates returned to values similar to those measured after initial H2 treatments when
catalysts were treated in 2 kPa H2 (603 K, 1h) and then at O2 pressures corresponding to
O2v values prevalent during NO oxidation (0.15 kPa O2; 603 K) for 12 h. Large clusters
gave higher turnover rates than small clusters after all treatment and at all reaction times.
Thus, we conclude that less active clusters for NO oxidation bind oxygen more strongly
and disfavor the formation of vacancies, but do not form bulk oxides, which would, in
any case, lead to weaker metal-oxygen bonds than in chemisorbed layers if they were to
form at sufficiently high O2 chemical potentials.
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Figure 6. NO oxidation rates on Pt/Al2O3 (with mean clusters sizes of 2 and 8 nm) as a
function of time-on-stream at 603 K, 0.15 kPa O2v, 5 kPa O2. Vertical dashed lines
represent treatments at 603 K and (a) 2 kPa H2 for 4 ks, (b) 101 kPa O2 for 7 ks, and (c) 2
kPa H2 for 4 ks and then 0.15 kPa O2 for 36 ks.
3.4 NO oxidation rates on mixtures of Pt/Al2O3 and NO2 adsorbents. The mechanism
in Scheme 1 and its associated rate equation (Eq. 3) indicate that NO2 inhibits NO
oxidation at any NO2/NO ratio that leads to surfaces nearly covered with O* via NO-NO2
equilibration; such conditions persist throughout the accessible range of experimental O2v
pressures (1–2000 Pa) and detectable NO2 pressures (>1 Pa). In this section, we explore
the catalytic consequences of depleting NO2 near NO oxidation sites on Pt clusters by the
presence of NO2 adsorption sites.
Figure 7 shows NO oxidation and NO2 evolution rates (per surface Pt atom) as a
function of time on Pt/Al2O3 catalysts (0.2 dispersion; 1.4 mg) present as intrapellet
mixtures with BaCO3/Al2O3 adsorbents (125 mg). NO oxidation rates decreased with
time from 1.5 to 0.15 mol NO/mol Pts-s at steady-state (> 2 ks). The NO2 concentration
in the effluent increased with time as NO2 replaced CO2 on adsorption sites; CO2
evolution rates (per Ba atom) concurrently decreased (Fig. 7). NO2 evolution and NO
consumption rates became similar only after NO2 binding sites reached saturation. The
high initial NO consumption rates relative to steady-state NO oxidation rates confirm that
the presence of NO2 adsorbents increase NO oxidation rates by scavenging NO2
molecules that inhibit NO oxidation. We propose next a simple model to understand the
controlling factors on initial NO oxidation rates in catalyst-adsorbent mixtures.
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Figure 7. ( ) NO oxidation and ( ) NO2 and ( ) CO2 elution rates after exposure of 0.5
kPa O2, 0.178 kPa NO to Pt/Al2O3 (1.4 mg, 0.2 dispersion) mixed within pellets of
BaCO3/Al2O3 (125 mg) at 573 K.
The NO2 evolution rate reflects the difference between NO oxidation, rNO , and NO2
adsorption, rBa , rates:
d [ NO2 ]
v
 LˆPt rNO  LˆBa rBa
(10)
dz
Here, z is the axial distance along the reactor, v is the superficial gas velocity, and LˆPt
and Lˆ represent the number of Pt surface atoms and of NO2 binding sites per unit
Ba

volume, and LˆBa decreases with time as adsorption sites saturate. Rates are defined at
their local averages (bracket notation) because their actual values may not depend on
bulk fluid concentrations because of intrapellet concentration gradients. The presence of
local NO2 concentration gradients was investigated by comparing rates in mixtures of
catalyst and adsorbent pellets and in intrapellet mixtures (Table 2). Separate pellets of
catalysts and adsorbents led to initial NO oxidation rates that increased by only a factor
of ~1.5 as mean pellet diameters decreased from 0.34 mm to 0.15 mm (Table 2). Mixing
the two components within the same pellet increased NO oxidation rates by only ~1.3
times compared with separate pellets of similar size. Intrapellet mixtures contained grains
<0.04 mm; this 10-fold decrease in the distance between sites relative to separate pellets
had a weak effect on NO oxidation rates, suggesting that NO2 concentration gradients
were absent from intrapellet mixtures. These data allow us to remove the brackets in Eq.
10 and to use kinetic rate equations for both NO oxidation and NO2 adsorption:
d [ NO2 ]
v
 LˆPt rNO  LˆBa rBa
(11)
dz
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Table 2. Effect of Physical Proximity on NO Oxidation Rates in Physical Mixtures
Catalyst Pellet
Initial NO Oxidation Rate
Diameter (mm)
(mol (mol Pts)-1 s-1a
Mixed Within
1.3
Adsorbent Pellets
0.13 - 0.18
1.0
0.18 - 0.25
0.8
0.25 - 0.42
0.7
(a) Rates at 0.5 kPa O2, 0.17 kPa NO, 573 K on mixtures containing 6 mg Pt/Al2O3
(0.2 dispersion) and 125 mg BaCO3/Al2O3.
A further simplification to Eq. 11 can be made for NO oxidation rate data on catalystadsorbent mixtures because NO2 evolution rates were much smaller than NO oxidation
rates ( rNO / rNO2 >10) during initial contact of these mixtures with NO/O2 reactants (Fig. 7,
0-0.8 ks). Thus, NO oxidation and NO2 adsorption rates were much greater than their
difference, and NO2 can be treated as a reactive intermediate with its concentration at
pseudo-steady state:
[ NO][O2 ]
 k Pt
 rBa
(12)
[ NO2 ]
where  is the ratio of Pt surface atoms to NO2 adsorption sites:
 = LPt /LBa
(13)
and increases with time as adsorption sites saturate. LBa is given by the cumulative NO2
uptakes at saturation (0.24 ± 0.02 mol NO (mol BaO)-1 for the sample and conditions
used here). Equation 12 indicates that the intrinsic adsorption rate, rBa, and its
dependence on reactant (NO, O2) or product (NO2, CO2) concentrations and on the
surface coverage of NO2 and CO2 determine prevalent NO2 concentrations and thus NO
oxidation rates in these catalyst-adsorbent systems.
Next, we explore the effects of initial  values, o, on NO oxidation rates to
understand the kinetics and mechanism of NO2 adsorption. Figure 8 shows NO oxidation
rates as a function of , varied by the ratio of catalyst to adsorbent within intrapellet
mixtures. Initial NO oxidation rates decreased with increasing , consistent with the
higher local NO2 concentrations that prevail as the number of NO2 adsorption sites
decreases relative to Pt sites that form NO2. CO2 pressures and elution rates varied with
time (Figure 7), but adding CO2 (0.5 kPa) to NO-O2 reactants even at pressures (0.5 kPa)
higher than those present for CO2-free reactants (<0.01 kPa) decreased NO oxidation
rates by less than 20% (Fig. 8). These data indicate that the replacement of the adsorbed
CO2 initially present on adsorption sites by NO2 occurs via irreversible steps.
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Figure 8. NO oxidation rates at 573 K, 0.5 kPa O2, 0.178 kPa NO without CO2 in the
inlet stream ( ) and with 0.5 kPa CO2 ( ) over Pt/Al2O3 (0.2 dispersion) mixed within
pellets of BaCO3/Al2O3 as a function of catalyst to adsorbent ratio, . The solid and
dashed lines show the  dependence of Eqs. 19 and 20, respectively.
We consider the effects of  and of CO2 on NO oxidation rates in the context of a
rate equation and mechanism for NO2 adsorption and of the known rate equation for NO
oxidation on Pt sites (Eq. 3). The replacement of chemisorbed CO2 by NO2 can occur via
either concerted reactions (Scheme 2, step 1) or sequential CO2 desorption and NO2
adsorption on the vacant site (Scheme 2, steps 2a and 2b). The respective adsorption rates
for these two pathways are given by:
rBa  k1Ba [ NO2 ]
(for Step 1)
(14)
k2Bab k2Baa [ NO2 ]
(for Steps 1a and 1b)
(15)
kBa2 a [CO2 ]  k2Bab [ NO2 ]
The weak effects of high CO2 pressures (0.5 kPa) on rates indicate that CO2 desorption is
irreversible ( kBa2 a [CO2 ]  k2Bab [ NO2 ] ) because CO2 would otherwise inhibit NO2
adsorption (Eq. 15), leading to higher local NO2 concentrations (Eq. 15) and lower NO
oxidation rates. Thus, Eq. 15 becomes:
rBa  k2Baa
(16)
Concerted (Eq. 14) and sequential (Eq. 16) CO2 displacement routes lead to different
NO2 adsorption rate equations, which when inserted into the NO2 mole balance (Eq. 12)
give local NO2 concentrations:
rBa 

1/ 2

 k Pt

[ NO2 ]    Ba
[ NO][O2 ] 
 k1

k Pt
[ NO2 ]   Ba
[ NO][O2 ]
k2 a

(17)
(18)

20

for concerted and sequential NO2 adsorption routes, respectively. The use of these
expressions for NO2 in Eq. 3 gives NO oxidation turnover rates in terms of o:
1/2

 k Pt k1Ba [ NO][O2 ] 
rNO  

o


Ba
k
rNO  2 a
o
for concerted and sequential routes, respectively.

(19)
(20)

Scheme 2. Reaction Pathways for Irreversible NO2 Adsorption on BaO/Al2O3
BaO-CO2 + NO2
BaO-CO2
BaO + NO2

k1Ba
k2aBa
k2bBa

Ba-NO2 + CO2

(1)

BaO + CO2

(2a)

BaO-NO2

(2b)

The proposed rate equations (Eqs. 19 and 20) were fit to the kinetic data shown in
Figure 8 (solid and dashed lines for Eqs. 19 and 20, respectively). Concerted routes (Eq.
19; Scheme 2, step 1) provide a more accurate description of the measured effects of
oon NO oxidation rates than sequential pathways (Eq. 20 and steps 1a and 1b of
Scheme 1). These conclusions are consistent with DFT estimates of NO2 binding energies
on model BaCO3 surfaces, which suggest that the formation of vacancies by CO2
desorption is unfavorable [32]. Our results indicate that such pathways are also kinetically
inaccessible and that NO2 chemisorption occurs via concerted displacement of
chemisorbed CO2. These conclusions are consistent with more complete mechanistic
studies of NO2 adsorption presented in Chapter 5, which show that NO and NO2
molecules adsorb together to form nitrite and displace pre-adsorbed CO2.
The synergistic effects of NO2 adsorption and NO oxidation sites present within
typical diffusion distances for NO2(g) reflect local depleting of NO2 molecules that
inhibit NO oxidation even at undetectable concentrations (<1 Pa). NO2 inhibits rates at
the low NO2/NO ratios and low O2v (10-6–10-5 kPa) prevalent in intrapellet mixtures,
because O* remains the most strongly bound and abundant intermediate (Qo~270 kJ mol
O2-1 [21]. Proximity between adsorption and catalytic sites influences these synergistic
effects because intimacy (in the length scale of ~1 µm) is required to prevent intrapellet
NO2 concentration gradients, but atomic connectivity between BaO and Pt sites is not
required.
4. Conclusions
The kinetics of NO oxidation are consistent with a mechanism involving kineticallyrelevant O2 adsorption on vacancies within chemisorbed oxygen monolayers on Pt
surfaces. The O* coverage is determined by equilibrated reactions involving NO and NO2.
The proposed NO oxidation mechanism was confirmed by 16O2-18O2 isotopic exchange
experiments because both reactions involve the same kinetic rate constants and
elementary steps. Apparent activation energies for NO oxidation reflect primarily heats of
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O* adsorption, and, as a result, NO oxidation rates increase with Pt cluster size because
small clusters have a higher fraction of under-coordinated surface atoms and bind oxygen
more strongly than large clusters. The trends with cluster size, which are observed for
CH4 and dimethyl ether oxidation, but not for CO oxidation, are general for reactions
occurring on surfaces nearly saturated with strongly chemisorbed immobile species. NO
oxidation rate constants on small and large clusters are independent of the
thermodynamic driving force for the formation of bulk oxides over a range of NO
oxidation conditions because both small and large Pt clusters remain reduced at these
oxygen chemical potentials. NO2 adsorption sites present within diffusion distances of
catalyst sites accelerate NO oxidation rates by strongly binding NO2, a molecule that
inhibits NO oxidation even at the low NO2 pressures (<1 Pa) in catalyst-adsorbent
systems. A simple reaction-adsorption model in which NO2 adsorbs via displacement of
CO2 on BaO surfaces accurately describes NO oxidation rates on intrapellet catalystadsorbent mixtures.
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CHAPTER 3
MECHANISM AND SITE REQUIREMENTS FOR
NO OXIDATION ON Pd CATALYSTS

Abstract
Kinetic and isotopic methods established the identity and kinetic relevance of
elementary steps and the effects of cluster size for NO oxidation on supported Pd
catalysts. O2 activation on vacancies within nearly-saturated oxygen adlayers is the sole
kinetically-relevant step. Water, present in combustion effluents, inhibits NO oxidation
via reversible adsorption on vacancies to form unreactive OH species. The coverage and
chemical potential of oxygen are determined by the NO2/NO ratios prevalent during
catalysis; they are rigorously described by O2 virtual pressures accessible to
measurement. At a given oxygen chemical potential, O2 activation during 16O2-18O2
exchange and NO oxidation occurs at similar rates, indicating that NO-assisted O2
activation is not required for NO oxidation turnovers. These findings confirm the rigor
and relevance of O2 virtual pressure as a measurable surrogate for the oxygen chemical
potential during catalysis, as well as the role of mobile oxygen species, which allow O2
dissociation to occur on isolated vacancies. Oxygen chemical potentials prevalent during
NO oxidation cause active clusters to exist as PdO at all relevant conditions, consistent
with steady-state turnover rates that are insensitive to reductive or oxidative treatments.
NO oxidation turnover rates decrease as PdO clusters become smaller because of stronger
oxygen binding and smaller vacancy concentrations in small clusters. The catalytic
consequences of size are similar on PdO and Pt clusters, despite their different oxidation
state, consistent with a common requirement for surface vacancies in O2 activation steps
on both catalysts. Such requirements lead to strong NO2 inhibition effects and to a
marked increase in NO oxidation rates when NO2 adsorbents, present as physical
mixtures, decrease NO2 concentrations near active sites.
1. Introduction
Diesel engines operate at high air-to-fuel ratios, but these conditions lead to higher
NOx levels and low reductant (CO, hydrocarbons) concentrations in effluent streams [1].
Conventional exhaust catalysts are ineffective for these systems; an alternate abatement
strategy first oxidizes NO to NO2, which then adsorbs on metal oxides [2]. NO oxidation
is also critical in soot combustion, in which NO2 acts as an oxygen carrier between
carbon particles and non-vicinal metal clusters that dissociate O2 [3]. Pt is often used to
catalyze NO oxidation, but Pd [4-7] and other transition metals [8-11] also show
significant reactivity. The mechanism and site requirements for NO oxidation on Pd
catalysts have not been addressed in previous studies [12] and rigorous mechanistic and
reactivity comparisons between Pd and Pt catalysts have not been reported to date.
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O2 interacts with sparse vacancies on surfaces nearly saturated with chemisorbed
oxygen (O*) in the kinetically-relevant step for NO oxidation on supported Pt clusters
[13, 14]. O* coverages reflect the equilibration of NO and NO2 with surface vacancies
[13, 14]. A comparison between the rates of isotopic oxygen exchange and NO oxidation
confirmed the kinetic significance of O2 activation steps and suggested that O2
dissociation involves mobile oxygen-derived intermediates [14]. NO oxidation and
oxygen exchange rates decreased sharply with decreasing Pt cluster size [14, 15] because
O* binds more strongly on the coordinatively-unsaturated Pt atoms that prevail on small
cluster surfaces [14]. NO oxidation catalysis on Pt is inhibited by NO2 because of its role
in establishing O* coverages during steady-state NO oxidation catalysis; as a result, NO
oxidation rates are much higher when Pt catalysts are mixed with NO2 adsorbents,
because they decrease local NO2 concentrations at active sites [14].
Here, we provide evidence for the elementary steps and cluster size effects in NO
oxidation catalyzed by PdO. Kinetic and isotopic methods show that rate-determining
steps are similar on Pd and Pt catalysts, but that Pd clusters are present as oxides during
NO oxidation, in contrast with Pt clusters, which retain their metallic bulk character.
Water, a ubiquitous component in combustion exhaust, inhibits NO oxidation by forming
hydroxyls on vacant sites (*) required in kinetically-relevant steps. NO oxidation rates
are significantly higher on larger PdO clusters, a trend also observed on Pt clusters [14,
15]; these trends reflect the stronger oxygen bonds on the surfaces of smaller clusters,
which lead to lower vacancy concentrations. We show that NO oxidation rates are
significantly higher in intimate mixtures of Pd catalysts and BaCO3 adsorbents, which
scavenge NO2 and decrease NO2 local concentrations and its inhibiting effect on NO
oxidation, confirming the critical synergy between the metal and adsorbent functions in
lean NOx traps.
2. Experimental Methods
2.1 Material synthesis and catalyst characterization. -Al2O3 (Sasol, SBa-200)
supports were heated at 0.07 K s-1 to 1023 K in flowing dry air (Praxair, Extra Dry, 1 cm3
s-1 g-1) and held for 4 h. A 10 wt% Pd(NH3)4(NO3)2 aqueous solution (Sigma Aldrich,
99.99% metal purity) diluted with de-ionized distilled water (Barnstead, Nanopure) was
added dropwise to -Al2O3 to the incipient wetness point (0.45 g solution (g Al2O3)-1) to
prepare catalyst samples with 1.0 and 1.5 wt% Pd contents. Impregnated supports were
treated in ambient air to 393 K for 4 h and then in 9% H2/He (Praxair, 99.999% purity, 1
cm3 s-1 g-1) for 4 h by heating at 0.07 K s-1 to a temperature between 773 and 1023 K.
Samples were subsequently treated in He (Praxair, 99.999% purity, 1 cm3 s-1 g-1) at 773 K
for 1 h and then in 0.5% O2/He (Praxair, 99.999% purity, 1 cm3 s-1 g-1) at ambient
temperature for 1 h to passivate their surfaces. Adsorbents (15% wt. BaCO3/Al2O3) were
prepared from Ba(O2C2H3)2 (Sigma-Aldrich, 99.995%) precursors by incipient wetness
methods described previously [14].
The fraction of surface Pd atoms (Pds) was measured by O2 chemisorption using an
Autosorb-1 titration apparatus (Quantachrome). Catalysts (1 g) were treated at 673 K
(0.07 K s-1 heating rate) in flowing H2 (Praxair, 99.999%, 0.2 cm3 s-1 g-1) for 1 h and then
under vacuum for 1 h. Pd dispersions were determined from irreversible O2 (Praxair,
99.993%) uptakes at 313 K assuming a stoichiometry of one O-atom per surface Pd atom
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[16]. Average cluster diameters were estimated from dispersion values, by assuming
spherical clusters with atomic densities for bulk Pd metal (12 g cm-3; 68 Pd nm-3) [17].
These procedures gave samples with 0.08–0.74 Pd dispersions and 1-10 nm average
cluster diameter.
2.2 NO oxidation rate measurements. NO oxidation rates were measured on preformed pellets (0.12-0.18 mm) of Pd/Al2O3 catalysts and on mixtures of Pd/Al2O3 and
BaCO3/Al2O3 that were combined within pellets (0.12-0.18 mm) or as intrapellet
mixtures (0.12-0.18 mm to 0.18-0.25 mm). Samples were held on a porous quartz (10
mm) frit within a tubular flow reactor (10 mm). Reactant (15% O2/He, 2% NO/He, 1%
NO2/He, and 5% CO2/He) and He carrier gases (Praxair, 99.999% purity) were metered
by electronic controllers (Porter Instruments) and their relative flows varied to achieve a
range of reactant pressures (1-12 kPa O2, 0.04-0.25 kPa NO, 0.02-0.25 kPa NO2, 0-2 kPa
CO2). A syringe pump (Cole Parmer, 74900 series) introduced H2O (0.001-1 kPa) from a
0.5 cm3 syringe (Hamilton) into lines held at 340 K and swept by the reactant stream. A
resistively-heated furnace with a feedback controller (Watlow, 96 series) and a K-type
thermocouple maintained catalyst temperatures between 553-698 K. The concentrations
in the inlet and outlet streams were measured by an infrared analyzer (MKS 2030; 2 cm3
cell; 2 cm pathlength; 338 K). NO oxidation rates are reported as turnover rates (moles
NO converted (mol Pds)-1 s-1) at NO conversions below 20% and calculated using design
equations for plug-flow reactors. Heat and mass transfer artifacts were ruled out by
dilution experiments using the Koros-Nowak criteria [18]. For each experiment, the
independent variable was changed randomly, while catalyst stability was verified by
repeating conditions. NO oxidation measurements on catalysts and catalyst-adsorbent
mixtures were preceded by treatments in 5 kPa O2/He and 5 kPa O2/0.5 kPa CO2/He,
respectively, at temperatures between 573-698 K for 1 h.
2.3 Isotopic oxygen exchange rate measurements. 16O2-18O2 exchange rates were
measured in a gradientless batch reactor (498 cm3 volume) that was re-circulated by a
graphite gear pump (Micropump; 2 cm3 s-1). Gases (99.999% chemical purity) were
obtained from Praxair (90% O2/Ar, He) and Ikon Isotopes (18O2, 96% isotopic 18O
purity). Catalysts were heated to reaction temperature (643-698 K) at 0.07 K s-1 and held
for 1 h in flowing 2 kPa 16O2/Ar/He (30 cm3 s-1 g-1) before the reactor was evacuated and
filled with an equimolar 16O2-18O2 mixture and He as balance. Isotopomer concentrations
during 16O2-18O2 exchange were measured by periodic injections into a mass
spectrometer (Spectra Mini-Lab).
The exchange rates of 18O2(g) with pre-adsorbed 16O* were measured in the tubular
flow reactor described in Section 2.2 with isotopic analysis by a mass spectrometer
(Spectra Mini-Lab). Pre-reduced catalysts were heated from ambient temperature to 698
K at 0.08 K s-1 in flowing 2 kPa 16O2 (1 cm3 s-1 g-1) and held for 1 h to form PdO [19, 20].
18
O2-16O* exchange rates were measured in flowing 2 kPa 18O2/He (Ikon isotopes, 96%
atom purity; 1 cm3 s-1 g-1) isothermally (698 K) or during a temperature ramp from 373 to
773 K (0.17 K s-1).
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3. Results and Discussion
3.1 NO oxidation kinetics and elementary steps on Pd catalysts. The effects of NO,
NO2, and O2 pressures on NO oxidation rates are shown in Figure 1 for one of the
Pd/Al2O3 catalysts used in this study (0.33 Pd dispersion). Forward NO oxidation rates

( rNO ) were derived from measured rates ( rNO ) by accounting for the approach-toequilibrium [21] of NO oxidation reactions:
2 NO + O2
2 NO2
(1)

(2)
rNO  rNO 1   

NO oxidation rate (10-3 mol NO (mol Pds)-1s-1)

 = [NO2]2 [NO]-2 [O2]-1 KR-1
(3)
where KR is the known equilibrium constant [17] for the overall reaction (Eq. 1).
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Figure 1. The NO oxidation rate on Pd/Al2O3 (0.33 dispersion) at 603 K versus ( ) NO2,
( ) NO, and ( ) O2. Each pressure was varied independently while the others were held
constant at 5 kPa O2, 0.056 kPa NO2, and 0.112 kPa NO.
Steady-state forward NO oxidation rates were accurately described by the equation:

rNO  kapp [O2 ][ NO][ NO2 ]1
(4)
as shown by the dashed lines in Figure 1. This rate equation is the same as that found for
NO oxidation on Pt metal clusters [13, 14], suggesting that kinetically-relevant steps are
the same on both catalysts. We conclude that NO oxidation on Pd also involves
kinetically-relevant O2 reactions on isolated vacancies (*) within a nearly-saturated O*
adlayer (Step 1, Scheme 1) [13, 14]. Vacancy concentrations are determined by the
equilibration of NO, NO2, and O* (Step 2, Scheme 1). The subsequent O2 dissociation
steps are not accessible to measurement during steady-state catalysis and are represented
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by the ellipsis shown in Scheme 1. The elementary steps in Scheme 1 are consistent with
the approach-to-equilibrium factor in Eq. 3 and with the rate expression of:
2k1[O2 ]

(5)
rNO 
1  K 2 [ NO2 ][ NO ]1
when * and O* are the most abundant surface intermediates. This expression simplifies to
Eq. 4, which describes all measured rate data on Pd, when (*) << (O*).
Scheme 1. Proposed Elementary NO Oxidation Steps
k1

O2 + *

K2

...

(1)

NO2 + *

(2)

2 NO2

(2a)

O2v + 2*

(2b)

2 OH*

(3)

-1

NO + O*
KR
2 NO + O2

v

KO-1
2 O*
KH2O-1
H2O + * + O*

The * and O* surface coverages and the tendency of Pd clusters to form bulk oxides
depend on the oxygen chemical potential at catalyst surfaces. This oxygen chemical
potential can be expressed as a virtual oxygen pressure, O2v [14, 21], defined as the O2
pressure that would give at conditions of adsorption-desorption equilibrium the same O*
coverage present during steady-state catalysis in the presence of a given NO-NO2
mixture. The equilibrium reaction that determines O* during steady-state NO oxidation
(Step 2, Scheme 1) is equivalent to the combined steps 2a and 2b (Scheme 1), which give
the value of O2v as:
[O2v] = [NO2]2 [NO]-2 KR-1
(6)
where KR is the known equilibrium constant [17] for the overall NO oxidation reaction
(Eq. 1). This treatment shows that K2, the equilibrium constant for the interaction of NO
and O*, is related to the equilibrium constant for O2 adsorption, KO:
K2 = KO1/2 / KR1/2
(7)
The forward NO oxidation rate expression depends only on the prevalent O2(g) pressure
and the virtual oxygen pressure (O2v) as shown by combining Eqs. 5-7:
2k1[O2 ( g )]

rNO 
(8)
1/ 2
1   K O [O2v ]
This expression shows that the effective NO oxidation rate constant depends only on the
rate constant for O2 activation on isolated vacancies (k1) and on the standard
thermodynamic properties of atomic O* species (KO) on nearly-saturated surfaces.
NO oxidation occurs sufficiently near thermodynamic equilibrium ( values of 0.010.30) for its reverse reaction (NO2 decomposition) to occur at detectable rates. The rate of
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this reverse reaction is obtained from the forward rate (Eq. 8) and the approach-toequilibrium factor, (Eq. 3):
2k1[O2v ]

rNO 
(9)
1/ 2
1   K O [O2v ]
Equation 9 is consistent with the thermodynamics for the overall reaction, for which
forward and reverse NO oxidation rates become identical at chemical equilibrium when
the oxygen chemical potential at the surface, O2v, and in the gas phase, O2(g) are equal.
3.2 Isotopic oxygen exchange and NO oxidation rates. We probe next the kinetic
relevance and reversibility of the proposed O2 activation step by considering the
mechanism and rates of oxygen isotopic exchange, a reaction that reflects the dynamics
and thermodynamics of the interaction between O2 and catalyst surfaces. A rigorous
comparison of exchange and NO oxidation rates first requires an interpretation of isotopic
exchange measurements in terms of O2 activation rates, which we derive briefly by
following previous methods [14, 22].
16
O2-18O2 exchange in the absence of co-reactants occurs at chemical equilibrium,
while reaction intermediates are present at their pseudo-steady state concentrations. Thus,
the overall desorption rate of O2 from the surface equals the O2 adsorption rate ( rO2 ), and
the net reaction rate of each O2 isotopomer is equal to the observed exchange rate (rex):


rO2   rik   rik
(10)
 
rex   rik  rik  / ik
(11)
where i and k denote each oxygen isotope (16O or 18O) and the stoichiometric factors (ik)
are for the overall exchange reaction:
16
O2 + 18O2
2 16O18O
(12)
Equations 10 and 11 give solutions for the reaction rates of each O2 isotopomer:

rik  rO2 yik
(13)

rik   ik rO2 xi xk
(14)
xi and xk are the fractions of each isotope in the reaction mixture and yik is the fraction of
each [iOkO] isotopomer among O2 molecules. Exchange rates (rex) are related to rO2 by:

rex
 rO2 1  ex 
y16O y18O
2

ex 

(15)

2

y162 O 18O

(16)

4 y16O y18O
2

2

The denominator term in Eq. 15 reflects the probability that a reaction event increases the
16 18
O O content, and ex accounts for the approach of the system to isotopic equilibrium.
The relationship between exchange rates (rex) and O2 activation rates ( rO2 ) in Eq. 15
allows 16O2-18O2 exchange rates to be compared rigorously with NO oxidation rates.
Specifically, we compare O2 activation rates during exchange ( rO2 ) and NO oxidation
(rNO/2) at a particular value of the surface and gas phase oxygen chemical potentials (2
kPa O2(v,g); Figure 2). NO oxidation rates were measured near at 2 kPa O2v and either 0 or
29

O2 activation rate (10-3 mol O2 (mol Pds)-1 s-1)

7 kPa O2(g), and corrected to their values at 2 kPa O2v and 2 kPa O2(g) by Eqs. 8 and 9.
The 16O2-18O2 exchange rates are the same as those for NO oxidation between 643-698 K
with apparent activation energies for both reactions of 148 and 152 kJ mol-1 on 0.12 and
0.56 dispersion Pd/Al2O3 catalysts, respectively. The similar rates of exchange and NO
oxidation are consistent with their common kinetically-relevant steps on both high and
low dispersion Pd/Al2O3 and with the reversibility of the O2 dissociation steps by the
microscopic reverse of the forward reaction.
10
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Figure 2. Arrhenius plots from Pd/Al2O3 (0.12 and 0.56 dispersion) of rates extrapolated
to 2 kPa O2(v,g) for ( ) NO oxidation (2 kPa O2v, 7 kPa O2(g)); ( ) NO2 decomposition (2
kPa O2v; 0 kPa O2(g)); ( ) 16O2-18O2 exchange (2 kPa O2(g)); and ( ) 18O2-16O*
exchange (2 kPa O2(g)) for uptakes less than 0.1 18O (Pds)-1.
When exchange occurs via the steps in Scheme 1, the reaction rate of each O2
isotopomer equals the difference between the forward and reverse rates for Step 1:

rik  k1[ iO k O ][*]  rik
(17)
Vacancies are present at concentrations related to their virtual equilibrium with O2v
during NO oxidation and by their actual equilibrium with O2(g) during exchange. The
rate of O2 activation events during exchange is then described by:
k1[O2 ]
rO2 
(18)
1/ 2
1   K o [O2 ]
This expression is identical to those for the forward and reverse NO oxidation rates (Eqs.
8 and 9) when O2(g) and O2v are equal during exchange and NO oxidation, respectively.
16
O2-18O2 exchange rates (at 673 K) increased from 0.004 to 0.015 mol O2 (mol Pds)-1 s-1
as the O2 pressure increased from 2 kPa O2 to 20 kPa, consistent with an oxygen
dependence of [O2]0.5. The rates and mechanisms of isotopic exchange and NO oxidation
are also similar to each other on Pt [14], consistent with the rigorous description of the
O* chemical potential by O2v and with identical rate-determining steps involving isolated
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vacancies within O*-saturated layers on both Pt and Pd catalysts. Indeed, both NO
oxidation [4-10, 13, 14] and O2 exchange [14, 23] and also NO decomposition [24] and
electrochemical O2 reduction [25] are efficiently catalyzed by similar transition metals
(e.g. Pt, Pd, CoOx) suggesting mechanistic similarities in the oxygen dissociation and
recombination steps during all of these reactions.
A kinetically-relevant step involving a single vacancy and O2(g), which is a weakly
bound, molecular precursor to O* adatoms [26, 27], requires significant mobility of either
vacancies or superoxo-species for O2* to dissociate before desorbing. Previous
computational results have suggested that NO bound on sites adjacent to chemisorbed
O2* may be involved in dissociation and relevant to measured NO oxidation rates [28],
but O2 dissociation actually occurs as fast in the absence of NO, indicating that alternate
pathways not requiring NO* are involved.
We probe the mobility of these surface intermediates involved in O2 dissociation by
considering isotopomer selectivities during transient exchange of 18O2 with pre-adsorbed
16
O* on Pd/Al2O3. Initial 18O2-16O* exchange rates were identical to both 16O2-18O2
exchange and NO oxidation rates on Pd/Al2O3 samples with both high and low dispersion
(Fig. 2). 18O2 conversion rates during 18O2-16O* exchange reflect the same kinetically
relevant step during 16O2-18O2 exchange and NO oxidation (Step 1 in Scheme 1; Eq. 17).
Both 16O18O and 16O2 formed as initial products of isothermal 18O2-16O* exchange with
their selectivities given in Table 1 for large and small Pd clusters. Similar non-zero initial
selectivities to 16O18O were observed during previous measurements of isothermal 18O216
O* exchange on PdO [29] and during temperature program 18O2-16O* exchange on Pt
catalyst [14].
Table 1. Rates and Selectivities of 18O2 Exchange with Pre-adsorbed 16O*
Catalyst dispersiona

Initial 18O2 conversion rateb
(10-3 mol 18O2 (mol Pds)-1 s-1)

Initial selectivityb
(16O18O / 16O2)

0.12

3.8

1.0

0.56

0.45

0.5

a. 1.6% wt. Pd/Al2O3
b. 698 K, 2 kPa 18O2/He
The initial formation of 16O18O and the kinetic relevance of O2 dissociation on
isolated vacancies for exchange events are consistent with dissociation steps occurring on
*-O* site pairs to give mobile superoxo-intermediates (Scheme 2) that form with the
same rate constant as Step 1 in Scheme 1 (k1). This intermediate then reacts with a vicinal
O* during migration and desorbs with another O* (to form 16O18O during 18O2 exchange
with 16O*) or combines with a distant vacant site to form a strongly chemisorbed O*
species (Scheme 2) with a rate constant given by k1a. The initial selectivity to 16O2 during
18
O2-16O* exchange arises from 16O* that has been mobilized to a superoxo-position,
rather than by the direct recombination of vicinal 16O* species. The elementary steps in
Scheme 2 give an expression for the initial isotopomer selectivity during 18O2-16O*
exchange in terms of the ratio of the rates of each step in Scheme 2:
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rO2

(19)

k1a

Scheme 2. Proposed O2 Dissociation Elementary Steps.*
OO + *
OO + *
k1

k-1

O

O O O

O

O

k1a

O
*
* O, O , and O denote different oxygen atoms involved in elementary reactions.
Our results indicate that mobile oxygen species form at similar rates by O2 adsorption
and O* mobilization, apparently because both steps depend directly on the strength of
surface oxygen bonds. Small clusters give much smaller exchange rates and higher initial
selectivities to 16O18O. These trends reflect in both cases stronger O* bonds on smaller
clusters (as we discuss in Section 3.4), which lead in turn to smaller vacancy
concentrations and to less frequent dissociation of superoxo-species on vacant sites.
Mobile oxygen species have been previously proposed to account for O2 formation on
O*-covered surfaces during NO decomposition on Pt and temperatures (573-698 K)
similar to those required for the reverse of NO oxidation [24]. As expected, microscopic
reversibility would implicate similar steps and the involvement of mobile oxygen species
as intermediates in O2 adsorption on metal surfaces nearly saturated with O*.
3.3 Effect of H2O and CO2 pressures on NO oxidation rates. Combustion effluent
streams contain significant levels of H2O and CO2. As a result, NO oxidation catalysts
must function without strong inhibition by these combustion products. NO oxidation rates
on Pd/Al2O3 (0.12 dispersion) were essentially unaffected by CO2, but inhibited by H2O
(Figure 3a). NO oxidation rates decreased with increasing NO2/NO ratios at high H2O
pressures (Figure 3b). These kinetic effects are accurately described by the equation:
2k1[O2 ]

rNO 
1
(20)
K 2 [ NO2 ][ NO ]  K app [ H 2 O ]1/ 2 [ NO2 ]1/ 2 [ NO ]1/ 2
as shown by the dashed curves in Figures 3a and 3b. The first term in denominator can be
extracted to give:
ro

rNO 
1/ 2
(21)
 [ H 2O ] [ NO ]1/ 2 [ NO2 ]1/ 2
1  K app
where ro is the NO oxidation rate in the absence of H2O (Eq. 4).
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Figure 3. NO oxidation rates on Pd/Al2O3 (0.12 dispersion) at 648 K, (a) while ( ) H2O
and ( ) CO2 were varied (8 kPa O2, 0.050 kPa NO2, and 0.14 kPa NO) and (b) while the
NO2/NO ratio was varied (12 kPa O2, 1.25 x 10-3 kPa H2O).
These H2O inhibition effects reflect competitive reactions of H2O and O2 with O*-*
site pairs, in which H2O forms unreactive OH species (Scheme 1, step 4) that occupy
vacant sites required for O2 activation. Equation 21 is equivalent to:
r0

rNO 
(22)
1/ 2
1/ 4
1  K H 2O KO [ H 2O]1/ 2 [O2v ]1/ 4
This equation applies for surfaces predominantly covered by O* and OH*; the second
denominator term in Eqs. 21 and 22 represents the (OH*)/(O*) ratio during steady-state
NO oxidation catalysis. Similar inhibition and elementary steps involving H2O have been
reported for CH4 and dimethylether oxidation on Pd catalysts [30, 31], but inhibition
effects were not detected for NO oxidation on Pt above 573 K [32], apparently because
hydroxyls on Pt surfaces are less stable relative to chemisorbed oxygen than on PdO
surfaces.
3.4 Site requirements and cluster size effects for NO oxidation on Pd catalysts. Next,
we consider the catalyst oxidation state and cluster size and their consequences for NO
oxidation turnover rates. The rigorous definition of an oxygen virtual pressure (Eq. 6)
allows the oxidation state of Pd clusters during steady-state catalysis to be determined
purely from thermodynamic data when the oxygen content in Pd clusters reaches an
equilibrium value. We first confirmed that steady-state was achieved after both O2 and H2
treatments intended to form Pd oxide or metal clusters, respectively, on catalyst samples
containing large clusters (0.12 dispersion; Figure 4). NO conversion rates (at 0.17 kPa
O2v, 5 kPa O2, 603 K) were independent of initial treatment in H2 (101 kPa, 2h) or O2
33

NO oxidation rate (10-3 mol NO (mol Pds)-1 s-1)

(101 kPa, 24 h) and reached constant values in both cases after ~3 h in contact with
reactants. The formation of nitrates on Al2O3 from NO2 in the inlet stream influenced
initial NO conversion rates after both H2 and O2 treatments. The similar NO oxidation
rates after H2 or O2 treatments indicate that Pd clusters formed identical structures during
catalysis, irrespective of their initial state after pre-treatment. The thermodynamics of
Pd/PdO transitions for bulk systems (Hfo = -119 kJ mol-1, Sfo = -109 J mol-1 K-1 [33,
34]) show that PdO is the stable bulk phase at 603 K for any oxygen chemical potentials
corresponding to (virtual) O2 pressures above 10-7 kPa. Pd(111) samples exposed to O2
(6.5 kPa, 600 K) “adsorbed” ~20 O-atoms per surface Pd atom within 600 s, consistent
with the formation of ~20 layers of a stable Pd oxide [35]. Thus, oxygen diffusion within
the Pd bulk occurs sufficiently fast at typical NO oxidation temperatures to rapidly and
completely oxidize Pd clusters smaller than ~10 nm.
3
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Figure 4. NO oxidation rates on Pd/Al2O3 (0.12 dispersion) at 603 K, 0.17 kPa O2v, 5
kPa O2 versus time-on-stream after catalyst treatment in 101 kPa H2, 2 h, 603 K ( ) and
15 kPa O2, 24 h, 603 K ( ).
NO oxidation rate constants (from rate data, Eq. 8, and η, Eq. 3) were unaffected by
O2 pressures between 0.003 and 33 kPa at 623 K (Fig. 5); O2v rigorously represents the
kinetic and thermodynamic driving force for the oxidation of Pd clusters. Figure 5 shows
that Eq. 8 is valid and that k1KO-1/2 values remain constant throughout this range of
oxygen chemical potentials, implying that no changes in phase or structure consequential
for reactivity occur throughout the range of NO oxidation conditions. Thus, catalytic
clusters are either Pd metal or Pd oxide and remain so at all reaction conditions. Pd/PdO
thermodynamic data [33, 34] show PdO is the stable bulk phase above 10-6 kPa O2 at 623
K and at all conditions used in this study (573-673 K, 10-3-101 kPa O2v; PdO favored
above 10-5 kPa O2 at 673 K). These thermodynamic data are applicable to bulk structures,
in which Pd atoms are predominantly present in the coordinatively saturated environment
of a bulk solid. Pd atoms at coordinatively unsaturated corner and edge sites in small
v
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NO oxidation rate constant (10-4 kPa-1 s-1)

clusters tend to oxidize more readily than Pd atoms in larger clusters. Thus, we conclude
that the small Pd clusters used here for NO oxidation would also be present as oxides
during catalysis. The similar rate expression for metal (Pt [13, 14]) and oxide (PdO)
catalysts suggests that the oxidation state of the catalyst is inconsequential to the identity
of the kinetically-relevant elementary steps, although the rate constants for these steps
clearly differ among the various catalytic elements.
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Figure 5. The forward NO oxidation rate constant (k1K3-1) measured versus oxygen
virtual pressure, O2v, at 623 K on Pd/Al2O3 (0.12 dispersion).
NO oxidation and oxygen exchange rate constants on Pt catalysts increase markedly
with cluster size [14, 15]. Similar effects are observed for NO oxidation (Fig. 6a) and
oxygen exchange (Fig. 2) rate constants (k1KO-1/2) on Pd-based catalysts. NO oxidation
turnover rate constants increased sharply with increasing PdO cluster size (1-5 nm) and
more modestly for clusters above 6 nm. Similar size effects have been reported for CH4
and dimethyl ether oxidation on Pd (Fig. 6b) and Pt [30, 31, 36-38], reactions that also
require vacancies on surfaces nearly saturated with O* or OH*. These trends reflect
larger values of KO (in Eq. 8) and smaller concentrations of vacant sites, as a result of the
stronger binding of oxygen and hydroxyl species on smaller clusters. O2 activation rate
constants (k1) may also be affected by cluster size, but they contribute less to the apparent
rate constant than Ko because heats of O* adsorption are much larger than O2 dissociation
barriers on vacant sites [26, 39]. Larger Pt metal clusters expose more low-index surface
planes, which bind O* more weakly than the corner and edge sites prevalent on smaller
clusters [40, 41]. In contrast with Pt, Pd clusters are present as oxides during NO
oxidation catalysis. Such PdO clusters are semiconductors [42] for which electron
delocalization and small HOMO-LUMO or band gaps are critical for the stability of
reduced centers [43, 44]. Band gaps vary sensitively with cluster size and increase as
domains become smaller and valence electrons become more confined [45]. As a result,
vacancies in small oxide clusters are less stable than vacancies in larger clusters because
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the electrons remaining after oxygen removal must be delocalized into higher energy
states [43, 44]. Thus, small oxide clusters bind oxygen more strongly than larger clusters
[43, 44], and oxidation rates that depend on the generation of vacant surface sites are
lower on these small clusters [30, 31, 36-38].
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Figure 6. (a) NO oxidation rate constants (k1K2-1; 603 K) versus cluster size on Pd/Al2O3
( ) and Pt/Al2O3 from [14] ( ) and [15] ( ). (b) Rates of NO oxidation (603 K, ); CH4
oxidation (553 K, ) [30]; and dimethylether oxidation (473 K, ) [31].
3.5 Effects of NO2 scavenging on NO oxidation rates. NO2 inhibits NO oxidation (Eq.
4) because of its role in determining the concentration of the vacancies required for O2
activation (Scheme 1, step 2). Adsorbents can scavenge NO2 molecules [46] with
significant consequences for NO oxidation turnover rates that are inversely proportional
to local NO2 pressure [14]. We examine next NO oxidation rates in catalyst-adsorbent
mixtures to determine the inhibiting effects of NO2 at the low pressures present in NOx
trapping systems and also the effect of catalyst-adsorbent proximity on local NO2
concentrations.
NO oxidation rates were measured on catalyst pellets with mean radii of 77 and 125
m that were mixed with adsorbent pellets of the same size, which showed no reactivity
toward NO/O2 mixtures. The resulting NO oxidation and NO2 elution rates at initial
contact times are shown in Table 2. NO consumption rates (0.038–0.046 mol NO (mol
Pds)-1 s-1) were much higher than NO2 elution rates from the reactor (<0.001 mol NO2
(mol Pds)-1 s-1) at these early contact times confirming that adsorbents effectively retained
NO2, which was not detected in the outlet stream. The low NO2 concentrations were
coincident with initial NO oxidation rates that were ~10 times higher than their steadystate value (0.005 mol NO (mol Pds)-1 s-1), which was reached after ~3 ks when NO2
pressures were 4 Pa. Initial NO oxidation rates were slightly higher when the pellet size
in the reactor decreased from 125 to 77 m. A substantial decrease in the distance
between NO oxidation and NO2 adsorption sites from mixtures of pellets (77 m) to
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mixtures within pellets (<22 m) led to a relatively modest increase in NO consumption
rates (from 0.046 to 0.079 mol NO (mol Pds)-1 s-1)). These data suggest that NO2
diffusion over distances of ~100 m weakly influences local NO2 concentrations, which
still inhibit NO oxidation and cause lower rates in the less intimate mixtures. Intrinsic
NO2 adsorption rates, rather than mass transport parameters, affect local NO2
concentrations in intrapellet and co-impregnated mixtures in NOx trapping systems.
Table 2. NO Oxidation Rates on Catalyst-Adsorbent Mixtures.
Mean PdOInitial NO
Initial NO2
Initial
BaCO3
oxidation rate
elution rate
NO2 (Pa)
(mol
NO
(mol
(mol
NO
(mol
distance (m)
2
PdO)-1 s-1)a
PdO)-1 s-1)a
<22b
0.079
<0.001
0.2

Steady state NO
oxidation rate
(mol NO (mol PdO)1 -1 a
s )
0.005

77c

0.046

<0.001

0.3

0.005

125c

0.038

<0.001

0.4

0.005

a. Rates measured at 573 K, 0.18 kPa NO, 1 kPa O2 on mixtures of 10 mg Pd/Al2O3 (0.12
dispersion), 125 mg BaCO3/Al2O3
b. Catalyst and adsorbent combined within pellets from particles sieved to <22 m.
c. Catalyst and adsorbent combined as mixtures of pellets with specified mean radii.
The absence of mass transfer artifacts in intrapellet mixtures implies that NO2 can be
treated as a reaction intermediate at pseudo-steady-state within intrapellet catalystadsorbent mixtures. NO2 concentrations are then given by the balance between NO
oxidation (rPd) and NO2 adsorption rates (rBa):
0 = LPd rPd – LBa rBa
(23)
Here, LPd and LBa represent the number of catalyst and adsorbent sites, respectively.
Equation 23 shows that NO2 concentrations depend on the relative number of catalyst and
adsorbent sites (:
 = LPd / LBa
(24)
Figure 7 shows the effects of , varied by changing the amount of catalyst and
adsorbent in intrapellet mixtures, on NO oxidation rates at initial contact times. Initial
NO oxidation rates were proportional to  (dashed line). These effects are consistent
with an adsorption rate expression that is first order in NO2:
rBa  k Ba [ NO2 ]
(25)
where kBa is constant for given inlet pressures and temperature. The combination of Eqs.
4 and 23-25 leads to an expression for NO2 concentrations and observed NO oxidation
rates in terms of , consistent with the results in Figure 7:
1/ 2

 k Pd [ NO][O2 ] 


k Ba



(26)

rPd   1/ 2  k Pd k Ba [ NO ][O2 ]

(27)

[ NO2 ]  

1/ 2

1/ 2
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Figure 7. NO oxidation rates on intrapellet mixtures of Pd/Al2O3 (0.12 dispersion) and
BaCO3/Al2O3 as a function of (Eq. 24) at the initial contact time with 0.18 kPa NO and
1 kPa O2 at 573 K.
The beneficial effects of decreasing  on NO oxidation rates imply that the presence
of more adsorption sites relative to catalyst sites results in lower NO2 concentrations.
Such low NO2 concentrations still inhibit NO oxidation via the rate expression in Eq. 5
and the elementary steps in Scheme 1, consistent with the rapid dissociation of NO2 on
catalyst surfaces [39] and with the scarcity of vacancies that facilitate O2 dissociation.
Initial NO oxidation rates correspond to NO2 pressures and O2v between 0.04–0.2 Pa and
10-5–10-4 Pa, respectively, as determined by Eqs. 4, 6 and the measured NO oxidation rate
constant. These oxygen chemical potentials remain in the range where PdO is favored
over Pd, which undergoes a phase transition at 5x10-6 Pa O2(v) at 573 K [33, 34]. Catalyst
surfaces remain nearly saturated with chemisorbed O* as a result of strong oxygen
adsorption heats (220 and 330 kJ (mol O2)-1 on Pd clusters of 1 and 3 nm, respectively
[47]), which remain relevant to the design of NOx trapping systems so long as NO2
binding on adsorbents occurs with finite rates.
4. Conclusions
Kinetic and isotopic measurements led to a consistent mechanistic picture of NO
oxidation on PdO clusters involving the kinetically-relevant activation of O2 on isolated
vacancies within nearly-saturated oxygen adlayers. Vacancy concentrations are
diminished in the presence of H2O, which forms unreactive hydroxyl groups. The O2
activation steps and their reversibility were confirmed by measurements of oxygen
isotopic exchange rates, which were equal to NO oxidation rates at a given value of the
oxygen chemical potential. These measurements also showed that the mobility of surface
oxygen intermediates allows kinetically-relevant dissociation steps to occur on isolated
vacancies. NO oxidation turnover rates are insensitive to oxidative or reductive
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pretreatments because PdO is thermodynamically favored and forms rapidly at all
relevant NO oxidation conditions. NO oxidation rates are instead sensitive to PdO cluster
size because oxygen binding energies are higher on small clusters leading to lower
vacancy concentrations and turnover rates, a trend that is general observed for other
oxidation reactions that require vacancies on oxygen covered surfaces. The requirement
for vacancies on PdO surfaces leads to NO2 inhibition and to significantly higher NO
oxidation rates when BaCO3 sites that irreversibly bind NO2 are present near catalyst
sites in physical mixtures.
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CHAPTER 4
NO OXIDATION ON DISPERSED Rh AND Co OXIDE CATALYSTS

Abstract
Kinetic and isotopic methods were used to probe the elementary steps and site
requirements for NO oxidation on Rh and Co-containing catalysts. NO oxidation rates are
nearly first order in NO and O2 reactants and inhibited by NO2, consistent with the
kinetic-relevance of O2 activation steps on oxygen vacancies within catalyst surfaces. The
abundance of such vacancies is established by equilibrated reactions involving NO and
NO2. The NO oxidation kinetics and the implied mechanism on Rh and Co catalysts are
similar to those previously measured on Pt and PdO catalysts, but the oxygen chemical
potentials established at catalyst surfaces by NO-NO2 equilibrium cause both Rh and Co
to be present as oxides (RhO2 and Co3O4) that can undergo one-electron reductions to
stable phases (Rh2O3 and CoO). We propose that the formation of vacancies in RhO2 and
Co3O4 surfaces also occurs by one-electron reductions and leads to high rates of O2
activation. These conclusions are consistent with O2 activation rates that are higher
during 16O2-18O2 exchange than during NO oxidation and with NO oxidation rates on
RhO2 and Co3O4 surfaces that are much higher than rates on PdO surfaces.
1. Introduction
Diesel engines generate significant amounts of toxic NO that must be removed from
exhaust streams. NO is relatively unreactive; therefore, many NOx abatement strategies
rely on oxidizing NO to NO2, a molecule that more readily reacts with reductants (e.g.
NH3 [1, 2] or C [3, 4]) or adsorbs on metal oxide substrates [5, 6]. The mechanism and
site requirements for NO oxidation catalysis has been investigated on Pt [7, 8] and PdO
[9, 10] clusters, but no rigorous kinetic or mechanistic data is available on other elements
that also catalyze NO oxidation (e.g. Rh [11] and Co [12, 13]).
Here, we report kinetic and isotopic evidence for the mechanism of NO oxidation on
supported Rh and Co clusters and compare these results with previously measured data
on Pt [7, 8] and PdO [9] catalysts. We relate the oxidizing potential of NO/NO2/O2
mixtures to existing thermodynamic data on Rh and Co oxides to show that catalysts are
present as RhO2 and Co3O4 during NO oxidation reactions. The availability of
intermediate oxidation states on such catalysts in the form of Rh2O3 and CoO is shown to
strongly affect O2 activation processes during NO oxidation and during isotopic O2
exchange and allows Co and Rh catalysts to efficiently catalyze NO oxidation.
2. Experimental Methods
2.1 Catalyst synthesis and characterization. -Al2O3 (Sasol, SBa-200, 180 m2 g-1) or
SiO2 (Davisil, Grade 646, 300 m2 g-1) supports were heated at 0.07 K s-1 to 1023 K in
flowing dry air (Praxair, Extra Dry, 1 cm3 s-1 g-1) and held for 4 h. Rh(NO3)3•H2O (Sigma
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Aldrich, 98% metal purity) or Co(NO3)2•(H2O)6 were added to de-ionized distilled water
(Barnstead, Nanopure), and the solution was added dropwise to -Al2O3 or SiO2 to the
incipient wetness point (0.45 g solution (g Al2O3)-1, 0.9 g solution (g SiO2)-1) to prepare
catalyst samples with 0.8% and 2.4% wt. Rh and 10% wt. Co contents. Impregnated
supports were treated in ambient air to 393 K for 4 h and then in flowing dry air (Praxair,
Extra dry, 1 cm3 s-1 g-1) for 4 h by heating at 0.07 K s-1 to a temperature between 673 and
1148 K. Samples were subsequently treated in 9% H2/He (Praxair, 99.999% purity, 1 cm3
s-1 g-1) for 5 h at 873 K or 673 K for Rh- or Co-containing samples, respectively.
Materials were treated with 0.5% O2/He (Praxair, 99.999% purity, 1 cm3 s-1 g-1) at
ambient temperature for 1 h to passivate their surfaces.
The fraction of surface Rh and Co atoms (Rhs and Cos) was measured by H2
chemisorption using an Autosorb-1 titration apparatus (Quantachrome) and methods
described in Chapter 2. Average cluster diameters were estimated from dispersion values
(number of surface atoms among all atoms), by assuming spherical clusters with atomic
densities for bulk Rh or Co metal (12.4 g Rh cm-3; 72 Rh nm-3; 8.9 g Co cm-3; 91 Co nm-3
[14]). These procedures gave Rh/Al2O3 samples with 0.12–0.62 dispersions and 1.5-8 nm
average cluster diameter and a Co/SiO2 sample with 0.006 dispersion and ~100 nm
cluster size. O2 uptakes on such materials were measured also using the Autosorb-1
titration apparatus.
2.2 NO Oxidation rate measurements. NO oxidation rates were measured on preformed pellets (0.12-0.18 mm) of Rh/Al2O3 or Co/SiO2 catalysts. Samples were held on a
porous quartz (10 mm) frit within a tubular flow reactor (10 mm). Reactant (15% O2/He,
2% NO/He, 1% NO2/He, and 5% CO2/He) and He carrier gases (Praxair, 99.999% purity)
were metered by electronic controllers (Porter Instruments) and their relative flows varied
to achieve a range of reactant pressures (1-12 kPa O2, 0.04-0.25 kPa NO, 0.02-0.25 kPa
NO2, 0-2 kPa CO2, 102 kPa total pressure). A resistively-heated furnace with a feedback
controller (Watlow, 96 series) and a K-type thermocouple maintained catalyst between
548-673 K. The concentrations in the inlet and outlet streams were measured by an
infrared analyzer (MKS 2030; 2 cm3 cell; 2 cm pathlength; 338 K). NO oxidation rates
are reported as turnover rates (moles NO converted (mol Pds)-1 s-1) at NO conversions
below 15% and calculated using design equations for plug-flow reactors. Catalysts were
pre-treated by heating at 0.07 K s-1 from ambient to reaction temperature (548-673 K)
while flowing 15 kPa O2 (1 cm3 g-1 s-1).
2.3 Isotopic oxygen exchange rate measurements. 16O2-18O2 exchange rates were
measured in a gradientless batch reactor (498 cm3 volume) that was re-circulated by a
graphite gear pump (Micropump; 2 cm3 s-1). Gases (99.999% chemical purity) were
obtained from Praxair (90% O2/Ar, He) and Ikon Isotopes (18O2, 96% isotopic 18O purity).
Catalysts were heated to reaction temperature (643-698 K) at 0.07 K s-1 and held for 1 h
in flowing 2 kPa 16O2/Ar/He (30 cm3 s-1 g-1) before the reactor was evacuated and filled
with an equimolar 16O2-18O2 mixture and He as balance. Isotopomer concentrations
during 16O2-18O2 exchange were measured by periodic injections into a mass
spectrometer (MKS Mini-Lab).
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3. Results and Discussion
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3.1 NO oxidation kinetics on Rh- and Co-containing catalysts. NO consumption rates
were measured on Rh/Al2O3 and Co/SiO2 catalysts treated with NO/NO2/O2 mixtures.
The measured NO consumption rates reflect reactions in the forward and reverse
directions of Eq. 1, which correspond to NO oxidation and NO2 decomposition reactions,
respectively:
2 NO + O2
2 NO2
(1)


The forward ( rNO ) and reverse ( rNO ) reaction rates of Eq. 1 are related by the approachto-equilibrium factor () [15], given by:

rNO
 =  = ( [NO2]2 [NO]-2 [O2]-1 KR-1 )1/*
(2)
rNO
where * is a constant derived [15] from the stoichiometric numbers for each elementary
step, and KR is the equilibrium constant for Eq. 1 and obtained from thermodynamic data
[14]. Forward NO oxidation rates can then be obtained from measured NO consumption
rates ( rNO ) by:



(3)
rNO  rNO  rNO  rNO 1   
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Figure 1. NO oxidation rates on (a) 2.4% wt. RhO2/Al2O3 (573 K; 0.47 dispersion) and
(b) 10% wt. Co3O4/SiO2 (548 K; 0.006 dispersion) versus ( ) NO pressure (at 0.055 kPa
NO2; 5 kPa O2); ( ) NO2 pressure (at 0.11 kPa NO, 5 kPa O2) and ( ) O2 pressure (at
0.11 kPa NO, 0.055 kPa NO2).
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The results in Figure 1 show the effect of NO, NO2, and O2 pressures on forward NO
oxidation rates on dispersed Rh and Co catalysts. NO oxidation rates on both catalytic
elements increased linearly with NO and O2 pressures and were inhibited by NO2. The
data are consistent with a value for * (Eq. 2) equal to one and a rate expression given by
Eq. 4, as shown by the dashed lines in Figure 1.

rNO  2k NO [O2 ][ NO ][ NO2 ]1
(4)
The rate expression for NO oxidation (Eq. 4) is similar to the one measured on Pt and
PdO catalysts, and is consistent with elementary steps proposed previously for NO
oxidation [7-9] involving the kinetically-relevant reaction of O2 with a vacant site (*) on
catalyst surfaces (Scheme 1, step 1). The abundance of such vacant sites is determined by
equilibrated reactions between the catalyst surface and NO and NO2 (Scheme 1, step 2),
which leads to forward NO oxidation rates given by:
2k1[O2 ]

(5)
rNO 
1  K 2 [ NO2 ][ NO ]1
The respective denominator terms in Eq. 5 represent the relative concentrations of vacant
sites (*) and sites occupied by oxygen atoms (O*). This expression (Eq. 5) obtained from
the proposed elementary steps (Scheme 1) is identical to the measured rate equation (Eq.
4) when the second term in the denominator of Eq. 5 is much larger than the first term:
2k [O ][ NO ]

(6)
rNO  1 2
K 2 [ NO2 ]
The kinetic data (Fig. 1) then suggest that oxygen atoms nearly saturate the active sites
and that the apparent rate constant (kNO) reflects the ratio of k1 and K2.
Scheme 1. Proposed Elementary Steps for NO Oxidation
O2 + *
O2* + *

k1
k2

O 2*

(1)

2 O*

(2)

NO 2 + *

(3)

K3

NO + O*

The oxygen coverage on active sites and the driving force for the formation of bulk
oxides by Rh and Co clusters depend on the chemical potential of oxygen atoms at
catalyst surfaces. This oxygen chemical potential can be expressed as a virtual oxygen
pressure, O2v, defined as the O2 pressure that gives at conditions of adsorption-desorption
equilibrium the same O* coverage present during NO oxidation catalysis in the presence
of a given NO-NO2 mixture. Thermochemical arguments [8, 9] show that the value of O2v
can be calculated from the equilibrium constant for NO oxidation (KR) and the prevalent
NO2 and NO pressures by the equation:
[O2v] = [NO2]2 [NO]-2 KR-1
(7)
This treatment [8, 9] additionally shows that the equilibrium constant (K2) for NONO2 adsorption reactions (Scheme 1, step 2) is related to the equilibrium constant (KO)
for O2 adsorption reactions (defined in Eq. 9) by:
K2 = KO1/2 / KR1/2
(8)
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2 * + O2
2 O*
(9)
Equations 5, 7, and 8 can be combined to show that the NO oxidation rate expression
depends only on the prevalent O2(g) pressure and the virtual oxygen pressure (O2v):
2k1[O2 ]

(10)
rNO  2k1[O2 ][*] 
1/ 2
1   K O [O2v ]
The assumption that O-atoms saturate binding sites allows the O2 activation rate during
NO oxidation to be simply written as:

rO2
k1
(11)
 k1[*] 
1/ 2
[O2 ]
 K [O v ]
O

2

3.2 Determination of the oxidation state and reducibility of Rh and Co catalysts. The
oxygen chemical potential established by NO/NO2 reactions with catalyst surfaces
provides the driving force for the formation of bulk Rh and Co oxides. The values of the
O* chemical potential during the kinetic measurements in this study (548-623 K for Co
catalysts; 573-673 K for Rh catalysts; and 0.2-3.0 NO2/NO for both catalysts) give the
same O* coverage as treatments of Co catalysts with 3x10-5–2.0 kPa O2 and of Rh
catalysts with 0.02–2.0 kPa O2 in the absence of NOx co-reactants. The phase diagram of
bulk Rh oxides (reproduced from [16] in the appendix of this chapter) and
thermodynamic data for bulk Co oxides ([14] leading to the phase diagram shown in the
appendix of this chapter) suggest that RhO2 and Co3O4 are the stable phases of Rh and Co
clusters for the conditions in this study. The phase diagram for Rh oxides [16] and
thermodynamic data for Co oxides [14] also show that Rh and Co clusters form structures
with lower oxidation states (Rh2O3 and CoO), but these oxides are not the stable forms of
these catalysts at the conditions in this study.
These assessments of the oxidation states were confirmed for Co3O4 catalysts by
measuring O2 uptakes on one of the Co/SiO2 catalysts used in this study. Figure 2 shows
the O2 uptake on 10% wt. Co/SiO2 treated previously with 100 kPa H2 at 673 K. The O2
uptake was 0.64 mol O2 (mol Co)-1 at 673 K, which is similar to the value expected when
all Co transforms to Co3O4 (0.667 mol O2 (mol Co)-1 from Eq. 12) and is inconsistent
with transformations between Co and CoO (0.5 mol O2 (mol Co)-1 from Eq. 13).
3 Co + 2 O2
Co3O4
(12)
Co + ½ O2
CoO
(13)
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Figure 2. O2 uptake at 673 K on 10% wt. Co/SiO2 (0.006 dispersion) previously treated
at 673 K with flowing 100 kPa H2 for 1 h (0.1 cm3 g-1 s-1) and then under vacuum for 1 h.
The O2 uptake at 673 K was independent of O2 pressure between 5-60 kPa (Fig. 2),
indicating that all Co clusters were present as Co3O4 throughout this range of O2
pressures. These measurements are reported at slightly higher temperatures and O2
chemical potentials than were prevalent during the NO oxidation kinetic measurement in
Figure 1 (548 K and 10-3-10-1 kPa O2v), but the phase boundaries for the CoO/Co3O4
transition occur at much lower O2 pressures at each temperature (10-15 kPa O2 at 548 K
and 10-9 kPa at 673 K); therefore, it is unlikely that Co oxides with Co/O ratios between
0.75 and 1.0 were present during NO oxidation measurements, and that all clusters were
present as Co3O4 throughout this study.
The presence of Co and Rh clusters in their high oxidation state forms (Co3O4 and
RhO2) allows both catalysts to access intermediate oxidation states via one-electron
reductions (Co(III) to Co(II) and Rh(IV) to Rh(III)) during the formation of vacant sites
required for O2 activation. We show next that this has significant consequences for the
measured rate constants of O2 activation during NO oxidation and during the isotopic
exchange of labeled O2, a reaction that also depends on the creation of vacant sites within
oxide surfaces.
3.3 Comparison of O2 isotopic exchange and NO oxidation rates. The kineticallyrelevant step for NO oxidation (Scheme 1, step 1) was previously shown to be identical to
the O2 activation step that occurs during oxygen exchange reactions on Pt [8] and PdO
[9] catalysts. We consider now oxygen exchange reactions on Rh and Co catalysts to
further understand the reactions between O2 and active sites on these catalysts.
Oxygen exchange rates, measured at 2 kPa O2, were compared with forward NO
oxidation rates measured at 2 kPa O2v (defined in Eq. 7); these conditions ensure that the
concentration of vacant sites on catalyst surfaces is similar during both exchange and NO
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oxidation. Figure 3 shows that the rates of each reaction divided by the prevalent O2
pressure in each measurement are larger for exchange than for NO oxidation on both

RhO2 and Co3O4 catalysts. The quantity plotted in Figure 3 ( rO2 [O2 ]1 ) depends only on
the rate constant for O2 activation and on concentration of vacant sites in each reaction
(Eq. 11 for NO oxidation and Eq. 14 for exchange):

rO2 ,ex  kex [O2 ][*]n
(14)
where n represents the number of sites involved in rate-determining exchange steps.
Oxygen isotopic exchange occurs at chemical equilibrium; therefore, the vacancy
concentration during 16O2-18O2 exchange is given by (KO[O2])-1/2 when the active sites are
nearly saturated with chemisorbed O-atoms.

rO2 ,ex
kex

(15)
[O2 ] ( K O [O2 ]) n / 2
Previous results suggested a value for n of 1.2 on Co3O4 catalysts [17], which is
consistent with exchange reactions that occur on one site at rates given by:

rO2 ,ex
kex

(16)
[O2 ] ( K O [O2 ])1/ 2
The results in Figure 3 then show that kex (Eq. 16) is greater than k1 (Eq. 11) by ~102 on
RhO2 catalysts and by ~101 on Co3O4 catalysts.
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Figure 3. O2 activation rates rO2 divided by the prevalent O2 pressure during ( ) NO
oxidation at 2 kPa O2v and during ( ) O2 exchange at 2 kPa O2 on (a) 2.4% wt.
Rh2O3/Al2O3 (0.47 dispersion) and (b) 10% wt. Co3O4/SiO2 (0.006 dispersion).

The larger values of the rate constants for exchange (kex) than for NO oxidation (k1)
suggest that 16O2-18O2 exchange occurs via different elementary steps than NO oxidation.
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Previous measurements [18] of exchange between 18O2 and lattice 16O atoms (16O*) of
many oxide surfaces have detected the initial formation of 16O18O as a primary product
via the elementary reaction:
18
16 18
O2 + 16O* + *
O O + 18O* + *
(17)
A concerted reaction between O2, lattice oxygen, and an oxygen vacancy may result in
isotopic exchange without dissociating O2 molecules to form species that are reactive for
NO oxidation, thus allowing exchange rate constants to be much higher than NO
oxidation rate constants.
No differences in exchange and NO oxidation rate constants were observed on Pt [8]
or PdO [9], in contrast with the results observed here on RhO2 and Co3O4 catalysts. Both
Rh and Co form stable oxides in which the formal oxidation state of each element differs
by one (Rh(IV) in RhO2; Rh(III) in Rh2O3, and a mixture of Co(III) and Co(II) in Co3O4;
only Co(II) in CoO). In contrast, PdO is the only known stable Pd oxide, while Pt oxides
with higher oxidation states are not accessible at the conditions at which exchange and
NO oxidation rates were compared. These differences suggest that the concerted
exchange processes in Eq. 17 are favored on metal oxides that undergo one-electron
oxidation-reductions.
3.4. Site requirements for NO oxidation on metal and oxide catalysts. We finally
investigate the site requirements for the O2 activation steps that occur during NO
oxidation. NO oxidation rates on dispersed RhO2 increased modestly with increasing
cluster size consistent with trends observed on Pt [8] and PdO [9] catalysts (Fig. 4).
Oxide clusters become less reducible as their size decreases as a result of concomitant
increases in the band gap of such materials [19, 20]. These effects on the band gap are
consequential for catalysis because the generation of vacant sites within oxide surfaces
involves electron transfer into the unoccupied valence band, which requires more energy
as the band gap increases. The cluster size effects are much more significant for NO
oxidation on Pt metal clusters [8] and arise for different reasons than for oxide clusters.
Small metal clusters expose more low-index surface planes than large clusters [21], and
the oxygen binding energies are much higher on these low index surfaces facets [22, 23],
which apparently results in much stronger size effects than observed on oxide clusters.
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Figure 4. NO oxidation rates on RhO2/Al2O3, Co3O4/Al2O3, Pt/Al2O3 [8], and PdO/Al2O3
[9], catalysts at 603 K, 5 kPa O2, 120 Pa NO, 56 Pa NO2.
The NO oxidation rates on large Co3O4 clusters were much larger than rates on all
other catalysts; NO oxidation rates on RhO2 were larger than those on PdO catalysts and
were of the same order of magnitude as rates on Pt catalysts (Fig. 4). These trends in rates
primarily reflect differences in the oxygen binding energy on active sites involved in
catalysis, which influences rates through the KO term in the rate equation (Eq. 11) and
affects the concentration of vacant sites required for O2 activation. Yet, oxygen binding
energies on bare Rh and Co metal surfaces are much higher than oxygen binding energies
on bare Pt and Pd metal surfaces [24]. The existence of Rh and Co in high oxidation
states (RhO2 and Co3O4) and the availability of lower oxidation states via one-electron
reductions (Rh(IV) to Rh(III) and Co(III) to Co(II)) appear to significantly lower oxygen
binding energies on Co and Rh oxide clusters compared to Rh and Co metal surfaces.
4. Conclusions
NO oxidation on RhO2 and Co3O4 clusters proceeds via similar reactions as on Pt and
PdO clusters, and involves the kinetically-relevant activation of O2 molecules on surface
vacancies. Vacancy concentrations are established by NO-NO2 equilibrium with catalyst
surfaces. The prevalent oxygen chemical potentials at catalyst surfaces during NO
oxidation cause Rh and Co clusters to be present in high oxidation states, while the phase
behavior of Rh and Co oxides shows that stable structure with intermediate oxidation
state (Rh2O3 and CoO) are accessible via one-electron reductions during the formation of
vacancies required for NO oxidation. These properties allow both Rh and Co oxides to
efficiently catalyze NO oxidation and cause O2 activation rates to be much higher during
exchange than during NO oxidation on Rh and Co oxides.

49

Appendix: Phase diagrams of Rh and Co oxides
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Figure. A.1. (a) Phase diagram of Rh2O3-RhO2-O2 system from [16]. (b) Phase diagram
of CoO-Co3O4-O2 system from thermodynamic data [14].
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CHAPTER 5
NOx INTERACTIONS WITH DISPERSED BaO:
Adsorption Kinetics, Chemisorbed Species, and Effects of Oxidation Catalyst Sites

Abstract
Infrared spectra and nitrate and nitrite formation rate data provide rigorous evidence
for the identity of the adsorbed species and the elementary steps required for adsorption
of NO, NO2, and CO2 on BaO/Al2O3 with and without Pt clusters that act as oxidation
catalysts. NO/NO2 adsorption occurs via initial formation of nitrites and their subsequent
oxidation to nitrates on samples pre-saturated with carbonates by exposure to CO2.
Nitrites form much faster than nitrates at low NO2 pressures via displacement of
carbonates and vicinal coadsorption of NO and NO2 molecules; as a result, the dynamics
of nitrite formation and of their subsequent oxidation can be independently measured
during exposure to NO/NO2 mixtures over a broad temperature range (453-673 K).
Nitrites form rapidly upon exposure to NOx, but the presence of CO2 limits equilibrium
NOx uptakes because of unfavorable thermodynamics, rendering nitrite formation an
impractical strategy for NOx removal from CO2-rich combustion effluent streams. Nitrate
thermodynamics are much more favorable, but the rate of nitrite oxidation to nitrates is
limited by slow homogeneous NO2 dimerization to N2O4, which acts as the oxidant in
nitrite conversion to nitrates on Pt-free Ba/Al2O3. This mechanism is consistent with
nitrate formation rates that are second order in NO2 pressure and essentially independent
of NO pressure, sample temperature, and residual coverages of unreacted nitrites. Pt
clusters present in close proximity to nitrite-saturated BaO domains provide a catalytic
route for the formation of the N2O4 oxidant required to convert nitrites to stable nitrates
and for the effective removal of NOx from CO2-containing streams. Nitrate formation
rates on BaO/Pt/Al2O3 are proportional to NO2 pressures, inhibited by NO and
proportional to the residual coverage of unreacted nitrites, consistent with rates limited by
reactions between N2O4 molecules, in equilibrium with NO2 in steps mediated by Pt
surfaces, and nitrites. These detailed kinetic and spectroscopic studies provide
mechanistic details previously unavailable about the bifunctional character of NO2
reactions that form stable nitrates on BaO domains and about the essential role of oxidant
formation on metal clusters in rendering such adsorption strategies practical for the
removal of NOx from CO2-rich streams.
1. Introduction
BaO adsorbents, together with transition metal catalysts, can be used to trap smogcausing NO from combustion effluent streams that lack CO or residual hydrocarbons as
reductants [1-3]. Transition metals catalyze NO oxidation to NO2, a molecule that readily
adsorbs on many porous solids [4, 5], but which also inhibits NO oxidation by titrating
active sites on catalytic surfaces with chemisorbed oxygen atoms [6-8]. As a result, NO2
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adsorption rates strongly influence the effectiveness of the catalysts required to convert
NO to NO2 as part of lean de-NOx removal strategies [7, 8].
Infrared and X-ray photoelectron spectroscopic studies suggest that NO2 initially
adsorbs on BaO-containing solids as nitrites with sequential [5, 9-16] or concurrent [1217] formation of nitrates. Nitrate formation can involve peroxides (BaO2) [5, 18, 19] or
direct interactions of NO2 [5, 8-19] or NO/O2 [15, 16, 20] with BaO surfaces or with preformed nitrites. Nitrite and nitrate formation on BaO may also be mediated by
intermediates formed on proximate metal clusters [15, 16, 20-22]. The elementary steps
for NOx adsorption processes and the transport pathways between Pt and BaO sites
remain unclear and controversial, at least in part, because previous studies have been
conducted at conditions leading to complete NO2 conversion, which preclude
unequivocal interpretations of adsorption and reaction rates.
Here, we report infrared spectra and kinetic data under conditions of strict kinetic
control to probe the nature of the adsorbed species, reactions, and elementary steps
involved in the competitive adsorption of CO2 and NOx on BaO/Al2O3 and
BaO/Pt/Al2O3. The formation of nitrates is slow at low NO2 pressures (<9 Pa) and such
conditions allow measurements of nitrite formation rates during contact with NO/NO2
mixtures without concurrent nitrate formation; the relative stabilities of nitrite and
carbonate, however, lead to low nitrite coverages in the presence of CO2, making nitrites
ineffective as adsorbed species in NOx trapping strategies. The sequential formation of
more stable nitrates allows larger NOx uptakes, but nitrate formation rates in metal-free
adsorbents are limited by slow NO2 dimerization steps that form species required to
oxidize nitrite. Intermediates formed on Pt sites present as co-impregnated mixtures with
nitrite binding sites provide alternate and much faster nitrate formation pathways that
allow for more efficient use of NO2 adsorbents.
2. Experimental Methods
2.1 BaO/Al2O3 and BaO/Pt/Al2O3 synthesis. Materials were prepared by similar
methods as in previous studies [15, 23]. -Al2O3 (Sasol, SBa-200, 180 m2 g-1) was heated
to 1023 K at 0.06 K s-1 in flowing dry air (Praxair, Extra Dry; 1 cm3 g s-1) and held at
1023 K for 4 h. Pt/Al2O3 (2.1wt.% Pt) was prepared by methods described previously[7]
to achieve a material with 76% of Pt atoms exposed at cluster surfaces, which
corresponds to Pt clusters with a mean size of 1.2 nm and a dispersion of 0.0059 Pt
clusters per nm2 assuming hemispherical geometries and a density equal to the bulk value
(22 g cm-3 [24]). Either -Al2O3 or this Pt/Al2O3 was combined with an aqueous solution
(0.45 cm3 (g Al2O3)-1) of Ba(O2C2H3)2 (Sigma-Aldrich, 99.995%) to achieve loadings of
3.0 BaO nm-2 (15wt.% BaCO3). Impregnated samples were held at 383 K for 6 h in
ambient air, and then heated to 823 K at 0.06 K s-1 in flowing dry air (1 cm3 g-1 s-1) and
held for 4 h. A portion of the BaO/Al2O3 adsorbents was pulverized in 1:3 ratios with
either 2.1wt% Pt/Al2O3 (0.76 Pt dispersion) or SiO2 (Selecto, treated at 1123 K in
flowing dry air (1 cm3 g-1 s-1) for 4 h).
2.2 CO2 and NOx adsorption measurements. Adsorption thermodynamics and kinetics
were measured on self-supported wafers (2-6 mg cm-2, pressurized at 100 MPa) in an
infrared cell described previously [25] and on pellets (0.02-0.1 mm diameter; formed by
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pressurization of powders at 100 MPa) supported on a quart wool plug within a quartz
tubular reactor (4 mm diameter). Temperatures (423-673 K) were held constant using
resistive heating and an electronic controller (Watlow 96 series). Mass flow controllers
(Porter Instruments) and switching valves (Valco Instruments Company) were automated
using Labview software (National Instruments). Reactant gases (0.1% NO2/He, 2%
NO/He, 10% CO2/He, H2) and a He balance (Praxair; 99.999% purity) were metered to
achieve 10-3-10-1 kPa NO2, 10-2-100 kPa NO, 10-1-101 kPa CO2, 3 kPa H2, and 102 kPa
total pressure. Reactor inlet and outlet concentrations of NO, NO2, and CO2 were
measured by an infrared gas analyzer (MKS 2030, 2 cm cell, 2 cm pathlength), while
adsorbates were detected by a Fourier-transform infrared spectrometer (Thermo-Nicolet
8700; transmission mode). BaO/Al2O3 adsorbents were discarded after their saturation
with nitrate, but adsorption sites on nitrate-saturated BaO/Pt/Al2O3 were regenerated by
treatment with 3 kPa H2 (473-573 K) for 0.5 h.
Adsorbate coverages were determined from infrared spectra by methods presented in
the Appendix. NO and NO2 conversions were kept below 15% for kinetic measurements
by adjusting molar flow rates (9-400 mol (mol BaO)-1 s-1). Adsorption rates were
normalized by the available surface area, the pore volume, or the number of accessible
nitrite binding sites (denoted BaOn). BaOn was determined from cumulative NO2 uptakes
during treatments of BaO/Al2O3 with NO/NO2 mixtures (20-150 Pa NO, 2-8 Pa NO2,
423-673 K) after the NO2 conversion became undetectable (<5%) and the nitrite coverage
remained constant for 1 h. Rates of the fastest process, nitrite formation on BaO/Al2O3 (5
Pa NO2, 75 Pa NO, 503 K), were similar on 80 m pellets of BaO/Al2O3 (5.3x10-3 mol
(mol BaOn)-1 s-1) and on 20 m pellets (6.1x10-3 mol (mol BaOn)-1 s-1) containing 1:3
mixtures of BaO/Al2O3 and SiO2, confirming the absence of mass transfer artifacts [26].
3. Results and Discussion
3.1 CO2 and NOx adsorption on BaO/Al2O3 and BaO/Pt/Al2O3. In this section, we
provide evidence for the identity of the adsorbed species and for the pathways involved in
CO2 and NOx adsorption on BaO/Al2O3 and BaO/Pt/Al2O3. The infrared spectra in
Figures 1 and 2 show the main features of all infrared-active adsorbed species detected in
this study. These spectra resemble those in previous reports, in which observed bands
were assigned to surface carbonate [27-29] (Fig. 1a, 2a; 1250-1650 cm-1), nitrite [9, 15,
30, 31] (Fig. 2d; 1100-1250 cm-1), and nitrate [9, 15, 31, 32] (Fig. 1c, 2e; 1275-1500 cm1
) on BaO structures. Other spectra (Figs. 1d, 2b,f) showed bands characteristic of nitrates
on BaO and on -Al2O3 [9, 33] (1250-1350, 1500-1650 cm-1). Unperturbed (3650-3750
cm-1) and perturbed (3400-3600 cm-1) hydroxyl groups [34] were also present on -Al2O3.
The respective frequencies of the carbonate, nitrite, and nitrate bands were similar on
BaO/Al2O3 (Fig. 1) and BaO/Pt/Al2O3 (Fig. 2) at all conditions used in this study,
indicating that binding sites and bound species are not influenced by the presence of Pt.
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Figure 1. Infrared spectra of BaO/Al2O3 (3.0 BaO nm-2) samples at 573 K treated with
(a) 1 kPa CO2 for 1 h and then with a NO2/NO mixture that contained either (b) 4.0 Pa
NO2, 120 Pa NO, (c) 30 Pa NO2, 120 Pa NO or (d) 100 Pa NO2. The NO/NO2 treatments
were performed for 1 h on each sample. Spectra were normalized so that the carbonate
band area (1250-1650 cm-1) during the CO2 treatment was the same on each sample.
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Figure 2. Infrared spectra of BaO/Pt/Al2O3 (3.0 BaO nm-2) at 503 K treated with (a) 1
kPa CO2 for 15 ks; then treated with (b) 100 Pa NO2 for 4 ks; then treated with (c) 3 kPa
H2 for 2 ks. After H2 treatment, the sample was treated with a mixture of 5.2 Pa NO2 and
75 Pa NO (e) for 0.2 ks and (f) for 3 ks; and finally treated with (g) 100 Pa NO2 for 4 ks.
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Figure 3. (a) Adsorbate coverages and (b) NO, NO2, and CO2 consumption rates as a
function of time on BaO/Al2O3 (3.0 BaO nm-2) at 573 K treated with 150 Pa NO, 30 Pa
NO2 (17x10-4 NO2 nm-2 s-1). Sample treated at 573 K with 1 kPa CO2 for 1 h and then
with flowing He for 200 s before introduction of NO/NO2 mixture.
The interactions of CO2 and NO/NO2 mixtures with BaO/Al2O3 were examined by
concurrent measurements of adsorbate coverages and NOx consumption and CO2
evolution rates. Treatment of BaO/Al2O3 at 573 K with 1 kPa CO2 for 1 h led to surface
carbonates (0.7 BaCO3 nm-2; Fig. 3a, 0 ks). Subsequent treatment of this sample with a
mixture of 30 Pa NO2 and 120 Pa NO at 573 K caused nitrite coverages to increase and
carbonate coverages to simultaneously decrease (Fig. 3a, 0-0.5 ks), consistent with the
displacement of carbonates by nitrites. The formation of nitrites occurred only when both
NO and NO2 were introduced, and NO and NO2 were consumed in equimolar amounts
throughout this experiment (Fig. 3b, 0-0.5 ks); CO2 was concurrently evolved as nitrites
formed and the rate of CO2 desorption was the same as the NO2 (and NO) consumption
rate (Fig. 3b, 0-0.5 ks). Treatment of BaO/Al2O3 with 30 Pa NO2 and 120 Pa NO
eventually led to the formation of nitrates on BaO (Fig. 3a, 1-12 ks), to the ultimate
disappearance of nitrites and of all carbonate species, and to the consumption of NO2 and
the evolution of NO (Fig. 3b, 1-12 ks). The amount of NO2 consumed per NO evolved
was ~2.9 over the time period shown in Figure 3, consistent with previous reports on
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BaO/Al2O3 (3 NO2 consumed per NO evolved [4, 35]). Nitrate formation was also
observed on -Al2O3 (Fig. 3a, 3-10 ks) and occurred concurrently with a decrease in the
intensity of bands assigned to unperturbed OH groups on -Al2O3 (Fig. 3a, 1-10 ks) and
an increase in the intensity of a broad band at lower frequencies assigned to perturbed
OH groups (Fig. 1c,d). No other adsorbed species were evident in the infrared spectra
(1100-1700 cm-1) of BaO/Al2O3 during NO/NO2 treatments (Appendix, Fig. A1).
We also investigated the interactions of NO/NO2 mixtures with BaO/Pt/Al2O3
samples to determine any effects of Pt on adsorption-reaction rates. Nitrites formed
initially during contact of BaO/Pt/Al2O3 at 503 K with a mixture of 75 Pa NO and 5.2 Pa
NO2 (Fig. 4, 0.0-0.2 ks) and occupied a large fraction of the accessible binding sites.
These nitrite species were replaced by nitrates in slower sequential reactions (Fig. 4, 0.26.0 ks). Carbonates were present initially on BaO/Pt/Al2O3 samples treated with 1 kPa
CO2 (Fig. 2a), but were no longer detected after samples were treated at 503 K with 100
Pa NO2 for 4 ks and then with 3 kPa H2 for 2 ks (Fig. 2c). Nitrates were also fully
removed by treatment with 3 kPa H2 at 453-553 K for 2 ks (Fig. 2c).
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Figure 4. Adsorbate coverages on BaO/Pt/Al2O3 (3.0 BaO nm-2) at 503 K as a function
of contact time with a mixture of 75 Pa NO and 5.2 Pa NO2. Sample treated at 503 K
with 100 Pa NO2 for 0.5 h and then with 3 kPa H2 for 0.5 h before introduction of
NO/NO2 mixtures. Carbonate on BaO and nitrate on Al2O3 not detected during the
treatment at 75 Pa NO, 5.2 Pa NO2, 503 K.
The reactions in Scheme 1, which are not intended to describe elementary processes,
account for the observed interconversions among the most abundant adsorbed species
present on BaO/Al2O3 and BaO/Pt/Al2O3, as shown by the data in Figures 3 and 4.
Scheme 1 includes reactions between carbonate (BaCO3) and NO/NO2 to form CO2 and
nitrite (Ba(NO2)2) and between NO2 and nitrite to form NO and nitrate (Ba(NO3)2). The
conversion of hydroxyls on -Al2O3 (Al(O)OH) to nitrates (Al(O)NO3) is associated with
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the consumption of three NO2 molecules per NO released. We note that the slow
formation of nitrates on both BaO and Al2O3 sites (Figs. 3, 4) allows measurements of
nitrite formation rates (discussed next) before significant amounts of nitrates form and
also allows subsequent measurements of nitrate formation rates on surfaces initially
treated to form nitrites at saturation coverages (discussed in Sections 3.4 and 3.5).
Scheme 1. CO2 and NOx adsorption reactions on BaO/Al2O3 and BaO/Pt/Al2O3
BaCO3

NO, NO2
CO2

CO2

Ba(NO2)2
NO,
NO2

2 NO2
–2 NO

Ba(NO3)2

(H2, Pt)

BaO
2 Al(O)OH

3 NO2
– NO, H2O

2 Al(O)NO 3

(H2, Pt)

3.2 Nitrite formation rates on BaO/Al2O3. Nitrite formation rates were measured by
holding BaO/Al2O3 at constant temperature (423-673 K) and treating each sample with 1
kPa CO2 for 1 h and then in flowing He (400 mol He (mol BaOn)-1 s-1; 200 s) before
introducing mixtures containing NO (0-100 Pa) and NO2 (0-11 Pa). Nitrite formation
rates were measured from CO2 evolution rates, which were equal to nitrite formation
rates (Fig. 5), but were measured more accurately than differences in NO and NO2
concentrations in the inlet and outlet streams.
Nitrite formation rates decreased almost linearly with increasing nitrite coverage as
carbonates converted to nitrites with increasing contact time (Fig. 5; 6 Pa NO, 55 Pa NO,
523 K). Nitrite formation rates were proportional to both NO (0-80 Pa) and NO2 (0-11
Pa) pressures (Fig. 6a) during initial contact of BaO/Al2O3 with NO/NO2 mixtures; these
rates were weakly influenced by temperature (423-673 K; Fig. 6b), indicative of a very
small apparent activation energy for nitrite formation (5±2 kJ mol-1). Previous studies of
NO2 adsorption rates on carbonate-saturated BaO/Al2O3 (NO2 formed by NO oxidation
on Pt/Al2O3 mixed with BaO/Al2O3) also showed that nitrite formation rates on
carbonate-saturated surfaces increased linearly with NO2 pressure and were not
influenced by CO2 pressure (0.0-0.5 kPa) [7], but kinetic dependences on NO pressures
and temperatures were not reported.
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Figure 5. Nitrite formation rates normalized by BaOn and plotted as a function of nitrite
coverage on BaO/Al2O3 (3.0 BaO nm-2) at 523 K treated with 6.0 Pa NO2, 53 Pa NO.
Sample treated at 523 K with 1 kPa CO2 for 1 h and then in flowing He for 200 s before
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Figure 6. Nitrite formation rates extrapolated to the initial saturation carbonate coverage
and normalized by BaOn on BaO/Al2O3 (3.0 BaO nm-2). Rates (a) at 573 K versus ( ) NO
(at 6.0 Pa NO2) or ( ) NO2 (at 55 Pa NO) pressures; (b) rates at 6.0 Pa NO2, 55 Pa NO as
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These measured nitrite formation rates on BaO/Al2O3 surfaces initially saturated
with carbonate species ( rc  n ) are accurately described by the equation:

rc  n  kc  n [ NO][ NO2 ]  Ln  [ Ba ( NO2 ) 2 ]1   

(1)

in which Ln is the number of nitrite binding sites,  (Eq. 2) accounts for the approach to
equilibrium for the nitrite-carbonate interconversion (Eq. 3):
[ Ba ( NO2 ) 2 ]

(2)
K c n [ BaCO3 ]
BaCO3 + NO + NO2
Ba(NO2)2 + CO2
(3)
and  describes the thermodynamic driving force for this interconversion:
[ NO2 ][ NO]

(4)
[CO2 ]
The values of the equilibrium constant, Kc-n, for the nitrite-carbonate interconversion at
BaO surfaces are reported and discussed in Section 3.3.
The measured kinetic responses described by Eq. 1 indicate that kinetically-relevant
nitrite formation steps involve species containing NO and NO2. The linear decrease in
rates with increasing nitrite coverage (Eq. 1) indicates that kinetically-relevant nitrite
formation steps occur on accessible binding sites that are not occupied by nitrites. The
absence of inhibition of initial nitrite formation rates by CO2 [7] suggests that the
formation of an unoccupied site via equilibrium CO2 adsorption-desorption is not a
prerequisite for NO-NO2 adsorption, which must instead occur in a concerted manner
with CO2 desorption. The small apparent activation energy for nitrite formation (5±2 kJ
mol-1) suggests that the reactants and transition state involved in nitrite formation have
similar energies. This appears to reflect the concerted nature of the NO-NO2 adsorption
and CO2 desorption steps, because sequential desorption of CO2 before NO-NO2
adsorption would involve an activation barrier commensurate with the CO2 adsorption
heat (230 or 272 kJ mol-1 on BaO(100) [36] or bulk BaCO3 [24], respectively).
The individual presence of NO or NO2 (Fig. 6a) did not lead to NOx adsorption on
carbonate-saturated BaO adsorbents. DFT-derived binding energies for vicinal NO and
NO2 adsorbed on BaO(100) are larger (by 80 kJ mol-1) [36] than for non-interacting NO
and NO2 adsorbates, suggesting that stabilization by co-adsorbed NOx is required to bind
NO or NO2. Yet, even vicinal adsorption of NO and NO2 as nitrites leads to species that
are slightly more stable than adsorbed CO2 (by 70 kJ mol-1 in bulk Ba-containing solids
[24]), which is present in very large excess in automotive exhaust (CO2/NOx>103).
3.3 Thermodynamics of nitrite and carbonate formation on BaO/Al2O3. We
considered next the thermodynamics of competitive formation of nitrite and carbonate
species over a broad concentration range. The rapid formation of nitrites during treatment
of BaO/Al2O3 with NO/NO2 mixtures (423-673 K) allowed efficient NOx trapping as
nitrites, but the addition of CO2 to NO/NO2 mixtures significantly decreased equilibrium
nitrite coverages (Fig. 7). Equilibrium nitrite coverages on BaO/Al2O3 samples were
similar for gas-mixtures containing a constant value of ([NO][NO2][CO2]-1), but
different individual NO, NO2, and CO2 pressures (Fig. 8), consistent with  as the
rigorous thermodynamic driving force for nitrite-carbonate interconversion. Equilibrium
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nitrite coverages decreased strongly with decreasing  (Fig. 7) over the range of NO (40460 Pa), NO2 (2.7-8.0 Pa), and CO2 (0.1-9 kPa) pressures examined.
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Figure 7. Equilibrium nitrite coverages determined from NO2 uptakes at 573 K on
BaO/Al2O3 (3.0 BaO nm-2) versus  (=[NO][NO2][CO2]-1). Samples previously treated at
573 K with 1 kPa CO2 for 1 h. BaOn determined from the NO2 uptake on BaO/Al2O3 at
573 K treated with 120 Pa NO, 6 Pa NO2 until the nitrite coverage reached a constant
value. The dashed curve shows the prediction of Eq. 5.
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Figure 8. Adsorbate coverages on BaO/Al2O3 at 573 K treated with (a) 2.0 Pa NO2, 39
Pa NO, and 110 Pa CO2 ( = 0.71 Pa) and with (b) 6.0 Pa NO2, 117 Pa NO, 950 Pa CO2
( = 0.74 Pa). Sample treated previously with 1 kPa CO2 for 1 h at 573 K.
Equilibrium nitrite coverages were accurately described by an adsorption isotherm
that involves three types of binding sites (Eq. 5; dashed curve in Fig. 7). One site is
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saturated with nitrite, while another one remains occupied by carbonate over the reported
range of  values (0.01–30 Pa). The remaining sites, which account for most of the
binding sites in these samples, exist at surfaces that reversibly adsorb NOx and CO2
according to a Langmuir isotherm with equilibrium constant Kc-n (Eq. 3):
[ Ba( NO2 ) 2 ]
K c n
   
(5)
Ln
1  K c n
 represents the fraction of sites that remain saturated with nitrite for  above 10-2 Pa,
and  represents the fraction of sites with equilibrium constant, Kc-n. A minor fraction of
sites (=0.17±0.02 mol (mol BaOn)-1) has a stronger affinity for nitrite than carbonate at
values of  as low as 0.01 Pa. A majority of binding sites (=0.65±0.04 mol (mol BaOn)1
behave as a uniform ensemble with thermodynamic properties for the nitrite-carbonate
interconversion that can be described by an equilibrium constant (Kc-n=0.97±0.25 Pa-1)
that resembles estimates (Kc-n=0.35 Pa-1 at 573 K) from DFT-derived nitrite (360 kJ mol1
) and carbonate (230 kJ mol-1) binding energies on BaO(100) [36] and entropy changes
for the nitrite-carbonate given by differences in the translational entropies of NO, NO2,
and CO2 as gaseous molecules (–140 J mol-1 K-1 [37]). Such low values of Kc-n cause
carbonate to be preferred over nitrite in gas-mixtures with values of  typically produced
by combustion engines (<10-2 Pa-1, ~104 Pa CO2, ~20 Pa NOx). The conversion of
carbonate to nitrate is much more exothermic (–180 to –240 kJ mol-1 [24, 36]) than to
nitrite (–70 to –130 kJ mol-1), and the equilibrium constants for carbonate-to-nitrate
conversion are therefore much larger (101–106 Pa-1 at 573 K). As a result, the conversion
of nitrites to nitrates becomes an essential requirement for the efficient removal of NOx
from CO2-containing combustion effluent streams.
3.4 Nitrate formation rates on BaO/Al2O3. Nitrate formation rates were measured on
BaO/Al2O3 samples (without Pt) previously treated with NO/NO2 mixtures (120/4.0 Pa)
for 1 h at each reaction temperature (453-673 K) until the nitrite coverage reached a
constant value (~1 h on-stream). Initial nitrate formation rates were unaffected by NO
pressure and temperature (Fig. 9), but increased strongly with increasing NO2 pressure
with a dependence that was accurately described as proportional to (NO2)2 (Fig. 9a,
dashed curve). Nitrate formation rates from pre-existing nitrites ( rn N ) remained
essentially constant even after significant amounts of nitrite were converted to nitrate
(Fig. 9). These nitrate formation rates were accurately described by the rate equation (Fig.
9, dashed curves):
rn N  kn  N [ NO2 ]2 [ NO ]0 [ Ba ( NOx ) 2 ]0  kn  N [ NO2 ]2
(6)
but not by the alternate equation expected if rates were proportional to the remaining
amounts of nitrite in the sample (Fig. 10, solid curves):
rn N  kn  N [ NO2 ]2 [ NO ]0 [ Ba ( NOx ) 2 ]1
(7)
The temperature dependence of the measured rate constant (kn-N in Eq. 6) gave essentially
no detectable activation energy (0±5 kJ mol-1).
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Figure 9. Nitrate formation rates extrapolated to the initial saturated nitrite coverage and
normalized by BaOn (left axis) or pore volume (right axis) during treatment of
BaO/Al2O3 with NO/NO2 mixtures. (a) Rates at 573 K ( ) with 110 Pa NO and ( )
without added NO; (b) rates as a function of temperature plotted in an Arrhenius format
at 47 Pa NO2 without added NO. Samples previously treated with a mixture of 120 Pa
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Figure 10. Nitrate formation rates, normalized by BaOn, on BaO/Al2O3 (3.0 BaO nm-2) at
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The functional form of Eq. 6 indicates that the oxidation of nitrite to nitrate species is
mediated by intermediates containing two NO2 molecules, without detectable
involvement of NO. This kinetic dependence suggests the participation of NO2 dimers
(e.g. N2O4) whose equilibrium pressures are very low at these conditions (10-9-10-4 Pa
[24]; 4-100 Pa NO2, 453-673 K), thus requiring their formation near BaO binding sites
(i.e. within sample pores or intrapellet space). The weak effects of residual nitrite
coverages on nitrate formation rates (Eq. 6) suggest that such rates are limited by steps
that do not occur on Ba(NO2)2 surfaces. These data indicate that NO2 forms N2O4 via
homogeneous dimerization pathways within the pore volume and that this step is
rendered irreversible and rate-determining by the rapid subsequent reaction of N2O4 with
nitrites to form to nitrates with evolution of NO. NO2 dimerization to form the D2h isomer
of N2O4 (O2N-NO2) occurs in the gas phase without detectable activation barriers [38].
Homogeneous rates (0.9 mol m-3 s-1 at 47 Pa NO2, 100 kPa N2, conditions that maintain
kinetics in the low-pressure limit [38]) are similar to measured nitrate formation rates
normalized to the pore volume of BaO/Al2O3 (0.38 mol m-3 s-1 at 47 Pa NO2), consistent
with the kinetic-relevance of the NO2 dimerization reaction for nitrate formation on
samples that contain high densities of Ba(NO2)2 sites.
The low equilibrium concentrations and slow formation rates of NO2 dimers that are
necessary to oxidize nitrites to more stable nitrates lead to low nitrate formation rates on
BaO/Al2O3 at temperatures above 453 K. These slow NO2 dimerization rates combined
with unfavorable nitrite-carbonate thermodynamics (Section 3.3) make BaO/Al2O3
adsorbents impractical at the high space velocities and low residual NO2 levels in exhaust
treatment systems. NOx storage materials become practical only if alternate catalytic
oxidation sites provide stronger oxidants than NO2 at rates much larger than for
homogeneous NO2 dimerization pathways.
3.5 Kinetics of nitrite and nitrate formation on BaO/Pt/Al2O3. Nitrite formation rates
on BaO/Al2O3 and BaO/Pt/Al2O3 (at initial saturation carbonate coverages) were very
similar during contact with NO/NO2 mixtures (Table 1), indicating that the presence of Pt
did not influence the rate of formation of nitrites. Nitrite formation rates were much
higher than the rates at which nitrites were subsequently converted to nitrates on all
materials (Table 1). Consequently, nitrites occupied most binding sites on BaO domains
before detectable amounts of nitrate were formed during contact with NO/NO2 mixtures
(Figs. 3a, 4).
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Table 1. Nitrite and nitrate formation rates on BaO/Al2O3 and BaO/Pt/Al2O3a
Nitrite formation rate,c
Nitrate formation rate,d
b
Material
10-4 mol (mol BaOn)-1 s-1 10-4 mol (mol BaOn)-1 s-1
BaO/Al2O3

0.10 e

61

Mechanically ground
BaO/Al2O3 + Pt/Al2O3
49
0.14 e
(3 : 1 ratio)
Co-impregnated
54
6.4 f
BaO/Pt/Al2O3
a. Rates at 503 K, 5.2 Pa NO2, 75 Pa NO;
b. Loadings of 3.0 BaO nm-2, 0.0059 Pt clusters nm-2;
c. Rates extrapolated to initial saturated carbonate coverage on samples pre-treated
at 503 K with 1 kPa CO2 for 1 h;
d. Rates extrapolated to saturation nitrite coverage;
e. Samples pre-treated at 503 K with a mixture of 5.2 Pa NO2 and 75 Pa NO for 1 h;
f. Samples pre-treated at 503 K with 100 Pa NO2 for 0.5 h and then with 3 kPa H2
for 0.5 h;
Nitrate formation rates at saturation nitrite coverages were much higher on
BaO/Pt/Al2O3 (co-impregnated with 0.0059 Pt clusters nm-2, 3.0 BaO nm-2) than on
BaO/Al2O3 (3.0 BaO nm-2) (Table 1). These data indicate that oxidants formed on Pt
surfaces mediate nitrite conversion to nitrates faster than homogeneous NO2 dimerization
to N2O4, which limit nitrate formation rates on Pt-free samples. Pt sites apparently
convert NO2 to N2O4 or to an alternate oxidant (O-atoms or other NxOy molecules) at
much higher rates than homogeneous dimerization routes.
Nitrate formation rates on co-impregnated BaO/Pt/Al2O3 were much larger than on
BaO/Al2O3 samples mixed with Pt/Al2O3 powders (3:1 ratio) by mechanical grinding
(Table 1). These strong effects of the distance between Pt and BaO sites on nitrate
formation rates suggests that the oxidant involved is unstable and present at very low
concentrations and is therefore consumed near Pt sites that form this oxidant. Thus, Ba
nitrite species are inaccessible to the oxidant unless Pt clusters are present within
distances smaller than the micron dimensions of the physical mixtures.
Nitrites, however, were fully converted to nitrates on BaO/Pt/Al2O3 (Fig. 4),
suggesting that the distances between Pt and BaO sites in co-impregnated samples allow
the oxidant to access all nitrite binding sites, not all of which are likely to reside within
atomic distances of Pt clusters (present at 0.0059 Pt clusters nm-2). Nitrate formation rates
on BaO/Pt/Al2O3 decreased linearly with decreasing nitrite coverage as nitrites were
converted to nitrates (Fig. 11), suggesting that nitrate formation via Pt-mediated
pathways is limited by irreversible reactions on BaO sites and that the oxidant is formed
at equilibrium concentrations on Pt sites and is present at the same concentration
throughout all nitrite structures on BaO/Pt/Al2O3. The uniform nitrite reactivity is
inconsistent with the requirement for atomic contact between Pt and BaO sites, in view of
the much higher density of BaOn sites (0.75 BaO nm-2) than Pt clusters (0.0059 Pt
clusters nm-2). The linear decrease in rates with nitrite conversion also shows that the
formation rates and the mobility of the oxidant species are much faster that the adsorption
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rates, a conclusion that, taken together with lack of atomic contact between Pt and BaO,
makes any claims for atomic oxygen as the Pt-generated oxidant implausible. We
conclude that reactions on Pt establish equilibrium between the NO2 and NO reactants
and the reactive oxidant species and that the latter diffuse rapidly among Pt and BaO sites
to provide uniform oxidant concentrations throughout BaO/Pt/Al2O3 samples.
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Figure 11. Nitrate formation rates normalized by BaOn and plotted as a function of nitrite
coverage on BaO/Pt/Al2O3 treated with a mixture of 5.2 Pa NO2 and 75 Pa NO at ( )
473, ( ) 503, and ( ) 523 K. Samples treated with 100 Pa NO2 (0.5 h) and then 3 kPa H2
(0.5 h) before introduction of NO/NO2 mixtures. The nitrite coverage evolved from high
to low values for the reported data.
The kinetics of nitrate formation via Pt-mediated routes on BaO/Pt/Al2O3 and in
particular the linear decrease in rates with increasing extents of nitrite conversion (Fig.
11) differ markedly from nitrite formation dynamics mediated by homogenous NO2
dimerization on BaO/Al2O3 (Eq. 6). Nitrate formation rates on BaO/Pt/Al2O3
(extrapolated to the initial saturated nitrite coverages) increased linearly with NO2
pressure (Fig. 11a); rates were inhibited by NO (Fig. 12a) and were sensitive to
temperature (453-540 K) with an apparent activation energy of 68±5 kJ mol-1 (Fig. 12b).
Nitrate formation rates (rn-N,Pt) on BaO/Pt/Al2O3 were accurately described by the
empirical rate equation:
rn N , Pt  kn  N , Pt [ NO2 ]0.94 [ NO]0.38 [ Ba ( NO2 ) 2 ]1.0
(8)
the functional form of which cannot be rigorously reconciled with any sequence of
elementary steps.
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Figure 11. Nitrate formation rates normalized by BaOn and extrapolated to saturation
nitrite coverage on BaO/Pt/Al2O3. (a) Rates at 503 K versus ( ) NO2 (at 75 Pa NO) and
( ) NO (at 5.2 Pa NO2) pressures, and (b) at 75 Pa NO, 5.2 Pa NO2 as a function of
temperature plotted in an Arrhenius format. BaO/Pt/Al2O3 treated with 100 Pa NO2 (0.5
h) and then 3 kPa H2 (0.5 h) before each measurement. The dashed curves show
predictions of Eq. 10.
The different nitrate formation rate equations of BaO/Pt/Al2O3 (Eq. 8) and
BaO/Al2O3 (Eq. 6) reflect corresponding differences in the kinetically-relevant steps that
form or consume the oxidants required to convert nitrites to nitrates. Nitrate formation
rates via homogeneous pathways increased with (NO2)2 and were independent of
coverage (Eq. 6) or temperature, consistent with nitrite oxidation steps that involve
kinetically-relevant NO2 dimerization instead of direct NO2 reactions with nitrites. In
contrast, rates via Pt-mediated routes were proportional to NO2 pressure and to residual
Ba(NO2)2 concentrations and inhibited by NO (Eq. 8). Pt is unlikely to facilitate direct
reactions between nitrite and O-atoms or NO2, because all BaO sites cannot plausibly be
located in atomic proximity to a Pt cluster, yet still convert nitrites to nitrates with
uniform rates. Therefore, the effects of NO and NO2 pressures on nitrate formation rates
on BaO/Pt/Al2O3 must reflect the formation of equilibrium concentrations of the relevant
oxidant on Pt sites and the kinetic consequences of these oxidant concentrations on nitrite
conversion to nitrates.
N2O4 intermediates are involved in nitrate formation via homogeneous pathways
(Section 3.4) and are plausible as nitrite oxidants formed on Pt sites. Scheme 2 shows a
sequence of elementary steps for nitrite oxidation to nitrate mediated by N2O4 species
formed by equilibrated reactions on Pt (Step 2a). Equilibrium N2O4 concentrations are
proportional to [NO2]2, but the observed nitrate formation rates are first-order in NO2
(Eq. 8). This suggests that NO2 desorbs from a Ba(NO2)2 site in a quasi-equilibrated step
(Step 2b) to form a reactive intermediate (Ba(NO2)) on which N2O4 adsorbs (Step 2d);
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the concentration of this Ba(NO2) intermediate is proportional to [NO2]-1 on surfaces
saturated by Ba(NO2)2. The NO inhibition evident from Eq. 8 suggests that NO
desorption from Ba(NO2) (Step 2c) also occurs before N2O4 adsorbs (Step 2e). A final
elementary step is required to convert Ba(NO2)(NO3), the product of N2O4 adsorption on
BaO or Ba(NO2) sites, to Ba(NO3)2 (Step 2f). The assumptions of irreversible N2O4
adsorption (by Steps 2d and 2e) and of Ba(NO2)2 and Ba(NO3)2 as most abundant surface
species give nitrate formation rates ( rn N , Pt ) as:
rn N , Pt 

K

2

2a

[ NO2 ]



k

2d

 k2 e K 2 c [ NO]1 
K 2b1[ NO2 ]

[ Ba ( NO2 )2 ] ,

rn N , Pt  [ NO2 ] 1  [ NO ]1  [ Ba ( NO2 )2 ] ,

(9)
(10)

where  represents K2aK2bk2d and  represents K2c(k2d)-1k2e. Equation 10 accurately
predicts the first-order NO2 and Ba(NO2)2 dependences and NO inhibition of measured
nitrate formation rates (Dashed curves in Figs. 11 and 12a). The apparent activation
energy (68 kJ mol-1) appears to reflect a combination of the exothermic formation of
N2O4 (-57 kJ mol-1 [24], represented in K2a) and the endothermic desorption of NO2 or
NO from Ba(NO2)2 surfaces (147 kJ mol-1 on BaO(100)[36] for each of NO2 and NO,
represented in K2b and K2c).
Scheme 2. Plausible elementary steps for the conversion of nitrites to nitrates on
BaO/Pt/Al2O3.
K2a
2 NO2 + Pt

N2O4 + Pt

(2a)

Ba(NO2) + NO2

(2b)

BaO + NO

(2c)

Ba(NO2)(NO3) + NO

(2d)

Ba(NO2)(NO3)

(2e)

Ba(NO3)2 + NO + NO2

(2f)

K2b
Ba(NO2)2
K2c
Ba(NO2)
Ba(NO2) + N2O4
BaO + N2O4

k2d
k2e

Ba(NO2)(NO3) + N2O4

These results provide evidence for the synergistic roles of Pt oxidation catalysts and
BaO adsorbents in lean de-NOx trapping strategies. Pt is necessary to catalyze NO
oxidation to more reactive NO2 molecules, but NO2 inhibits NO oxidation [6, 7];
therefore, BaO sites must rapidly and irreversibly bind NO2 to lower its concentration and
increase NO oxidation rates [7]. NO2 adsorption on BaO-containing solids in streams
containing high CO2 concentrations requires storage as stable nitrates that are formed by
reactions involving N2O4 oxidants. These N2O4 oxidants are formed much faster by
reactions of NO2 on Pt surfaces than by homogeneous NO2 dimerization reactions. The
low stability and low equilibrium concentrations of N2O4 intermediates, however, imply
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that Pt and BaO sites must be present in nanometer-scale distances to increase nitrate
formation rates over levels achieved by homogeneous pathways; therefore, the coimpregnation of metal and basic oxide substrates is required to realize the synergistic
effects that allow efficient NOx storage on catalyst-adsorbent materials.
4. Conclusions
NO and NO2 adsorb on BaO/Al2O3 and BaO/Pt/Al2O3 to initially form nitrites that
are subsequently oxidized to nitrates by NO2-derived intermediates. Nitrites are formed
by a non-activated process when NO and NO2 bind molecularly at vicinal positions on
BaO surfaces. Nitrites readily displace pre-formed surface carbonates when CO2 is absent
from reactant streams, but the addition of CO2 to NO-NO2 mixtures decreases steady-state
nitrite coverages because of competitive binding between CO2 as carbonate and NO-NO2
as nitrite. A majority of BaO binding sites behave as a uniform ensemble for nitritecarbonate interconversion reactions, with an equilibrium constant that leads to low nitrite
coverages at CO2/NOx levels present in combustion exhaust. Nitrates are more stable than
nitrites, but the oxidation of nitrites to nitrates on BaO/Al2O3 occurs slowly and requires
an oxidant in the form of N2O4 that is produced by non-activated bimolecular collisions
of NO2 molecules in the gas-phase. Nitrate formation becomes much faster when Pt sites
are present in close (but not atomic) proximity to Ba nitrite sites, because Pt sites
establish equilibrium concentrations of N2O4 oxidants that react subsequently with
nitrites on BaO surfaces.
Appendix: Determination of adsorbate coverages
Adsorbate coverages on BaO/Al2O3 were determined from infrared spectra by
assuming that coverages () and spectra (Z) are related by response factors (F):
Z =  F
(A.1)
Here,  and Z are treated as matrices with each row of Z corresponding to an infrared
spectrum and each row of  corresponding to the coverage of all adsorbates during an
infrared measurement. The response factors (F) can also be treated as a matrix when they
are independent of coverage, which gives the coverage as:
 =   (F F T) (F FT)-1 = Z F T (F FT)-1
(A.2)
Equation A.2 involves matrix transpose, inverse, and multiplication operations.
The adsorbate coverages reported in this study were computed from equation A.2,
using response factors derived from matrix representations of the spectra in Figures 1 or
2. The response factors were normalized to reflect measured CO2, NO, and NO2 uptakes
on BaO/Al2O3. Similar response factors were assumed for BaO/Al2O3 and for
BaO/Pt/Al2O3. Variation in the wafer thickness was corrected by comparing the
carbonate bands with the CO2 uptake.
The assumption that the response factors are independent of coverage can be
assessed from the effects of coverage on infrared bandwidths and band centers or
analyzed statistically by factor analysis,[39] which considers spectral features, E, that are
not explained by the chosen response factors:
E = Z –  F
(A.3)
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The spectral features that were unexplained by the deconvolution procedure that led to
Figure 3a are shown in the Supporting Information (Fig. S1). The sum of squares of the
unexplained data was much less than the sum of squares of the explained data (their ratio
was 2x10-5), and no spectrally significant features were observed in the unexplained data.
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Figure A1. Infrared spectral features (E from Eq. A.3) that were not explained by
deconvolution (Eq. A.2) of the infrared spectra associated with Figure 3a and response
factors derived from the infrared spectra in Figure 1.
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