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Rate measurements, carried out after elimination of transport corruptions, show that CH3OH partial oxi-
dation on Pt clusters proceeds via three distinctly different kinetic regimes defined by the operating oxi-
dant-to-reductant (O2-to-CH3OH) ratio. These kinetic regimes, each with unique rate dependencies for
HCHO, HCOOCH3, and CO2 formation, arise from a dynamic shift in the identity and coverages of reactive
intermediates on Pt cluster surfaces from saturated with chemisorbed oxygen, to uncovered, and then to
partially covered with methanol derived species as the oxygen chemical potential at cluster surfaces
decreases with decreasing O2-to-CH3OH ratio. HCHO formation rates first remain insensitive to O2 on
Pt cluster surfaces saturated with chemisorbed oxygen (O�), then increase proportionally with O2 as clus-
ter surfaces depleted of oxygen and as unoccupied Pt sites become the most abundant surface interme-
diates, and eventually increase more than linearly with O2 on Pt surfaces predominantly covered with
CH3OH derived intermediates. The transition in rate dependence on O2 is accompanied by a concomitant
transition on CH3OH dependence: HCHO formation rates are linearly proportional to, then independent
of, and eventually inhibited by CH3OH as the O2-to-CH3OH ratio decreases. Similar transition in reaction
orders is also found for HCOOCH3 and CO2 formation. The first-order rate coefficient for CH3OH oxidation
is a single-valued function of the operating O2-to-CH3OH ratio, because the ratio determines the oxygen
chemical potential at Pt cluster surfaces via the kinetic coupling of O2 and CH3OH activation steps and, in
turn, the identity and coverage of reactive intermediates, the nature and availability of active sites, and
the identity of kinetically-relevant steps.

� 2014 Elsevier Inc. All rights reserved.
1. Introduction

Selective catalytic oxidation of alcohol to aldehyde and ketone
is an important route for synthesizing carbonyl compounds useful
as chemical building blocks. Oxidation of methanol, the simplest
alcohol, may occur over metal [1–8], metal oxide [9–13], or mixed
oxide [14–16] catalysts and form diverse products depending on
the operating temperature and oxygen-to-methanol ratios. CH3-

OH–O2 reactions form COx, HCHO, HCOOCH3, CH3OCH3, and CH3-

OCH2OCH3 on metal oxide (VOx [9–11], RuO2 [12]) or mixed
oxide (SnO2–MoO3 [14]) structures at O2-to-CH3OH ratios above
the stoichiometry required for HCHO formation (O2/CH3OH > 0.5)
at moderate temperatures (373–450 K). At higher temperatures
(423–650 K), the reaction forms similar products (COx, HCHO,
HCOOCH3, and CH3OCH3) except CH3OCH2OCH3 on metal oxide
and mixed oxides (V2O5 [9], MoO3 [13], SnO2–MoO3 [14],
Fe2(MoO4)3 [15], and Fe2O3–MoO3 [16]) over a wide range of O2-
to-CH3OH ratios (0.64–4.8). CH3OH–O2 reactions on Group VIII
and Group IB metals evolve HCHO, HCOOCH3, and CO2 at lower
temperatures (313–400 K) (Pd [1], Pt [2,3], and Au [4]), and HCHO
and CO2 above 550 K (Ag [5] and Pt [2]). As the O2-to-CH3OH ratio
decreases to less than 0.5, H2 (and COx) begin to form on supported
Pt (428–493 K) [6], Pd (428–493 K) [6], and Au (483–583 K) [7]
catalysts.

CH3OH–O2 reactions on transition metal oxides (RuO2 [12],
Fe2O3–MoO3 [16]) involve a Mars-van Krevelen-type redox cycle
that shuffles lattice oxygen atoms (Olattice) during CH3OH turnovers
[17]. Metal and lattice oxygen site pairs first cleave the O–H bond
in CH3OH, which forms adsorbed methoxy (CH3O�) and OlatticeH�

intermediates, and the sequential C–H bond dissociation of CH3O�

by another lattice oxygen forms OlatticeH� and HCHO� intermediates
[18]. Sequential desorption of HCHO� and recombinative desorp-
tion of OlatticeH� intermediates lead to HCHO and H2O, respectively,
leaving behind a lattice oxygen vacancy on oxide surfaces
[12,16,18], on which O2 dissociates to complete a catalytic turn-
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over. The H abstraction and O� addition on HCHO� lead to formate
species ðHCO�2Þ that may undergo secondary reactions with CH3OH
derived species to produce HCOOCH3 [1,19,20] and, in parallel to
these steps, C–H bond cleavage on formate species ðHCO�2Þ and
their sequential desorption evolve COx [19,20]. On metal surfaces,
CH3OH–O2 reactions also begin with O–H scission followed by C–H
activation, but these steps occur on metal atom sites, as confirmed
from density functional theory calculations on uncovered Pt(111)
[21] and Ag(111) [22] surfaces. Temperature-programmed desorp-
tion carried out after CH3OD decomposition on oxygen covered
Pt(111) surfaces (0.25 ML, 115–140 K) provides the evidence that
O–H bond cleavage remains as the initial step but with O� involve-
ment [23]. Decomposition of methoxide, an intermediate from
CH3OH activation, on bare metal surfaces {Pt(111) [21] and
Ni(110) [24]}, forms CO and H2, but in the presence of surface oxy-
gen {Ni(110) [24], Cu(110) [25]}, oxygen insertion and H abstrac-
tion become the predominant route to evolve formate species,
which decompose sequentially to CO2 and H2.

The catalytic steps, their kinetic relevance, and the identity and
coverages of surface intermediates are known to dictate kinetic
dependencies and carbon selectivities toward the primary (HCHO)
and secondary (CO2, HCOOCH3, CH3OCH2OCH3) products. The spe-
cific catalytic events and their rates are known to also vary with
the identity and chemical state of metal and oxygen (e.g., lattice
oxygen, chemisorbed oxygen), the latter depends largely on the
operating temperature [2,26] and pressures of reactants and prod-
ucts [5,12]. The intricate connection among the gas-phase compo-
sition, identity and types of surface sites, and relative rates of
CH3OH and O2 activation leads to complex kinetic behavior with
wide ranging and often contradictory kinetic dependencies. As a
result, the identity of the kinetically-relevant step ranges from
C–H bond activation of CH3OH derived intermediates (CH3O�)
[5,12,16], desorption of the HCHO� intermediates [27], to activa-
tion of O2 [4,5].

Lattice oxygen [12], chemisorbed diatomic [28–30], or mono-
atomic oxygen [23] atoms have been proposed to involve as active
species in CH3OH–O2 reactions. Molybdenum oxide structures sat-
urated with oxygen were found to be effective toward CH3OH acti-
vation but their reactivity decreased with depletion of lattice
oxygen from their reactions with CH3OH [31]. The terminal lattice
oxygen atom (Olattice) on VOx [9], MoOx [32], and mixed oxides
(Fe2O3–MoO3 [16]), together with a vicinal metal ion, forms a site
pair that assists the initial O–H bond dissociation in CH3OH to form
CH3O�, followed by sequential C–H cleavage of the CH3O� by an-
other vicinal lattice oxygen [18]. Chemisorbed oxygen (O�) on Au
[4,33], Ag [34], Pt [28], and Pd [35] may also promote CH3OH dis-
sociation. Infrared reflection absorption spectroscopy (IRAS) and
temperature desorption studies on CH3OH reactions with pre-ad-
sorbed molecular oxygen on Pt(111) (0.34 ML O�2 at 35–100 K
[29] and 0.5 ML O�2 at 100–550 K [28,36]) and pre-adsorbed atomic
oxygen (0.25 ML O�) on Pd(111) [35] or Pt(111) [28,36] surfaces at
100–550 K suggest mechanistic involvements of both types of oxy-
gen species toward CH3OH activation. Methanol adsorbs weakly on
bare metal surfaces (Au(111) [33] or Au(110) [37]) but reacts
readily with pre-adsorbed atomic oxygen on such surfaces
(Au(111) [33], Au(110) [37], Ag (110) [34], and Cu(110) [38]) to
form methoxy and hydroxyl species, in a mechanistic step similar
to those proposed on lattice oxygen-metal pairs on metal oxide
structures [9,12]. O� may also assist with the sequential H abstrac-
tion of CH3O� to evolve HCHO [25] or alternatively, insert into the
CH3O� and, upon C–H cleavage, to form H2COO� and H� [38]. The
catalytic function of oxygen has been recognized, but the mecha-
nistic consequences of their coverages and binding strength have
yet to be established.

Here, we report diverse rate dependencies and their transition
during CH3OH–O2 reactions on Pt clusters, probe the nature of
catalytic sites, and provide a mechanistic explanation to these ki-
netic phenomena. We provide the evidence that these kinetic phe-
nomena are of true chemical origin, based on rate data obtained
strictly in the kinetically controlled regime, after extensive intra-
and inter-pellet dilutions to remove temperature and concentra-
tion gradients within the catalyst pellets and reactor bed. Kinetics
of CH3OH oxidation are described by three distinctly different re-
gimes, each with a unique rate equation for CH3OH conversion to
HCHO, the primary product, and exhibits different carbon selectiv-
ity dependencies toward HCOOCH3 and CO2. These regimes are
caused by a dynamic transition of the coverages and identity of
reactive intermediates on Pt cluster surfaces from saturated with
O�, uncovered, to covered with CH3OH derived species as the oxy-
gen chemical potential at cluster surfaces decreases. We interpret
each of the regimes with a closed sequence of elementary steps
and probe the change in their kinetic relevance. We vary the mean
Pt cluster diameter to probe the effects of surface Pt coordination
and binding strengths on rates and selectivities. The first-order rate
coefficient is a single-valued function of the O2/CH3OH ratio, be-
cause O2/CH3OH ratio prescribes the identity and coverages of
reactive intermediates that dictate, in turn, the specific catalytic
events and their rates. These dynamic transitions of rate depen-
dencies in response to changing surface coverages and chemical
potentials are also found during alkane oxidation (CH4 [39,40],
C2H6 [41]); they reflect how thermodynamic properties at catalytic
sites dictate the relative abundance of surface intermediates and
the identity of kinetically-relevant step during oxidation catalysis.
2. Catalyst preparation and experimental methods

2.1. Synthesis and characterizations of supported Pt clusters and
preparation of catalyst samples with varying inter- and intra-particle
dilution ratios

Silica (Grace, Davisil Chromatographic Silica, 330 m2 g�1 surface
area, 1.25 cm3 g�1 pore volume, 0–75 lm particle size) was treated
under ambient air by increasing the temperature at 0.033 K s�1 to
673 K followed by holding for 3 h at 673 K before cooling to 393 K.
The sample was kept at 393 K until the impregnation step to pre-
vent readsorption of water. Pt clusters were dispersed on the trea-
ted silica at a loading of 1.0 wt% by incipient wetness impregnation
with an aqueous solution of tetraammineplatinum(II) nitrate
(Pt(NH3)4(NO3)2, Sigma Aldrich, 99.995% trace metals basis), pre-
pared from dissolving the precursor in doubly deionized water.
The impregnated sample was treated at 353 K for 24 h under ambi-
ent air and then in flowing dry air (Linde, 99.99%, 0.3 cm3 g�1 s�1)
by increasing the temperature at 0.05 K s�1 to 673 K, holding iso-
thermally at 673 K for 5 h. A portion of the catalysts was subse-
quently treated at 773 K for 5 h under flowing dry air (Linde,
99.99%, 0.3 cm3 g�1 s�1, 0.05 K s�1 ramp) to attain larger Pt clus-
ters. These samples were cooled to ambient temperature and then
treated in 5% H2/He (Linde certified standard, 5.22%, 0.3 cm3 g�1 -
s�1) by heating to 673 K at 0.033 K s�1, holding isothermally at
673 K for 1 h, and then cooling to ambient temperature. The sam-
ples were introduced to 1% O2/He (0.3 cm3 g�1 s�1) for 6 h before
exposure to ambient conditions.

The average Pt cluster diameter was measured from volumetric
uptakes of H2, irreversibly chemisorbed on Pt clusters, at 298 K.
The catalyst samples were first treated in flowing H2 (Linde,
99.99%, 0.2 cm3 g�1 s�1) by heating from ambient temperature to
673 K at 0.083 K s�1 and holding for 1 h before exposure to dy-
namic vacuum at 673 K for 1 h and then cooling under dynamic
vacuum to 298 K for H2 chemisorption measurements. H2 uptakes
were measured at 298 K between 0 and 13 kPa H2; two isotherms
were measured consecutively, and between these measurements,
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the sample was evacuated under dynamic vacuum for 0.5 h. The
fractions of exposed Pt atoms were determined from the difference
between the extrapolated values from the two isotherms to zero
H2 pressure and by assuming a H-to-surface Pt adsorption stoichi-
ometry (H/Pts; subscript s denotes surface Pt atom) of unity. The
average cluster diameters were estimated from these dispersion
values by assuming hemispherical clusters with density similar
to bulk Pt metal (21.45 g cm�3) [42].

Catalyst samples (1.0 wt% Pt/SiO2) were diluted with SiO2

(Grace, Davisil Chromatographic Silica, 330 m2 g�1 surface area,
1.25 cm3 g�1 pore volume, 0–75 lm particle size) to form well-
mixed physical mixtures at different SiO2-to-catalyst mass ratios
between 100 and 400. The physical mixtures were pressed into
pellets before sieving to retain 125–180 lm agglomerates. These
agglomerates were physically mixed with SiO2 (Grace, Davisil
Chromatographic Silica, 330 m2 g�1 surface area, 1.25 cm3 g�1 pore
volume, 125–180 lm particle size) to form the packed catalyst bed
with an overall SiO2-to-catalyst mass ratio between 2000 and
5700.

2.2. Catalytic rate and selectivity measurements

The catalyst bed (containing 0.025–0.15 mg of 1.0 wt% Pt/SiO2)
was heated in flowing H2 (Linde, 99.99%, 0.2–
1.3 � 104 cm3 g�1

cat s�1) to 673 K at 0.083 K s�1 and holding for 1 h,
and then cooled to reaction temperature in flowing He (Linde,
99.999%, 0.2–1.3 � 104 cm3 g�1

cat s�1) before rate measurements.
CH3OH turnover rates were measured on a packed-bed of catalyst
particles (inter- and intra-particle SiO2-to-catalyst mass ratio of
5700 and 100–400, respectively) at 310–910 K, held in a tubular
micro-catalytic plug flow reactor (8.1 mm reactor ID) equipped
with an axial concentric K-type thermocouple. Reactant mixtures
were prepared from either 5% O2/He (Linde certified standard,
5.03%) or pure O2 (Linde, 99.99%), CH3OH (Sigma Aldrich, anhy-
drous, 99.8%), and He (Linde, 99.999%). Gas flow rates of 5% O2/
He, pure O2, and He were independently metered using electronic
mass flow controllers to achieve a space velocity between
4.2 � 107 cm3 (gcat h)�1 and 2.5 � 108 cm3 (gcat h)�1. Methanol
was introduced using a gas tight syringe (Hamilton, 5 cm3)
mounted on a syringe infusion pump (KD Scientific, LEGATO 100)
at constant infusion rates into a heated zone maintained at
338 K, in which it was evaporated and mixed with the gas feed
stream containing O2 and He.

Turnover rates for HCHO–O2 and HCOOCH3–O2 reactions were
also measured on the catalyst samples at 310–910 K in the tubular
micro-catalytic plug flow reactor. Gaseous formaldehyde (0–
0.13 kPa) was prepared from decomposition of paraformaldehyde
(Sigma Aldrich, 95%) into a flowing purge stream of He (Linde,
99.999%, 0–0.67 cm3 s�1) in a glass vaporizer maintained at
313 K. HCOOCH3 vapor (0–0.92 kPa) in He was prepared from
evaporating liquid HCOOCH3 (Sigma Aldrich, anhydrous, 99%) con-
tained in a glass vaporizer into a stream of flowing He (Linde,
99.999%, 0–0.083 cm3 s�1) at 273 K. All transfer gas lines were
heated to 373 K to prevent condensation of reactants and products
and polymerization of formaldehyde.

The chemical compositions of the reactant and product streams
were quantified using a micro-GC (Varian CP-4900) equipped with
HP-PLOT U and Mol Sieve 5A columns connected to thermal con-
ductivity detectors. The identity of chemical species and their
amounts detected by the micro-GC were confirmed using an online
gas chromatograph (Agilent 7890A) with mass spectrometer (Agi-
lent 5975C) (GC–MS) equipped with capillary columns, Agilent HP-
5MS (190091S-433, 30 m, 0.25 mm ID, 0.25 lm film), connected to
a thermal conductivity detector and a flame ionization detector in
series and HP-5 (19091 J-413, 30 m, 0.32 mm ID, 0.25 lm film)
connected to a mass selective detector. The concentration of CO
in the product stream was quantified using a gas chromatograph
(SRI 8610C) equipped with packed columns (Mol Sieve 13X and
Hayesep D) connected to (i) a thermal conductivity detector and
(ii) a methanator followed by a flame ionization detector, respec-
tively. The concentration of H2 in the product stream was quanti-
fied using a gas chromatograph (SRI 8610C) equipped with
packed columns (Mol Sieve 13X and Hayesep D) connected to a he-
lium ionization detector (HID).
3. Results and discussion

3.1. Assessing the intrinsic catalytic rates for CH3OH-O2 reactions on Pt
clusters: rigorous removal of rate contributions from SiO2 support,
gas-phase reaction, and concentration and temperature gradients

Fig. 1a shows CH3OH conversion during CH3OH–O2 reactions on
1.0 wt% Pt/SiO2 catalyst (3.0 nm mean Pt cluster diameter, 0.05 mg
1.0 wt% Pt/SiO2 and 0.285 g SiO2), on SiO2 (support, 0.285 g), and in
the gas phase (without catalyst and support) as a function of reac-
tion temperature, compared at the same reactant flow rate and
compositions (1.0 kPa CH3OH, 1.5 kPa O2, 1.75 cm3 s�1, 310–
910 K). Fig. 1b and 1c show selectivities of carbon-containing prod-
ucts as a function of temperature during CH3OH–O2 reactions
(1.0 kPa CH3OH, 1.5 kPa O2, 1.75 cm3 s�1, 310–910 K) on the 1.0
wt% Pt/SiO2 catalyst (0.05 mg 1.0 wt% Pt/SiO2 and 0.285 g SiO2)
and on bare SiO2 (0.285 g) samples, respectively. Gas-phase CH3-

OH–O2 reactions became detectable above 650 K (Fig. 1a) and led
to CO, CO2, HCHO, and H2O (3.8% CH3OH conversion; selectivities
of carbon-containing products to CO, CO2, and HCHO are 1.3%,
8.9%, and 89.8%, respectively, at 720 K, not shown here). CH3OH
conversions were detectable on bare SiO2, the material used for
dispersing Pt clusters, at lower temperatures (>450 K, Fig. 1a)
and produced CO, CO2, HCHO, HCOOCH3, and H2O (5.3% CH3OH
conversion; selectivities of carbon-containing products to CO,
CO2, HCHO, and HCOOCH3 are 1.9%, 17.0%, 79.1%, and 2.0%, respec-
tively, at 493 K, Fig. 1c). Acetalization of CH3OH with HCHO, a
product, on SiO2 produced HCOOCH3 at these temperatures
(450–650 K), as also reported previously on oxides {SiO2 [43],
Al2O3 [12], SnO2 [14], TiO2 [43], and ZrO2 [43]}. The predominant
carbonaceous product was HCHO below 650 K (76.7% selectivity
at 537 K) but as the temperature increased, sequential oxidation
of HCHO and HCOOCH3 became much faster relative to the initial
catalytic CH3OH turnover and formed CO and CO2 as the dominant
carbonaceous products (Fig. 1c). At the lower temperature range
(350–390 K, Fig. 1a), CH3OH conversion rates on 1.0 wt% Pt/SiO2

catalyst (3.0 nm mean Pt cluster diameter) were at least two orders
of magnitude higher than the combined rates on SiO2 and in the
gas phase {rCH3OH;pt rCH3OH;SiO2 þ rCH3OH;gas phase

� ��1 ¼ 101:2 at 373 K,
Fig. 1a} and the reaction formed HCHO, CO2, H2O, and HCOOCH3.
As the temperature increased, the dominant carbonaceous product
varied from HCOOCH3 to HCHO and then to CO2 (Fig. 1b). CO was
not detected in the effluent stream at all temperatures (<5 ppmv
detection limit, 310–600 K, O2/CH3OH = 1.5) on 1.0 wt% Pt/SiO2

(Fig. 1b), because of much faster rates for CO than CH3OH oxida-
tion. The temperatures required for 50% CH3OH conversion were
472 K, 627 K, and 850 K on Pt/SiO2, SiO2, and in the gas phase,
respectively. At low temperatures (e.g., 373 K), HCHO and HCO-
OCH3 did not react with O2 on SiO2 and in the gas phase at detect-
able extents. Their conversions were found to be less than 0.05% in
HCHO–O2 (0.13 kPa HCHO and 0.5–16 kPa O2, 1.75 cm3 s�1) and
HCOOCH3–O2 (0.60 kPa HCOOCH3 and 0.1–40 kPa O2, 1.75 cm3 s�1)
reactions. These results, taken together, confirm that primary and
secondary reactions reported herein-and-after reflect catalytic
turnovers of CH3OH on Pt clusters with negligible contributions



Fig. 1. (1a) CH3OH conversion as a function of temperature during CH3OH–O2 reactions on 1.0 wt% Pt/SiO2 (0.05 mg 1.0 wt% Pt/SiO2 and 0.285 g SiO2, 3.0 nm mean Pt cluster
diameter) (j), on bare SiO2 (0.285 g) (s), and in the gas phase (N). (1b) Selectivity of carbon-containing products as a function of temperature during CH3OH–O2 reactions on
1.0 wt% Pt/SiO2 (0.05 mg 1.0 wt% Pt/SiO2 and 0.285 g SiO2, 3.0 nm mean Pt cluster diameter). (1c) Selectivity of carbon-containing products as a function of temperature
during CH3OH–O2 reactions on bare SiO2 (0.285 g). (1.0 kPa of CH3OH, 1.5 kPa of O2, balance He; 7.7 � 10�7 (mol CH3OH) s�1).
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from SiO2 supports and the gas phase (estimated to be <1% at
373 K).

The partial and total oxidation of methanol {Eqs. (1a) and (1b)}
and the sequential reactions of HCHO with CH3OH and O2 {Eq. (1c)}
and with O2 {Eq. (1d)} proceed with the respective standard heat of
reaction (evaluated at 298 K):

CH3OHþ0:5O2!HCHOþH2O DH
�

298¼�155:8 kJ mol CH3 OHð Þ�1

ð1aÞ

CH3OHþ1:5O2!CO2þ2H2O DH
�

298¼�726:5 kJ mol CH3 OHð Þ�1

ð1bÞ

CH3OHþHCHOþ 0:5O2 ! HCOOCH3 þH2O DH
�

298

¼ �304:5 kJ mol CH3 OHð Þ�1 ð1cÞ

HCHOþO2 ! CO2 þH2O DH
�

298 ¼ �570:7 kJ mol HCHOð Þ�1

ð1dÞ

These exothermic reactions (�155.8 to �726.5 kJ mol�1) may
increase the local temperature at catalytic sites and cause signifi-
cant concentration and temperature gradients within individual
catalyst pellets and across the reactor bed. These gradients are
ubiquitously present in oxidation reactions, because of their exo-
thermic nature and high rates, and often corrupt rate data and their
Table 1
Summary of intra-particle and bed dilution ratios and the reactor heat loads used for asse

Reaction Reaction
temperature
(K)

Total number of
active sites (10�9

mol)

Space velocity
(107 cm3

(gcat h)�1)

Intra-particle S
to-catalyst mas
ratio

CH3OCH3–
O2

a
473 66.70 0.12 50:1

CH4–O2
b 873 0.20 5.00 200:1

C2H6–O2
c 773 n.a. 6.00 300:1

CH3OH–
O2

383 0.85 12.60 200:1

a Ref. [44].
b Ref. [40].
c Ref. [41]; n.a.: unavailable.
mechanistic interpretation. Here, transport corruptions were diag-
nosed and then rigorously removed by extensive dilutions at the
intra- and inter-pellet scales with inert solids. Dilutions decrease
the rate of heat release per unit volume (heat load) and, as the dil-
uent-to-catalyst ratio increases and the heat load concomitantly
decreases to the extent that does not bring forth detectable kinetic
consequences, the measured rates and selectivities reflect intrinsic
values evaluated at the pressures and temperature of the contact-
ing gas phase.

Table 1 provides the maximum amount of heat released per
unit catalyst bed volume from this study together with values from
CH4–O2 [40], C2H6–O2 [41], and CH3OCH3–O2 [44] reactions in
reactors with comparable dimensions (8.1 mm reactor ID, 100–
250 pellet diameters). The heat release rate per unit catalyst bed
volume for CH3OH–O2 reactions (<0.04 W cm�3, 0.51 kPa CH3OH,
0–6 kPa O2, 383 K) reported herein is comparable to those of other
oxidation reaction systems (<0.66 W cm�3, Table 1), measured in
similar reactor configurations and previously tested and confirmed
to be free of transport influences. Fig. 2 shows the HCHO, CO2, and
HCOOCH3 formation rates (per exposed Pt atom) measured at dif-
ferent O2 pressures (0–6 kPa O2) while keeping the CH3OH pres-
sure constant (0.51 kPa CH3OH) at 383 K on catalyst pellets
diluted to different extents (intra-particle SiO2-to-Pt/SiO2 weight
ratio of 100–400). The turnover rates (per exposed Pt atom) for
HCHO, CO2, and HCOOCH3 formation and the selectivity values re-
mained identical within the experimental accuracy (estimated er-
ssing the intrinsic kinetics of oxidation reactions.

iO2-
s

Inter-particle SiO2-
to-catalyst mass
ratio

Heat of reaction (kJ
(mol of
reductant)�1)

Reactor
diameter
(mm)

Reactor heat
load (W
cm�3)

50:1 �1460.4 8.0 0.66

2000:1 �804.3 8.1 0.35
7000:1 �1428.5 8.1 0.01
5700:1 �726.5 8.1 0.04



Fig. 2. Effects of intra-particle dilution ratio (SiO2-to-catalyst mass ratio) of 100
(j), 300 (s), and 400 (D) on the turnover rates for HCHO, CO2, and HCOOCH3

formation (per exposed Pt atom) during CH3OH–O2 reactions (0.51 kPa CH3OH, 0.0–
6.0 kPa O2) on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt cluster diameter, 383 K, 1.26 � 108

cm3 (gcat h)�1, 125–180 lm pellet diameters, inter-particle dilution ratio (SiO2-to-
catalyst mass ratio) of 5700).
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rors of <2%) among the samples despite the different intra-pellet
dilution ratios (Fig. 2), because the overall CH3OH conversion rates
and each of the individual rates for the primary and secondary
reactions were strictly proportional to the number of active site
contained within the catalyst bed. These results provide the
unequivocal evidence that rate and selectivity data were unaf-
fected by temperature and concentration gradients. These findings,
taken together with negligible rate contributions from SiO2 sup-
port and homogeneous reactions of reactants and products
(Fig. 1), led us to conclude that rate and selectivity data presented
herein-and-after are of true chemical origin and reflect intrinsic
catalytic events at Pt sites.
3.2. Primary and secondary products of methanol partial oxidation on
Pt clusters

Fig. 3 shows carbon selectivities for CH3OH–O2 reactions as a
function of CH3OH conversion, which was varied by changing the
Fig. 3. Carbon selectivities toward HCHO (d), CO2 (h), and HCOOCH3 (N) during CH3OH–
as a function of methanol conversion with O2/CH3OH feed mixtures of 0.25 (a), 1.5 (b), an
5700 SiO2-to-catalyst inter-particle dilution ratios).
residence time, for three O2-to-CH3OH feed ratios of 0.25, 1.5,
and 16 on Pt clusters (1.0 wt% Pt/SiO2, 3.0 nm mean Pt cluster
diameter) at 373 K. O2-to-CH3OH feed ratios affect the carbon
selectivity trends through their influences on the relative rates
and reaction orders for the primary and secondary reactions lead-
ing to HCHO, HCOOCH3, and CO2 products. CO and H2 were not
formed (detection limits: 5 ppmv for CO and 1 ppmv for H2) during
CH3OH oxidation on Pt clusters at 373 under all conditions tested
here, covering the range of 0.01–45 O2/CH3OH ratios (0.08–5 kPa
CH3OH and 0.1–70 kPa O2). At low O2-to-CH3OH ratios (e.g.,
0.25), carbon selectivities were insensitive to CH3OH conversion
(Fig. 3a). Their values began to vary with CH3OH conversion at
higher O2-to-CH3OH ratios (O2/CH3OH = 1.5 and 16 in Fig. 3b and
c, respectively): the carbon selectivities to HCHO decreased and
those for HCOOCH3 and CO2 concomitantly increased as CH3OH
conversion and residence time increased. Extrapolation of carbon
selectivities to zero conversion removes the rate contribution from
secondary reactions and gives the selectivity values from primary
CH3OH reactions. These data indicate that at low O2-to-CH3OH ra-
tios (e.g., 0.25), all products are formed directly from CH3OH (or
CH3OH derived surface intermediates), but as the O2-to-CH3OH ra-
tio increases to above 0.5, the sequential oxidation of HCHO be-
comes important relative to those of primary reactions,
apparently because chemisorbed oxygen atoms prevalent on Pt
cluster surfaces at these higher O2-to-CH3OH ratios are more effec-
tive for HCHO oxidation, as described in Sections 3.4 and 3.5.

The distinct variation in selectivity trends and rate dependen-
cies (to be discussed in Section 3.3) with O2-to-CH3OH ratios led
us to categorize the rate data according to the operating O2/CH3OH
ratios of 0.01–0.5, 0.5–10, and 10–45 and denote these categories
herein and after as Kinetic Regimes 1, 2, and 3, respectively. Next,
the direct and indirect routes for HCHO, HCOOCH3, and CO2 forma-
tion from CH3OH–O2 mixtures and the interconversion between
these products in the various pathways labeled in Scheme 1 are
analyzed for each regime. HCHO–O2 or HCOOCH3–O2 reactions
were carried out in addition to CH3OH–O2 reactions to probe the
relative rates of the primary and secondary reactions. The pseu-
do-first-order rate constants (kP,i(n)) for the individual pathways
in Scheme 1 are defined by the general expression of:

kP;iðnÞ ¼
rP;iðnÞ

½P� ð2Þ

P ¼ CH3OH;HCHO;or HCOOCH3; i ¼ Kinetic Regime 1;2; or 3
O2 reactions at 373 K on 1.0 wt% Pt/SiO2 catalyst (3.0 nm mean Pt cluster diameter)
d 16.0 (c) (4.2 � 107–2.5 � 108 cm3 (gcat h)�1, 200 SiO2-to-catalyst intra-particle and



Scheme 1. Primary and secondary pathways for CH3OH–O2 reactions on Pt clusters.
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where subscripts P, i, and (n) in kp;iðnÞ denote reductant species P, Ki-
netic Regime i (i = 1, 2, or 3), and pathway (n) (n = 1–6) in Scheme 1,
and [P] refers to the pressure of reductant P (P = CH3OH, HCHO, or
HCOOCH3) used in the probed reactions (e.g., HCHO in HCHO–O2

or HCOOCH3 in HCOOCH3–O2 reactions). These rate constants
ðkp;iðnÞÞ were derived from rates measured in CH3OH–O2, HCHO–
O2, and HCOOCH3–O2 mixtures on 1.0 wt% Pt/SiO2 (3.0 nm mean
Pt cluster diameter) at 373 K and 1.26 � 108 cm3 (gcat h)�1 and their
values are summarized in Table 2.

HCHO–O2 reactions did not form HCOOCH3 and HCOOCH3–O2

reactions did not lead to HCHO or CH3OH at detectable concentra-
tions (detection limit of 5 ppmv) at all O2 pressures at 373 K
{0.13 kPa HCHO, 0.6 kPa HCOOCH3, 0.1–40 kPa O2, 1.26 � 108 -
cm3 (gcat h)�1}. Thus, rate constants kHCHO;ið5Þ must be negligible
and Reaction Pathway (5) in Scheme 1 is kinetically insignificant
in all regimes (Regimes 1, 2, and 3). Rates and pseudo-first-order
rate constants for secondary reactions in Regime 1
(kp;1ðnÞ ¼ kHCOOCH3;1ð6Þ or kHCHO;1ð4Þ) were obtained from HCOOCH3–
O2 (kHCOOCH3;1ð6Þ) and HCHO–O2 (kHCHO;1ð4Þ) reactions at a low O2

pressure (0.5 kPa) and shown in Table 2. The rate constants for
the secondary HCOOCH3 and HCHO oxidation (kHCOOCH3;1ð6Þ and
kHCHO;1ð4Þ, respectively) were found to be 3.8 and 4.7 mol CO2

(g atom Ptsurface s kPa)�1, respectively, at 373 K. The kHCOOCH3;1ð6Þ va-
lue translates to a rate ratio for CO2 formation from sequential
HCOOCH3 oxidation to those from methanol oxidation
(rHCOOCH3;1ð6Þ rCO2;1

� ��1
, where rCO2;1 refers to the rate of CO2 forma-

tion from CH3OH–O2 reactions and subscript 1 denotes Kinetic
Regime 1) of <0.01 at the low CH3OH conversions (<3%) used in this
study (373 K, Table 2). The kHCHO;1ð4Þ value corresponds to a rate ra-
tio for CO2 formation from sequential HCHO oxidation to those
from methanol oxidation (rHCHO;1ð4Þ rCO2;1

� ��1
) of <0.02 under

similar conditions. These results confirm that rate contributions
Table 2
Pseudo-first-order rate constants (kp;iðnÞ ¼ rp;iðnÞ ½P��1) and rate ratios of primary and secon
cluster diameter) at 373 K in three different kinetic regimes, defined by the operating O2-

Kinetic Regime i O2/CH3OH Ratio kCH3OH;ið1Þ
a kCH3 OH;ið2Þ

b kCH3OH;ið3Þ
c kH

1 0.01–0.5 0.3–2.7 0.1–0.9 0.1–0.2 4.7
2 0.5–10 19.0–38.0 4.9–10.0 2.1–2.4 33
3 10–45 160.9 48.0–34.0 13.8–45.3 16

Subscripts P, i, and (n) in pseudo-first-order rate constants (kp;iðnÞ) denote reductant iden
(n = 1–6 in Scheme 1). rp;iðnÞ denotes the rate of reaction pathway (n) for reductant P in R
Regime i. [P] refers to the partial pressure of reductant P. a,b,c: Pseudo-first-order rate
face s kPa)�1, cmol HCOOCH3 (g atom Ptsurface s kPa)�1) were measured from CH3OH–O
constants (kHCHO;iðnÞ ,

#mol CO2 (g atom Ptsurface s kPa)�1, &mol HCOOCH3 (g atom Ptsurfa

1.5 kPa, and 16.0 kPa O2 for Regimes 1, 2, and 3, respectively); b.d. denotes below d
Ptsurface s kPa)�1) were measured from the HCOOCH3–O2 reactions (0.60 kPa HCOOCH3

inter-particle dilution ratios, 1.26 � 108 cm3 (gcat h)�1).
from secondary reactions are insignificant in Regime 1, consistent
with carbon selectivities that do not vary with CH3OH conversions
and residence times in this regime (Fig. 3a). Thus, CO2, HCHO, and
HCOOCH3 are formed directly from CH3OH derived intermediates
at low O2-to-CH3OH ratios (<0.5), as also reported previously [5].

As O2-to-CH3OH ratios increased to 0.5–10, the rate constant for
HCOOCH3 oxidation (kHCOOCH3;2ð6Þ) remained at a small value
{3.8 mol CO2 (g atom Ptsurface s kPa)�1, 373 K}. The rate constants
for the primary CH3OH–O2 reaction to HCHO (kCH3OH;2ð1Þ) and the
sequential HCHO–O2 reaction to CO2 (kHCHO;2ð4Þ), however, both in-
creased to magnitudes similar to each other {19–38 mol HCHO
(g atom Ptsurface s kPa)-1 and 33.7 mol CO2 (g atom Ptsurface s kPa)�1,
respectively, 373 K}. These rate constant values corresponded to a
rate ratio for CO2 formation from HCHO over CO2 formation from
CH3OH, rHCHO;2ð4Þ rCO2 ;2

� ��1 (where rCO2 ;2 denotes the rate of CO2 for-
mation from CH3OH–O2 reactions in Kinetic Regime 2), of 0.06 to
0.14 in Regime 2 {1–2 kPa CH3OH, 0.5–5 kPa O2, 0.02–0.14 kPa
HCHO (produced from CH3OH–O2 reactions), 373 K}. At even high-
er O2-to-CH3OH ratios (10–45; Regime 3), rate constants for all
CH3OH oxidation reactions (kCH3OH;3ð1Þ, kCH3OH;3ð2Þ, kCH3OH;3ð3Þ) and
HCHO oxidation (kCH3OH;3ð4Þ) increased to even larger values, except
those for HCOOCH3 oxidation ðkHCOOCH3 ;3ð6ÞÞ and for the conversion
of HCHO to HCOOCH3 ðkHCHO;3ð5ÞÞ, which remained insignificant.
These increases reflect the creation of active sites that are more
effective for CH3OH and HCHO oxidation at the high O2-to-CH3OH
ratios. Comparing the rate constant values of Regime 3 with those
of Regime 2, the rate constant for HCHO oxidation to CO2

ðkHCHO;3ð4ÞÞ increased to a much larger extent than the rate con-
stants for primary reactions (kCH3OH;3ð1Þ, kCH3OH;3ð2Þ; kCH3OH;3ð3Þ) (Ta-
ble 2). This increase resulted in a concomitant decrease in HCHO
selectivity and led the rate ratios for CO2 formation from HCHO
to the overall CO2 formation from methanol oxidation
rHCHO;3ð4Þ rCO2 ;3

� ��1, where rCO2 ;3 denotes the rate of CO2 formation
from CH3OH–O2 reactions in Regime 3} to exceed 0.3 in Regime
3 {0.08–2 kPa CH3OH, 10–70 kPa O2, 0.01–0.3 kPa HCHO (produced
from CH3OH–O2 reaction), 373 K}. Taken together, these data indi-
cate that sequential HCOOCH3 oxidation to CO2 does not occur at
any significant extent under all O2-to-CH3OH ratios examined in
this report. The sequential HCHO oxidation to CO2, however, be-
comes increasingly important as the O2-to-CH3OH ratio increases
from Regime 1 to Regime 3, during which the rate ratio
rHCHO;ið4Þ rCO2 ;i

� ��1 increases from less than 0.02 to 0.45 (Table 2).
These different trends of carbon selectivities with CH3OH con-

version and their different values when extrapolating to zero con-
version (22.4% CO2, 65.4% HCHO, and 12.2% HCOOCH3 in Regime 1,
18.6% CO2, 74.4% HCHO, and 7.0% HCOOCH3 in Regime 2, and 18.1%
CO2, 74.0% HCHO, and 7.9% HCOOCH3 in Regime 3; the error in car-
bon selectivities is <0.5%), as shown in Fig. 3, indicate that the rel-
ative contributions of primary and secondary reactions and the
rate dependencies for CO2, HCHO, and HCOOCH3 formation vary
dary reactions for CH3OH–O2 reactions on 1.0 wt% Pt/SiO2 catalysts (3.0 nm mean Pt
to-CH3OH ratio.

CHO;ið4Þ
# kHCHO;ið5Þ

& kHCOOCH3 ;ið6Þ
� rHCHO;ið4ÞðrCO2 ;iÞ

-1 rHCOOCH3 ;ið6ÞðrCO2 ;i)
-1

b.d. 3.8 <0.02 <0.01
.7 b.d. 3.8 0.06–0.14 <0.01
2.0 b.d. b.d. 0.30-0.45 <0.01

tity P (P = CH3OH, HCHO, HCOOCH3), Kinetic Regime i (i = 1, 2, 3), and pathway (n)
egime i and rCO2 ;i denotes the rate of CO2 formation during CH3OH–O2 reactions in

constants (kCH3 OH;iðnÞ ,
amol HCHO (g atom Ptsurface s kPa)�1, bmol CO2 (g atom Ptsur-

2 reactions (0.08–5.0 kPa CH3OH and 0.1–70 kPa O2). #,&: Pseudo-first-order rate
ce s kPa)�1) were measured from HCHO–O2 reactions (0.13 kPa HCHO and 0.5 kPa,
etectable limits. �Pseudo-first-order rate constants (kHCOOCH3 ;ið6Þ , mol CO2 (g atom
and 0.1–40 kPa O2). (200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-catalyst
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with reactant and product pressures. Next, we probe the effects of
reactant pressure on the individual rates of HCHO, HCOOCH3, and
CO2 formation by varying the O2 and CH3OH pressures indepen-
dently while maintaining a constant temperature and space veloc-
ity (373 K, 1.26 � 108 cm3 (gcat h)�1 for Regimes 2 and 3 and
4.2 � 107 cm3 (gcat h)�1 for Regime 1).

3.3. Diverse kinetic dependencies during methanol partial oxidation
and their connection to oxygen-to-methanol ratio and the identity and
coverages of reactive intermediates on Pt cluster surfaces

Fig. 4 shows the diverse rate dependencies for the formation of
primary (HCHO) and secondary (HCOOCH3 and CO2) products dur-
ing CH3OH–O2 reactions on Pt clusters (1.0 wt% Pt/SiO2, 3.0 nm
mean Pt cluster diameter, 373 K), plotted in terms of the first-order
rate coefficients, defined as the turnover rates for species j
(j = HCHO, HCOOCH3, or CO2) formation divided by CH3OH pres-
sure (rj;i [CH3OH]�1, i = Regime 1, 2, or 3), as a function of O2-to-
CH3OH ratio. First-order rate coefficients for HCHO, HCOOCH3,
and CO2 formation are a single-valued function of O2-to-CH3OH ra-
tio and their rate dependencies depend strictly on the range of
operating O2-to-CH3OH ratios, which defines the operating bound-
aries for Kinetic Regimes 1 to 3 in the order of increasing O2-to-
Fig. 4. 4a and 4b. First-order rate coefficients (rj,i [CH3OH]�1) for HCHO ( , , , , ,
functions of O2-to-CH3OH ratio during CH3OH–O2 reactions at 373 K with 1.00 kPa ( , D,
4.00 kPa ( ,r, .) of CH3OH on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt cluster diameter, 200 Si
4.2 � 107 cm3 (gcat h)-1 (4a) and 1.26 � 108 cm3 (gcat h)�1 (4b). Regime 1: O2/CH3OH = 0

Table 3
Identity of the most abundant surface intermediates, observed rate dependencies, and appa
HCOOCH3 formation, and the rate expressions for HCHO (primary product) formation derive
in Kinetic Regimes 1–3.

Kinetic Regime i Regime 1c (0.01 < O2/CH3OH < 0

MASI# [CH3O�]
rj,i keff ;j;1½CH3OH�aj;1 ½O2�bj;1

rODH,i keff ;ODH;1½CH3OH��0:7½O2�1:7

rHCHO,i keff ;HCHO;1½CH3OH��0:7½O2�1:7

rCO2 ;i keff ;CO2 ;1½CH3OH��0:7½O2�1:7

rHCOOCH3 ;i keff ;HCOOCH3 ;1½O2�2

rHCHO,i derived from proposed elementary steps k1:5
k1:5þk1:6

k1:3K1:2 ½CH3OH�

1þk1:3 K1:2 ½CH3 OH�
k1:4 K1:1 ½O2 �

� �2

a,b: 1.26 � 108 cm3 (gcat h)�1; c: 4.2 � 107 cm3 (gcat h)�1. a,b,c: 373 K, 3.0 nm mean Pt clu
particle dilution ratios. #MASI denotes the most abundant surface intermediates. The sub
(g atom Ptsurface s kPa)�1), and apparent reaction orders (aj,i and bj,i) denote carbon-contai
ODH denotes oxidative dehydrogenation of CH3OH.
CH3OH ratio (Regime 1: 0.01–0.5 O2/CH3OH, Regime 2: 0.5–10
O2/CH3OH, and Regime 3: 10–45 O2/CH3OH), irrespective of indi-
vidual CH3OH and O2 pressure values.

The rate of species j (j = HCHO, HCOOCH3, or CO2) formation
(per exposed Pt atom) in Kinetic Regime i (i = 1, 2, or 3) is denoted
as rj;i and expressed in a general form below to vary with the CH3-

OH and O2 pressures ([CH3OH] and [O2]):

rj;i ¼ keff ;j;i½CH3OH�aj;i ½O2�bi;j ð3Þ
j ¼ HCHO;HCOOCH3; or CO2
i ¼ Kinetic Regime 1;2; or 3

where keff ;j;i is the effective rate constant for species j, and aj,i

and bj,i are the apparent reaction orders with respect to CH3OH
and O2, respectively, in Regime i. The formation of a HCHO, CO2,
or HCOOCH3 molecule each requires one catalytic CH3OH sojourn
in the oxidative dehydrogenation step (ODH); thus, the rates of
oxidative dehydrogenation of CH3OH, rODH;i (for Regime i), are re-
ported as the combined rates of HCHO, CO2, and HCOOCH3 forma-
tion (rODH;i ¼ rHCHO;i þ rCO2 ;i þ rHCOOCH3 ;i for Regime i) [12]. As shown
), CO2 (D, h, s, e, ,r), and HCOOCH3 (N, j, d, �, , .) formation as single-valued
N), 1.25 kPa ( , h, j), 1.75 kPa ( , s, d), 2.00 kPa ( , e, �), 3.00 kPa ( , , ), and
O2-to-catalyst intra-particle and 5700 SiO2-to-catalyst inter-particle dilution ratios;
.01–0.5; Regime 2: O2/CH3OH = 0.5–10; Regime 3: O2/CH3OH = 10–45).

rent reaction orders for oxidative dehydrogenation of CH3OH and for HCHO, CO2, and
d from proposed elementary steps for CH3OH–O2 reactions on 1.0 wt% Pt/SiO2 catalyst

.5) Regime 2b (0.5 < O2/CH3OH < 10) Regime 3a (10 < O2/CH3OH < 45)

[*] [O�]

keff ;j;2½CH3OH�aj;2 ½O2�bj;2 keff;j;3½CH3OH�aj;3 ½O2�bj;3

keff ;ODH;2½O2� keff;ODH;3½CH3OH�
keff ;HCHO;2½O2� keff;HCHO;3½CH3OH�

keff ;CO2 ;2½CH3OH��0:2½O2� keff;CO2 ;3½CH3OH�0:8

keff ;HCOOCH3 ;2½CH3OH�0:3½O2�1:4 keff;HCOOCH3 ;3½CH3OH�1:4
2k2:1 k2:5 ½O2 �

k2:5þk2:6
� k2:6k2:5;r ½HCHO�

k2:5þk2:6

k3:3k3:5 ½CH3OH�
k3:5þk3:6

� k3:6 k3:5;r ½HCHO�
k3:5þk3:6

ster diameter, 200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-catalyst inter-
scripts j, i in rates (rj,i, mol (g atom Ptsurface s)�1), effective rate constants (keff,j,i, mol

ning products j (j = HCHO, CO2, HCOOCH3) and Kinetic Regime i (i = 1, 2, 3). Subscript
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in Table 3, the rate dependencies for the individual rates of HCHO,
CO2, and HCOOCH3 formation (aj,i and bj,i) differ from one regime
to another.

For O2-to-CH3OH ratios above 10, the rates for HCHO, HCO-
OCH3, and CO2 formation are independent of O2 pressure
(bHCHO;3 ¼ bHCOOCH3 ;3=bCO2 ;3 ¼ 0� 0:1). These rates with respect to
CH3OH pressure are first-order for HCHO formation
(aHCHO;3 ¼ 1� 0:02), less than first-order for CO2 formation
(aCO2 ;3 ¼ 0:8� 0:01), and larger than first-order for HCOOCH3 for-
mation (aHCOOCH3 ;3 ¼ 1:4� 0:1). As the O2-to-CH3OH ratio decreases
to below 10 but above 0.5, the transition from Regime 3 to Regime
2 occurs, during which the reaction orders with respect to O2 for
HCHO and CO2 formation increase from zero to one
(bHCHO;2 ¼ 1:1� 0:1; bCO2 ;2 ¼ 1:1� 0:1) and for HCOOCH3 from zero
to � 1.5 (bHCOOCH3 ;2 ¼ 1:4� 0:2), while those with respect to CH3OH
for HCHO and CO2 formation concomitantly decrease from one to
near zero values (aHCHO;2 ¼ 0� 0:1, aCO2 ;2 ¼ �0:2� 0:1) and for
HCOOCH3 formation from larger than one to near 0.5
(aHCOOCH3 ;2 ¼ 0:3� 0:1). A further decrease in O2-to-CH3OH ratio
to less than 0.5 leads to another transition in reaction orders, dur-
ing which the rates for HCHO and CO2 formation (rHCHO;1 and rCO2 ;1)
both acquire an even stronger positive dependence with O2

(bHCHO;1 ¼ bCO2 ;1 ¼ 1:7� 0:2) and a negative dependence with CH3-

OH (aHCHO;1 ¼ aCO2 ;1 ¼ �0:7� 0:2) while the rates for HCOOCH3 for-
mation depend solely on O2 pressure (bHCOOCH3 ;1 ¼ 2� 0:2) and are
no longer vary with CH3OH pressure (aHCOOCH3 ;1 ¼ 0� 0:1). These
effects of O2-to-CH3OH ratios on the individual species formation
rates are captured in Fig. 4a (for Regime 1) and 4b (for Regimes 2
and 3) and their effects on the carbon selectivities are shown in
Fig. 5a (for Regime 1) and 5b (for Regimes 2 and 3).
Fig. 5. 5a and 5b. Effects of O2-to-CH3OH ratio on carbon selectivities toward HCHO (d),
373 K (3.0 nm mean Pt cluster diameter, 4.2 � 107 cm3 (gcat h)�1 (5a) and 1.26 � 108 cm3

catalyst inter-particle dilution ratios).

Scheme 2. A proposed sequence of elementary steps for HCH
In the next sections (Sections 3.4-3.6), we provide the evidence
that the increase in reaction orders with respect to O2

(bj;3 < bj;2 < bj;1) and the concomitant decrease in reaction orders
with respect to CH3OH (aj;3 > aj;2 > aj;1) from Regime 3 to Regime
1, as summarized in Table 3, are caused by a decrease in oxygen
chemical potential at Pt cluster surfaces. The decrease in oxygen
chemical potential results in a dynamic transition in the coverages
of reactive intermediates from saturated with chemisorbed oxygen
atoms (O�) (Regime 3), uncovered of (Regime 2), to covered with
methanol derived species (Regime 1). A sequence of elementary
steps for methanol and oxygen activation, HCHO formation, and
sequential HCHO oxidation is proposed in Scheme 2. Elementary
steps for HCHO, CO2, HCOOCH3, and H2O formation in Regimes 3,
2, and 1 are provided in Schemes A.1, A.2, and A.3 respectively.
These elementary reaction steps in Schemes 2 and A.1-A.3 may oc-
cur concurrently in all regimes, but their relative contributions to
the observed rates differ markedly, because of the difference in site
abundances of chemisorbed oxygen atoms (O�), unoccupied Pt sites
(�), and methanol derived species (e.g., CH3O�) and the extent of
their participation in catalysis from one regime to another. In
Scheme 2, the dominant reaction steps for each regime are pre-
sented. During the transition from one regime to another, the ele-
mentary rate constant and equilibrium constant values are
expected to vary with changes in surface coverages, lateral repul-
sive interactions, and heats of adsorption. We focus next on analyz-
ing the individual regimes, starting from the highest O2-to-CH3OH
ratios (10–45), which correspond to Kinetic Regime 3, at which Pt
cluster surfaces are saturated with chemisorbed oxygen atoms that
assist with the initial CH3OH activation and HCHO oxidation steps.
CO2 (h), and HCOOCH3 (N) during CH3OH-O2 reactions on 1.0 wt% Pt/SiO2 catalyst at
(gcat h) 1 (5b), 1.50 kPa CH3OH, 200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-

O formation from CH3OH and O2 reactions on Pt clusters.
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3.4. Methanol partial oxidation on Pt cluster surfaces saturated with
chemisorbed oxygen atoms (Regime 3)

HCHO, HCOOCH3, and CO2 formation rates from CH3OH–O2

mixtures were measured on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt clus-
ter diameter) at 373 K by independently varying the CH3OH and O2

pressures from 0.08 to 1.75 kPa and 10 to 70 kPa, respectively,
while maintaining the O2-to-CH3OH ratio at values between 10
and 45. The species formation rates (rj;3, subscript j denotes HCHO,
CO2, or HCOOCH3 and subscript 3 denotes Regime 3), are shown as
a function of CH3OH pressure (0.08–1.5 kPa) in Figs. 6a, A.1a, and
A.1b, respectively, for three different O2 pressures of 20, 28, and
35 kPa and their rate dependencies with CH3OH and O2

(rj;3 ¼ keff ;j;3½CH3OH�aj;3 ½O2�bj;3 ) are summarized in Table 3. Turnover
rates for HCHO, CO2, and HCOOCH3 formation increase with CH3OH
pressure with apparent reaction orders aHCHO;3, aCO2 ;3, and aHCOOCH3 ;3

of 1.0 ± 0.02, 0.8 ± 0.01, and 1.4 ± 0.1, respectively. These rates do
not vary with O2 pressure (bj;3 ¼ 0� 0:1, j = HCHO, HCOOCH3, or
CO2). Previous studies also reported similar rate dependencies for
HCHO formation during CH3OH–O2 reactions at high O2-to-CH3OH
ratios on Ag (2.5–20 O2/CH3OH, 563–593 K) [5], RuO2 (2.5–7 O2/
CH3OH, 393 K) [12], and Fe2(MoO4)3 (5–40 O2/CH3OH, 433 K)
[16]. Despite the similar rate dependencies for Pt and other metal
(Ag [5]) or metal oxide (RuO2 [12] and Fe2(MoO4)3 [16]) structures,
the previously proposed mechanism [12,16], which requires com-
petitive adsorption of CH3OH and O2 on unoccupied metal sites or
oxygen vacancies (�), is not consistent with the zero-order depen-
dence of HCHO formation rates on O2 pressure in this regime. The
zero-order dependence of all rates (for the formation of primary
and secondary products) on O2 pressure indicates that O2 activa-
tion step is kinetically insignificant at these high O2-to-CH3OH ra-
tios. Thus, Pt cluster surfaces must be saturated with reactive
oxygen atoms at surfaces (or subsurfaces). The active site struc-
tures formed with these oxygen atoms do not vary with oxygen
chemical potential and the accessibility to unoccupied metal or
oxygen vacancy sites does not limit CH3OH turnovers in this re-
gime. CH3OH activation did not occur at exposed Pt sites used for
binding the reactive oxygen atoms, because if it did, an increase
in O2 pressure would deplete the concentration of unoccupied Pt
sites and lead to lower CH3OH activation rates. In this specific case,
Fig. 6. (a) HCHO formation rates (rHCHO,3) {—: predicted values from linear regress
(rCO2 ;3 þ rHCOOCH3 ;3), and (c) rate ratio of HCOOCH3 to CO2 (rHCOOCH3 ;3 rCO2 ;3

� ��1) as a function
35.0 kPa (D) of O2 on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt cluster diameter) at 373 K. (1.26
inter-particle dilution ratios).
rates for CH3OH conversion and for HCHO, HCOOCH3, and CO2 for-
mation would acquire a negative dependence on O2 pressure.

These kinetic evidence (Figs. 6a, A.1a, and A.1b) led us to pro-
pose a sequence of elementary steps involving irreversible dissoci-
ation of O2 molecules on Pt sites and activation of CH3OH on O�

covered Pt cluster surfaces. The reversibility of the O2 dissociation
step is given by the relative magnitudes for the rates of O� recom-
bination (also the reverse step of O2 dissociation on Pt sites) and
those of O� removal by reaction with CH3OH. The rates of O�

recombination on O� saturated Pt cluster surfaces have been previ-
ously measured from 16O18O isotopologue formation in 16O2–18O2

mixtures [44,45]. 16O18O isotopologue formation rates from
16O2–18O2 reactions were undetectable and estimated to be lower
than 2.5 � 10�3 mol O2 (g atom surface Pt s)�1 (20 kPa of 1:1
16O2–18O2 mixture) on O� covered Pt clusters at a higher tempera-
ture of 473 K [44]. Extrapolation of the 16O18O isotopologue forma-
tion rates on O� covered Pt surfaces from a higher temperature
range (2 kPa of 1:1 16O2–18O2 mixtures; activation barrier:
108 kJ mol�1; 550–715 K [45]) to 373 K gave an 16O18O formation
rate of 1.2 � 10�8 mol O2 (g atom surface Pt s)�1 at 65 kPa O2.
These O� recombination rates (rO16O18 ) are significantly lower than
the CH3OH forward chemical turnovers with an estimated rate ra-
tio for oxygen recombination to CH3OH oxidative dehydrogena-
tion, rO16O18 rODH;3ð Þ�1, of <10�10 at 373 K (0.08 kPa CH3OH, 65 kPa
O2). Thus, the O2 dissociation step must be irreversible during CH3-

OH oxidation in this regime and is expected to remain even more
so on Pt cluster surfaces depleted of O� (Regimes 2 and 1 in Sec-
tions 3.5 and 3.6, respectively) as the probability of O� atoms to
recombine and desorb as O2 decreases markedly with decreasing
O� coverages. Chemisorbed oxygen atoms must involve in CH3OH
activation, because of much larger rates on O� saturated surfaces
(Regime 3) than on cluster surfaces sparse of reactive oxygen spe-
cies (Regimes 2 and 1, Fig. 4). On O� saturated surfaces, CH3OH
must activate over chemisorbed oxygen atoms as the active sites,
possibly via the cleavage of its O–H bond.

In this regime, the coverages of CH3OH derived intermediates
(e.g., CH3O�) must be insignificant, because site occupation by
these intermediates would lead the rates for HCHO (rHCHO;3,
Fig. 6a) and the combined rates for secondary product
(rCO2 ;3 þ rHCOOCH3 ;3, Fig. 6b) formation to increase less than linearly
with CH3OH pressure. We note that the identity of carbon-contain-
ion of rate data with Eq. (6)}, (b) sum of CO2 and HCOOCH3 formation rates
of CH3OH pressure during CH3OH–O2 reactions with 20.0 kPa (j), 28.0 kPa (s) and
� 108 cm3 (gcat h)�1, 200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-catalyst



64 W. Tu, Ya-Huei (Cathy) Chin / Journal of Catalysis 313 (2014) 55–69
ing intermediates derived from CH3OH activation at high O� cover-
ages is difficult to identify and remain essentially invisible from
spectroscopic studies, because of their low coverages during stea-
dy-state reactions. In addition, attempts to probe these species
on well-defined Pt single-crystal surfaces are limited by their
inherent constraint to attain saturation O� coverages (e.g., the max-
imum O� coverages were found to be less than 0.25 ML on Pt(111)
at 300 K [28,36]). The lack of significant and detectable coverages
of CH3OH derived intermediates was confirmed from chemical
titration of carbon-containing debris on Pt cluster surfaces using
O2 as titrants, carried out after steady-state CH3OH–O2 reactions
in this regime for 1 h (O2/CH3OH = 16, 373 K, 4.2 � 107 cm3 (gcat -
h)�1). The expected chemical titration products (CO2 or CO) were
not detected from these studies within the detection limits. Taken
together the rate dependencies (Fig. 6a and b, A.1a, and A.1b) and
titration results, Pt cluster surfaces must be free of CH3OH derived
intermediates in this regime.

These results led us to propose that the kinetically-relevant step
must involve initial CH3OH activation assisted by reactive oxygen
atoms, which saturate the Pt cluster surfaces, followed by sequen-
tial hydrogen abstraction to form the CH2O�2 species, as shown in
Scheme 2. Desorption of CH2O�2 leads to HCHO [5,25] and leaves
behind a chemisorbed oxygen (O�) on Pt cluster. Alternatively,
the hydrogen abstraction of CH2O�2 species forms the formate spe-
cies ðHCO�2Þ, which may bind to Pt surfaces at bridge or monoden-
tate configurations [46]. The formate species may combine with
another CH3OH to evolve the HCOOCH3 (leaving behind an O�) as
a secondary product [19,20], or alternatively, undergo hydrogen
abstraction and desorb as CO2 [20,25]. The net rates of HCHO for-
mation are given by subtracting the rates of HCHO oxidation from
the rates of CH2O�2 desorption (to form HCHO and O�):

rHCHO;3 ¼
k3:5½CH2O�2�
½T� � k3:5;r ½HCHO�½O��

½T� ð4Þ

where k3.5 and k3.5,r are the forward and reverse rate constants for
HCHO desorption steps, the former leads to HCHO formation and
the latter to sequential oxidation, respectively, as defined in
Scheme 2; [CH2O�2] and [O�] are the concentrations of adsorbed
CH2O�2 and O� on platinum surface sites, respectively; [HCHO] is
the partial pressure of formaldehyde during catalysis; [T] is the con-
centration of total sites on Pt cluster surfaces. The surface concen-
tration of CH2O�2, [CH2O�2], is obtained from kinetic coupling of
rates that form (Step 3.4 and reverse reaction of Step 3.5, Scheme 2)
and remove (forward reaction of Step 3.5 and Step 3.6, Scheme 2)
CH2O�2 from Pt cluster surfaces during steady-state catalysis:

½CH2O�2� ¼
k3:3½CH3OH�½O��

k3:5 þ k3:6
þ k3:5;r ½HCHO�½O��

k3:5 þ k3:6
ð5Þ

where k3.3 and k3.6 are the rate constants for the initial activation of
CH3OH assisted by reactive oxygen species and the sequential
hydrogen abstraction of CH2O�2 to evolve formate ðHCO�2Þ, respec-
tively. Substitution of Eq. (5) into Eq. (4) leads the HCHO formation
rates (rHCHO,3) to vary with CH3OH and HCHO pressures (see Sec-
tion A.1 in Appendix for derivation):

rHCHO;3 ¼
k3:5k3:3½CH3OH�

k3:5 þ k3:6
� k3:6k3:5;r ½HCHO�

k3:5 þ k3:6
ð6Þ

The readsorption and sequential oxidation of HCHO may reduce
the rates of HCHO formation, but the rate ratio for HCHO readsorp-
tion and sequential oxidation {2nd term of Eq. (6)} to HCHO forma-
tion {1st term of Eq. (6)} remains a constant value (estimated to be
0.18 ± 0.01 at 373 K, 1.0 wt% Pt/SiO2, O2/CH3OH = 10–45,
1.26 � 108 cm3 (gcat h)�1) because both the rate dependencies for
HCHO oxidation and for CH3OH conversion to HCHO are identical,
i.e. independent of O2 pressure and increases proportionally with
the reductant (HCHO or CH3OH) pressure. These rate dependencies
lead the HCHO pressure and resulting HCHO oxidation rates to be-
come proportional to CH3OH pressure. The kinetic parameters for
HCHO formation in Eq. (6) were determined from linear regression
with the rate data in Fig. 6a. Their values are included in Table A.1
in Appendix, the predicted rates are included in Fig. 6a, and the
parity plot for measured and estimated rates is included in
Fig. A.2 in Appendix.

H abstraction on the CH2O�2 intermediates (Step 3.6, Scheme 2)
forms the formate species ðHCO�2Þ, a common precursor for CO2 and
HCOOCH3. A majority of the formate species undergo hydrogen
abstraction to evolve CO2, while a small portion reacts with CH3OH
to evolve HCOOCH3. Thus, the combined rates for CO2 and HCO-
OCH3 formation are proportional to the concentration of CH2O�2
on Pt cluster surfaces, whose coverages are given by CH3OH and
HCHO pressures (Eq. (5)):

rCO2;3 þ rHCOOCH3;3 ¼
k3:6½CH2O�2�½O

��
½T�2

¼ k3:6k3:3½CH3OH�
k3:5 þ k3:6

þ k3:6k3:5;r½HCHO�
k3:5 þ k3:6

ð7Þ

where rate constants k3.3, k3.5, k3.5,r, and k3.6 and [T] are defined
above and in Scheme 2. The combined rates for CO2 and HCOOCH3

formation (rCO2 ;3 þ rHCOOCH3 ;3) vary linearly with CH3OH pressure, as
shown in Fig. 6b. The rate ratio of HCOOCH3 to CO2 formation
(rHCOOCH3 ;3 rCO2 ;3

� ��1) is, however, proportional to CH3OH pressure
via a proportionality constant kHCO�2�CH3OH kHCO�2�O�

� ��1
of

0.392 ± 0.003 (Fig. 6c), which equals the ratio of rate constant for
HCOOCH3 formation from the reaction of formate with CH3OH
(kHCO�2�CH3OH) and that for CO2 formation from H abstraction on
HCO�2 (kHCO�2�O� ), respectively, as derived in Section A.1 of Appendix.
The linear dependent of HCOOCH3-to-CO2 selectivity ratio
{rHCOOCH3 ;3 rCO2 ;3

� ��1} with CH3OH pressure is consistent with the fact
that HCO�2 forms HCOOCH3 only by their reaction with another CH3-

OH but forms CO2 directly. Next, we show that the most abundant
surface intermediates and the steps for CH3OH activation undergo a
concomitant dynamic transition in response to decreasing O2-to-
CH3OH ratio to values smaller than 10.

3.5. Methanol partial oxidation on uncovered Pt cluster surfaces
(Regime 2)

As O2-to-CH3OH ratio decreases to less than 10 but larger than
0.5, rate dependencies for HCHO, HCOOCH3, and CO2 formation un-
dergo a concomitant transition and acquire reaction orders unlike
those in Regime 3. In Regime 2, the rate dependencies for oxidative
dehydrogenation of CH3OH (rODH;2) are shown in Fig. 7a, the rates of
HCHO (rHCHO;2), CO2 (rCO2 ;2), and HCOOCH3 (rHCOOCH3 ;2) formation in
Fig. 7b, A.3a, and A.3b, respectively, and the sum of CO2 and
HCOOCH3 formation rates in Fig. 7c as a function of O2 pressure
(0.5–5 kPa) for 1.0, 1.5, and 2.0 kPa CH3OH for CH3OH–O2

reactions on Pt clusters (3.0 nm mean Pt cluster diameter) at
373 K. Turnover rates for oxidative dehydrogenation of
CH3OH and for HCHO and CO2 formation are no longer
independent of but increase proportionally with O2 pressure
in this regime (bODH;2 ¼ bHCHO;2 ¼ bCO2 ;2 ¼ 1:1� 0:1, Table 3).
These rates also become insensitive to CH3OH pressure
(aODH;2 ¼ 0� 0:1;aHCHO;2 ¼ 0� 0:1, and aCO2 ;2 ¼ �0:2� 0:1, Table 3).
Turnover rates for HCOOCH3 formation, however, increase more
than linearly with O2 and depend weakly on CH3OH pressure
(bHCOOCH3 ;2 ¼ 1:4� 0:2, and aHCOOCH3 ;2 ¼ 0:3� 0:1, Table 3). These
effects of CH3OH and O2 pressures are consistent with O2 activation
on uncovered Pt cluster surfaces as the kinetically-relevant step. Pt
cluster surfaces must be largely free of molecular debris from
CH3OH and O2 activation, because the opposite case would lead



Fig. 7. (a) Oxidative dehydrogenation rates of CH3OH {rODH,2, —: predicted rates of CH3OH oxidative dehydrogenation from linear regression of rate data with Eq. (8)}, (b)
rates of HCHO formation (rHCHO,2), and (c) sum of rates for CO2 and HCOOCH3 formation (rCO2 ;2 þ rHCOOCH3 ;2) during CH3OH–O2 reactions with 1.0 kPa (e), 1.5 kPa (d), and
2.0 kPa (j) of CH3OH on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt cluster diameter) as a function of O2 pressure (373 K, 1.26 � 108 cm3 (gcat h)�1, 200 SiO2-to-catalyst intra-particle
and 5700 SiO2-to-catalyst inter-particle dilution ratios).
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to site occupation and O2 activation rates that are less than first
order with respect to O2 and negative order with CH3OH.

We propose the following steps for CH3OH catalytic sojourns in
this regime. CH3OH first adsorbs molecularly via a quasi-equili-
brated step on a Pt site through its oxygen atom (Step 2.2,
Scheme 2), as proposed from chemical bonding shifts of the two
higher-lying orbitals (related to the lone-pair and the O in CH3OH)
in UV photoemission spectra (UPS) during CH3OH adsorption on
Pt(111) (150–200 K) [47] and dispersion corrected density func-
tional theory calculations on Pt(111) surfaces [48]. The adsorbed
CH3OH undergoes a series of hydrogen abstraction steps, likely as-
sisted by O� to first cleave its O–H bond to form a methoxide inter-
mediates (CH3O�; Step 2.3, Scheme 2) and then the C–H bond of
CH3O� to form CH2O� (Step 2.4, Scheme 2) before its eventual
desorption as HCHO [49]. The catalytic involvement of oxygen in
O–H bond activation has been probed and confirmed from temper-
ature desorption spectroscopy and high-resolution electron energy
loss spectroscopy (EELS) on Pt(111) surfaces partially covered with
O� at 170 K [50,51].

The O� assisted O–H bond dissociation in CH3OH was found to
be more exothermic (CH3OH(g) + � + O�? CH3O� + OH�,
DH

�

298 ¼ �76:4 kJ mol�1) than the similar step without O� involve-
ment (CH3OH(g) + � + �? CH3O� + H�, DH

�

298 ¼ �4 kJ mol�1) on
Pt(111) surfaces, as measured from single-crystal adsorption calo-
rimetry (SCAC) studies [52]. The higher exothermicity is consistent
with the lower activation barrier for CH3OH activation on �–O�

than �–� site pairs, as predicted from the Brønsted–Evans–Polanyi
relation and confirmed from temperature-programmed reactions
of pre-adsorbed CH3OD with O� (Ea = 23 kJ mol�1) on 0.25 ML O�

covered Pt(111) (115–140 K) [23] and CH3OH decomposition on
uncovered Pt(111) (Ea = 48 kJ mol�1) [53]. Density functional the-
ory calculations (DFT) of CH3OH activation on Cu(110) surfaces
show barrierless O–H bond dissociation with O� involvement
(0.25 ML O�), but this step acquires a barrier of 41 kJ mol�1 without
O� involvement [25,54]. DFT calculations on Cu(110) surfaces also
give lower activation barriers for H abstraction on CH3O� when as-
sisted by O� than by � {Ea = 54 kJ mol�1 with O� vs. 118 kJ mol�1

with � (without O�)} [25]. Similar oxygen assisted O–H and C–H
bond activation routes are proposed for CH3OH and C2H5OH activa-
tion on RuO2 structures in a Mars-van Krevelen-type redox cycle
[12]. The CH3OH activation step is kinetically coupled with the
O2 dissociation step that must maintain its irreversible nature, as
found for Regime 3 (Section 3.4). The irreversible nature of O2 dis-
sociation is confirmed from an estimated rate ratio of oxygen
recombination to CH3OH oxidative dehydrogenation
{rO16O18 rODH;2ð Þ�1} of less than 2 � 10�11 at 373 K, based on extrap-
olation of O� recombination rates from 550–715 K [45] to 373 K
and rODH,2 of 200 mol CH3OH (g atom Ptsurface s)�1 (at 5 kPa O2

and 1 kPa CH3OH). This is expected because of lower O� coverages
in this regime than Regime 3 and thus much lower probabilities for
an O� to encounter a neighboring O� for recombinative desorption.

These catalytic steps and the assumption of unoccupied Pt sites
(�) as the most abundant surface intermediates ([�] 	 [T], where [�]
denotes the surface concentration of unoccupied Pt sites and [T]
the total exposed Pt sites) lead the CH3OH oxidative dehydrogena-
tion rates (rODH,2) to increase proportionally with O2 pressure (de-
rived in Section A.3 in Appendix):

rODH;2 ¼
2k2:1½O2�½��2

½T�2
¼ 2k2:1½O2� ð8Þ

where k2;1 reflects the rate constant for O2 dissociation on Pt cluster
surfaces (Step 2.1, Scheme 2), which includes a statistical factor cor-
recting for the double counting of indistinguishable neighboring
sites required for O2 activation. CH3OH activation is kinetically-
irrelevant; thus, O–H and C–H bond cleavages in CH3OH and their
O� involvement remain kinetically invisible. Similar rate dependen-
cies (Eq. (8)) and mechanistic conclusions on kinetically-relevant O2

activation have also been reported for other oxidation reactions
(CH4–O2 [39,40], CO–O2 [40], and C2H6–O2 [41] at >773 K) at high
reductant and low O2 pressures, at which the reductant effectively
scavenges O� from cluster surfaces, leaving Pt sites uncovered and
available for the kinetically-relevant O2 dissociation. The measured
rate constant for O2 dissociation, k2.1, is 20 mol O2 (g atom Ptsurface -
s kPa)�1 (373 K, from linear regression of rate data in Fig. 7a with
Eq. (8); Table A.2 in Appendix Section A.4), a value lower than the
extrapolated values of 750–800 mol O2 (g atom Ptsurface s kPa)�1

from high temperatures (>773 K) in CH4–O2 and CO–O2 mixtures
to 373 K using the reported activation barriers {CH4–O2 mixtures:
5040 mol O2 (g atom Ptsurface s kPa)�1 at 873 K, 3–20 kJ mol�1 on
1.8–8.5 nm Pt cluster [39]; CO–O2 mixtures: 4700 mol O2 (g atom
Ptsurface s kPa)�1 at 773 K, 8–10 kJ mol�1 on 3.3 nm Pt cluster
[55]}. The effective activation barrier for CH3OH conversion, which
also equals the O2 dissociation barrier, was found to be 26 kJ mol�1
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(between 345 and 390 K; data not shown here), a value higher than
those reported for O2 dissociation at the much higher temperatures
(3–20 kJ mol�1, 773–873 K [39,55]). We speculate that a small
amount of reactive intermediates (e.g., CO� and/or CH3O�) formed
during catalysis may preferentially bind to coordinatively unsatu-
rated corner and edge sites. DFT calculated CO� adsorption energies
on a 201-atom cubo-octahedral Pt cluster are �171 kJ mol�1 on cor-
ner sites and �161 kJ mol�1 on edge sites [56], and CH3O� adsorp-
tion energy on these sites is estimated to be more negative than
�145 kJ mol�1, the value for CH3O� adsorption on closed packed
Pt(111) surfaces [21]. Preoccupation of corner and edge sites by
CO� or CH3O� prevents these sites to involve catalytically and thus
they remain kinetically invisible, but as the temperature increases
and CO� or CH3O� intermediates desorb, these sites become avail-
able for O2 activation, leading to rates larger than those predicted
based on the low activation energy expected for this step. Linear
regression of rate data with Eq. (8) gave the predicted ODH rates
in Regime 2, included in Fig. 7a as a function of O2 pressure and
plotted together with the measured rates in a parity plot in
Fig. A.5 (Appendix Section A.4).

Although the overall rates of CH3OH oxidative dehydrogenation
(Fig. 7a), rates of HCHO formation (Fig 7b), and combined rates of
CO2 and HCOOCH3 formation (Fig. 7c) are determined solely by O2

dissociation, carbon selectivities toward CO2 and HCOOCH3 vary
with both CH3OH and O2 pressures. HCOOCH3 formation requires
dehydrogenation of CH2O� to CHO� followed by reaction of CHO�

with a vicinal CH3O�, but CO2 formation requires only the CH2O�

dehydrogenation step without CH3O� involvement along its reac-
tion path. The different molecularity arising from the CH3O�

involvement for HCOOCH3 formation and not for CO2 formation
lead the rate ratio of HCOOCH3 to CO2 formation to vary propor-
tionally with ½CH3O��½���1 (data not shown here; [CH3O�] denotes
the concentration of adsorbed CH3O� on platinum surface sites),
as derived in Appendix, Section A.3.
3.6. Methanol partial oxidation on Pt cluster surfaces saturated with
CH3OH derived species (Regime 1)

As O2-to-CH3OH ratio decreases further to less than 0.5, rate
dependencies for HCHO, HCOOCH3, and CO2 formation from CH3-

OH–O2 reactions on Pt clusters (3.0 nm mean Pt cluster diameter,
Fig. 8. (a) First-order rate coefficients (rHCHO;1½CH3OH��1) for HCHO formation and (b
{ðrCO2 ;1 þ rHCOOCH3 ;1)[CH3OH�1} during CH3OH–O2 reactions with 2.5 kPa (.), 3.5 kPa (s)
function of O2-to-CH3OH ratio. (c) Rate ratio of HCOOCH3 to CO2, rHCOOCH3 ;1 (rCO2 ;1)�1, as a
(e), and 1.75 kPa (�) of O2 on 1.0 wt% Pt/SiO2 (373 K, 4.2 � 107 cm3 (gcat h)�1, 200 SiO2
373 K) undergo another transition. The effective reaction orders
with respect to O2 are nearly or equal to two for all species
(bHCHO;1 ¼ bCO2 ;1 ¼ 1:7� 0:2, bHCOOCH3 ;1 ¼ 2� 0:2) and with respect
to CH3OH are nearly negative one for HCHO and CO2 formation
(aHCHO;1 ¼ aCO2 ;1 ¼ �0:7� 0:2) and zero order for HCOOCH3

formation (aHCOOCH3 ;1 ¼ 0� 0:1), as summarized in Table 3. The
rates of HCHO formation and combined rates of CO2 and HCOOCH3

formation are plotted in terms of rj;1½CH3OH��1 (subscript j denotes
either HCHO or lump of secondary products CO2 and HCOOCH3,
(CO2 + HCOOCH3), and subscript 1 denotes Regime 1) vs. the
O2-to-CH3OH ratio (0.1–2.5 kPa O2 and 2.5–4.5 kPa CH3OH) in
Fig. 8a and b, respectively.

These rate dependencies are consistent with CH3OH activation
on Pt surfaces predominantly covered by CH3OH derived interme-
diates, likely CH3O�, as the kinetically-relevant step. On cluster sur-
faces scarce of unoccupied Pt sites, adsorbed diatomic oxygen (O�2)
may assist with CH3O� decomposition. Mechanistic involvement of
O�2 was proposed in CH3OH activation on Pt(111) surfaces without
further kinetic analysis at 35–100 K [29] and 100–550 K [28,36].
The involvement of diatomic oxygen leads the fraction of CH3O�-
to-� on Pt clusters, [CH3O�] [�]�1, to vary proportionally to CH3-

OH-to-O2 ratio. These assumptions lead to an expression for
rODH;1½CH3OH��1 as a function of O2-to-CH3OH ratio according to
(derivation in Appendix Section A.5):
rODH;1

½CH3OH� ¼
k1:3½CH3OH��½��

½CH3OH� ½�� þ ½CH3O��ð Þ2
¼ k1:3K1:2

1þ k1:3K1:2 ½CH3OH�
k1:4K1:1 ½O2 �

� �2 ð9Þ

where K1.1 and K1.2 reflect the equilibrium constants for O2 (Step
1.1, Scheme 2) and CH3OH (Step 1.2, Scheme 2) adsorption on a Pt
site, respectively; k1.3 and k1.4 are the rate constants for CH3OH�

dissociation assisted by a vicinal Pt site (Step 1.3, Scheme 2) and
for CH3O� reaction with vicinal O�2 species (Step 1.4, Scheme 2),
respectively. The involvement of oxygen (O�2 or O�) in the initial
CH3OH activation is ruled out in this regime, because oxygen
involvement would lead the rate of CH3OH oxidative dehydro-
genation, rODH;1, to acquire a first-order dependence with respect
to O2. The apparent reaction order with O2 larger than one
but below two (bODH;1 ¼ bHCHO;1 ¼ 1:7� 0:2) indicates that both
the denominator terms, k1:3K1:2½CH3OH� k1:4K1:1½O2�ð Þ�1 and 1, in
Eq. (9) are of comparable magnitudes. The ratio of these terms
) first-order rate coefficients for the total rates of HCOOCH3 and CO2 formation
, and 4.5 kPa (j) CH3OH on 1.0 wt% Pt/SiO2 (3.0 nm mean Pt cluster diameter) as a
function of CH3OH pressure during CH3OH–O2 reactions with 1.00 kPa (d), 1.25 kPa
-to-catalyst intra-particle and 5700 SiO2-to-catalyst inter-particle dilution ratios).
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{k1:3K1:2½CH3OH� k1:4K1:1½O2�ð Þ�1
=ð1Þ} reflects the fraction of

CH3O�-to-� during steady-state reactions. Non-linear regression
of the rate data in Fig. 8a against Eq. (A.14)
rHCHO;1 ¼ k1:5 k1:5 þ k1:6ð Þ�1rODH;1, where k1:5 k1:5 þ k1:6ð Þ�1 denotes
the selectivity for HCHO formation in the oxidative dehydrogena-
tion step and k1:5 and k1:6 are the rate constants for desorption of
HCHO and sequential hydrogen abstraction of CH2O�2, respectively,
see Appendix Section A.5} provides the ratios of these terms,
presented in Fig. 9 as the fraction of unoccupied Pt sites, which
increases from 0.01 to 0.33 as the O2-to-CH3OH ratio increases
from 0.01 to 0.5 during steady-state CH3OH catalysis in this
regime.
Fig. 9. Surface fraction of unoccupied platinum sites derived from non-linear
regression fittings of rate data during CH3OH–O2 reactions on 1.0 wt% Pt/SiO2 with
3.0 nm (j) and 4.8 nm (d) mean Pt cluster diameters in Regime 1 (0.01–0.50 O2-to-
CH3OH ratio) with rate expression in Eq. (A.14) as a function of O2-to-CH3OH ratio
(373 K, 4.2 � 107 cm3 (gcat h)�1, 200 SiO2-to-catalyst intra-particle and 5700 SiO2-
to-catalyst inter-particle dilution ratios).

Fig. 10. (a) Rates of HCHO formation (rHCHO,3) during CH3OH–O2 reactions on supported P
a function of CH3OH pressure; (b) rates of HCHO formation (rHCHO,2) during CH3OH–O2 rea
Regime 2 plotted as a function of O2 pressure; (c) first-order rate coefficients for HCHO fo
(d) and 3.0 nm (j)} in Regime 1 as a function of O2-to-CH3OH ratio. (373 K, 2.52 � 108 c
and 1, respectively, 200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-catalyst inter-p
Carbon selectivities are independent of O2 pressure over the en-
tire range of O2-to-CH3OH ratios in this regime, despite the varia-
tion in CH3O� and � (Fig. 9) surface fractions, because both O�2 and
O� are involved only for the formation of CH2O�2 intermediates and
not involved in any of the sequential reactions of CH2O�2 that form
HCHO, HCOOCH3, and CO2. These results indicate that all products
are formed from surface intermediates directly derived from CH3-

OH, consistent with the lack of residence time effects on selectivi-
ties in this regime (Fig. 3a, Section 3.2). The rate ratio for HCOOCH3

to CO2, however, increases linearly with increasing CH3OH pres-
sure, as shown in Fig. 8c, because HCOOCH3 formation requires
the recombination of two CH3OH derived species, a step that be-
comes more favorable as CH3OH pressure and coverages of CH3OH
derived intermediates increase.
3.7. Catalytic effects of mean cluster diameter and average Pt surface
coordination during methanol partial oxidation on Pt cluster surfaces
saturated with O�, uncovered of reactive intermediates, and partially
covered with CH3OH derived intermediates

Next, we interrogate the catalytic effects of Pt surface coordina-
tion and thus the coverages and binding strengths of the various
reactive intermediates (O�, CH3O�) by varying the mean Pt cluster
diameters from 3.0 nm to 4.8 nm. Pt atoms on small Pt cluster sur-
faces bind reactive intermediates much more strongly than those
on large clusters because of their higher extent of coordinative
unsaturation. These effects of surface coordination affect the cover-
ages and binding strengths of the reactive intermediates and, in
turn, alter both the rate and thermodynamic constants and the
resulting rates and carbon selectivities. Figs. 10 and A.6 compare
the HCHO formation and ODH rates (at 373 K), per exposed Pt
atom, between two 1.0 wt% Pt/SiO2 samples with different mean
Pt cluster diameters of 3.0 nm and 4.8 nm and Table 4 summarizes
the associated effective rate constants for HCHO formation for all
regimes. The rates on both samples showed similar rate dependen-
cies, but their values were higher for the larger than the smaller
clusters.

These reactivity trends are interpreted next by correlating the
changes in binding strengths and coverages to the rate and ther-
modynamic parameters that govern the catalytic rates in each re-
gime. On O� saturated surfaces (Regime 3), an increase in Pt
t clusters of different diameters {4.8 nm (d) and 3.0 nm (j)} in Regime 3 plotted as
ctions on supported Pt cluster of different diameters {4.8 nm (d) and 3.0 nm (j)} in
rmation (rHCHO,1 [CH3OH]�1) on supported Pt cluster of different diameters {4.8 nm

m3 (gcat h)�1, 1.26 � 108 cm3 (gcat h)�1, and 4.2 � 107 cm3 (gcat h)�1 for Regimes 3, 2,
article dilution ratios).



Table 4
Effects of mean Pt cluster diameter on effective rate constants for HCHO formation (keff,HCHO,i

� ) during CH3OH–O2 reactions on 1.0 wt% Pt/SiO2 at 373 K.

Mean Pt cluster diameter Kinetic regimes and effective rate constants [mol (g atom Ptsurface s kPa)�1]

Regime 3a (keff,HCHO,3) Regime 2b (keff,HCHO,2) Regime 1c (keff,HCHO,1)

O2/CH3OH ratio 10–45 0.5–10 0.01–0.5
3.0 nm 105 ± 5 28.4 ± 1.5 20.8 ± 0.6
4.8 nm 215 ± 5 44.8 ± 5.0 29.0 ± 1.0

(�: keff,HCHO,i, from linear regression of rate data in Figs. 10a and 10b with Eqs. (6) and (A.8) for Regimes 3 and 2, respectively, and from non-linear regression of rate data in
Fig. 10c with Eq. (3) for Regime 1. a2.52 � 108 cm3 (gcat h)�1, b1.26 � 108 cm3 (gcat h)�1, c4.2 � 107 cm3 (gcat h)�1; a,b,c: 200 SiO2-to-catalyst intra-particle and 5700 SiO2-to-
catalyst inter-particle dilution ratios).

68 W. Tu, Ya-Huei (Cathy) Chin / Journal of Catalysis 313 (2014) 55–69
surface coordination with increasing cluster diameter leads to a
concomitant decrease in the average binding strength of O� atoms.
Density functional theory calculations predict a decrease in oxygen
binding strength with increasing Pt coordination: from 133 to
96 kJ mol�1 as the Pt coordination number increases from 6.5 to
9.0 on the various surface sites on Pt clusters (201 Pt atoms in
cubo-octahedral structures) at low O� coverages (0.01 ML) [40]
and from 140 to 105 kJ mol�1 as the Pt coordination number in-
creases from 7 to 9 on fcc-like surfaces on Pt(321) surfaces [57].
At the higher O� coverages, the trend between the oxygen binding
strengths and Pt coordination numbers is expected to remain the
same, even though oxygen binding strengths are weaken by the
lateral repulsive interactions between the O� atoms [58]. The
weakly bound O� prevalent on the larger clusters are more basic
and thus more effective in electron donation to the leaving H dur-
ing the O–H bond activation in CH3OH, as reflected from an in-
crease in the effective rate constant for HCHO formation
(keff ;HCHO;3) by a factor of 2.05 ± 0.10 for the larger than the smaller
Pt clusters (Table 4). Similar effects of oxygen binding strength on
their reactivity toward hydrogen abstraction were reported for al-
kane (CH4 [39,40], C2H6 [41]) oxidation on Pt clusters.

The rates for oxidative dehydrogenation and HCHO formation
on bare Pt clusters (Regime 2) vary less sensitively with cluster
diameters and the coordinative unsaturation of Pt sites
(Figs. A.6b and 10b). The effective rate constant for HCHO forma-
tion, keff ;HCHO;2, increased by a factor of 1.57 ± 0.25 as cluster diam-
eter increased from 3.0 to 4.8 nm (Table 4). These weak effects are
expected because kinetically-relevant O2 dissociation occurs on Pt
sites via a late transition state with low activation barriers {20 kJ
(mol O2)�1 on 1.8 nm cubo-octahedral Pt clusters (DFT calculated
value) [39] and 8 kJ (mol O2)�1 on 3.3 nm Pt clusters (experimental
value) [55]} that do not vary strongly with O� binding energy. We
surmise that a small amount of CO� or CH3O� intermediates derived
from CH3OH may preferentially bind to coordinatively unsaturated
corner and edge sites (as discussed in Section 3.5) at a higher sur-
face fraction on the smaller than larger clusters. The fraction of site
occupied by CO� or CH3O�, however, does not vary with reactant
and product pressures because of their strong bindings to these
sites (e.g., CO� adsorption energies on a Pt cluster are
�171 kJ mol�1 on corner sites and �161 kJ mol�1 on edge sites,
more negative than on terrace sites of �120 kJ mol�1 [56]) and
therefore appear to be kinetically invisible. We surmise that the
different fractions of site occupation by these intermediates be-
tween the larger and smaller clusters may lead to the higher rates
and apparent weak structure sensitivity effects in this regime
(Fig. 10b).

Turnover rates for ODH and HCHO formation remained larger
for the larger than smaller clusters during CH3OH oxidation on
cluster surfaces predominantly covered with CH3OH derived inter-
mediates (Figs. A.6c and 10c). Non-linear regression fittings of the
HCHO formation rates in this regime (Fig. 10c) to the rate equation
{Eq. (A.14), rHCHO;1 ¼ k1:5 k1:5 þ k1:6ð Þ�1rODH;1, Section A.5 in Appen-
dix} suggest that the surface fraction of unoccupied Pt sites is high-
er for the larger than smaller clusters (0.02–0.32 for 4.8 nm vs.
0.01–0.25 for 3.0 nm, O2-to-CH3OH = 0.01–0.33 at 373 K, Fig. 9),
because of their weak bindings to reactive intermediates.
Non-linear regression fittings give the k1.4K1.1 value of 1.58 ± 0.28
times higher and k1.3K1.2 a smaller value of 1.12 ± 0.12 times higher
for the larger than smaller clusters (Table A.3), apparently because
binding strengths affect the step of H abstraction of CH3O� by O�2
more sensitively than that of CH3OH activation on Pt sites. These
effects of binding strength lead the ratio of k1:3K1:2 k1:4K1:1ð Þ�1 to de-
crease and the fractional coverage of unoccupied Pt sites and rates
to concomitantly increase with increasing Pt cluster diameter.

The transition in surface coverages of Pt from saturated with
oxidant derived species (Regime 3) to reductant derived species
(Regime 1) in response to changing oxidant-to-reductant ratio al-
ters the kinetically-relevant step from limited by reductant activa-
tion on O� site pairs (Regime 3) to oxidant activation on � site pairs
(Regime 2) and then to reductant activation on � site pairs (Regime
1). These kinetic phenomena governed by changing chemical
potentials at Pt cluster surfaces, as shown here using CH3OH–O2

reactions, appear to be general for oxidation reactions and have
also been recognized and rigorously demonstrated recently for
CH4 [39,40], C2H6 [41], and CO oxidation [55,56].
4. Conclusion

Kinetic studies of CH3OH–O2 reactions over dispersed Pt clus-
ters on SiO2 show distinct rate dependencies that vary strictly with
the O2-to-CH3OH ratios, because these ratios determine the oxygen
and carbon chemical potential, identity and coverages of the reac-
tive intermediates at Pt cluster surfaces and, in turn, the nature of
active site structures and rates. The kinetically-relevant step
undergoes transition from limited by CH3OH activation on O� sat-
urated Pt cluster surfaces to limited by O2 dissociation on uncov-
ered surfaces and then to CH3OH activation on surfaces
predominantly covered with CH3OH derived intermediates. As a
result of the transition, the reaction order with respect to O2 in-
creases whereas that with respect to CH3OH concomitantly de-
creases as the O2-to-CH3OH ratios and oxygen chemical potential
at Pt surfaces decrease. Chemisorbed oxygen atoms are reactive
in CH3OH activation steps, apparently by assisting with the hydro-
gen abstraction step, leading to larger CH3OH conversion rates at
the higher O2-to-CH3OH ratios. The Pt cluster diameter and the re-
lated average surface coordination influence the coverages and
binding strengths of the reactive intermediates and, in turn, rates
and selectivities. Larger Pt clusters contain coordinatively more
saturated surface Pt sites than smaller Pt clusters and their weaker
bindings to O� and CH3OH derived intermediates have rendered
them more reactive than the smaller Pt clusters. The identity of
the kinetically-relevant step for oxidation reactions varies with
the nature and surface coverages of the reactive intermediates,
through which CH3OH and O2 dissociates and activates via differ-
ent pathways mediated by either O� or �, and as a result, acquiring
diverse rate dependencies that are demonstrated here to correlate
strictly with the O2-to-CH3OH, which together with the rate
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constants for CH3OH and O2 activation steps, is a descriptor for the
oxygen chemical potential at Pt cluster surfaces.
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