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Abstract

Exploiting Diffusional Constraints in Microporous Materials
for Methane Reforming Reactions
with Insights from Isotopic Exchange Experiments

by
Samuel Lin Tin Chee Leung
Doctor of Philosophy in Chemical Engineering
University of California, Berkeley
Professor Enrique Iglesia, Chair

Steam methane reforming (CH4-H2O) is the most widely used process for the production
of H» and is also a key reaction in the production of a wide variety of value-added chemicals and
products derived from natural gas resources. Ni-based materials are the most commonly used
catalysts in these processes but suffer from the undesired formation of carbonaceous deposits, most
often in the form of filaments that can lead not only to deactivation but also catalyst disintegration.
Low CH4/H2O feed ratios are frequently used to mitigate such carbon formation. These strategies
reflect the wider effects and consequences of the thermodynamic activity of carbon on the catalyst
surface during steady-state catalysis. The dynamics of carbon deposition during CHs-H>O and
CH4-CO; reactions (800-1000 K) on Ni-based catalysts and kinetic treatments show that carbon
activities and thus carbon formation rates are uniquely determined by a ratio of pressures
((CH4)(H2)

(H20)
force for the diffusion of carbon through Ni nanoparticles and subsequent formation of filaments.
The diameters of carbon filaments are correlated with the diameters of the Ni particles (5-11 nm).
Smaller filaments are less stable and exhibit higher thermodynamic carbon activities, rendering
their formation more difficult and decreasing the thermodynamic driving force for their formation,
thus decreasing also rates of carbon deposition. The conclusions from these carbon formation
studies inform subsequent strategies for encapsulating metal (Pt) clusters in microporous materials.

) for a given temperature. These carbon activities provide the thermodynamic driving

The encapsulation of metals in zeolites provides many advantages over conventional metal-
oxide supported metal nanoparticles, including the retention of small nanoparticles even at high
temperatures. Such microporous materials are frequently used in catalytic applications to
selectively sieve molecules based on their size and shape and can therefore be used to selectively
impose intracrystalline concentration gradients, leading to changes in reactant ratios within the
channels of molecular dimensions. These properties can be exploited for CHs-H>O reactions,
where the diffusivity of smaller H2O molecules is expected to be much greater than for CHs in
these intracrystalline pores. The extrapolation of diffusion data to reaction temperatures, however,

can involve significant error. Furthermore, the measurement of H>O and CHj4 diffusion time
R? . . .
constants (D—) at reaction temperatures by conventional methods such as transient uptake

e

measurements is not feasible because of the extremely short timescales of these processes and low



. . . R? .
uptakes at such temperatures. The measurement of diffusion time constants (D—) at reaction

e

temperatures is accomplished here by analyzing effective reaction rates, specifically isotopic
exchange rates, in mass transport limited systems using reaction-diffusion models.

2
The extraction of diffusion time constants (I;—) from reaction-diffusion models can only

e

be rigorously performed with accurate kinetic models. The kinetics of HO-D> and H>-D; exchange
and their mechanistic interpretations are therefore addressed here to allow for such calculations.
H»-D> isotopic exchange rates (5-80 kPa Ha, 5-80 kPa D»; 383 K; H2/D> = 0.0625-16) on Pt-based
catalysts show monotonic increases in rate with H> and D» pressures, in contrast with the kinetics
expected from the commonly-cited recombinative desorption (H* + D*) pathway. Such
recombination events only become significant at temperatures greater than 700 K and at low
combined pressures (<10 kPa) of H> and D»>. The kinetics at lower temperatures are instead
consistent with the reaction of H> with D* and D, with H* in a single-site mechanism that does
not exhibit a kinetic isotope effect. These exchange events are shown, using theoretical
calculations, to occur via the dissociative adsorption of H> (or D7) at vacancies that arise from
fluctuations in mobile H*/D*-adlayers. @These reaction pathways circumvent
desorption/recombination reactions; such exchange reactions therefore cannot be used to
demonstrate reversibility of H> adsorption on catalytic surfaces at conditions of practice for
hydrogenation/dehydrogenation reactions. The kinetics of H>O-D; isotopic exchange reactions
(473 K, 5-80 kPa D, 2.5-40 kPa H>O) are consistent with the reaction between D> and molecularly
adsorbed H>O*. This reaction pathway remains the predominant pathway for temperatures below
900 K, at which point the dissociation of H2O (to form OH* and H*) and recombination of OH*
and D* likely becomes the primary pathway for exchange. These kinetic studies also show that
H>O irreversibly titrates Pt surface sites by forming OH* species that can only be fully removed
by reductive treatments at temperatures greater than 700 K.

The kinetics of exchange inform the rigorous calculation of diffusion time constants from
isotopic exchange rates in mass transport limited materials. CHs-D> (5-35 kPa CHa4, 5-30 kPa D»)
H>0-D> (5-30 kPa H>O, 5-30 D), and H>-D> (10 kPa H», 10 kPa D) isotopic exchange rates are
measured here on Pt/Si0O,, Pt/y-Al>O3, Pt/Na-LTA, and Pt/Ca-LTA samples at temperatures (573-

900 K) relevant for CHs-H>O reforming reactions. Effectiveness factors for CHs-D, and H,O-D»
exchange on Pt/Na-LTA and Pt/Ca-LTA are used to extract diffusion time constants (I;—Z) for CH4
and H>O using classical reaction-diffusion models. CH4 exhibits significantly larger diffusion time
constants (by factors of more than 10?) than H,O in both Pt/Na-LTA and Pt/Ca-LTA throughout
this temperature range (573-900 K), indicating that H>O diffuses more readily in these materials,
as required for elevated intracrystalline H,O/CH4 ratios during CHs-H>O reactions. H»-D»
exchange reactions do not exhibit mass transport limitations in these materials at these conditions.

The measured CH4 and H>O diffusion time constants are used in the interpretation of
deactivation rates during CHs-H>O reactions at 873 K on Pt/y-Al,Os3, Pt/Na-LTA, and Pt/Ca-LTA
(CH4)(H3)

(H20)

from carbon formation studies on Ni. Deactivation rates on Pt/Na-LTA and Pt/Ca-LTA are

undetectable for Y ((CZ;‘—)EH)Z)) values below 10 (including stoichiometric CH4/H>O ratios) and are
2

3-8 times slower than on Pt/y-Al,Os; for 1 values between 10 and 40. These improvements reflect
the high HoO/CHy4 ratios within the zeolite pores, as indicated by extensive numerical models.

samples. Deactivation rates on Pt/y-Al>O3 are linearly dependent on a ¢ ( ), as expected



Simulations of deactivation behavior are also used to provide additional insight into further
optimizing these materials. The strategies for exploiting differences in diffusivity in microporous
materials, demonstrated here for CH4-H>O reforming reactions, are generally applicable to
reactions where selective access of smaller reactants is desirable.
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Chapter 1

Introduction to Steam Methane Reforming and Mass Transport Limitations in
Microporous Materials

Methane is an important feedstock in the production of many value-added chemicals,
including ammonia, methanol, and liquid hydrocarbons.! It is also one of the most common sources
of hydrogen.!-? Recent increases in the production of CH4 have driven the need to develop and
improve methane conversion processes.? While there is considerable research interest in the direct
conversion of methane to high-value liquids,>* steam methane reforming remains the most
common pathway for the production of value-added chemicals via synthesis gas. Steam reforming
reactions, however, suffer from mass and heat transfer issues and from the formation of inactive
carbon deposits. The most common catalysts for these reactions are based on Ni, which tend to
form carbon filaments>® that, in the long term, lead to significant pressures drops in the reactor
and to disintegration of catalytic particles and their subsequent elution. Suprastoichiometric
H>O/CHy4 ratios are used in practice to prevent the formation of these carbon residues, leading to
significant energy inefficiencies.” As discussed in Chapter 2, these strategies address the formation
of carbon by altering the prevalent thermodynamic activity of carbon on catalytic surfaces, which

—(CZ;‘)g;IZ)) (800-1000 K) that reflects the pseudo-steady-state
2

carbon concentration, as mediated by elementary steps previously reported for CH4-CO, and CHs-
H>O reactions on metal catalysts.® These carbon activities provide the thermodynamic driving
force for the diffusion of carbon through Ni nanoparticles and subsequent formation of filaments,
leading to carbon deposition rates that are linearly dependent on 1. Such mechanistic
interpretations inform the subsequent strategies for encapsulating metal clusters in microporous
materials.

are set by a ratio of pressures (1/) =

Zeolites are crystalline microporous materials with well-defined pore and cage structures’
that exhibit desirable sieving and adsorptive properties. These materials are frequently used as
solid-acid catalysts'®!! but have found increasing use in metal-catalyzed chemistries by placing
metal nanoparticles within voids in the framework.'? This encapsulation of metal clusters provides
distinct advantages over conventionally supported metal nanoparticles,'? including the protection
of encapsulated metal nanoparticles from contact with bulky catalytic poisons,'*!* the selective
retention of bulky products until they fragment or isomerize to form species that diffuse more
readily through the channels of the framework,!> and the stabilization of transition states via van
der Waals interactions with the walls of intracrystalline channels and cages.!® The framework
surrounding metal clusters also provides significant resistance against sintering, allowing clusters
to retain their small size even at temperatures that would lead to agglomeration of metal particles
on conventional metal-oxide supports.!*!* Molecular motion within the channels and voids of
zeolites is strongly influenced by interactions between guest molecules and the host framework.!”
These interactions can decrease catalytic productivity in certain applications,!® !7-!° but can also
be exploited to provide selective access to the active sites contained within the pores of molecular
dimensions.

H>O molecules exhibit a smaller kinetic diameter (0.264 nm) than for CHs (0.376 nm),?°
leading to diffusivities that are much greater for H O than CH4 in LTA zeolites.?**? Such



differences in diffusivity can be exploited during mass-transport-limited reactions of CH4 and H.O
to increase HoO/CHy ratios at the catalyst level rather than at the process level, in strategies that
lead to the suppression of carbon activities and thus carbon formation rates at active sites located
within LTA crystallites, as shown in Scheme 1.

’// AN

/ N 'EJF WAL —~ Steam Methane Reforming

"@j

S~

'."-:l\ 20/CH4> 1

/ =
/’I“‘:-.-

LTA

Scheme 1. Approach for exploiting differences in CH4 and H2O diffusivities to increase
H>O/CHg ratios and suppress carbon formation within zeolite micropores.

The accurate prediction and modelling of concentration profiles within the pores of zeolites
require accurate molecular diffusivities and effective diffusion lengths at reaction temperatures.
Conventional methods for measuring diffusion (e.g., transient uptake experiments), however, are
often infeasible at reaction temperatures because the diffusive processes occur on timescales that
are too fast to be measured accurately. These measurements are therefore typically performed near
ambient temperatures. The extrapolation of diffusion data collected at such conditions to methane
reforming reaction temperatures (800-1000 K), however, can involve significant error; the
accuracy of such extrapolations is highly dependent on estimates of the activation energy for
diffusion.!” An alternative strategy for measuring diffusion time constants at reaction temperatures
is presented in this work. The reaction-diffusion models and formalisms typically used to calculate

2
effective reaction rates from diffusion data can also be used to obtain diffusion time constants (2—)
e

from measured effective reaction rates, including isotopic exchange rates, in mass-transport-
limited systems. Such methodologies require accurate kinetic models to interpret these rates.

The kinetics of H>-D> (Chapter 3), H>O-D» (Chapter 4), and CH4-D> (Chapter 5) isotopic
exchange on Pt-based catalysts and their mechanistic consequences for measuring and interpreting
effective reaction rates (Chapter 5) are addressed in this work. H»-D> isotopic exchange is
frequently used also to probe the reversibility of H> dissociative adsorption events on surfaces as
such molecules participate in catalytic hydrogenation-dehydrogenation reactions. These
experiments and interpretations implicitly assume that isotopic scrambling can only occur via the
aforementioned dissociative adsorption and recombinative desorption reactions. The observed
kinetics of H»-D> and monotonic increases with rate with H» and D» pressure (5-80 kPa H», 5-80
kPa D»; 383 K; Ho/D> = 0.0625-16), however, are inconsistent with such pathways and instead
implicate reactions of H, with D* and D> with H*, in a single-site mechanism that does not exhibit
a kinetic isotope effect. Such reactions remain the primary pathway for exchange at temperatures



below 700 K. Theoretical calculations (DFT) indicate that these reactions likely proceed via the
dissociative adsorption of H» (or D») at vacancies that arise from fluctuations in mobile H*/D*-
adlayers. Such pathways circumvent desorption/recombination reactions; H>-D» exchange
reactions therefore cannot be used to conclusively demonstrate reversibility of Hz adsorption on
catalytic surfaces at temperatures of common practice.

Condensed H>O has been previously shown to destabilize H* adatoms at Pt surfaces using
inferences from isotopic exchange rate data and kinetic isotope effects.?® The kinetics of H,O-D»
and H>0-H»-D> reactions carried out on Pt catalysts (323-473 K) in the present work (Chapter 4),
however, provides a different interpretation of the kinetic data. The presence of even gas-phase
H>O during H»-D; reactions results in an irreversible decrease in H2-D2 exchange rates, consistent
with the partial titration of Pt surfaces by OH* or O* species formed from the dissociation of H2O.
These species cannot be removed except by high temperature treatments (> 700 K) in H. Surface-
bound molecular H>O species are also present and compete with H* and D* during these isotopic
exchange reactions. These combined effects lead to an apparent decrease in the amount of
dissociatively adsorbed hydrogen during such exchange reactions. The kinetics of H>O-D; isotopic
exchange (473 K, 5-80 kPa D3, 2.5-40 kPa H>O) are also shown to be inconsistent with previously
proposed mechanisms;?*?° they are consistent instead with reactions between D> and molecularly
adsorbed H,O*. These reactions are reminiscent of Hz-D> reaction pathways (Chapter 3); the rate
constants for H>-D* and H.O-D* reactions are also similar, suggesting that H2O-D* reactions may
initially proceed via the same dissociative adsorption of D, at vacancies that form in the D*-H,O*-
adlayer. These reactions remain the predominant pathway for temperatures below 900 K, at which
point the rates of H>O dissociation and recombination become significant.

The kinetics of CHs-D; isotopic exchange reactions (873 K), as shown in Chapter 5, are
consistent with CHy dissociation and recombination; these reactions involve breaking C-H bonds
and thus share a common rate limiting step with CH4-H»O reforming reactions on metal surfaces.*
CHas-D; isotopic exchange rates are therefore nearly identical to CHs turnover rates during steam

methane reforming. The mechanistic interpretations from H-D>, H>O-D,, and CH4-D; kinetic
2

studies (Chapters 3-5) inform the rigorous calculation of diffusion time constants (I;—) from

e

isotopic exchange events in mass transport limited materials, as discussed in Chapter 5.
Effectiveness factors for CHs-D> and H>O-D> reactions on Pt/Na-LTA and Pt/Ca-LTA, derived
from isotopic exchange rates, are used in reaction-diffusion models®!-* to calculate diffusion time
constants for CHs and H>O, respectively. CHs exhibits significantly larger diffusion time constants
than H>O in both Pt/Na-LTA and Pt/Ca-LTA (by a factors of 1200 and 46, respectively; 873 K),
as required for elevating intracrystalline HoO/CHy ratios during CH4-H2O reactions on these
materials. H2-D» exchange rates on Pt/Na-LTA and Pt/Ca-LTA are identical to those on
unencapsulated samples (Pt/Si0O,), reflecting the absence of mass transport limitations and
concentration gradients for Hz (or D2) molecules.

CH4-H>O reactions on Pt proceed via the same elementary steps as for Ni.® 3 Surface
(CH4)(H2)
(H20)
on Pt, however, tend to form graphite-like layers that block access to the surface over time, leading
to deactivation of the catalyst;* these differences in carbon morphology reflect the much lower
solubility of carbon in Pt (4 x 10"'? wt. %, 873 K; extrapolated from 1473-1773 K)** than in Ni
(0.04 wt. %, 873 K).* Deactivation rates on Pt/y-Al,Oj3 are therefore linearly dependent on ) (873
K), as shown in Chapter 6. Deactivation rates on Pt/Na-LTA and Pt/Ca-LTA are undetectable for

carbon activities are therefore set by the same ratio of pressures (1/) = ) Carbon residues



Y values below 10 (including stoichiometric H>O/CHy ratios) and exhibit deactivation rates that
are 3-8 times lower than on Pt/y-Al,O3 for ¥ values between 10 and 40. These deactivation rates
are in agreement with numerical models and simulations that utilize the CH4 and H>O diffusion
time constants derived from isotopic exchange methods (Chapter 5). The improvements in stability
thus reflect the high H>O/CH4 ratios within the zeolite pores, in accordance with Scheme 1. The
numerical simulations are used to provide further guidance in the selection and design of more
stable catalysts.

This dissertation provides a framework for exploiting diffusive constraints in microporous
materials to alter reactant ratios at the locations of active sites. The insights provided from carbon
formation studies (Chapter 2) are used to design a solution that addresses a process design problem
at the catalytic level (Chapter 6). Such strategies for exploiting diffusion are applicable to a wide
variety of reactions and can be employed even for the complete exclusion of molecules. A method
for deriving diffusion time constants from effectiveness factors at temperatures relevant for
catalytic reactions is also presented in this work (Chapter 5). These methods are used with rigorous
interpretations of kinetic data from isotopic exchange reactions (Chapter 3-5). This work also
resolves some of the conflicting data in the literature on isotopic exchange mechanisms and
demonstrates the importance of having accurate mechanistic understandings of these exchange
reactions.
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Chapter 2

Dynamics and Mechanism of Carbon Filament Formation during Methane Reforming on
Supported Nickel Clusters

Abstract

CH4-CO; and CH4-H>O reforming on Ni-based catalysts can lead to the undesired
formation of carbonaceous residues. The dynamics of the formation of carbon filaments and
encapsulating layers on dispersed Ni nanoparticles (5-11 nm diameter) are determined here using
an inertial microbalance to measure mass changes and mass spectrometry to concurrently assess
turnover rates at conditions of reforming practice (800-1000 K). The morphology and rate of
formation of carbonaceous species were controlled by a ratio of pressures (y = PcrsPco/Pco:) that
uniquely determines the thermodynamic activity of carbon at the metal surface ((ac+)s) and the
thermodynamic driving force for carbon diffusion and filament formation, based on a reaction-
transport model derived from the elementary steps that mediate CH4 reforming. Each sample
exhibited three distinct kinetic regimes for carbon formation, which evolved with increasing
values from undetectable carbon deposition (I), to a constant rate of carbon filament growth
without detectable changes in CH4 reforming rates (II), and ultimately to the formation of carbon
overlayers with a concurrent decrease in CH4 reforming and carbon formation rates (III). Rates of
filament growth in regime II were proportional to  values, consistent with a filament growth
mechanism limited by carbon diffusion. Such carbon filaments were similar in diameter to the
attached Ni nanoparticles. In regime 111, the high prevalent carbon activities led to the simultaneous
nucleation of several carbon patches, thus precluding the directional diffusion imposed by a single
filament and leading to the encapsulation and loss of accessible surface for CH4 turnovers.
Filaments formed in regime II were removed when placed at the conditions of regime I via the
microscopic reverse of their formation processes. Threshold carbon activities required for the
incipient formation of filaments are higher and filament formation rates are lower (for a given )
on smaller nanoparticles because of the less stable nature (higher thermodynamic carbon activity)
of filaments with smaller diameters. Carbon deposition rates decreased with increasing
temperature (for a given y) because of a corresponding decrease in the lumped kinetic and
thermodynamic parameters that relate the surface carbon activity to . The formalism used to
describe carbon formation rates, in this study for CH4 reforming rates far from equilibrium and for
carbon formation and removal rates that do not disturb the carbon activity set by CHs reforming
turnovers at steady-state, also inform the testing of these assumptions, while providing also a
framework for the rigorous extension of these reaction-diffusion constructs to more practical
conditions, for which these assumptions may no longer apply.



2.1 Introduction

CHg4 reacts with CO2 or H2O to form synthesis gas, an important intermediate in the
production of many valuable fuels and chemicals. Industrial processes predominantly use Ni-based
catalysts that tend to form filamentous carbon deposits when using stoichiometric CH4-CO; or
CH4-H>O reactant mixtures.! Other materials such as noble metals and recently developed
bimetallic alloys have demonstrated lower tendencies to form such deposits.>> Such materials,
however, have not found widespread use at this time. The formation of carbonaceous residues
hinders catalysis by blocking pores, active sites, and even interpellet voids in packed catalyst beds;
in extreme cases, these residues lead to catalyst disintegration, elution as fines, and reactor
plugging.

CO2/CH4 and H2O/CHy4 ratios significantly larger than unity are used in practice in order
to prevent the formation of these carbon residues, in strategies that lead to significant recycle and
separation costs and energy inefficiencies.! The accurate prediction and selection of conditions at
which carbon deposition on metal catalysts can be prevented or minimized remain essential in
efforts to improve process efficiency; this topic has been addressed in several previous studies®-3®
and reviewed by Trimm,’ Rostrup-Nielsen and Trimm,® Baker and Harris,” Rodriguez,'’ de Jong
and Geus,'! Liu et al.,'? Lobo et al.,'* and Sperle et al.!* The unique morphology and properties of
carbon nanotubes'> 34! have driven parallel studies in efforts to optimize their purposeful
synthesis by elucidating the pathways required for the formation of single-walled or multi-walled
carbon nanotubes on catalytic metal particles.!6-22 42-51

It is generally accepted that the formation of carbon filaments from hydrocarbons on Ni
crystallites proceeds via: (a) the dissociative chemisorption of the hydrocarbon on metal surfaces
to form carbon atoms, (b) the dissolution of carbon atoms into the metal, (c) the bulk diffusion of
the carbon atoms through the metal, and (d) the nucleation of filaments and the precipitation of
carbon atoms at the metal-filament interface at the location on the crystallite surface where
filament nucleation initially occurred.!'® 23-2¢ The diffusion of carbon atoms through the catalyst
particle (step (c)) is typically considered to limit filament growth rates, while the dissolution of
carbon atoms into the metal and their deposition at the growing filament are thought to be fast
quasi-equilibrated processes. The diffusion of carbon though metal particles is driven by gradients
in carbon concentration® 26-27- 2% 31 or more precisely in carbon chemical potentials, and
temperature.?3-2% 28-2% Holstein showed that temperature gradients could not be responsible for
filamentous carbon growth.?’

Holstein? and Lund and Yang® indicated that the true driving force for diffusion is a
gradient in the chemical potential of dissolved carbon (u.), defined by:

te = pe + RT Ina, (1)

where u* is the chemical potential of the reference state and a. is the thermodynamic activity of
the carbon dissolved within the metal particle. The chemical potential of carbon is proportional to
its thermodynamic activity in dilute solutions of C-atoms within Ni, such as those encountered
here (< 0.01 mole fraction C in Ni),>? because activity coefficients become independent of the
concentration of the carbon solute. In this limiting case and for isothermal particles, the gradient
in thermodynamic activity of dissolved carbon between the part of the Ni surface exposed to gas-
phase reactants and that in contact with the growing carbon filament drives the diffusion of carbon
through the metal particle toward the filament and determines the formation rates of such
filaments.



Most carbon deposition processes of industrial relevance occur during the steady-state
catalytic reactions of multi-component gas mixtures. Yet, most previous studies measured the
dynamics of carbon formation using equilibrated binary mixtures, such as CO-CQO, 31 41-33-34 or
CHs-H, 445 3336 For these quasi-equilibrated mixtures, the thermodynamic activity of carbon
(ac) is set by the gas-phase composition and given by thermodynamic relations:3!: 33

Kco 2

20 #* c+co, (ac) = KC&% )
KCH4 — KCH4(CH4)

CH, > C+2H, (ac) (Hy)? ®)

Carbon formation rates depend linearly on the carbon activity (a;) for these equilibrated
mixtures,?"> > consistent with a diffusion-limited filament growth mechanism. A few studies have
addressed the formation rates and morphology of carbon filaments during CO-H>-H>O-CO>-CH4
reactions,'* 3760 but without accurate mechanism-based frameworks, which are required to relate
the prevalent carbon activity at catalytic surfaces to the dynamics of filament formation for
different reaction conditions. The information available about the effects of Ni crystallite size on
growth rates and morphology of carbon deposits remains largely anecdotal.’” ¢! Moreover, the
effects of H, on carbon deposition rates remain contradictory, with some studies®’->® reporting that
Ho increases carbon formation rates and others'# %0 demonstrating the opposite trend. The effect of
H> on the thermodynamic carbon activity prevalent during reactions of CO-H>-H>,0O-CO,-CH4
mixtures remains largely unexplored at this time.

The mechanistic details of carbon deposition and its dynamics are explored here through
measurements of carbon formation rates during steady-state CH4 reforming catalysis at conditions
far away from the chemical equilibrium of this reaction on supported Ni-based catalysts with
different nanoparticle diameters, as these reforming reactions occur under strict kinetic control.
Carbon formation rates are shown to depend solely on y and  ratios of pressures (PcoPcua/Pco2
and Pu2Pcu4/Pr20o, respectively), which are proportional to each other through the water-gas shift
equilibrium constant. These ratios are shown to set the thermodynamic activity of carbon at Ni
surfaces via elementary steps previously reported for CH4-CO, and CH4-H>O reactions on metal
catalysts at similar conditions.®? These carbon thermodynamic activities are used within a
diffusion-reaction framework to relate the dynamics of filament growth and their morphology to
the prevalent conditions of reforming catalysis.

The morphology of carbon structures formed during reactions of CO-CO»-H; and CO-H»-
H>0-CO»-CH4 mixtures on Ni catalysts depends on temperature and on the composition of the
contacting gaseous mixtures.?’*% 3% 63 CO-CO; binary mixtures lead to filaments and onion-like
carbon structures on Ni, while CO-CO»-H> mixtures form only filamentous carbon,*® perhaps
because H» preserves unblocked active surfaces that can continue to supply the C-atoms required
to form filaments in such mixtures. CO-H2-H>O-CO2-CH4 mixtures also tend to form filamentous
forms of carbon, though “platelet” carbon structures are also observed at higher O/H ratios in such
mixtures.> These previous studies fail to provide clear mechanistic connections between the
composition of the CO-H>-H>O-CO,-CH4 mixtures, the rate of their interconversions at surfaces,
the surface carbon activity, and the structure of the carbon deposits formed.



The present study addresses such connections. The evidence provided here shows how the
nature of the carbon structures (filamentous or encapsulating) is determined by the surface carbon
activity, which is related to the reaction environment through the elementary steps of CHy
reforming catalysis. Such carbon activities are set by the prevalent x (or y) values. The morphology
of the deposited carbon reflects nucleation and growth processes directly related to well-known
effects of supersaturation on the nucleation and growth of solid phases.%

2.2 Experimental Methods

Supported Ni catalysts with 7% wt. and 15% wt. Ni content were prepared by incipient
wetness impregnation of MgO powders, prepared for this study (MgO-A) or obtained from
commercial sources (MgO-B; Alfa, CAS# 1309-48-4), with aqueous solutions of Ni(NO3)>-6H>O
(Alfa, 99.9%). MgO-A powders were prepared by sol-gel methods using supercritical drying.?
The impregnated powders were treated overnight in stagnant ambient air at 393 K and then in
flowing dry air (Airgas, UHP, 1.2 cm? g'! s7!) at 923 K (0.167 K s!) for 5 h. Samples were then
treated in Ha (Airgas, UHP, 50 cm? g! s!) by heating to 1123 K (0.167 K s™!) and holding for 3 h.

The metal dispersion of fresh Ni catalysts was determined from the uptake of strongly
chemisorbed H» at 313 K (3-50 kPa) using a Quantasorb chemisorption analyzer (Quantachrome
Corporation Model 05-10). Samples were treated in H» at 873 K for 0.5 h within the adsorption
cell before uptake measurements. A backsorption isotherm was measured by repeating this
procedure after evacuation for 0.5 h at 313 K. Strongly chemisorbed hydrogen uptakes were
obtained from the difference between chemisorption and backsorption uptakes using a 1:1 H:Nisurf
stoichiometry.%® The extent of Ni reduction in these samples was measured from temperature-
programmed reduction (TPR) using a Quantasorb analyzer (Quantachrome Corporation Model 05-
10), using procedures reported previously,®? from the amount of H, consumed during temperature
ramping to 1123 K (at 0.167 K s7!) in a flowing 20% Ha/Ar mixture (6.7 cm? g'!' s7).

Catalyst samples (0.030 g) were treated again within the balance chamber in flowing H> at
reaction temperature (843-973 K) for 0.5 h before reaction. Carbon formation rates were measured
during CHs reforming reactions at 843-973 K using a tapered-element oscillating quartz
microbalance (TEOM; Ruprecht and Patashnick, Series 1500 PMA) in a flow-through sample
holder that ensured plug-flow hydrodynamics at all inlet CH4 (50% CHa/Ar, Matheson, UHP,
certified mixture), CO2 (50% CO»/Ar, Matheson UHP, certified mixture), CO (Matheson, 99.9%),
H: (Airgas, 99.999%), and H2O (>17.9 MQ-cm resistivity; introduced by syringe pump, ISCO
Model 500D) pressures and residence times (and chemical conversion). These TEOM systems
measure the mass of samples placed at the tip of a quartz element using changes in its oscillation
frequency, thus avoiding the corrections for buoyancy typically required for gravimetric data.

The composition of effluent streams was continuously monitored by on-line mass
spectrometry (Leybold Inficon Transpector). Forward CH4 reforming rates (77), normalized per
initially exposed Ni atom measured from H» uptakes, were calculated by correcting measured rates
(1) for approach to equilibrium (7) using:

h =T (1 - 77) (4)

The approaches to equilibrium for CH4-CO; (Eq. 5) and CH4-H>O (Eq. 6) reforming reactions are
defined as:
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where Kprm and Ksrm are the equilibrium constants for the respective CH4 reforming reaction at
a given temperature.®® The absence of interparticle and intraparticle mass transport artifacts was

confirmed by turnover rates that were independent of the extent of interparticle and intraparticle
dilution with an inert material.®?

)

(6)

Transmission electron micrographs (TEM) of fresh and spent catalyst samples were
obtained using a JEOL 2010 electron microscope at accelerating voltages of 200 keV. TEM
samples were prepared by crushing powder samples in an agate mortar, suspending the fine
powders in isopropanol, placing a drop of the suspension on a porous carbon copper grid, and
allowing the liquid to evaporate in ambient air. Micrographs were obtained from regions of the
sample that minimized interference with the porous carbon copper grid. Ni crystallites were
identified by contrast differences arising from the stronger electron scattering of Ni atoms relative
to the Mg and O atoms in the support. Ni crystallite size distributions were measured manually
from enlarged prints made from digitized negatives by counting more than 400 crystallites for each
sample. Carbon filaments and encapsulating deposits were identified by repeating layered patterns
of strong and weak electron scattering, representing the layered structure of such carbon deposits,
which are absent from the support material and Ni crystallites. The spacing of these layers and
filament diameters were measured from enlarged prints.

2.3 Results and Discussion
2.3.1 Catalyst Characterization

The size distribution of supported Ni nanoparticles was measured by transmission electron
microscopy (TEM). Surface-averaged Ni cluster diameters < dy > were calculated from:*

_ 20udd)
Z(nidiz)

where 7; is the number of clusters with diameter d;. These values were 5.4, 11.1, and 11.0 nm for
7% wt., 15% wt. Ni/MgO-A and 7% wt. Ni/MgO-B, respectively. The respective extents of Ni
reduction (from TPR, reported previously for these catalysts)®?> were 28%, 46%, and 43%. The
remaining refractory Ni?* species are likely present in a solid-solution with the MgO support, the
formation of which has been observed at such high temperature treatments.®” Such compounds are
unlikely to catalyze CH4-CO> and CH4-H>O reactions or the formation of carbon deposits. The
fractional dispersions of Ni, defined as the number of exposed Ni atoms measured from H>
chemisorption divided by the number of reduced Ni metal atoms, as determined from reduction
measurements, were 0.14, 0.10, and 0.09, respectively. These dispersions were also used to
estimate average crystallite diameters by assuming spherical Ni particle geometries using:®®

<d, > (7)

D=1/d (8)
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where D is the fractional dispersion and d is the crystallite diameter (in nm). These fractional Ni
dispersion values led to average cluster diameters of 6.7, 10.4 and 10.8 nm for 7%, 15% wt.
Ni/MgO-A and 7% wt. Ni/MgO-B samples, respectively, which agree well with TEM-derived
<ds> values. Such agreement also provides additional evidence that the remaining refractory Ni%*
species are not present within the Ni nanoparticles.

2.3.2 Mathematical Descriptions of Carbon Diffusion Through Ni Nanoparticles and of
Carbon Filament Formation

The rate of filament growth on Ni catalysts is limited by the rate of carbon diffusion
(normalized by the particle surface area; J¢) through the Ni particles.!® 2326 A one-dimensional
diffusion model (in z) gives Jc in terms of the gradient in chemical potential of dissolved carbon,
referenced to graphite:?®

Deec dpc
- _ i 9
Je RT dz ©)
Here, D, is the diffusion coefficient of carbon within Ni, ¢, is the concentration of carbon, R is
the ideal gas constant, and T is the absolute temperature. Substituting the definition of chemical
potential (Eq. 1) into Equation 9 yields:

D;da,

Je==t (10)

where Y. is the activity coefficient of dissolved carbon within Ni. The activity coefficient is
independent of concentration (and therefore position) for low solute concentrations. Equation 10
can therefore be integrated to give:

D*
Je = d_; [(aC,Ni)S - (aC,Ni)fil] (11)
D¢
De =— 12
c= (12)

where d,, is the particle diameter.

Dissolved carbon atoms at the surface-bulk interface are in equilibrium with those at the
surfaces.?>-26-3%.33 The thermodynamic activity at the free surface (ac-)s and at the filament (ac+)g;
can therefore be related to the activity of dissolved carbon at each of these interfaces through a
factor ¢ representing the proportionality between the reference states of dissolved carbon (in
equilibrium with graphite) and surface carbon (a Henry’s law constant), such that:

(aC,Ni)S = c%(ac+)s (13)

(acwi)g = c®(ac)m (14)

Equation 11 can then be written as:
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D¢c

Jc = [(ac )s — (ac )il (15)

P

Figure 1 shows a graphical representation of this diffusion and filament formation process depicted
as a one-dimensional process. The carbon diffusion rates that govern filament growth are thus
proportional to (a.+)s, the value of which is set by the elementary steps that mediate CHs-H>O
and CH4-CO; reactions at the Ni catalyst surfaces.®?

d

p

Yy VvV VY

(@c+)s Jc @c)m

Yy vy

DCC

Jc = [(ac*)s — (ac*)sul

p

Figure 1. Carbon diffusion and filament formation model for Ni particles. D¢ is the diffusivity of
carbon in Ni, ¢¥ is the Henry’s law constant relating the surface carbon and dissolved carbon
phases, d, is the diameter of the Ni particle, (ac*)s is the thermodynamic carbon activity at the free
metal surface, and (ac*)s is the thermodynamic carbon activity at the metal-filament interface.

2.3.3 Mechanism-Based Surface Carbon Activities and their Implications for Carbon
Formation during CHs Reforming

A sequence of elementary steps for CHs-CO> and CH4-H>O reactions was previously
shown to accurately describe measured reaction rates on Ru,% Rh,” Ir,”!-72 Pt, 7 and Ni%? catalysts
(Scheme 1). These steps also include implicitly those required for chemical reactions typically
denoted as CHs decomposition, Boudouard, and water-gas shift. Previous isotopic tracing
experiments showed that CH4 chemical conversion rates were much faster than isotopic cross-
exchange rates (CHa.x<Dx formation rates) for CH4/CD4/CO> or CH4/CD4/H>0O (1:1:2) mixtures at
823-973 K on all catalysts (Ru, Rh, Ni, Ir and Pt), reflecting the irreversibility of C-H bond
activation (Scheme 1, step 1.1) during CH4 reforming reactions.®> 73 The quasi-equilibrated
nature of CO; dissociation (Scheme 1, step 1.5) and CO desorption (Scheme 1, step 1.7) was
confirmed by the identical *C contents observed in CO and CO, molecules during reactions of
BCO/'2CO2/"2CHs (0.4:1:1) mixtures at 823-973 K on all metal catalysts.®> ©-73 CH,/CO,/D,
(1:1:0.2) mixtures led to binomial distributions of deuterium isotopologs of dihydrogen and water
at all reactant conversions on these catalysts.>®*"*> Thus, the recombinative desorption of H-atoms
and OH-groups to form H; or H>O (Scheme 1, steps 1.8-1.10) must also be quasi-equilibrated
during CH4 reforming catalysis. These mechanistic conclusions and the application of the pseudo-
steady-state approximation (PSSA) for all surface intermediates give an expression that relates the

13



prevalent concentration of carbon at surfaces (C *) during steady-state CH4-H>O and CH4-CO>
reactions to the prevalent contacting pressures of reactants and products, as described below.

ki

CH,+2x —> CHyx+Hx [1.1]

k-1

CHy*+% 2 CHy++Hs [1.2]

'&)
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Scheme 1. Identity and reversibility of elementary steps for CHs reforming catalytic sequences
on Ni catalysts



The application of the PSSA to C* during CH4-CO» and CH4-H2O reforming at conditions
far from equilibrium of this reaction leads to (a.+)s values (details in Section 2.6.1) given by:

(ac+)s — 1+ w(ac)na) — By (1 + w(ac)a) (16)
ORI TP ) 1+ wpy@))
%7 kKK, 17
k,Kg
=8 18
P = KoKoKag (18)
* .0
D;c 1 (19)

“ T4 0k, (CHy)

(CH4)(CO) (CH,4)(Hy)
con 2 00
concentration of exposed surface metal atoms. This equation was derived by assuming, as
evidenced from experiments, that CHy dissociative adsorption (Scheme 1, steps 1.1-1.4) and the
reaction of C*-O* (Scheme 1, step 1.6) are irreversible at reaction conditions far from CHs
reforming equilibrium (except by the extent required by microscopic reversibility) and there are
no significant coverages of intermediates during steady-state CH4 reforming catalysis. The
parameters, a and [3, are proportional to each other through the equilibrium constant for water-gas
shift (Kwgs) at a given temperature because this reaction was equilibrated at all reforming

conditions in this study:

Here, x and y represent the pressure ratio, respectively, and (L) is the

o = KwesB (20)

The surface concentration of carbon (C ) is equivalent to its thermodynamic activity (a.+)s here.
Equation 15 can therefore be rewritten to obtain an expression for the rate of carbon formation
(per surface Ni; rc):

_Je _ D¢c? (1 +wlac)m) .
T T 4,m [“X(L) T tomm) )f“l o
_ Dgc® (1 +wlac)m) .
- dp(L) lBIIJ(L) (1 + (UBLP(L)) (aC )flll

An additional assumption, relaxed later for experiments where it is inaccurate, that the rates
of carbon transport into the Ni-C solid solution are much smaller than the rates of C* formation
from CH4 decomposition (Scheme 1, steps 1.1-1.4) and C* removal by reaction between C* and
O* (Scheme 1, step 1.6) leads to:

Je D¢c® cc’
=2 = L) — (aq)f] = ——— L) — (a+)¢ 22
Tc (L) dp (L) [(XX( ) (aC )fll] dp (L) [ﬁ“l"( ) (a'C )fll] ( )
The mechanism-based model represented by Equations 21 and 22 thus relates the carbon diffusion
and filament formation rate to the prevalent gas phase composition at steady-state conditions away
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from chemical equilibrium of CH4 reforming reactions. When reforming turnover rates are much
larger than filament growth rates, it leads to values of the latter that are single-valued functions of

x (or y) (Eq. 22).

2.3.4 Measured Effects of % and y on Carbon Deposition Rates

Carbon formation rates were measured at different inlet CHs, CO2, CO, H», and H,O
concentrations and residence times, resulting in a broad range of  and y values (0-10 kPa and 0-
24 kPa, respectively) during catalytic reactions of CH4-CO; and CH4-H>O reforming. These y and
y ratios are calculated from the mean pressures for all chemical species along the reactor.

Figure 2 shows CH4-CO» turnover rates (normalized per initially exposed Ni atom), carbon
formation rates (at near the detection limit), and the cumulative amount of carbon formed on 7%
Ni/MgO-A as a function of the time elapsed since its initial contact with the reacting stream for a
x value of 1.01 kPa (y =2.47 kPa; 22.5 kPa CHg, 27.5 kPa CO> feed) at 873 K. Carbon formation
rates were nearly undetectable (< 0.05 C Nig ¢ s~1; Fig. 2b) because the prevalent surface carbon
activity (ac+)s was insufficient to nucleate carbon filaments. CHs-CO» turnover rates did not
change with time (Fig. 2a) because the (a.+)s value did not lead to kinetically-detectable C*
coverages on Ni surfaces, consistent with the small amounts of carbon deposited on Ni particles,
as observed in TEM images of this sample (Fig. 3a). Such behavior is characteristic of CHs-CO»
and CHs-H>O reactions on this catalyst at y values below 1.1 kPa (or v < 2.7 kPa; 873 K); this
range of values defines what is denoted here as regime I.

Figure 4 shows CH4-COs turnover rates (normalized per initially exposed Ni atom), carbon
deposition rates, and the cumulative amount of carbon deposited as a function of the time elapsed
on 7% Ni/MgO-A since its initial contact with the CH4-CO; stream at y values of 2.16 kPa (y =
5.29 kPa; 25 kPa CHa4, 15 kPa CO; feed) and 3.74 kPa (y = 9.16 kPa; 25 kPa CHa4, 10 kPa CO»
feed) at 873 K. CH4 reforming turnover rates remained essentially constant with time (Fig. 4a),
even after the deposition of carbon quantities corresponding to very large C/Nisut ratios (~800;
Fig. 4c). Such large extents of carbon deposition are consistent with the presence of filamentous
carbon structures affixed to nearly all nanoparticles, as evident in TEM images of samples exposed
to these environments (Fig. 3b). The rate of carbon formation (Fig. 4b) shows an initial increase
upon contact with the reacting mixture, consistent with an induction period associated with the
stochastic assembly of the number of C-atoms required to nucleate the filamentous carbon phase.
This process becomes more probable as the activity of the carbon species at the surface of Ni
nanoparticles increases with increasing y or y values.” °® Consequently, larger values of y or y
(and of carbon activity) lead to shorter induction periods (Fig. 4b). Carbon deposition rates
ultimately reached a near constant value with time. These nearly constant carbon deposition and
CHa4 turnover rates indicate that Ni surfaces remain accessible for C-H activation events (Scheme
1, step 1.1), in spite of the prevalence of affixed filamentous carbon structures, and that C* surface
coverages do not change with time. C* species formed from CHy are removed via reactions with
either H* (Scheme 1, step 1.4) or O* (Scheme 1, step 1.6), or via diffusion through the particle
and deposition at the carbon filament. The low steady-state C* coverages (and (a.+)s values) here
require that the rates of removal be sufficient to maintain such low coverages even as the activity
of C* increases with increasing y values between 1.1 and 4.2 kPa (y = 2.7-10.3 kPa; 873 K), a
range of carbon activity that we denote here as regime I1.
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Figure 2. CH4 reforming turnover rate (a), carbon formation rate (per surface Ni) (b), and total
carbon accumulated on Ni surface (c) as functions of time on stream on 7 % wt. Ni/MgO-A at x =
1.01 kPa (y = 2.47 kPa; 22.5 kPa CHa, 27.5 kPa CO> feed) during CH4-CO; reaction at 873 K
(regime I). Reaction conditions were far from CH4 reforming equilibrium.
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Figure 3. Transmission electron micrographs of carbon morphology after CH4-CO- reaction on 7

% wt. Ni/MgO-A at 873 K and (a) x = 1.01 kPa (y = 2.47 kPa) (b) y = 2.16 kPa (y = 5.29 kPa)
and (c) x = 9.7 kPa (y = 23.8 kPa).
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Figure 4. CH4 reforming turnover rate (a), carbon formation rate (per surface Ni) (b), and total
carbon accumulated on Ni surface (c) as functions of time on stream on 7 % wt. Ni/MgO-A at x =
2.16 kPa (y = 5.29 kPa; 25 kPa CHa, 15 kPa CO; feed) and 3.74 kPa (y = 9.16 kPa; 25 kPa CHa,
10 kPa CO; feed) during CH4-CO; reaction at 873 K (regime II). Dotted lines added to guide the
eye. Reaction conditions were far from CH4 reforming equilibrium.
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Figure 5 shows CH4-CO»> turnover rates (normalized per initially exposed Ni atom), rates of
formation of carbon filaments, and the total amount of carbon deposited on 7% Ni/MgO-A as a
function of the time elapsed since initial contact with the CH4-CO> stream for a y value of 5.3 kPa
(v = 13 kPa; 873 K; 25 kPa CHa4, 5 kPa CO; feed). CH4 reforming rates decreased monotonically
with time (Fig. 5a), while carbon formation rates (Fig. 5b) showed a brief induction period (100
seconds), during which rates initially increased as carbon supersaturation and nucleation processes
occurred, followed by a relatively constant carbon deposition rate, and ultimately a gradual
decrease in rate with time. At these high y and y values, the concomitant high carbon activity leads
to the simultaneous incipient nucleation of filament precursors at several locations on a given
nanoparticle and to their ultimate coalescence to form carbon layer structures that block active
surfaces for C-H activation reactions (Fig. 3¢). These processes lead to a concurrent decrease in
CH4 reforming and carbon formation rates with time for such y and y values (Fig. 5a and 5b,
respectively). This behavior was observed on 7% Ni/MgO-A samples at ¢ values above 4.2 kPa (y
> 10.3 kPa; 873 K), which is denoted here as regime III.

Carbon formation rates increased monotonically with increasing y and y values in regimes
II and III during steady-state catalytic reactions of CH4-CO»> and CH4-H>O. Figure 6 shows steady-
state carbon formation rates at 873 K as a function of y and y ratios on 7% Ni/MgO-A. At the
intermediate values of y (or y) corresponding to regime II, steady-state carbon formation rates are
proportional to x or y values and reflect rates predicted by the functional form of Equation 22 for
diffusion-limited filament growth.
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Figure 5. CH4 reforming turnover rate (a), carbon formation rate (per surface Ni), (b) and carbon
accumulated on Ni surface (c) as functions of time on stream on 7 % wt. Ni/MgO-A at x = 5.3 kPa
(v =13 kPa; 25 kPa CHa, 5 kPa CO; feed) during CH4-COz reaction at 873 K (regime III). Reaction
conditions were far from CHj4 reforming equilibrium.
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Figure 6. (a) Carbon formation rates vs. ¢ (PcoPcua/Pco2) or y (Pu2Pcua/Pr2o) on 7% wt. Ni/MgO-
A at 873 K with a magnified view (b) of carbon removal (regime IV). PcoPcus/Pco2 or
PuoPcna/Pr2o ratios were changed by varying inlet CHs, CO»2, CO, H», or H>O partial pressures
and/or space velocity during CH4/CO, and CH4/H>O reactions. (®) CH4/CO; reaction, (A)
CH4/H20 reaction, and () CH4/CO; reaction with addition of H». Dashed lines drawn to guide
the eye and determined by linear best fit methods.

The linear dependence of carbon formation rates on y (or y) in regime II can be used to
Dgc” D¢c®

dc a) and y-intercept <— (ac*)fil) (Eq.
14

dp(L)

(ac*)ﬁl) term represents the rate of carbon transport (per surface Ni) from the

obtain lumped parameters associated with the slope (
D¢
dp(L)

filament to a bare Ni surface. The product of w (

22). This (

Dee® 1
dp(L) k1 (CHy)’
of Equations 16 and 21 therefore represents the ratio of this rate to that of carbon formation from
CH4 decomposition on sparsely covered Ni nanoparticle surfaces (k; (CH,); Scheme 1, step 1.1).
These two rates were 0.41 + 0.04 and 4.7 £ 0.1 C Nisur™! 57!, respectively, for y (or y) values in
regime I (y = 1.1-4.2 kPa, y = 2.7-10.3 kPa; 25 kPa CHa; 873 K); such values lead to w(ac+)g
values between 0.08 and 0.1. These small values influence only slightly the (1 + w(ac+)¢;) term
in the numerator of Equations 16 and 21, consistent with the single-valued dependence on y (or )
observed in regime II (Fig. 6a).

Eq. 19) and (a.+)g in the numerator

The wax(L) term in the denominator of Equations 16 and 21 represents the ratio of the rate

Dic® .. . .
; ax), at conditions where such rates are insufficient
14

to perturb the surface carbon activity (ac+)s, to that of C-H activation events (k; (CH,); Scheme

of carbon diffusion from the Ni surface (
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1, step 1.1). The linear trend in regime II (y = 1.1-4.2 kPa, v = 2.7-10.3 kPa; 873 K; Fig. 6a)
suggests that carbon transport rates in this regime are insufficient to perturb (a.«)s and therefore

* .0
obey the functional form of Equation 22, allowing (D;C ax) to be extracted from these data (< 1.6
14

C Nisuf! s71). CHy turnover rates were between 4.6 and 4.8 C Nisu! s (k; (CH,); Scheme 1, step
1.1; 25 kPa CHy) for these conditions. These rates lead to woy (L) values below 0.34, which lead,
in turn, to small (but measurable) effects on (1 + a)ax(L)) in the denominator of Equations 16
and 21 and to an expectation of some curvature in the trends of carbon formation rates with y at
the higher values of y in regime II. The (1 + wax(L)) term, however, is partially offset by the
(1 + w(ac+)gy) term (1.08-1.1) in the numerator (Eq. 16 and 21), which causes the linear trends
to persist throughout regime II. These considerations illustrate the caution required in applying the
model described by Equation 22 as carbon transport rates become similar to the rates of carbon
formation (Scheme 1, step 1.1-1.4) or removal (Scheme 1, step 1.6), as in the case of regime III
described below.

At even higher values of y (or y) (regime III; y > 4.2 kPa, y > 10.3 kPa; 873 K, 25 kPa
CHa), carbon formation rates, defined here as the maximum (and nearly constant) rates observed
with time, do not increase linearly with the carbon activity. The carbon deposition rates in regime
III (y > 4.2 kPa, vy > 10.3 kPa; 873 K) are below those predicted by extending the linear trends
from regime II (Fig. 6a). This reflects, in part, the kinetically-detectable encapsulation of Ni
nanoparticles by carbon adlayers, as shown by CH4 reforming turnover rates that decreased with
time (Fig. 5a). This trend also reflects the decrease in C* activity (a.+)s caused by the high rates
of C* removal by diffusion (1.6-2.0 C Niar! s7!, Fig. 6a) prevalent in regime III. This effect is
captured by the wax(L) term in the denominator of Equations 16 and 21, which represents the

. . . . Dgc®
ratio of the rate of carbon diffusion away from the Ni surface (;—C ax), when the surface carbon
p

activity is unaffected by these diffusion processes, to the rate of CH4 turnover on a bare surface
* .0

(k;(CH,); Scheme 1, step 1.1). The (DdC—C ax) values can be estimated by extrapolating the linear
P

trends from regime II (Fig. 6a), while the value of k; (CH,) is given by CH4 turnover rates (4.5-
4.8 C Nisurr! s7'; 25 kPa CHy; Fig. 5a), leading to woy(L) values between 0.4 and 0.8, which lead,
in turn, to lower carbon formation rates, as evident from Equation 21. Thus, the assumptions
inherent in the derivation of Equation 22 are accurate only when the rates of carbon formation
from CH4 decomposition and removal by reaction between C* and O* are much higher than the
rates of carbon transport into the Ni-C solid solution, conditions that are met in regimes I and II in
this study.

2.3.5 Measured Effects of o and y on Carbon Removal Rates

Previous studies have indicated that carbon removal processes occur when exposing Ni- or
Fe-based catalysts to H,O or H» environments.’>3¢ The reversibility of filament formation
processes was examined here by using low CHj4 pressures (and small y values) (y < 1.1 kPa, y <
2.7 kPa; 2.5 kPa CHa; 873 K) on 7% Ni/MgO-A samples containing carbon filaments previously
formed in regime II (x = 2.16 kPa, v = 5.29 kPa; 25 kPa CHa4). These conditions were expected to
consume such filaments via the reverse processes, as indicated by the form of Equation 22, and
are denoted as regime I'V. Gas compositions leading to y values below 0.07 kPa (or v < 0.17 kPa;
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2.5 kPa CHa) at 873 K (after filament growth in regime II; y = 2.16 kPa, v = 5.29 kPa) led to the
removal of carbon at rates (Fig. 6b) that are linearly dependent on ¢ (and ) but which do not align
with the linear trends in regime II (Fig. 6a), as would have been expected from Equation 22.

These results indicate that the low CH4 pressure required to consume carbon filaments in
regime IV leads to carbon diffusion rates from the filament that increase C* coverages over those
present during steady-state catalysis in the absence of such filaments, thus requiring the functional

form of Equation 21 to accurately describe carbon removal rates. Equation 21 allows estimates of
the grouping of term associated with the y-intercept (;:—(C;) (ac*)fil), whose magnitude represents
the rate of carbon diffusion from the filament to a bare Ni surface (0.47 £ 0.02 C Nigws! s7!). This
value is nearly identical to that obtained from the data in regime II (0.41 + 0.04 C Nigus! s7!;
Section 2.3.4), as expected from carbon filament activities that are insensitive to the composition
of the gas phase, and is similar to the CH4 turnover rate expected at the CHa pressure used in
regime IV (k; (CH,); Scheme 1, step 1.1; 0.48 C Nisus! s7"). These rates lead to a (1 + w(ac+)s;)
value of 2 in the numerator of Equations 16 and 21 and consequently an expectation of a two-fold
larger slope in regime IV than in regime II. The observed slope for regime IV (6.4 + 0.5; Fig. 6b)
is 16-fold higher in regime IV than that in regime II (0.4 = 0.03; Fig. 6a). Such a quantitative
disagreement between the expected and observed slope may be caused by the formation of carbon
patches that block active sites formed during the He purge that was used after the formation of the
carbon filaments and before the carbon removal experiments.

The value of way(L) was estimated to be smaller than 0.07 at all conditions in regime IV
by extrapolating the linear trends from regime II, described by the functional form of Equation 22,

* .0
to determine the value of (DdC—C ax); these small values of wax (L) in the denominator of Equations
14

16 and 21 allow it to be neglected. Carbon removal rates in regime IV (x < 1.1 kPa, y <2.7 kPa;
2.5 kPa CHy) therefore do not reflect the linear trends predicted by the functional form of Equation
22, but instead reflect an increase in the surface carbon activity caused by the diffusion of carbon
from the filament to the free metal surface, which result in lower carbon removal rates than those
predicted by extrapolating trends from regime II.

2.3.6 Electron Microscopy Evidence for the Morphology of Carbon Structures for Different
Carbon Thermodynamic Activities

The morphologies of carbon deposits formed on Ni catalysts during CH4-CO; and CHs-
H>O reforming catalysis were determined by inspection of TEM images of samples exposed to
conditions leading to regimes I, II, and III. The nature of the carbon structures (filamentous or
encapsulating) was determined by the surface carbon activity (a.+)s, which led to distinct forms
of carbon in regimes II and III and to the absence of detectable carbon structures in regime I
(Section 2.3.4).

TEM images of 7% wt. Ni/MgO-A catalysts in regime I (Fig. 3a) do not show visible
evidence of carbon deposits (y = 1.01 kPa, y = 2.47 kPa, 873 K), consistent with CH4 reforming
rates that remained constant during contact with reacting mixtures (Fig. 2a) and with the small
mass changes observed during steady-state reforming at these conditions (Fig. 2c). The absence of
carbon filaments shows that the carbon activities (a.+)s prevalent in regime I are too low to allow
the widespread nucleation and growth of carbon filaments.
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TEM images of 7% wt. Ni/MgO-A samples in regime II, (y=2.16 kPa, y =5.29 kPa; 873
K; Fig. 3b) predominantly show multi-walled carbon filaments similar in diameter to the Ni
nanoparticles affixed to their ends. These carbon filaments showed “fishbone”-like structures, with
carbon layers angled relative to the axis of growth, but parallel to the crystallite surface. Such an
ordered alignment of the carbon layers with the facets of the Ni particle on which they nucleate
suggests that carbon atoms are systematically added to the filament; each carbon layer is completed
before it is pushed away from the Ni surface and assembly of the next carbon layer begins. The
interlayer spacing of approximately 0.35 nm at the filament walls (Fig. 7) is very similar to that
expected for graphitic structures (0.34 nm) that are essentially free of residual H-atoms.'®

Each filament formed in regime II contains a Ni nanoparticle affixed at one end and a part
of each nanoparticle seemingly devoid of carbon deposits. Nanoparticles affixed at filament tips
exhibit a “pear-shaped” nature (Fig. 3b and 7), which may reflect the significant restructuring
required in order to accommodate the epitaxial growth of graphite-type layers that have been
proposed to grow preferentially on Ni(111) and Ni(311) facets;’*’¢ restructuring thus acts to
preserve the other facets, such as the Ni(100) and Ni(110) surfaces that have been proposed to be
favored for C-H activation.'’> 4 77 Metal nanoparticles can exhibit liquid-like properties at
reforming temperatures,’®”® thus enabling the detachment of nanoparticle from the support and the
adoption of these particle-filament arrangements. The clean surfaces, which may consist of (100)
or (110) facets that are less likely to form epitaxial carbon layers,!!:*- 77 can therefore continue to
activate CHy, leading to CH4 reforming and carbon formation rates that remain essentially
unchanged with time in regime II (Fig. 4a; Section 2.3.4), even as the extensive formation of
filaments occurs (Fig. 4b and c; Section 2.3.4). The restructuring and reorienting of the metal
crystallites due to interactions with hydrocarbons and subsequent filament growth are also
conducive to the directional diffusion of carbon from the free metal surface to the carbon filament
required to prevent the formation of encapsulating carbon adlayers, as reported in previous
studies, 43 63, 76, 80-83

Figure 7. Transmission electron micrograph showing structure of carbon filament and interlayer
spacing of graphite layers on 7 % wt. Ni/MgO-A after CH4-CO> reaction at 873 K and y = 2.16
kPa (y = 5.29 kPa).

25



1.5} 873

3'1)
D:

Carbon Formation Rate
-1
© leurf
“Hae
\Q\\\
’\ ~

'
2]

0.5t B, ’
7
N

x (kPa)

Figure 8. Carbon formation rates vs. x (PcoPcua/Pco2) on 7 % wt. Ni/MgO-A during CH4-CO>
(open symbol) or CH4-H,O reactions (solid symbol) (CJH 843 K, A A 873 K, O@ 893 K, O @
973 K). Dashed lines determined by linear best fit models.

At 873 K and conditions of regime III (x > 4.24 kPa; v > 10.4 kPa), TEM images show
that CH4 reforming on 7% wt. Ni/MgO-A causes the extensive encapsulation of Ni nanoparticles
by onion-like carbon layers (Fig. 3c¢). Such structural motifs reflect the high carbon activity
resulting from CH4 reforming elementary steps at the conditions that lead to such large y values.
The resulting carbon supersaturation within Ni nanoparticles leads to the simultaneous nucleation
of carbon patches as potential precursors to filament growth. These multiple carbon sinks lead, in
turn, to a disruption of the unidirectional carbon activity gradient otherwise imposed by the
presence of a single filament as the unique carbon sink. TEM images in regime III also show that
Ni nanoparticles lack the “pear-shaped” character of those affixed to a filament (Fig. 3c vs. Fig.
3b). The formation of these encapsulating carbon structures causes a monotonic change in the
fraction of the Ni nanoparticle surfaces that remain accessible for the activation of the C-H bonds
in the step that limits CH4 reforming rates and which form C* as products and, in doing so, sets
the C* coverages that drive carbon diffusion and the rate of carbon deposition. Consequently,
reforming and carbon deposition rates decrease monotonically with time in regime III (Fig. 6a and
6b; x = 9.7 kPa, y = 23.8 kPa; Section 2.3.4). After complete encapsulation, Ni surfaces become
inaccessible and cannot form active O* or H* species from gaseous reactants. As a result, exposure
of these coated nanoparticles to low values of y or v (y < 1.1 kPa, y < 2.7 kPa; regime IV), which
led to the removal of carbon from nanoparticles with affixed carbon filaments formed at the
conditions of regime II (Fig. 6b; Section 2.3.5), did not lead to the removal of these carbon
overlayers.

2.3.7 The Effects of CH4 Reforming Reaction Temperature on Carbon Formation Rates

Carbon formation rates during CH4-CO2 and CHs4-H2O reforming reactions were also
measured on 7% wt. Ni/MgO-A at different temperatures (843-973 K) and y (and ) values in
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regime I, where carbon formation rates are strictly proportional to such  (and ) values (Section
2.3.4). The data in Figure 8 show that carbon formation rates decreased with increasing
temperature at each  or y value. These temperature effects on carbon formation rates reflect the

x .0
respective consequences of temperature for terms that account for the slope (DdC—C oc) and y-
P

* .0

intercept (;C—(CL) (ac*)ﬁl) in the functional form of Equation 22.
14

D¢c”

Figure 9 shows ( "

a) values as a function of inverse temperature; all terms except the
p

particle diameter (d,) are expected to exhibit Arrhenius-like dependences. The data in Figure 9

* .0
give an effective energy barrier of -10 + 2 kJ mol™! for (Ddc—c oc), which reflects the combined
P

temperature effects on the diffusivity of carbon in Ni (D}), its Henry’s law constant (c°), and the

grouping of rate and equilibrium constants contained in a (k Ille , Eq. 17; Scheme 1).
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Figure 9. Arrhenius plot of DZC a(L). The carbon diffusivity in Ni D, Henry’s Law constant c?,

14
and the group of kinetic and thermodynamic parameter a are expected to show temperature

dependences. Dashed line was obtained through linear regression and reflects an effective energy
barrier of -10 + 2 kJ mol-!.
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c’, and the carbon filament activity (ac+)g are expected to show temperature dependences.

Dashed line was obtained through linear regression and reflects an effective energy barrier of 95
+ 22 kJ mol'.

0

The activation energies and enthalpies for each of these terms can be obtained from the
literature and used to evaluate the value reported here. Massaro and Petersen previously measured
the diffusivity of carbon in Ni (D;) using acetylene decomposition between 623 and 973 K and
reported an activation energy barrier of 83 + 5 kJ mol™'.3* Lander et al. measured the temperature
dependence for the solubility of carbon in Ni, which is reflected in the Henry’s law constant (c?),

Ky .
T Eq. 17) includes

the rate constants for C-H activation (ki; Scheme 1, step 1.1) and for C*-O* recombination (ke,
Scheme 1, step 1.6), and the equilibrium constants for CO- dissociative adsorption (Ks, Scheme 1,
step 1.5) and molecular desorption of CO (K7, Scheme 1, step 1.7). The temperature dependence
of ki on these Ni-based catalysts, was previously found to be 105 + 3 kJ mol.®*> Snoeck et al.
studied the gasification of carbon filaments on Ni-based catalysts using CO; at 773-848 K and
used a mechanism-based rate equation to obtain ke, Ks, and K7 values.’® They reported an
activation energy of 244 + 68 kJ mol'! for ke along with the enthalpies associated with Ks (-104 +
85 kI mol") and K7 (100 + 61 kJ mol!).8¢ The effective energy barrier calculated from the literature

and reported a dissolution enthalpy of -40 + 1 kJ mol!.%5 The parameter a (

D¢ . . . C e T
for (;—C oc), after rigorously propagating the respective uncertainties in the individual parameters,
D

is therefore -12 + 126 kJ mol!. This value is in agreement with that observed in this study (-10 +
2 kJ mol!), though more precise measurements of the parameters ks, Ks, and K7 are needed to
conclusively demonstrate this.
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Figure 8 shows that ( (ac+ )fll) values, reflected in the absolute value of the y-intercept

dp(L)
in the carbon formation rates, increase with temperature. Figure 10 shows these ( (aC )fll)

values in a logarithmic scale as a function of inverse temperature, in which the slope corresponds
to an effective energy barrier of 95 + 22 kJ mol..

This value can also be compared with literature values for the individual parameters in this
term. The d, and (L) terms are independent of temperature. The enthalpy of formation for carbon
filaments was previously measured by de Bokx et al. (44 + 4 kJ mol!)>* and accounts for the
Arrhenius-like dependence of (ac+)g term, which when combined with the temperature
dependences of D} and ¢’ (83 = 5 kJ mol! and 40 + 1 kJ mol"!, respectively; discussed above)

gives an effective barrier of 79 + 6 kJ mol™! for ( )m) in reasonable agreement with the

p(L)
value determined in the present study (95 + 22 kJ mol™!).

These data show that carbon formation rates decrease with increasing temperature, even
though the diffusivity term (Dj:c?) increases, because the coefficients that relate y to (ac+)s (a;

% .0
Eq. 17) show a compensating opposite trend, leading to similar values of (Ddc—c a) at different
14

temperatures, as evident from the similar slopes in the data shown in Figure 8. The parameters

reflected in the absolute value of the y-intercept (ﬁ (ac+ )ﬁl) become larger with increasing

temperature. This trend reflects the temperature effects on the filament activity (ac+)g;, which
compensates for the increase in (Dic®) values with increasing temperature These combined

* 0 *
temperature dependences for the parameters that define the (D;C a) and (; ) (ac+ )ﬁ]) terms lead
14

to the observed lower carbon formation rates at higher temperatures for each given value of y (Fig.
8).

* 0 *
The effects of temperature on (Dsc a) and (5 D (ac+ )ﬁl) also lead to a shift in the x-
14

intercepts of the curves in Figure 8 toward higher values of y as temperature increases. These
intercepts represent the threshold value of x (ymin) required for the incipient growth of carbon
filaments and the point at which ax(L) is equal to the activity of the filament (a.+)g;. Higher
reaction temperatures therefore broaden the range of y values that preclude the detectable
formation of carbon deposits, as observed in TEM images or mass changes during reforming
catalysis (regime I; Sections 2.3.4 and 2.3.6) and enable the use of HoO/CHj ratios closer to unity
in practice, thereby improving process efficiencies.

2.3.8 Effect of Ni Nanoparticle Diameter on Carbon Morphology and Filament Formation
Rates

TEM images of carbon filaments formed on 7% wt. Ni/MgO-B (11.0 nm mean diameter,
Fig. 11a) and 15% wt. Ni/MgO-A (11.1 nm particles, Fig. 11b) after exposure to CH4-CO> reaction
conditions in regime II (873 K; x = 2.6 kPa, y = 6.4 kPa) were used to compare Ni crystallite
diameters to those of the carbon filament structures affixed to their ends for two different materials
with similar mean nanoparticle size. In all cases, the diameters of the carbon filaments were similar
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to those of the Ni nanoparticles to which they were attached. Filaments associated with larger
particles in the size distribution typically exhibited thicker walls (Fig. 3b vs. Fig. 11), in agreement
with previous reports*>3%-3! and consistent with the larger carbon nucleating (Ni(111) and Ni(311))
facets prevalent on larger crystallites.

Figure 11. Transmission electron micrograph of carbon morphology after CH4-CO; reaction on
(a) 7 % wt. Ni/MgO-B and (b) 15 % wt. Ni/MgO-A at 873 K and y = 2.60 kPa.

The role of Ni particle size on the dynamics of carbon deposition was investigated by
comparing carbon deposition rates on 7% wt. Ni/MgO-A (5.4 nm particles) with those on 7% wt.
Ni/MgO-B and 15% wt. Ni/MgO-A (11.0 and 11.1 nm particles, respectively) at x (and y) values
that led to proportional increases in carbon formation rates (873 K; regime II, Section 2.3.4).
Carbon deposition rates were nearly identical on 7% wt. Ni/MgO-B and 15% wt. Ni/MgO-A (Fig.
12), in spite of their different MgO supports. Carbon deposition rates were larger on 7% wt.
Ni/MgO-B and 15% wt. Ni/MgO-A (11.0 and 11.1 nm particles, respectively) than on 7% wt.
Ni/MgO-A samples with smaller Ni particles (5.4 nm) at each given value of y (or v) (Fig. 12).
These trends with diameter are opposite to those reported previously, which attributed these their
trends to the longer diffusion paths in larger Ni crystallites.**#% 87 These previous studies, however,
measured carbon filament growth rates on larger catalyst particles (15-140 nm), where the
diffusion length may be the dominant factor for these trends in carbon filament growth rates. The
Ni crystallite diameter, however, affects terms other than this path length, specifically the rate and
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ky
filament (ac+)g;. Such effects were probed by examining the expected effects of nanoparticle

equilibrium constants that determine the value of a ( ; Eq. 17) and the activity of the carbon

. . . . . D¢c® D¢
diameter particle size effects on the parameters included in the (——a ) and (=5~ (ac+)g; | values
dp dp(L) c*Jfil

reflected by the slope and y-intercept, respectively, of the data in Figure 12.
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Figure 12. Carbon formation rates vs. y (PcoPcn4/Pco2) or v (Pu2Pcna/Pr20) on Ni/MgO at 873 K
during CH4-CO> (open symbol) or CH4-H>O reaction (solid symbol) (O® 7 % wt. Ni/MgO-A
with 5.4 average nm Ni particles, A A15 % wt. Ni/MgO-A with 11.1 nm average Ni particles,
O @ 7 % wt. Ni/MgO-B with 11.0 average nm Ni particles). Lines determined by linear best fit
models.

* .0
The (Ddc—c (x) values for 5.4 nm (7% wt. Ni/MgO-A; 0.39 £ 0.03) and 11 nm (7% wt.

14
Ni/MgO-B and 15% wt. Ni/MgO-A; 0.40 + 0.02) nanoparticles were nearly identical, in spite of a
particle diameter (d,,) that differed by a factor of 2. The diffusivity of carbon (D¢) and the Henry’s
law constant (c®) do not vary with particle size, suggesting that « must be two-fold larger on the
Ky
keKsK7
constants for C-H activation (ki; Scheme 1, step 1.1) and C*-O* recombination (ke, Scheme 1,
step 1.6) and equilibrium constants for CO» dissociation (Ks, Scheme 1, step 1.5) and CO
desorption (K7, Scheme 1, step 1.7). CH4 reforming turnover rates on these 11 nm nanoparticles
(7% wt. Ni/MgO-B and 15% wt. Ni/MgO-A) were 1.3 times smaller than on the 5.4 nm particles
(7% wt. Ni/MgO-A) at 873 K,®? indicative of the difference in the values of ki. Such differences
reflect the lower average coordination at surfaces of smaller Ni crystallites,> which leads to lower
C-H activation barriers.®® The remaining parameters in a (k¢KsK7) must therefore be 2.6 times

larger particles to offset the longer diffusion length. This a term ( ; Eq. 17) contains rate
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larger on 5.4 nm particles (7% wt. Ni/MgO-A) than on 11 nm particles (7% wt. Ni/MgO-B and
15% wt. Ni/MgO-A) for a to be two-fold larger on the larger particles, as suggested by the nearly
identical (DCCO
dp
determined from CH4 reforming rates because the respective steps are not kinetically-relevant,
thus rendering their sensitivity to nanoparticle diameters inaccessible from experiments. Energy
estimates from density functional theory (DFT) for k¢ and K7 on extended Rh surfaces have shown
that stepped Rh(211) surfaces give lower activation barriers for C*-O* recombination (ke; ~130
vs. ~185 kJ mol!) and more endothermic CO molecular desorption events (K7; ~177 vs. ~160 kJ
mol™!") than close-packed Rh(111) surfaces,® which become more prevalent with increasing
nanoparticle diameter. The smaller k¢ values (and likely Ks values because more coordinatively
saturated surfaces tend to exhibit lower molecular binding energies)®® on larger particles may

compensate, at least in part, for the smaller ki values and the larger diffusion lengths (d,, ).

0() values for 5.4 and 11 nm nanoparticles. The values of ke, K5, and K7 cannot be

* .0
The (DdC—C (ac*)ﬁl) term that accounts for the y-intercept for the data in Figure 12 contains
p

* .0
terms that also depend on nanoparticle size. The data indicate that (Ddc—c (ac*)ﬁl) is 5.7 £4.3 times
14

larger on the smaller (5.4 nm; 7% wt. Ni/MgO-A; -0.4 £ 0.1) than on the larger (11 nm; 7% wt.
Ni/MgO-B and 15% wt. Ni/MgO-A; -0.07 £ 0.05) Ni particles. The carbon diffusivity (D) and

* .0
solubility constant (c®) are not likely to depend on size. Consequently, the larger (Ddc—: (ac*)ﬁl)

values on smaller Ni nanoparticles must reflect the combined effects of a shorter diffusion path
and a larger filament carbon activity for the smaller particles.

The diameters of the carbon filaments resembled those of the attached Ni particles (Fig. 3b
and 11). Larger diameter filaments show less structural distortion of the sp? symmetry required for
stable graphite layers®® and are therefore thermodynamically more stable.*” This change in carbon
filament activity (ac+)g is reflected in the shift in the threshold value of y (Ymin) required for
carbon formation from 1.1 + 0.3 to 0.2 £ 0.1 kPa for 5.4 nm (7% wt. Ni/MgO-A) and 11 nm
particles (7% wt. Ni/MgO-B and 15% wt. Ni/MgO-A), respectively. These data indicate that the
activity of carbon filaments on 5.4 nm particles is 5.5 + 3.0 larger than on 11 nm particles, a value
comparable to that derived from the y-intercept (2.8 + 2.1).

* .0 * .0
The effects of particle size on (DdC—C (x) and (;C—(CL) (ac*)fil) values lead to a shift in ymin
14 14

required for the formation of carbon filaments towards higher values of y with decreasing
nanoparticle size. The synthesis and stabilization of small Ni particles therefore represents a
potentially effective strategy in broadening the range of y values that ensure the absence of
detectable carbon deposits. Such strategies enable the use of HoO/CHjs ratios closer to unity for
CHy4 reforming reactions in practice, thereby improving process efficiencies.

2.3.9 Implications of Approach to CH4 Reforming Equilibrium for Carbon Formation Rates

The mechanism-based model described in Section 2.3.3 (Eq. 22) and used to describe
measured filament formation rates in Sections 2.3.4-2.3.8 applies only when CH4 decomposition
(Scheme 1, steps 1.1-1.4) or C*-O* recombination (Scheme 1, step 1.6) steps are irreversible and
CH4 reforming reactions are far from equilibrium.
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In this section, we extend these treatments to the general case in which these steps and the
overall CH4 reforming reaction approach equilibrium, as defined by their respective approach to
equilibrium values. The approach to equilibrium parameter (1) relates the forward (75) and reverse
(1) rate of a given reaction by:

n= (23)

rT
T
Such formalisms are used here to derive an expression for the activity of surface carbon species in
general, irrespective of the prevalent # value.

The catalytic sequence in Scheme 1 can be divided into two half-reactions, one including
all the steps required to form C* and H, from CHj (reaction A) (Scheme 1, steps 1.1-1.4, 1.8) and
the other involving the steps that remove C* via reactions with O* derived from CO> to form CO
(reaction B) (Scheme 1, steps 1.5-1.7) or from H>O to form H; and CO (reaction B’) (Scheme 1,
steps 1.6-1.10). The approaches to equilibrium (1) for reactions A and B (or B’) are defined
respectively as:

(HZ)Z (aC*)s
= D, -
(CO)*(L)  (Hp(Co)(L) (25)

T8 = 18" = (C0,) (ac)sKg  (H,0)(ac)sKg

Here, Ka, K, and Kg are the equilibrium constants for their respective half-reactions. Kz, and Kz
are also related to each other by the equilibrium constant for the water-gas shift reaction (Kwags)
because this reaction was found to be equilibrated for all experimental conditions:

KgKwgs = Kpr (26)

The approaches to equilibrium for half-reactions A and B are also related to the overall approach
to equilibrium parameters for CH4-CO2 (nprMm) and CH4-H2O (ngrym) reactions:

NaNB = NaNB’ = NDRM = NSRM (27)

The approach to equilibrium values for half-reactions A (1,, Eq. 24) and B (or B’; ng, Eq.
25) can be estimated for the conditions used here by using data available in the literature. Ka and
Kg were previously reported for carbon filament growth on Ni-based catalysts using CH4-H> and
CO2-CO mixtures (650-1000 K) to set the surface carbon activity (0.9 £ 0.3 and 0.16 £ 0.03,
respectively);>* the activity of the carbon filaments (10 nm diameter; (ac)fiy 10 nm) formed under
these conditions can also be derived from these data (1.8 £ 1, referenced to graphite).>* The activity
of carbon filaments (ac)g; is represented by the threshold value of y required to form such carbon
deposits (ymin; Sections 2.3.7-2.3.8). The carbon activity (ac)s can therefore be calculated for a
given value of y using:

(ac)s  cCax(L)  x

(ac)fil,lonm COaXmin,lOnm (L) Xmin,lOnm

(28)
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Here, we approximate Xpmin 10nm s the value of y required to nucleate filaments of similar diameter
(11 nm) on Ni nanoparticles (0.2 £ 0.1 kPa; Section 2.3.8). This treatment of the data leads to
values of 17, and 7ng that are less than 0.04 and 0.001, respectively, calculated at the reactor exit.
These values of n, and ng correspond with forward rates of CH4 decomposition (reaction A) and
C*-O* recombination (reaction B, or B’) that are at least 25 and 1000 times faster throughout the
CHa4 reforming reactor, respectively, indicating that both reactions are irreversible at the conditions
of this study, thus corroborating the assumptions used to derive the models described by Equations
21 and 22.

The mechanism-based model that leads to Equation 22 requires that half-reactions A and
B (or B’) be irreversible, a condition met by the data reported in this study, but met only near the
inlet region in practical CH4 reforming reactors. An expression for the surface carbon activity
(ac+)s that is valid for all CH4 reforming conditions can be derived by including the approach to
equilibrium for each of the half-reactions (details in Section 2.6.2):

(ac)s (1 —-ma)  (1+ng)

DR DT 29)
. _ (Hz)?ay
= CHLRa .
C0)?2 H,)(CO
ve =, — (€O (H,)(CO) o

B" ™ (COpaxKg ~ (H,0)axKp

The terms 1, and ng (or ng/) are related to the approach to equilibrium for CHs-CO: (prym) and
CH4-H20 (nsrym) reactions by:

NalB = 77:\77;' = NlsrRM = YIDRM (32)

Equation 29 was derived by assuming that the rate of diffusion of carbon is much smaller than the
forward rates of reactions A and B (or B’) and that there are no significant coverages of
intermediates during steady-state CH4 reforming catalysis, an assumption that will be relaxed later
in this section.

Equation 29 indicates that surface carbon activities decrease as reaction A approaches
equilibrium (while reaction B remains far from equilibrium; 7, — 1). The quasi-equililbration of
reaction A before reaction B leads to 7, values significantly greater than unity, allowing Equation
29 to be simplified to:

(aC*)s _ (CH4)KA
(L) (H,)?
Conversely, when reaction B approaches equilibrium before reaction A (ng — 1), the surface

carbon activity increases. When reaction B achieves equilibrium before reaction A, ng becomes
significantly greater than unity, and Equation 29 can be simplified to:

(ac+)s _ Kp(CO)?
L) (COy)

(33)

(34)
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Equations 33 and 34 are, in fact, the same as Equations 2 and 3, which describe the reactions of
quasi-equilibrated binary mixtures of CO-CO, or CHs-Ha, respectively. Thus, the quasi-
equilibration of either half-reaction A or B, depending on which reaction reaches equilibrium more
quickly, sets the surface carbon activity (ac+)s as CHy4 reforming approaches equilibrium. The
estimated maximum values of n, and ng for this study (0.04 and 0.001, respectively) indicate that
the CHs decomposition half-reaction (reaction A; Scheme 1, steps 1.1-1.4) reaches equilibrium
first for the conditions of this study. This is because the water-gas shift reaction favors the products
(H2 and CO») at these temperatures, causing a subsequent increase in 17, (Eq. 24) and decrease in

Equation 29 was derived by assuming that there are no significant coverages of
intermediates during steady-state CH4 reforming catalysis. This assumption can be relaxed to give
an expression for the surface carbon activity that is applicable even as C* coverages become
significant (details in Section 2.6.2):

(ac)s _ (1 +np)

= ay 5
© (1 + _(égg)))_KB o+ “3)

(1+my)

(2 )

Equation 35 is able to describe and predict surface carbon activities for a wide range of
CH4 reforming reaction conditions, including those that may be encountered in practice. These
derivations thus show that the mechanistic conclusions that lead to expressions for surface carbon
activities and carbon formation rates at conditions far from CHs reforming equilibrium are general
and provide a mathematical framework for the rigorous extension of the reaction-diffusion
constructs to more practical conditions, including those corresponding with more moderate CH4
reforming conversions and even equilibrium conditions for this reaction. The data reported and
the kinetic parameters derived here are specific for Ni-based catalysts, but the mathematical
framework is general for the analysis of other reactants and catalysts and demonstrates the
requirement for the accurate details of catalytic mechanisms in describing the formation of
chemisorbed carbon and its various solid forms during catalysis.

(35)

= By

2.4 Conclusions

CH4-CO; and CH3s-H>O reactions on supported Ni catalysts tend to form carbon deposits
that are detrimental to the catalytic process at stoichiometric reactant ratios. The dynamics of
carbon formation on dispersed Ni nanoparticles of varying diameter (5-11 nm) were measured
during steady-state CH4 reforming reactions (843-973 K) in this study to understand the conditions
under which these residues form. Carbon formation rates and morphologies (filamentous or
encapsulating) were solely determined by the pressure ratio PcuaPco/Pcoz () (or PcuaPu2/Pr20
(y)), which sets the thermodynamic carbon activity at the metal surface (a.+) via the elementary
steps that mediate CH4 reforming at conditions far from equilibrium of this reaction. Carbon
formation rates were proportional to y (and ) at conditions leading to the formation of carbon
filaments but without concurrent decreases in CHs reforming and carbon formation rates,
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consistent with a filament growth mechanism limited by carbon diffusion. Higher values of y and
v (and values of (a.+)s) led to the simultaneous incipient nucleation of multiple carbon patches,
ultimately leading to the encapsulation of Ni nanoparticles by carbon adlayers and loss of
accessible surface for CHs4 turnovers. Carbon deposition rates decreased with increasing
temperature because of the corresponding decrease in the value of the lumped kinetic and
thermodynamic parameter that relates y to (ac+)s. Carbon formation rates also decreased with
decreasing Ni particle size because of the lower stability and concomitant increase in activity of
the smaller diameter carbon filaments that formed on smaller Ni particles. The synthesis and
stabilization of small Ni particles at high temperatures thus presents a potentially effective strategy
in bringing H>O/CH4 ratios closer to that required by stoichiometry while ensuring the absence of
detectable carbon deposits.

The results from this study are consistent with previously proposed bulk diffusion
mechanisms for filament growth and expand on previous carbon formation studies by relating
thermodynamic carbon activities to prevalent gas-phase compositions during the steady-state
catalysis of multi-component CH4 reforming mixtures. The study provides insight into the kinetic
and thermodynamic parameters underlying the deposition and removal of carbon and provides
guidance for avoiding carbon filament formation at conditions away from CHs reforming
equilibrium. Carbon formation rates are accurately described by a mechanism-based reaction-
transport model and demonstrate the need for accurate details of the catalytic mechanisms in
describing the formation of chemisorbed carbon and its various solid forms during catalysis. Such
mechanism-based relations are rigorous and general in their ability to relate surface carbon
activities to prevalent gas-phase compositions and can therefore be extended, with additional
parameters, to CHs reforming reactions that approach equilibrium, as in the case of reactions in
practice.
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2.6 Supporting Information

2.6.1 Expression for (ac+)s Derived from CHs-H20 and CH4-CO: Reforming Mechanism at
Conditions Far from Equilibrium

The surface concentration of carbon is derived by applying the pseudo-steady-state
approximation (PSSA) on C*:

=0=r4—r_4—re+r_g—rg¢ (SI-1)

Here, r4 and r.4 are the forward and reverse rates of decomposition of CH* (Scheme 1, step 1.4),
16 and . are the forward and reverse rates of the reaction of C* and O* (Scheme 1, step 1.6), and
rc is the net rate of diffusion of carbon from the surface through the particle to the carbon filament,
given by:

_Jc D¢c®

re = ) = d—p [(ac)s — (ac)sl (S1-2)

Here, (L) is the total concentration of surface sites. Applying the PSSA to the CHx* intermediates
results in:

1‘1 - I‘_l == rz - r_z == I‘3 - I‘_3 == I‘4 - I‘_4 (SI'3)
Equation SI-1 can therefore be written as:

d(Cx)
dt

O0=r;—T_4—Tg+T_g—TI¢ (S1-4)

The formation of C* from methane (Scheme 1, step 1.1-1.4) and its removal by reaction with O*
(Scheme 1, step 1.6) are irreversible (Section 2.3.9) at the conditions of this study. Equation SI-4
can therefore be simplified to:

=0=r; —rg—Ig (SI-5)

The activity of surface carbon is equivalent to the concentration of surface carbon here.
Substituting the appropriate rate expressions in Equation SI-5 and solving for (C*) leads to:

D;c%(L) 1
_(C) = k;  (CH,4)(CO) <1+ dp ki (CHy)(%)? (ac*)f“)
(ac)s = (€9 =% "o,y (HDch(L) 1 K, (CH4)(CO))
dp k; (CH,) (x) k¢KsK;  (CO,)
D;c(L) 1
_ Ky (CH,)(Hy) (%) (1 * dy  ki(CHu)(x)? (ac*)ﬁl) (SI-6)
~ keKgKoKyp  (H,0) 14 D@ 1 ki, (CH)(H,) '
(1+ d, K (CH)() keKeKoKyg  (H,0) )
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The catalyst surface remained clean throughout this study (i.e. (C*), (CH*), (CH>*), (CH3*), (H*),
(OH*), (CO*), (O*) << (*) = (L)). Therefore, Equation SI-6 can be written as:

Dic® 1
k;  (CH,)(CO) (1 " d, (L) ky(CH,) (ac*)ﬁl)

= L
keKsK;  (COy) U( Dic® 1 k, (CH)(CO) (L)>

(ac)s = (C#)

1+
dp(L) k; (CHy) keKsK;7  (CO2)

Dic® 1
(1 * d, (L) ky(CH,) (ac*)ﬁl)

DZ‘CO 1 kl (CH4)(H2)
(1 + dp(L) kl(CH4) k6K8K9K10 (HZO) (L))

_ ke (CHY(HY)
k6K8K9K10 (HZO)

(L) (SI-7)

The rate of carbon transport was small compared to the rates of carbon deposition from CHy
decomposition (Scheme 1, step 1.1) and carbon removal by reaction with O* (Scheme 1, step 1.6)
in regimes I and II. Under such conditions, the diffusive terms in Equation SI-7 can be neglected
and the equation can be written as:

k,  (CH,)(CO) ki (CHy(Hyp)

“ kKK, (COp = L 6y

(ac)s = (C#) = KKKy (H,0)

2.6.2 Expression for (ac-)s Derived from CH4s-H20 and CH4-CO; Reforming Mechanism at
Conditions Approaching CH4 Equilibrium When Carbon Formation Rates are Small

The approach to equilibrium (1) for a reaction relates the forward rate to the net rate:
r—r=r(1-n) (SI-9)

Assuming the rate of diffusion of carbon (rc) is small compared to the rates of carbon deposition
from A) CH4 decomposition (Scheme 1, steps 1.1-1.4) and carbon removal by reaction with O*
derived from B) CO2 (Scheme 1, steps 1.5-1.7) or B’) H2O (Scheme 1, steps 1.6-1.10), Equation
SI-4 can be written as:

d(C *
(dt ) _o= r,(1 = 1) — re(1 — 1g) (SI-10)

=r11(1—1na) —1r6(1 —1np’)

_ (Hp)*(ac)s

=2 > > 73 SI-11
1A = GO (CHYK, (1)
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(CO)*() _ _(H)(CO)(¥)
(COz)(ac-)sKg  (Hy0)(ac+)sKpr

Mg = Ngr = (SI-12)

Here, Ka, Kg and Kp' are the equilibrium constants for the respective reactions. Kg, and Kg- are
related to each other by the equilibrium constant for the water-gas shift reaction (Kwgs) because
this reaction was found to be equilibrated for all experimental conditions:

KsKwes = Kg (SI-13)

The activity of surface carbon is equivalent to the concentration of surface carbon here.
Substituting the appropriate rate expressions in Equation SI-10 and solving for (C*) leads to:

( + M) (1+ Mg’ )
ac-)s = (C*) = (SI-14)
(ac)s = (€9) = ity () = Bb g 25 ()
. (Hp)?ax
Ma = —(C§4)KA (SI-15)
C0)2 H,)(CO
Nt =t = (Co)* _ (Hy)(CO) (SL16)
B (COz)axKg  (H,0)BUKg:
- SI-17
“ 7 ReKsK S
= SI-18
P KKK (19
Here, y and s represent the (CI({C‘*C))(C)O) and (C?;)E)Z) pressure ratio. The catalyst surface remained
2

clean throughout this study (i.e. (C*), (CH*), (CH2*), (CH3*), (H*), (OH*), (CO¥*), (O*) << (*) =
(L)). Under such conditions, Equation SI-14 can be simplified to:

(1+n3) (1+ng)

(acr)s = (Cx) = aXm( ) =By ——— < A+ A)

(L) (SI-19)

For conditions where (C*) coverages become significant (i.e. (C*) + (*) = (L)), the following
expression is obtained:

(ac*)s = (C*) = ax(L) ( (1):_ 1)
(1 T oK, T ”7*)
(1 4) (SI-20)
=B — o) )
(1+ oK * B0+ m3)
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Chapter 3

H:-D: Isotopic Exchange Pathways and Thermodynamic Isotope Effects for Hydrogen
Chemisorption on Pt Nanoparticles

Abstract

H:> and D> chemisorption isotherms were obtained on Pt-based catalysts (0.1-30 kPa H» or
D», 523-673 K) to measure thermodynamic isotope effects (TIE) for hydrogen dissociative
adsorption. TIEs were near unity (0.7-1.0) and only weakly dependent on temperature and surface
coverage. These results were extrapolated to assess H* and D* coverages at equilibrium at 383 K,
where Hz-D> exchange kinetic experiments were carried out. H2-D; isotopic exchange rates (5-80
kPa H, 5-80 kPa D»; 383 K; Ho/D2 = 0.0625-16) showed monotonic increases in rate with H, and
D; pressures, in contrast with the kinetics expected from a recombinative desorption (H* + D*)
mechanism or the extrapolated equilibrium compositions of H* and D*. The data implicate an
alternative reaction pathway in which H> and D, reacts with D* and H* adatoms in a single-site
mechanism. Exchange rates were nearly identical when Hz and D» pressures were switched,
indicating the absence of a kinetic isotope effect (KIE) for H>-D* and D,-H* reactions and a
H*/D*-adlayer whose composition is controlled by the kinetics of exchange reactions rather than
the thermodynamics (and TIE) for Hy and D> adsorption. Recombinative desorption rates only
became measurable at low combined H>+D: pressures (<10 kPa) and at temperatures greater than
700 K. Density functional theory (DFT) shows that the reaction of H> and D* (or D, and H*) likely
occurs via the dissociative adsorption of H> (or D) at vacancies that arise from fluctuations in
mobile H*-adlayers. The results from this study demonstrate that H»-D> isotopic exchange is
mediated by reaction pathways that circumvent desorption/recombination reactions and therefore
cannot be used to demonstrate reversibility of H, adsorption on catalytic surfaces at conditions of
practice for hydrogenation/dehydrogenation reactions.
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3.1 Introduction

Isotopic tracer experiments and analysis of kinetic effects of isotopic substitutions are
essential tools in discerning among plausible mechanisms of chemical transformations. These
methods can assess the identity, reversibility, and kinetic relevance of elementary steps without
disturbing the nature of reactants and products or the chemical steady-state, thus providing direct
mechanistic details, albeit often in difficult to interpret form. The isotopic identity of atoms can
affect the chemical reactivity of the bonds being cleaved or formed; it can also change the
thermodynamic properties of molecules and the equilibrium constants for their chemical
interconversions.! The ratio of reaction rates or rate constants for a molecule with the most
abundant isotope relative to those of its isotopologues is denoted as a kinetic isotope effect (KIE),
while the corresponding ratio in their equilibrium constants is known as a thermodynamic isotope
effect (TIE). These effects arise from the different mass of each isotopologue and the effects of the
isotopic atom on the vibrational frequency in the bonds that contain them in reactants, products,
and transition states.>> As a result, these methods can be used to discern the involvement of
specific bonds in kinetically-relevant and quasi-equilibrated steps within a sequence of elementary
steps,>® as shown previously for many catalytic reactions,””'® especially for hydrogen and
deuterium atoms.

Isotopic labels can be used to “trace” the fate of atoms and the molecules that contain them
through reaction networks, thus probing the reversibility of steps that form or cleave any chemical
bonds that include the isotope;!'*2° these methods are broadly used in surface catalysis.®”-2!-24 H,-
D isotopic exchange, in particular, is often used to assess the reversibility of H» dissociation and
recombination steps on surfaces as such molecules react in catalytic hydrogenation-
dehydrogenation events:

Hy +2* —* 2H* (D
D, +2% &—* 2D* )
HD +2* &—> H*+D* (3)

The equilibration of H»-D> mixtures results in binomial distributions of H2, HD, and D> molecules,
as a result of the stochastic scrambling of all isotopic species.!® 2> These experiments and
interpretations, however, implicitly assume that isotopic scrambling events occur only via the
dissociative adsorption and recombinative desorption reactions represented in Equations 1-3.
Isotopic exchange between H, and D> and para-ortho hydrogen interconversion reactions were
previously examined on Pt wires under high-vacuum conditions; these studies concluded that a
single-site exchange between H> and bound D* adatoms (and D> and H* adatoms) may occur,
without requiring the surface-mediated dissociation of the H-H bond in H», even below 200 K.
Similar pathways have been proposed on other metals (Ni, Cu, Ag, Au).?*? These studies,
however, did not provide unequivocal kinetic evidence for such mechanisms at pressures and
temperatures relevant for catalytic turnovers; as a result, such conclusions are seldom cited in later
studies that exploited such methods to assess the reversibility of H> dissociation events during
catalysis. These previous studies of H»>-D» exchange did not place the proposed exchange routes
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firmly within the context of the thermodynamics of Hz and D> chemisorption on surfaces, which
have been the subject of several independent later studies (e.g., Pt>3%).

This study addresses the kinetics of H>-D; isotopic exchange on Pt-based catalysts and the
magnitude of Hz/D> thermodynamic isotope effects at conditions of catalytic relevance. Hz and D»
chemisorption isotherms obtained at 523-673 K (10*-10' kPa H, or Dy; 0.1-0.8 monolayer
coverages) are nearly identical at each temperature, reflecting TIE values near unity. The data
reflect a very weak temperature dependence, consistent with dissociative chemisorption enthalpies
for H> and D> on Pt surfaces that differ only by 4.2 + 1.2 kJ mol"!, and can be used to calculate
equilibrium coverages of H* and D* (for a given mixture of H» and D) at other temperatures and
conditions.

H»-D»> exchange rates on Pt catalysts at 383 K increase monotonically with H, and D>
pressure (5-80 kPa H», 5-80 kPa D). Exchange rates are also nearly identical when H> and D»
pressures are switched, in contrast with the difference expected with the TIE at 383 K (0.6 + 0.2).
These kinetic data are inconsistent with the involvement of dissociation/recombination events (Eq.
1-3) in isotopic exchange. An alternate exchange mechanism, in which H; reacts with D* (and D>
reacts with H*),232 is, however, consistent with all experimental and theoretical evidence. These
reactions are shown to exhibit KIE values near unity (1.1 + 0.33) (H2-D* vs. D>-H*). They provide
an alternate reaction pathway that leads to H*/D* compositions that are determined by the kinetics
of exchange reactions rather than the thermodynamics of H, and D> dissociation; such pathways
are consistent with the absence of a maximum in rate at equimolar compositions. The data reported
here indicate that these “associative” exchange reactions remain the dominant pathway at
temperatures below 700 K (5-40 kPa, total H, + D> pressure). The kinetic behavior of H>-D»
exchange cannot distinguish various structurally distinct H>-D* and D,-H* reaction mechanisms.
Density function theory calculations on Pt(111) surfaces and 201-atom Pt nanoparticles show that
these exchange events likely involve the dissociation of Hz or D2 on Pt surfaces at vacancies that
form from entropy-driven fluctuations in coverages within mobile H*/D* adlayers, without
requiring the desorption of H* and D*. H»-D; isotopic exchange is therefore mediated by reaction
pathways that circumvent desorption/recombination. Consequently, exchange rates cannot be used
to unequivocally demonstrate reversibility of H, adsorption at conditions of catalytic
hydrogenation/dehydrogenation reactions.

3.2 Methods
3.2.1 Catalyst Synthesis Methods

Pt nanoparticles dispersed on SiO; (0.2% wt., Pt/SiO>-A) were prepared using strong
electrostatic adsorption methods*®® that exploit interactions between SiO» surfaces that are
negatively-charged at the prevalent solution pH (11.4) and aqueous cationic Pt precursors
(Pt(NH3)4](NO3)2; 99.99% metals basis; Alfa Aesar) to form well-dispersed strongly-bound
precursors.

SiO; (Davisil, grade 62, Sigma-Aldrich) was treated in flowing air (0.83 cm?® g'! s°!; zero
grade, Praxair) while ramping from ambient temperature to 1073 K (0.083 K s!), holding for 5 h,
and cooling to ambient temperature. [Pt(NH3)4](NO3)2 (0.0060 g) and SiO> (1.5 g) were then added
to 25 ¢cm? of a 0.4 M NH4OH solution, prepared by diluting a 25% solution of NH4OH (Sigma-
Aldrich) with deionized (DI) water (>18.0 MQ-cm resistivity) and stirring for 2 h. The solids were
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filtered and rinsed three times with DI water (100 cm?® g!) and treated overnight in ambient
stagnant air at 368 K. Samples were then treated in flowing air (1.67 cm?® g! s'!; zero grade,
Praxair) while heating from ambient temperature to 873 K (at 0.083 K s!) and holding for 3 h
before again cooling to ambient temperature. This was followed by treatment in flowing H> (1.67
cm® gl 5715 99.999% UHP; Praxair) while ramping to 1073 K (at 0.083 K s!) and holding for 2 h.
After cooling, the sample was exposed to flowing 2% mol O (balance He) (1.67 cm? g! s7;
certified grade, Praxair) for 0.5 h at ambient temperature. This Ox treatment is intended to passivate
the surfaces of Pt nanoparticles to avoid exothermic oxidation upon contact with ambient air. A
second sample of Pt/SiOz (0.2% wt., Pt/Si02-B) was prepared using similar steps, but treated in
flowing air and H; at 623 K instead of 873 K.

Pt nanoparticles dispersed on y-Al,O3 (1% wt., Pt/y-Al,O3-A) were prepared by incipient
wetness impregnation. y-Al>03 (Sasol, CATALOX SBa 200) was treated in flowing air (0.83 cm?
gt sl; zero grade, Praxair) while ramping to 1073 K (0.083 K s™!) and holding for 5 h. An aqueous
solution of H2PtCls (8% wt. in H>O; Sigma-Aldrich) was added dropwise to y-Al>O3 (0.26 cm?® g
'v-Al,03). The sample was treated in ambient air at 368 K overnight and then in flowing air (1.67
cm? gl s°1; zero grade; Praxair) by heating from ambient temperature to 873 K (at 0.083 K s™!') and
holding for 3 h before cooling to ambient temperature. This procedure was followed by treatment
in flowing H (1.67 cm? g! s7'; 99.999% UHP; Praxair) while heating to 1073 K (at 0.083 K s!)
and holding for 2 h. After cooling, the sample was treated in 2% v/v Oz (balance He; certified
grade; Praxair) for 0.5 h at ambient temperature to passivate the Pt nanoparticles.

Pt/S102 (5% wt., Pt/Si02-C) and Pt/y-ALOs (1.6% wt., Pt/y-Al,O3-B) samples were also
prepared and used in H> and D» uptake experiments to measure thermodynamic isotope effects.
Pt/y-AlO3-B was prepared as reported previously.?® Pt/SiO»-C was prepared by incipient wetness
impregnation of SiO, (Cabosil, HS-5, 310 m? g!) with an aqueous solution of Pt(NH3)4(NO3),
(Alfa Aesar, CAS 20634-12-2). The sample was treated in flowing dry air (99.99%, 0.8 cm?® g'! s
I, Praxair) at 673 K (0.033 K s!) for 3 h and then treated in flowing 9 % v/v H» (balance He,
Praxair, 1.67 cm® g'! s°!) by heating from ambient temperature to 773 K at 0.033 K s°!, holding for
3 h. It was then passivated by exposure to flowing 0.5 % O»/He (Praxair, certified grad, 0.05 cm?
gl s71) at ambient temperature for 1 h before contact with ambient air.

Pt black (Strem Chemicals, 22.7 m? g'! nominal surface area) was used as received and
treated before H»-D> kinetic experiments, as described below.

3.2.2 Measurement of H, and D, Chemisorption Isotherms

Pt dispersion values, defined as the ratio of the number of exposed Pt sites to the total
number of Pt atoms, for Pt/SiO»-A, Pt/SiO2-B, and Pt/y-Al,O3-A samples were measured from H»
chemisorption uptakes. Samples (ca. 1 g) were treated in flowing H» (99.999% UHP; Praxair; 0.33
cm? g s71) while at 673 K (0.083 K s™!) for 1 h and then evacuated (<107 Pa) at this temperature
for 1 h. The sample was then cooled in vacuum to 373 K. H» chemisorption uptakes were measured
at 1-40 kPa H> and 373 K. Saturation uptakes were determined by linear extrapolation of the
uptakes to zero H» pressure. Nanoparticle diameters were calculated using the following
relations:*!

d = fshapeNM Um
- sat
2Ny, ap

(4)
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Osqr = H/Pts =14+ a(d™!) + p(d™2) (5)

Here, d is the diameter of the particle, fgpqpe is a shape factor (6 for a hemispherical particle), Ny
is the total number of metal atoms, Ny, is the number of H> molecules dissociated onto the surface,
v, and a,, are the volume and surface area of a Pt atom (from the bulk density of Pt, 21.45 g
cm)*, and a (0.0364) and B (0.735) are empirical parameters specific for Pt.*! Pts denotes atoms
on the metal surface. This system of equations (Eq. 4-5) can be solved iteratively to obtain the
particle diameter (d) and saturation coverage (fg,;) in a manner that corrects for
suprastoichiometric coverages on small metal nanoparticles that arise from the binding of multiple
H-atoms on corner and edge sites.*!

H:> and D> chemisorption uptakes (523-673 K at 0.1-30 kPa H> or D) were also measured
on Pt/Si0>-C and Pt/y-Al203-B samples to determine thermodynamic isotope effects for
dihydrogen dissociative adsorption. Samples (ca. 1 g) were treated at 723 K in flowing H> (1.33
cm? g'! s71; UHP grade, Praxair; 0.083 K s™! heating rate) for 1 h and then evacuated for 2 h. After
evacuation, samples were brought to the target chemisorption temperature, and H> (or D2) uptakes
were measured by increasing the H> (or D) pressure from 0.1 to 30 kPa (H», Praxair, UHP; D»,
Spectra Gases Inc., UHP). The apparent cell volume was determined at each temperature using He
as a non-adsorbing inert gas.

3.2.3 Measurement of Isotopic Exchange Rates

Isotopic exchange rates were measured on samples (0.0005-0.0500 g, <100 um aggregate
diameter) held on a quartz frit within a U-shaped quartz tube (6.35 mm O.D., 4 mm L.D.). H»
(99.999% UHP; Praxair), D2 (99.8% isotopic purity, Research Grade; Praxair), and N>' (99.998%,
Praxair) streams were treated using purifiers (VICI Metronics) designed to remove residual H>O
and O». Molar flow rates were controlled using electronic mass flow controllers (Parker Porter 200
series). Samples were treated in flowing H> (100 cm® g!' s') while heating from ambient
temperature to 873 K (at 0.083 K s!) for 0.2% wt. Pt/SiO2-A, 1% wt. Pt/y-Al>Os-A, and Pt black
samples and to 623 K for 1% wt. Pt/SiO2-B samples and then holding for 2 h before isotopic
exchange rate measurements.

Outlet streams were speciated using mass spectrometry (Leybold Inficon Transpector, TSP
TH200). H>-D> exchange rates were determined by correcting measured rates (7;,) for approach to
isotopic equilibrium (n) to give forward rates (7¢) using:

h =75 (1-mn) (6)
The approach to equilibrium (7) for H>-D» exchange:
H,+D, - 2HD 7
is defined as:
(HD)? 1

"= )0y Koy @)

'N2 is used as the inert carrier and internal standard in place of He to avoid overlap with D> in mass spectrometry.
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(i) denotes the pressure of species i. Ky is the equilibrium constant for H2-D> exchange; it equals
4 at all temperatures, corresponding to the binomial isotopologue distribution.?> The thin catalyst
beds used in these experiments exhibit hydrodynamics that resemble well-mixed systems; thus,
exit concentrations were used in Equation 8. The absence of diffusional corruptions of measured
exchange rates was confirmed by similar measured exchange rates as the size of the catalyst
aggregates was varied (smaller particles, < 50 pm, were obtained by grinding the catalyst into a
fine powder; Section 3.6.1).

3.2.4 Computational Methods

Periodic planewave density functional theory (DFT) calculations were performed using the
Vienna ab initio simulation package (VASP)61,62 as implemented in the Computational Catalysis
Interface (CCI). Planewaves were constructed using projector augmented waves (PAW)63-65 with
an energy cutoff of 396 eV. The revised Perdew-Burke-Ernzerhof (RPBE) form of the generalized
gradient approximation (GGA) was used to describe exchange and correlation energies.*3-**
Wavefunctions were converged until electronic energies varied by <107 eV. Forces on all atoms
were determined using a fast Fourier transform (FFT) grid with a cutoff equal to twice the
planewave cutoff; the geometries of all structures were optimized until forces on all atoms were
<0.05eV AL

H> molecules in the gas phase were modeled by placing them within a 18 x 18 x 18 A”
vacuum unit cell. Pt(111) surfaces were modeled as 4 x 4 closed-packed periodic lattices with four
layers orthogonal to the surface and 1 nm of vacuum separating slabs; the bottom two layers were
fixed at their bulk positions (fcc crystal with unit cell parameter of 0.39239 nm)*’, and the top two
layers were relaxed. A 3 x 3 x 1 Monkhorst-pack sampling of the first Brillouin zone (k-point
mesh)*® was used during geometric convergence iterations; after convergence, a single-point
calculation with a 6 x 6 x 1 k-point mesh was performed to determine electronic energies.
Vibrational frequencies were calculated for bound species and transition states using a fixed
displacement method (two displacements per mode), in which all metal atoms were fixed and all
H atoms were allowed to vibrate (including spectator H* species). These frequency calculations
were used, along with statistical mechanics formalisms and harmonic oscillator approximation
models, to estimate vibrational zero-point energies, enthalpies, entropies, and Gibbs free energies.
For Ha(g), the translational and rotational enthalpies and free energies were also computed instead
of using experimental values. Symmetric cubooctahedral Pt nanoparticles (201 atoms, 1.4 nm
diameter) with 1.4 nm of vacuum between metal atoms were also examined as model surfaces, as
described in detail in previous reports.”- #4748 The Brillouin zone was sampled only at the I'-point
in the case of nanoparticle model calculations.

3.3 Results and Discussion
3.3.1 Pt Dispersions and Nanoparticle Diameters

Fractional dispersions were measured for three Pt/SiO, samples and two Pt/y-AlO;
sample; these data were used to calculate nanoparticle diameters using Equations 4-5 (Table 1).
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Table 1. Nominal metal contents, dispersions, and calculated particle diameters

Sample Nominal Pt content Pt Dispersion Pt Nanoparticle
(% wt.) Diameter (nm)"
Pt/Si02-A 0.2 0.38 3.2
Pt/Si02-B 0.2 1.0 1.5
Pt/Si02-C 5.0 0.32 3.8
Pt/y-ALOs-A 1.0 0.72 1.9
Pt/y-Al,O3-B” 1.6 0.37 3.3

*Synthesis and characterization reported in a previous study.®
fCalculated by assuming hemispherical particle geometries and using the bulk density of Pt (21.45
g cm*).*? H/Pt, stoichiometries were estimated using Equations 4-5.

3.3.2 Hz and D; Uptakes on Pt/SiO:-C and Pt/y-Al,O3-B and Thermodynamic Isotope Effects

H> and D> chemisorption uptakes (104-10! kPa) were measured on 5.0% wt. Pt/SiO»-C and
1.6% wt. Pt/y-Al203-B samples at 623 K. H> and D; uptake isotherms (Fig. 1) were very similar
for each given sample; the uptakes (of both isotopes) differed between Pt/SiO>-C and Pt/y-Al>Os-
B because of their different metal dispersion (Table 1).3? These uptake data were used to determine
dissociative adsorption equilibrium constants for H, (Ku) and D> (Kp):

0%

ARNATE ©
o

ARNATE (0

0y and 6, are the fractional surface coverages of H* and D* adatoms, defined as the number of H
(or D) atoms adsorbed at a given pressure divided by the number of atoms adsorbed at saturation,
and 6, is fraction of unoccupied sites. The ratio of these adsorption equilibrium constants gives
the thermodynamic isotope effect (TIE = Ku/Kp) for dissociative dihydrogen adsorption. These
equilibrium constants and TIE ratios are shown as a function of fractional surface coverage in
Figure 2. TIE ratios were only slightly influenced by coverage (slopes of 0.13 £ 0.13 and -0.25 £
0.23 on Pt/SiO,-C and Pt/y-Al,Os-B, respectively). These ratios were near unity on Pt/SiO»-C (0.90
1 0.07) and Pt/y-Al,03-B (0.81 £ 0.1) at all H> and D, pressures and fractional coverages and agree
well with DFT-derived values on Pt(111) surfaces (0.68, 0.87, and 0.91 for atop, fcc, and hcp
binding modes; 1 ML, 623 K).#
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Figure 1. H> (®,0) and D> (A ,A) adsorption isotherms on Pt/SiO>-C (closed symbols) and Pt/y-
AlO3-B (open symbols) at 623 K.
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Figure 2. (a) Equilibrium constants for H> (Ku; @,0) and D> (Kp; A,A) dissociative adsorption
at different fractional surface coverages on Pt/SiO>-C (closed symbols) and Pt/y-Al,O3-B (open
symbols). (b) Thermodynamic isotope effects (TIE = Ku/Kp) at different fractional surface

coverages on Pt/SiO,-C (@) and Pt/y-Al,O3-B (0) at 623 K. Dashed line indicates the position of
unity.
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H> and D, adsorption isotherms were also measured at other temperatures (523-673 K;
isotherms and equilibrium constants in Section 3.6.2) on 1.6% wt. Pt/y-Al,O3-B to determine
temperature effects on TIE values. Average TIE values, reflecting the mean over the range of
fractional coverages (0.19-0.57) in view of their weak coverage dependence (Fig. 2), are shown in
Figure 3 (523-673 K). These values are nearly independent of temperature, within experimental
uncertainty, and thus reflect H> and D> adsorption enthalpies and entropies,

TIE = IIE_H = exp ((AHDZ,ads - AHHZ,ads) + (ASDZ,ads - ASHZ,ads)> (11)

A RT R

that are very similar. The small differences in enthalpy (AHp, qas — AHy, q4s, -4.1 £ 1.4 kJ mol™)
and entropy (ASp, gas — ASh, qas» 4.8 £ 2.3 kJ mol"' K'') determined from the data in Figure 3
reflect a slightly more negative enthalpy of adsorption for D> compared to Hz. Equation 11 can be
used to extrapolate TIE values to other temperature and to infer the relative coverages of H* and
D* at the conditions of isotopic exchange (Eq. 9-10).

Temperature (K)
700 650 600 550 500

10’

3
o
#
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o
4

Thermodynamic Isotope Effect (KH/KD)
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o
L

1.6 1.8 2
10° K/T
Figure 3. Mean thermodynamic isotope effect ratios (TIE = Ku/Kp) (averaged across H* or D*

fractional coverages, 0.19-0.57) at different temperatures (523-673 K) on Pt/y-Al,03-B. Dashed
line represents the line of best fit.

—
N

3.3.3 Effects of H2 and D2 Pressures on Exchange Rates and Implications for the Identity and
Kinetic Relevance of Elementary Steps

H»-D> isotopic exchange turnover rates were measured at 383 K over a range of H, and D>
pressures (5-80 kPa) on 0.2% wt. Pt/SiO>-A (3.2 nm, Table 1). HD formation rates were below
detection limits on a Pt-free SiO, sample at these conditions. Figure 4 shows that exchange rates
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increased monotonically with increasing H> or D, pressures (5-80 kPa; % = 0.0625-16). HD
2

formation rates were nearly identical when the H> and D; pressures were switched (as shown by
significant overlap between the open and filled symbols of a given type in Fig. 4).
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Figure 4. Isotopic exchange rates as a function of H> or D; pressure at 5 (o), 10 (m,00), 20 (A),
and 40 (¢,$) kPa D, (closed symbol) or H> (open symbol) at 383 K on 0.2% wt. Pt/SiO»-A.
Overlapping black and white symbols indicate that exchange rates were nearly identical when H»
and D pressures were switched.

These kinetic trends are first examined in the context of the dissociation-recombination
mechanism (Eq. 1-3) that they contradict. HD formation rates mediated by recombination of H*
and D* (Eq. 2) would depend on the H* and D* coverages set by the thermodynamics of H» and
D; dissociative adsorption and would reach maximum values when H* and D* become equal. The
chemisorption data reported here (Section 3.3.2) and in previously studies®® indicate that Pt
surfaces are nearly saturated with H* or D* at all pressures used in these exchange experiments
((H2) + (D2) > 10 kPa). H* and D* coverages can be described by extrapolation of TIE ratios to
383 K from H»/D, chemisorption data on Pt/y-Al,O3-B (523-673 K, Fig. 3; Section 3.3.2), which
gives a value of 0.6 £ 0.2. This TIE value (0.6, 383 K) indicates that H* and D* coverages become
equal at Hz/D» ratios of about 1.3. This ratio was calculated assuming that only the desorption rate
constants exhibit non-unity KIE values (Section 3.6.3.1). In the absence of a TIE, the rate of HD
formation is given by (Section 3.6.3.1):

(H;)(D,)

-1 5 (12)
((Hy) + (D))

Tup,r =
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and HD formation rates reach a maximum at EI;—E) ratios of unity. Measured HD formation rates,
however, increased monotonically with increasing H> and D> pressure (Fig. 4), even for H2/D>
ratios as high as 16. Such trends are not consistent with the dissociation-recombination exchange
routes depicted by Equations 1-3 and the rate equation consistent with such elementary steps (Eq.
12). These exchange rate data are also inconsistent with a two-site mechanism, in which H, and
D> molecules adsorb and react in a concerted manner with H*-H*, H*-D*, or D*-D* pairs; this

mechanism would give a rate equation (Section 3.6.3.2, assuming TIE value of unity):
Tups = [64 k_3(H;) (D) ((H) + (D))
{(H2)® + (D2)°® + 11(Hz)*(D2)* + 11(D2)? (Hp)* — v (H2)* + (D)* + 4(Hz)*(D2)*)}]
+ [(B3(H2)? + (D2)* —¥)*(B(D2)? + (D2)* — ¥)?] (13)

y = (Hp)* + 14(H;)?(D,)? + (D)* (14)

Equations 13-14 similarly predict a maximum in HD formation rate at Elgzi ratios near unity, thus
2

ruling out such exchange routes by contradicting the trends in Figure 4. Parity plots of measured
and predicted HD formation rates confirm the inadequacy of these mechanisms in describing

exchange rates (Fig. SI-4 in Section 3.6.4).

k
Hy+2% % 2H*

o [1.1]

* * *
HD +2 4_1(-2 H*+D [12]

Dy+2% —Kip ops

G [1.3]

H,+D* —K4p D+ H*
[1.4]
D, +H* —K» HD+ D* [1.5]

Scheme 1. Dissociative (1.1-1.3) and associative (1.4-1.5) elementary steps for H»-D> isotopic
exchange.

Another plausible mechanism, as suggested in previous studies,?*>? is the single-site

associative routes in which Hz and D> molecules react with single D* and H* adatoms to exchange
their isotopes. These reactions are shown in Scheme 1 (steps 1.4-1.5), along with the dissociative-
recombinative reactions (steps 1.1-1.3). HD formation rates mediated by the elementary steps in
Scheme 1 are given by:
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Tups = k_20y0p + ks(Hy)0p + ks(D,)0y (15)

Equation 15 contains separate terms for H>-D* and D»-H* reactions, reflecting the possible
presence of a kinetic isotope effect (KIE,, = %).
5

The value of KIE,, is inferred here from HD formation rates that were nearly identical
when the magnitude of the H> and D> pressures were switched (Fig. 4, indicated by overlapping
open and filled symbols of a given type). We define a parameter y; ; as an inlet stream with H>
pressure i, and D> pressure j (in kPa). Figure 5 shows that the ratios of rates defined as:

__Tup (Vi, j)

Tup ()’j,i)
were near unity (1.01 £ 0.05) for all pairs of H> and D> pressures, contradicting H* and D*
coverages calculated from the TIE at 383 K (0.6 £ 0.2). Such deviations from the expected H*/D*
coverages suggest that H,-D* and D,-H* reactions (steps 1.4-1.5, Scheme 1), which provide an
alternate pathway for exchanging hydrogen and deuterium atoms, occur much faster than
dissociation and recombination events (steps 1.1-1.3, Scheme 1). These x;; values were also
calculated (Section 3.6.5) for various KIE,, values (0.5-2), which led to significant deviations of

Xi,j values from unity (0.6-1.7; Fig. 5). The experimental values (Fig. 5) thus reflect KIE,, (%)
5

ij (16)

values near unity (1.1 £ 0.33). H* and D* coverages in this limiting case (assuming a KIE,, value
of 1) are described by (derivation in Section 3.6.3.3):

g - ) an
"= W) + (0y)

W)
% = Ty + 0y (18)

H*/D* ratios, as described by Equation 17-18, are equal to the H»/D; ratios in the contacting gas
phase.
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Figure 5. Rate ratios (x; ; = ®) for reactant mixtures y; ; (Hz pressure #, and D> pressure

Equations 17 and 18 can be substituted into Equation 15 to give:
(H,)(D,) 42 (H,)(D,)
2 471N 1L (P )

((Hy) + (D))" (Hz) + (D7)
4

for — ratios of unity. This equation includes terms for dissociation-recombination reactions

(19)

rHD,f = k_

5

(k_y LDZ)Z; steps 1.1-1.3, Scheme 1) and associative H>-D* and D,-H* reactions
((H2)+(D2))

( *H2)(Ds) , steps 1.4-1.5, Scheme 1). Equation 19 can also be expressed in a linear form that

4 s
(H2)+(D2)
allows the rate constants k_, and k, (normalized per surface site) to be regressed linearly from

isotopic exchange rates:

2
THD,f((Hz) + (Dz))
(H2)(D,)
Figure 6 shows these rates at 383 K according to the functional form of Equation 20. The value of
k_, (2.1 £20 s7!) is given by the y-intercept of the data in Figure 6, while the value of k, (9.1 +
0.2 kPa™!' s7!) is reflected in the slope (uncertainties are defined as 95% confidence intervals). The
near-zero value and large uncertainty of k_, show that recombinative hydrogen desorption

= k_y + 2k, ((H) + (D)) (20)
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reactions (steps 1.1-1.3 in Scheme 1) are much slower than H,-D* and D,-H* reactions (steps 1.4-
1.5 in Scheme 1), as also indicated by yx; ; values near unity (1.01 + 0.05, Fig. 5); consequently,
such routes contribute negligibly to measured exchange rates these reaction conditions (383 K, 5-
80 kPa H» or D). Sensitivity analyses of k_, further indicate that rates of recombination are too
small to be measured. A parity plot of the HD formation rates modeled by Equation 20 and Scheme
1 is available in Section 3.6.4.
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Figure 6. H>-D> exchange rate data at 5 (e), 10 (m,0), 20 (A ), and 40 (¢,<) kPa H> (open symbol)
or D> (closed symbol) at 383 K on 0.2% wt. Pt/SiO»-A, linearized in accordance with Equation 20.
Dashed line represents linear regression of the data.

These data and analyses show that H»-D> exchange occurs on surfaces saturated with a
mixture of H* and D* adatoms at relative coverages dictated by the reactions of H, with D* and
D, with H* (steps 1.4-1.5, Scheme 1) with KIE values near unity; these steps occur much faster
than Ho/D; dissociation or H*-H*, H*-D*  D*-D* recombination reactions (steps 1.1-1.3 in
Scheme 1) and lead to H*/D* ratios that equal the Ha/D> ratios in the contacting gas phase.
Consequently, the specific value of the TIE for H, and D: dissociative adsorption does not
influence H»-D> isotopic exchange rates.

3.3.4 Effects of Temperature and H*/D* Coverage on Isotopic Exchange Rates

H»-D»> exchange rates were measured over a broad temperature range (303-1000 K) on
Pt/Si0,-A at several H, and D pressures (2-20 kPa). HD formation rates for recombination
reactions (step 1.2, Scheme 1) only depend on the relative ratio of H> and D> and do not increase
with increasing pressure for a given ratio (Eq. 19), in contrast with H>-D* and D>-H* reactions.
Decreasing the combined pressure of H> and D, therefore decreases the contribution of H>-D* and
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D,-H* reactions (steps 1.4-1.5, Scheme 1), making dissociation-recombination reactions (steps
1.1-1.3, Scheme 1) easier to measure, as shown by rearranging Equation 19:

rHD,f((HZ) + (Dz)) _ k_,
(H,)(Dy) ~ (Hp) + (Dy)

The value of k_, and its temperature dependence can therefore only be measured at sufficiently
low H; and D> pressures.

+ 2k, (21)

rup,r((H2)+(D2))
(H2)(D2)
(2-20 kPa) as a function of temperature in an Arrhenius-type plot. These data deviate from the
linear trends only above 700 K (Fig. 7b); these deviations become more pronounced at low
combined H> and D; pressures, as expected from greater relative contributions from dissociation-
recombination routes (Eq. 21). The k_, values can be obtained from the functional form of Eq. 21
by subtracting the contributions from the single-site associative routes (Hz> + D* and D> + H*, steps
1.4-1.5, Scheme 1) as given by their k, rate constants at each temperature (Eq. 21) from the rates
measured at high temperature and low H; and D> pressures (750-1000 K, 2 kPa H», 2 kPa D»; Fig.
7b, indicated by dashed line). These contributions from the associative routes (2k,; Eq. 21) were
T ((H2)+(D2) values (left-hand
(H2)(D2)
side: Eq. 21) converged for different (H,) + (D,) pressures (303-600 K) (Fig. 7a); this
convergence indicates that these data primarily reflect contributions from the associative routes
(steps 1.4-1.5, Scheme 1), which do not exhibit a dependence on the combined H» and D, pressure
(Eq. 21). The temperature dependence of the resulting k_, values gave an activation energy (78 *
11 kJ mol™!) that is significantly higher than for the low-temperature route and its k, rate parameter
(H2)(D2)
values at temperatures below 700 K (Fig. 7a) indicate that H>-D> isotopic exchange reactions at
hydrogen pressures of practical relevance (>5 kPa H») occur almost exclusively via associative
single-site routes (steps 1.4-1.5; Scheme 1) that do not require the endothermic desorption of H*
or D* from saturated H*/D* adlayers for each isotopic exchange turnover. Consequently, the
reversibility of dissociation-recombination steps during hydrogenation-dehydrogenation catalysis
cannot be determined unequivocally from H»>-D; isotopic scrambling during catalysis.

Figure 7 shows ratios (left-hand side; Eq. 21) at several H> and D, pressures

calculated by extrapolating the data from temperatures at which

(32.1 £ 0.2 kJ mol!). The temperature dependences and the convergence of the
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Figure 7. Arrhenius plot of H2-D> exchange rates on 0.2% wt. Pt/SiO»-A at 2 kPa H> and 2 kPa
D (e), 5 kPa H; and 5 kPa D, (0), and 20 kPa H; and 20 kPa D> (A) between (a) 303 and 1000
K and (b) 625 and 1000 K. Dashed line in (b) represents data used to extract values of k..

3.3.5 Effect of Catalyst Support and Particle Size on Isotopic Exchange Rates

H»-D»> isotopic exchange rates were measured on 0.2% wt. Pt/Si0»-A, 0.2% wt. Pt/SiO»-B,
and 1% wt. Pt/y-Al,O3-A at temperatures between 303 and 433 K to examine the effects of the
supports and of the size of Pt nanoparticles (1.5-3.2 nm). Rates were also measured on Pt black
samples, which sintered significantly during pretreatments at 873 K (Section 3.2.3); reported rates
on Pt black were therefore calculated by assuming turnover rates on Pt black are identical to those
on Pt/SiO»-A at 383 K (171 + 2 s7'; 20 kPa Ha, 20 kPa D»). Figure 8 shows W
(left-hand side; Eq. 21) as a function of temperature in an Arrhenius form (20 kPa H», 20 kPa D»).
These temperatures (300-430 K) were significantly lower than those where dissociation-
recombination reactions (steps 1.1-1.3, Scheme 1) become significant (Fig. 7) and therefore reflect
the temperature dependence of k, (Eq. 21). The activation energies derived from the rates (Table
2) are similar, consistent with the absence of significant effects of nanoparticle size (1.5-374 nm)
on exchange rates (Table 2). These data indicate that the associative single-site events (H>-D* and
D»-H*; steps 1.4-1.5, Scheme 1), responsible for exchange at these temperatures (303-433 K) and
pressures (20 kPa H», 20 kPa D), are essentially insensitive to nanoparticle diameter or the identity
of the support material (SiO2, Al,O3).

ratios
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Figure 8. Arrhenius plot of H>-D> exchange rates and activation energies on (@) 0.2% wt. Pt/Si0O»-
A, (m) 0.2% wt. Pt/SiO>-B, (A) 1% wt. Pt/y-AL,Os-A, and (%) Pt black at 20 kPa H, and 20 kPa
D». Dashed lines represent linear regression of the data.

Table 2. Dispersion, mean nanoparticle diameter, H2-D> exchange rate and activation energies on
Pt/Si02-A, Pt/Si0,-B, and Pt/y-ALOs-A.

Catalyst Pt Dispersion Nanoparticle H»-D2 H»-D» Exchange
Diameter (nm)"  Exchange Rate  Activation Energy
(sHf (kJ mol!)*
Pt/Si02-A 0.38 32 171+£2 32.1+£0.2
Pt/Si02-B 1.0 1.5 183 +4 30.1+£0.2
Pt/y-AlLOs-A 0.72 1.9 205+ 11 29.3+0.1
Pt black ~0.0038 374 1718 272403

*Calculated by assuming hemispherical particle geometries and using the bulk density of Pt (21.45 g cm™?).** H/Pt,
stoichiometries were estimated using Equation 4-5.

"Measured at 383 K, 20 kPa H>, 20 kPa D>

iCalculated for temperatures between 303 and 433 K (20 kPa Hz, 20 kPa D»)

SRates and dispersion of Pt black calculated by equating its activity with Pt/SiO2-A at 383 K.

The kinetic dependence of H»-D» isotopic exchange on H> and D, pressures was also
measured on 1% wt. Pt/y-Al2O3-A and Pt black. HD formation rates on Pt/y-Al>O3-A and Pt black
increased monotonically with H» and D, pressures at all pressures (Fig. 9) and, as in the case of
Pt/Si0,-A (Fig. 4), were essentially the same when H, and D; pressures were interchanged (Fig.
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9). Isotopic exchange rates were accurately described by Equations 19-20, as in the case of
Pt/SiO2-A (Section 3.3.2; Fig. 10). The values of k_, and k, on Pt/SiO>-B and Pt black are
summarized in Table 3. The k_, values were essentially zero on Pt/y-Al>03-A (-5 + 40 s'!) and Pt
black (-9 + 49 s!), as for Pt/SiO, (-2.1 + 20 s!), indicative of negligible contributions from
dissociation-recombination routes (Scheme 1, step 1.1-1.3). The value of k4 on Pt/y-Al,03-A (10.3
+ 0.6 kPa'! s''; H> or D, reactions with D* and H* adatoms; Scheme 1, steps 1.4-1.5) is similar to
that measured on Pt/SiO2-A (9.1 + 0.2 kPa'! s), within experimental uncertainty, reflecting the
absence of significant effects of nanoparticle size (1.9 vs. 3.2 nm for Pt/y-Al,O3-A and Pt/Si0;-A,
respectively; Table 2) on exchange turnover rates. (Absolute exchange rates and the value of k,
on Pt black cannot be compared directly because rates on Pt black were normalized by rates on
Pt/Si0,-A at 383 K). These identical kinetic trends and activation energies even on Pt black (Fig.
4 and 9) indicate that these exchange events are not mediated (or affected) by hydrogen-spillover
phenomena that could involve migration of H-atoms dissociated on Pt nanoparticles to exchange
sites on supports.>® The similar kinetic trends on Pt/SiO»-A, Pt/y-Al;03-A, and Pt black samples
(Fig. 4 and 9) reflect a similar single-site associative mechanism, involving the reaction of H> with
D* or D> with H*, that is unaffected by the identity or presence of the support or by the size of the
Pt nanoparticles (Table 3).

Table 3. Rate constants for H>-D> exchange on Pt/Si0;-A, Pt/y-Al,O3-A, and Pt black

Catalyst k_, (s k, (kPalsh)
Pt/SiO2-A -2.1+20 9.1£0.2
Pt/y-ALOs-A -5+40 10.3£0.6
Pt black -9 +49" 9.2+0.8"

*Rates on Pt black calculated by normalizing against Pt/SiO»-A rates
at 383 K. The absolute magnitudes of k_, and k, on Pt black cannot
be compared directly to those on other catalysts.
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Figure 10. H>-D> exchange rates linearized in the form of Equation 20 on (a) 1% wt. Pt/y-Al,Os-
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3.3.6 Theoretical Treatments of H>-D, Exchange Elementary Steps on Saturated Pt Surfaces

Measured kinetic trends can guide the search for specific pathways and contradict specific
mechanistic possibilities, as the previous sections demonstrate; such data, however, cannot
precisely and unequivocally infer the nature of the interactions and geometries involved in H>-D*
and D»>-H* reactions on surfaces at near saturation H* and D* coverages. More specifically, the
“non-competitive” nature of the Hz “binding” at the transition state for H» reactions with D* may
reflect reactions of (i) unbound gas phase H»; (i) weakly-held physisorbed H> molecules on top of
a D* adlayer; or (iii) interactions of H> molecules with “spaces” made available within D* adlayers
without requiring the desorption of D*. All of these events would be consistent with steps 1.4-1.5
(Scheme 1) and lead to the same rate equation (Equation 19, second term).

Theoretical methods (DFT) are used here to describe the formation of H*-adlayers on Pt
surfaces, the interactions between H»-derived species and these dense adlayers, and the plausible
mechanism and transition states involved in the reactions of these species with H*/D*. The H*
atoms formed by dissociation of H» can bind to atop, bridge, and two distinct (fcc and hep) three-
fold sites on Pt(111) surfaces. Atop and three-fold sites bind H* with similar adsorption enthalpies
(-36 kJ mol!' and -42 kJ mol'! at 1 H*/Pt; H> + 2* — 2 H*). Such small differences between these
two binding sites lie within the inaccuracies of DFT; consequently, Ho-H* exchange reactions were
investigated on surfaces saturated in H* atoms in both configurations. Such exchange reactions
can be studied using H» reactions with H* because individual species can be traced throughout the
calculation. Ho-H* exchange reactions were also examined on a 201-atom Pt nanoparticle (Ptao1,
1.8 nm) because previous studies have shown that the structural model (flat extended surface vs.
curved nanoparticle particle) can strongly impact activation barriers for ethane hydrogenolysis on
H*-covered metal particles.*® Ptoo1 nanoparticles bind H*-adatoms at atop or fce sites within their
(111) terraces and at a mixture of bridge and atop sites along edges, corners, and (100) terraces;
such particles can achieve H*/Pt; ratios above unity (Section 3.6.7 and previous studies*! 31-34),
H»>-H* exchange reactions are therefore examined for a range of coverages (1-1.8 H*/Pt;) on Ptao1
surfaces.

DFT-derived enthalpy and free energy barriers for Ho-H* exchange are used to discern
between various associative reactions that may correspond with the observed reaction route.
Measured kinetic effects of H> and D, pressures on exchange rates (Section 3.3.3) below 700 K
are consistent with single-site associative routes involving Hz reactions with D* (or D> reactions
with H*; steps 1.4-1.5, Scheme 1), but not with dissociation-recombination events (steps 1.1-1.3,
Scheme 1), as the steps causing isotopic mixing. These single-site associative routes (steps 1.4-
1.5, Scheme 1) involve an activation barrier of 29-32 kJ mol! (Table 2) for the rate constant k, on
Pt nanoparticles saturated with H* and D*. The elementary steps in Scheme 1 implicates the
involvement of a H> that does not compete with the surface site (*) that binds H* and the direct
reaction of such species with H* (or D*).

One plausible route involves a metallocycle transition state (Fig. 11a). This route involves
the formation of a transition state (TS) with an enthalpy of formation (from Hz(g) and a H* on a
H*-covered Pt(111) surface) of 210 kJ mol™! when H* is bound in atop configurations. This
activation barrier is nearly 10-fold larger than measured values (29-32 kJ mol!; Table 2) and
reflects the unstable nature of the H atoms in the metallocycle TS that do not interact with the
surface. An alternate dual-site metallocycle-mediated exchange mechanism involving H-H
dissociation across a H*-H* pair (atop binding to form a H*-H-H-H* TS (Fig. 11b) gave a barrier
of 147 kJ mol ™. This barrier is smaller than for the H-H-H* metallocycle (210 kJ mol!, Fig. 11a)
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but still about five-fold larger than measured values (29-32 kJ mol'!, Table 2); this dual-site
metallocycle route also predicts kinetic trends contradicted by measured exchange rates (Section
3.6.3.2). For H* at fcc sites on Pt(111), the barrier for the dual-site metallocycle route (140 kJ
mol ') was only slightly smaller. These high activation barriers for metallocycle-mediated routes
indicate that the H> species that react with H* or D* must be perturbed through interactions with
the surface for the exchange of its H-atoms with H*, but in a manner that does not require the
desorption of H* or D* from the saturated surface to allow such interactions.

Such interactions may occur via the momentary displacement of a H* in the mobile
adlayer®® to a nearby location by Hy, so as to allow “space” for H, interactions with Pt surface
atoms and potentially its dissociation. These routes involve sequential steps (Scheme 2) that
displace H* to vicinal alternative regions that momentarily acquire higher local coverages. H (or
D) atoms bound at atop and alternative (fcc or bridge) sites are denoted as H* and H” (or D* and
D’), respectively. The proposed reaction (Scheme 2) proceeds with an enthalpy barrier (referenced
to a H*(atop)-covered Pt surface; 1 H*/Pts) of 84 kJ mol™! when H* moves to a vicinal bridge site
(Fig. 11c and 12, denoted by A). Lower barriers were obtained when H* moves to a vicinal fcc
site (70 kJ mol ™!, Fig. 11d and 12, denoted by #) or a farther fcc site (60 kJ mol™!, Fig. 11e and
12, denoted by e). These activation barriers include the enthalpy required to move H* from an
atop site to an fcc site (step 2.1 Scheme 2) (16 kJ mol™") and the enthalpy required to dissociate H,
at the spaces created by this displacement (43-67 kJ mol™!; Fig. 12), which depends on the
proximity between the H» dissociation transition state and the displaced H* atom. Displacing H*
to a noninteracting distance (29 kJ mol™!) followed by H dissociation (36 kJ mol™!) gives an
overall barrier of 65 k] mol™! (Fig. 12, denoted by m). Total activation barriers for Ho-H* exchange
on H*-adlayers in the fcc binding mode varied from 101-116 kJ mol™!. These barriers (> 60 kJ
mol ') are still approximately 30 kJ mol™! larger than those measured on Pt/SiO»-A, Pt/SiO»-B,
and Pt/y-Al,03-A (29-32 kJ mol ™!, Table 2).
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Figure 11. DFT-derived transition state structures for five H» activation mechanisms on Pt(111)
surfaces at 1 ML H* coverages. DFT-derived enthalpy (AH) and free energy (AG) barriers are
shown (383 K, 1 bar). Highlighted (red) atoms reflect those from gas-phase H».
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H,+D* — Hy+*+D’ [2.1]

H+*+D° — H*+H +D’ [2.2]
H*+H +D° —> HD+*+H [2.3]
HD+*+H __, HD+H* [2.4]

Scheme 2. Proposed intermediate steps for Ho-D* reactions on Pt surfaces. DFT methods use
H»-H* reactions.
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Figure 12. DFT-calculated enthalpies (383 K) for H»-H* exchange through displacement
mechanisms (Scheme 2) on Pt(111) surfaces at 1 H*(atop)/Pt;. Reactions were examined via the
displacement of H* to a vicinal bridge site (A, Fig. 11c), vicinal fcc sites (®, Fig. 11d), a “far”
fce site (o, Fig. 11e), and to a noninteracting distance (m). Dissociation barriers are shown in
parentheses.

Overall Ho-H* exchange barriers were also examined on the close-packed (111) terraces
of Ptao1 particles. Measured H>-D»> exchange rates were insensitive to the size of Pt nanoparticles
(Table 2), which leads, in turn, to differences in the average coordination of exposed Pt atoms;
these observations indicate that exchange reactions do not occur preferentially at corner and edge
Pt atoms that become more prevalent on smaller nanoparticles. H>-H* on (111) terraces on Ptao1
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(at 1 H*(atop)/Pts coverages) involves an overall enthalpic barrier of 39 kJ mol™!, which is 21 kJ
mol ™! smaller than for the same H* coverage on Pt(111) surface. This barrier includes the energy
required to displace H* from an atop to a fcc site (20 kJ mol™!), which is similar to the displacement
energy of 16 kJ mol™! on the Pt(111) surface (see above; Fig. 12). The enthalpic barrier for H,
dissociation (at spaces created by H* displacement), however, was much lower on the Ptyo; particle
(19 kJ mol ') than on the Pt(111) surface (43 kJ mol™!; e, Fig. 12). Differential adsorption energies
that become positive at H*/Pt; ratios greater than 1.3 suggest that the Pt2o1 particle saturates at this
value instead of at 1.0 H*/Pt;s (Section 3.6.7). This ratio was achieved by varying the number of
H* bound to corner and edge atoms (1.0-1.8 H*/Pt;) instead of on the (111) terrace on which the
reaction is occurring. Overall enthalpy barriers in the suprastoichiometric regime (> 1.0 H*/Pts)
varied from 39-41 kJ mol™!, as coverages increased from 1-1.6 H*/Pt;, and jumped to 64 kJ mol™!
at 1.8 H*/Pts (Fig. 13); dissociation barriers similarly increased gradually from 1-1.6 H*/Pts (19—
28 kJ mol™") before jumping to 52 kJ mol ™! at 1.8 ML H* (Fig. 13). These trends demonstrate that
the H* adlayers on the Ptyo1 particle are more able to accommodate the H> dissociation transition
state than on Pt(111) surfaces.
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Figure 13. DFT-calculated activation energies for H> dissociation on Pt(111) surfaces (®,0) and
on Pt particles (m,00) for H*-adlayers (atop) at varying coverages. Filled symbols represent total
enthalpic barriers (including the energy required to displace a H* from an atop site to a fcc site).
Hollow symbols represent only enthalpic barriers for H> dissociations (at spaces created by H*
displacements). H>-H* exchange barriers become similar for 1.0 H*/Pt; on Pt(111) and 1.8 H*/Pt;
on Pty1. A dashed gray line is drawn at 30 kJ mol™!, corresponding to the measured activation
enthalpy, and arrows at 1 and 1.3 ML indicate values at the saturation of the Pt(111) surface model
and the Ptyo; model.

The H; dissociation enthalpy barriers on Ptz particles (19-28 kJ mol™!, 1-1.6 H*/Pt;) were
similar to experimentally measured values (29-32 kJ mol™!, Table 2). The total enthalpic barriers
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were, however, still 11-29 kJ mol™! higher and range from 39-70 kJ mol™! (1-1.6 H*/Pt;). This is
similar to the conclusions from the Pt(111) surface models, in which the most facile paths had
barriers that were approximately 30 kJ mol™! too high (Fig. 12) compared to measured values.
These barriers assume that the resting state of the H*-adlayer is ordered, such that all H*-adatoms
on Pt(111) surfaces and (111) terraces of the Pt2o1 particle occupy atop binding modes. There is an
enthalpic penalty (11-29 kJ mol ™) to shift H* from atop to fcc sites and disordering the H* adlayer.
The selection of the resting state of the adlayer, however, is dictated by the free energy of the
system and thus depends also on entropic effects that may naturally lead to disorder within the
adlayer and create space for H: dissociation to occur. The configurational entropy from H*
displacement from atop to fcc sites was therefore estimated for several model surfaces consisting
of varying numbers of atoms (10-500 atoms, Section 3.6.8). These calculations reveal that the
movement of one H-adatom from the atop site to the fcc site in a 122-atom system (corresponding
with a 1 H*/Pts adlayer on Pta1) results in an entropy gain of 48 J mol™! K™! and thus lowers the
free energy of the “single-defect” system by 18 kJ mol! at 383 K. As the particles grow or the H*
coverage increases, the increase in configurational entropy upon defect formation also increases
from 10 kJ mol! in a system of 10 H* to 23 kJ mol™! in a system of 500 H* atoms (at 383 K). This
500-atom adlayer corresponds to a 3 nm 1289-atom Pt particle at 1.04 ML H*. The enthalpic
penalty to displace a H* adatom is 21 kJ mol™! on Ptyo; (122 H*, 1 H*/Pts), but a 48 J mol"! K-!
increase in the entropy means that the free energy of the disordered system is just 3 kJ mol™! higher
than the ordered system. This small difference is well within the margin of error of DFT methods
and these entropy estimates. Additional disorder in the surface arrangement of H adatoms is also
entropically favorable, but the entropy gain for each additional defect results in less configurational
entropy gain than the last. Similarly, the changes in enthalpy for H* shifting from atop to fcc sites
will also depend on the total number of H* in each binding mode. The nonlinear nature of these
entropic and enthalpic effects as more H* move from atop to fcc sites makes the exact prediction
of the number of defect sites difficult without extensive DFT and molecular dynamic simulations.
These assessments, along with the similarity of intrinsic energy barriers (19-28 kJ mol!) to
experimental values (29-32 kJ mol™!, Table 2), suggest that H>-D, exchange reactions occur on
disordered H*/D*-adlayers that allow for the dissociative adsorption of H» (or D») at “vacancies”
that arise from entropically favorable fluctuations within these adlayers.

3.4 Conclusions

H»-D»> exchange reactions are frequently employed in mechanistic studies to probe the
reversibility of H» dissociative adsorption reactions without considerations for the
thermodynamics of Hz vs. D> adsorption or the kinetics and mechanism by which isotopic
exchange events occur. In this study, uptakes of H> and D, were measured on several Pt-based
catalysts to determine TIEs at temperatures (523-673 K) relevant for catalytic
hydrogenation/dehydrogenation reactions. These TIEs were near unity and depended only weakly
on the temperature of adsorption, corresponding with a 4 kJ mol™! difference in the dissociative
adsorption enthalpy for H> and D». Such temperature dependences were used to calculate H* and
D* equilibrium coverages at the temperatures of H>-D2> exchange kinetic studies. These coverages
and the kinetic dependences of exchange on Hz and D> pressures at 373 K were shown to be
inconsistent with recombination/desorption reactions. Hz-D> exchange reactions instead occur
predominantly via single-site reactions between Hz and D* or D> and H* at temperatures below
700 K. Isotopic exchange rates were also nearly identical when H; and D; pressures were swapped,
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reflecting the absence of a KIE and an adlayer whose composition is determined by H>-D* or D»-
H* exchange reactions rather than the thermodynamics (and TIE) of H> and D> dissociative
adsorption. Theoretical calculations showed that these exchange reactions are likely mediated by
the dissociation of H, or D> onto the Pt surface at vacancies that arise from entropically-favorable
fluctuations in the H*/D* mobile adlayer. The results from this study thus demonstrate that H>-D»
isotopic exchange are mediated by reaction pathways that bypass dissociation-recombination
reactions and therefore cannot be used to conclusively demonstrate the reversibility of H:
adsorption-desorption reactions on catalytic surfaces. They demonstrate the importance of having
an accurate mechanistic understanding of exchange reactions.
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3.6 Supporting Information
3.6.1 Effect of Catalyst Pellet Size on Reaction Rates

H>-D; isotopic exchange kinetics were obtained on 0.2% Pt/SiOz-A catalyst powders
sieved to retain particles smaller than 100 um and on powders ground to a fine powder (<50 um).
These rates were compared to confirm the absence of mass transport limitations on these catalytic
samples. Figure SI-1 shows exchange rates (2 kPa H», 2 kPa D,) as a function of temperature in
an Arrhenius plot for these samples and the ratio of these rates (Ysmaii/Tiarges Tsmau=rates on
ground fine powders <50 pm, 74,4.=Tates on the sieved particles <100 um) for temperatures
between 600 and 1000 K, which represents the conditions most likely to be mass-transport limited

in this study. Rates were nearly identical for both samples, indicating the absence of mass-transport
artifacts in this study.
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Figure SI-1. (a) Arrhenius plot of H2-D; isotopic exchange rates (2 kPa Ha, 2 kPa D) on 0.2%
Pt/SiO>-A powders <100 um (e) and <50 um (m) (2 kPa H,, 2 kPa D,; 0.167 K s! heating rate).
(b) Ratio of exchange rates obtained on fine, ground powders (<50 pum) to those on sieved powders
(<100 pm).
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3.6.2 H; and D; Chemisorption Isotherms on Pt/y-Al,O3-B at 523-673 K

H> and D; adsorption isotherms were obtained for a range of temperatures (523-673 K) on
1.6% wt. Pt/y-Al,03-B (Fig. SI-2). These isotherms were used to extract the equilibrium constants
for H (Ku) and D> (Kp) adsorption (Fig. SI-3) as a function of temperature (at various fractional
coverages of the Pt surface). The ratios of Ku/Kp (TIE) were only weakly dependent on fractional
surface coverages and were thus averaged across these coverages at a given temperature (Fig. SI-

3), as shown in Figure 3 (main text).

H/Pt

Figure SI-2. (a) H» and (b) D dissociative adsorption isotherms on Pt/y-Al,O3-B at (e) 523, (m)
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Figure SI-3. Equilibrium constants vs. temperature for the adsorption of (a) H> (Kn) and (b) D2
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3.6.3 Derivation of Rate Equations for H-D2 Exchange Mechanisms

3.6.3.1 Derivation of Expressions for H* and D* Surface Coverages and the Rate Equation
for HD Formation from the Reaction Between H* and D* Adatoms

k
Hy+2% % 2H*

k| [SI-1.1]
Dy + 2% ﬁ’ 2D*
<k_.3 [SI-1.3]

Scheme SI-1. Elementary steps for H, and D> dissociation and recombination

Scheme SI-1 shows the conventional representation of H»-D> dissociation, recombination,
and exchange. The rate of HD formation (rp f) is given by:

Tup,r = k-2010p S1-1)

Here, 8y and 6, are the fractional coverages of the metal surface by H* and D* adatoms,
respectively. These fractional coverages can be found by first applying the pseudo-steady-state
approximation (PSSA) to H*:

2ry 1 =214+ 7 4, (S1—2)
Zkl(Hz)HSZ = k_lefl + k_29H9D (SI - 3)
and D*:
213 =71_1,+2r_;3 (S1—4)
Zkl(Dz)Hsz = k—ZHHHD + k_395 (SI - 5)

Here, r;; and r_, ; are the forward and reverse rates of reaction i in Scheme SI-1. We note that

r_,1 and r_, 3 are divided by 2 to avoid double-counting H*-H* and D*-D* reactions. H> and D>

adsorption was shown to exhibit a mild TIE (denoted here as TIEp> = Ki/K3) in Section 3.3.2. For

the dissociative adsorption of HD, the effect of the TIE was assumed to be halved, such that:

TIEp, + 1
2

The equilibrium constants for H,, HD, and D> adsorption are related to the rate constants for steps
1.1-1.3 in Scheme SI-1 by:

TIEyp = (S1—-6)

K, = (SI—7)
CT

The TIE is therefore be reflected in the rate constants as a KIE, such that:
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ky k; — ks
Kl Ek_zTIEHDKZ ETIEHDk_z TIED2K3 =T1ED2k_
-1 -2 -3

(S1—-8)

Next, we assumed that the rate constant for adsorption is equal for H», HD, and D> (k; = k, = k).

The relation between desorption rate constants is therefore given by:
k_, k_q
k_1 = =
TIE,, TIEp,

(S1-9)

These equations (Eq. SI-2 — SI-9), along with the assumption that the surface is covered,

0y +6,=1
can be solved to give the following expressions for H* and D* coverage:
o, = (D;) — (H,) + (D)TIEp, + 3(H,)TIEp, — B
! 2((Hy) + (D)) (TIEp, — 1)
9. = _3(D2) - (Hz) + (Dz)TIEDz - (HZ)TIEDZ + ﬁ
’ 2((Hy) + (D,))(TIEp, — 1)

B = \/S(Dz)((Hz) + (D)) (TIEp, = 1) + (3(Dy) + (Hp) — (D)TIEp, + (Hy)TIEp,)?

In the absence of a TIE, Equations SI-2 — SI-5 and SI-10 can be solved to give:
_ (H)
Oy = "<
(H) + (D2)
e
(Hz) + (D7)
and the equation for the formation rate of HD (Eq. SI-1) can be written as:
(H,)(D,)
-1 2
((H) + (D)

fp

Tip,f =

(SI — 10)
(SI —11)
(SI —12)
(SI —13)

(SI — 14)

(SI — 15)

(SI —16)

3.6.3.2 Derivation of Rate Equation for HD Formation from the Reaction Between H: and

D> with H*-H*, H*-D*, and D*-D* Pairs

The reaction between H, and D> with H*-H*, H*-D*, and D*-D* site pairs is considered

here, as represented by the diagram and elementary steps in Scheme SI-2.
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Pt

k
2 Hy + 2% ‘T_B» H, + 2H*

3 [SI-2.1]
H, + HD + 2% ﬁ’ H, + H* + D*
2 o [SI-2.2]
H, + HD + 2% _kay HD + 2H*
<k_.3 [SI-2.3]
HD+HD +2* 2% H,+ 2D
K3 2 [SI-2.4]
HD + HD + 2% 2% HD 4+ H* + D*
G [SI-2.5]
HD + HD + 2* ﬁ’ D, + 2H*
‘k_.3 [SI-2.6]
ks
¥ —3p * *
HD + Dy +2% = Dy + H* + D [S1-2.7]
ks
¥ —23p *
HD + D, +2% = HD + 2D (S1-2.8]
2D, + 2% ks, D, + 2D*
‘k__3 [SI-2.9]

Scheme SI-2. Elementary steps for H>-D> isotopic exchange via the adsorption-assisted
desorption of H*-H* and D*-D* site pairs.

The forward rate for HD formation (ryp f) from the elementary steps in Scheme SI-2 is
given by:

Tip,f = 2k_3(Hy)05 + k_3(H;)646p + k_3(D2)0,6p + 2k_3(D;)05 (S1—17)
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Here, 8y and 6, are the fractional coverage of the metal surface by H and D adatoms, respectively.
Applying the pseudo-steady-state approximations (PSSA) on H* and D* and assuming that the
reaction is far from equilibrium (the pressure of HD is small) gives the following expression for
H*:

2191 =27 1+ 7 5 + 21 56+ 755 (81 —18)

2k3(H,)?68 = 2k—3(H2)9f21 + k_3(H;)040)p + 2k—3(D2)91?1 + k_3(D2)046p (S1-19)
and D*:

2199 =T 90+ 2 54+ 1 57+ 21 59 (S1 —20)

2k3(D;)?0¢ = k_3(Hy)040p + 2k_3(H)05 + k_5(D;)6y6p + 2k_3(D;)65 (S1—-21)

r,; and r_, ; are the forward and reverse rates of reaction i in Scheme SI-2. By assuming that the
surface is covered by H* and D*, such that

expressions for 8y and 8, can be obtained:

Oy = — 4(H,)” (SI — 23)
(D)2 +3(Hy)2—vy

O, = — 4(D,)” (SI — 24)
(Hp)? +3(D,)2 -y

y = (H)* + 14(H,)?(Dy)? + (D,)* (SI — 25)

Equation SI-17 can therefore be written as:
Tup,r = [64 k—3(H2)(D2)((H2) + (Dz))
{(H2)® + (D2)° + 11(Hz)*(D2)* + 11(D2)? (Hp)* — v (H2)* + (D)* + 4(Hz2)*(D2)*)}]

= [BH)?* + (D2)? —¥)*(B(D2)? + (H)?* —v)?] (SI — 26)

This equation, as in the case of HD formation solely from the recombinative desorption of H* and
D* (Section 3.6.3.1) gives a maximum in the rate at equimolar H» and D, feeds and thus contradicts
the presented kinetic data.
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3.6.3.3 Derivation of Rate Equation for HD Formation from H*-D*, H,-D*, and D,-H*
Reactions

k
Hy+2% > 2H*

o [SI-3.1]
D, + 2% ﬁ’ 2D*
I [SI-3.3]
H,+ D* —K4p WD+ H*
[SI-3.4]
D, +H* —K» HD+ D* [SI-3.5]

Scheme SI-3. Elementary steps for H>-D> isotopic exchange via the reaction between H> and D»
with D* and H* adatoms.?

The rate for HD formation (1yp ¢) from the elementary steps in Scheme SI-3 is given by:
Thp,f = K_20u0p + ks(H3)0p + ks(D,)0y (S1—127)

Here, 8y and 6}, are the fractional coverage of the metal surface by H and D adatoms, respectively.
We apply the pseudo-steady-state approximation (PSSA) to H*

2r30 134 =131+ 7 32+ 135 (SI —28)
2k, (H;)02 + k4 (H) 60, = k—19f21 +k_2046p + ks(D;)0y (S1—-29)
and D*
2133+ 135 =135+ 7T 33+ T3, (SI1 —30)
2k, (D;)67 + ks(D;)0y = k_,646, + k—39[2> + k4 (Hz)0p (S1—-31)

These equations assume that the reaction is far from equilibrium, such that (HD) is small. HD
formation rates were nearly identical when H» and D> pressures were interchanged, indicating that
the rate constants k, and ks are equal. Exchange rates also increased monotonically with H> and
D, pressures, even far above Ho/D; ratios that represent equal coverages of H* and D*, indicating
that the rates of dissociation and recombination (131, 7_31, 132, T—32, I3.3, I'_3.3) are much slower
than the reaction between H, and D* (or D, and H*) (134, 135). These interpretations allow
Equations SI-29 and SI-31 to be simplified to:

ka(H3)0p = ky(Dy)0y (SI —32)

2 This scheme is the same as Scheme 1 in the main text.
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The surface is fully saturated during all H2-D> exchange experiments, such that:

The fractional coverage of H* and D* adatoms, 8 and 6, is thus given by:
(Hz)
0y =—7—" (SI —34)
"7 (Hy) + (Dy)
(D2)
Oy =——"—— (SI — 35)
P (H) + (DY)
The equation for the formation rate of HD (Eq. SI-27) can therefore be written as:
H,)(D H,)(D
s = (H,)(Dy) (Hy)(D,) (ST — 36)

() + (DY) T T 0
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3.6.4 Parity Plots of H>-D2 Exchange Models

Figure SI-4 shows parity plots of H>-D, exchange rates on Pt/SiO>-A for each of the H»-
D> exchange models considered, including the recombination of H* and D* (Scheme SI-1), the
reaction between H> and D, with H*-H*, H*-D*, and D*-D* pairs (Scheme SI-2), and the H>-D*
and D,-H* reactions (Scheme SI-3).
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Figure SI-4. Parity plots of HD formation rates (a) H* and D* recombination reactions (Scheme
SI-1) (b) H2 and D; reactions with H*-H*, H*-D*, and D*-D* pairs (Scheme SI-2), and (c) Ha-
D* and D,-H* reactions (Scheme SI-3).

80



3.6.5 Simulations of Kinetic Isotope Effects for H-D2 Exchange

H>-D; isotopic exchange rates were simulated for various KIE values (for H>-D* and D»-
H* reactions) to determine their effects on HD formation rates. Here, we define y; ; as the gas-
phase composition with H, pressure i and D: pressure j, and y; ; as the ratio of rates:

Tup (Vi j)
Xij = ———2 (SI —37)
" (Yj,i)
Figure SI-5 shows this rate ratio ( Xi j) as a function of the simulated KIE (KIE,, ), defined as:
ky
KIE,, = — (SI — 38)
ks

for several compositions. k, and ks are the rate constants for reactions 1.4 and 1.5 in Scheme 1.
Figure SI-5 shows that ; ; depends only on the ratio of Hz and D> pressures (%) and not on the
2
individual pressures. The simulated data also demonstrate that any difference in the values of these
rate constants would lead to clearly observable differences in the HD exchange rate when pressures
are interchanged. The absence of such differences in the present work (Fig. 4-5) therefore reflects

KIE,, values near unity.

3
25 Ya0,5 / V80,10
V60,10
2 L
Y4010 / V80,20
V30,10
= 1.5 Y2010/ Ya0,20 ]
V40,30
V50,40
1 L
0.5
0 1
0 1 2 3 4 5
KIE
ex
Figure SI-5. Simulated rate ratios (){i, = :HD—S:”;) as a function of a simulated kinetic isotope
ap(Vji

effect (K IE,, = ’;—‘5‘) for compositions of H, and D> (yi, j) where i is the H» pressure and j is the

D pressure.
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3.6.6 Sensitivity Analysis of k> and ky

The sensitivity of the proposed mechanistic model for H2-D» exchange (Scheme 1) towards
the values of k_, and k, was investigated by calculating the sum of squared residuals (SSR) while
k, was varied over factor of 1.5 from its regressed value (9.1 £ 0.2 kPa™! s7!) and k_, was varied
between 0.01 and 100. This range was chosen for k_, to represent positive values that are physical
in nature. The SSR values are plotted in a contour plot in Figure SI-5. The SSR increases from its
minimum value of 0.047 to 1.124 (at a constant value of k,, 9.1 kPa™! s7!) as k_, increases,
indicating that the exchange reaction is dominated by the reaction of Hz with D* (or D> with H*).
The SSR increases to a maximum value of 3.251 as k, is increased by a factor of 1.5 (at a constant
value of k_,, 0.01 kPa™!' s7!). These results show the SSR is insensitive to the value of k_, until
much larger values (>10 kPa™! s7!) and reflect the difficulty in measuring H*+D* recombination
rates, as shown also by the large uncertainty in the regressed value (-2.1 +20 s).

13
12

11

10

——— N

102 10 10° 10’ 10?
k-2
Figure SI-6. Contour plot of sum of squared residuals as k, is varied over factor of 1.5 from its
regressed value (9.1 + 0.2 kPa™! s7!, represented by red line) and k_, is varied between 0.01 and
100.

82



3.6.7 Effect of Coverage on Adsorption Enthalpies

Adsorption enthalpies were calculated for a range of H*/Pt; ratios on Pt(111) surfaces and
Pt201 particles, as shown in Figure SI-7. These differential binding enthalpies from these data
indicate that Pt(111) saturates at a H*/Pt; ratio of 1, while Ptyo; particles saturate at a H*/Pt; ratio
of 1.3.
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Figure SI-7. H> adsorption enthalpies (relative to Ha(g), 383 K; Hy + 2* — 2 H*) for H* on (a)
Pt(111) surfaces and (b) Pt2o1 particles. Filled symbols represent adsorption enthalpies averaged
across all H*-adatoms referenced to a bare Pt surface while hollow symbols denote differential
adsorption enthalpies, representing the average adsorption enthalpy of H* added between states.
H* adatoms can present in either (®,0) atop or (m,0) fcc positions on Pt(111). H* adatoms are also
present in predominantly (e,0) atop or (m,0) fcc binding modes on Pt2o1, but H* occupies a mixture
of sites in both cases.
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3.6.8 Configurational Entropies on Model Surfaces of Varying Size

Configurational entropies for H adsorption on alternative binding sites were estimated on
model Pt surfaces varying from 10-500 atoms using Stirling’s approximation:

AS = kyN (=6, In(6,) — (1 — 6,) In(1 — 8,5)) (SI — 39)

where kj is the Boltzmann constant, N is the number of atoms, and 8, is the fraction of H adatoms
in the alternative binding mode (e.g. fcc site). The number of initial and alternative binding sites
were both assumed to be equal to the number of Pt atoms. Figure SI-8 shows the entropy as a
function of 8,+. These calculations show that the configurational entropy increases, as expected,
as the size of the system (the number of Pt atoms) increases. The increase in configurational
entropy is greatest when moving the first H adatom to the alternative binding mode. These
entropies, specifically that for the first H adatom, can, in part, compensate for the enthalpic penalty
(11-29 kJ mol™") of moving a H-adatom from the energetically preferred atop site to the alternative
binding mode at the fcc site at the conditions of this study.
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Figure SI-8. Configurational entropy as a function of the fraction of H adatoms in the alternative
binding mode 8, for various model systems consisting of N Pt and H atoms.
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Chapter 4

H>-D; and H>O-D: Isotopic Exchange on Pt Crystallites: Dynamics, Thermodynamics and
Elementary Steps

Abstract

H»-D» exchange reactions (20 kPa H, 20 kPa D», 473 K) were used in the present study to
probe the effects of HoO adsorption on Pt surfaces. HD formation rates from H>-D, exchange
decreased irreversibly by a factor of 2 on Pt black and Pt/y-Al>O; following exposure to H2O (20
kPa, 20 ks) and its subsequent removal. H>-D> exchange rates recovered to their initial rates
following treatments in H>-D, mixtures (10 kPa H», 10 kPa D) at high temperatures (823 K), but
not in equivalent thermal treatments in N». These results indicate that Pt surfaces become partially
titrated by OH* or O* species that form from the dissociation of H>0, leading to a decrease in the
amount of dissociatively adsorbed hydrogen. H>O-D- isotopic exchange rates (473 K) were
measured on samples of Pt black over a range of broad range of H,O and D, pressures (2.5-40 kPa
H>0, 5-80 kPa D»). These exchange rates increased monotonically with H>O and D pressures,
consistent with the reaction between D> and molecularly adsorbed H,O*. This reaction pathway
remains the dominant pathway for temperatures below 900 K; activation energy barriers above
900 K are consistent with the dissociation and recombination of H>O. The kinetic model for H>O-
D, exchange was combined with that previously derived for H»-D> exchange to obtain expressions
that also accurately described exchange rates in HO-H>-D, mixtures at 473 K. The effect of the
formation of an extended liquid phase was investigated using H»-D> exchange reactions (20 kPa
Ha, 20 kPa D», 323 K) by condensing H>O (0-12.3 kPa) within the mesopores of Pt/y-Al,O3. H-
D, exchange rates decreased with increasing H>O pressure, consistent with the competitive
adsorption of H>O, but did not exhibit abrupt changes that would indicate the presence of H.O
solvation effects or mass transport effects. The results from this study provide alternative
explanations for discrepancies in the literature and demonstrate the importance of having accurate
understandings of the underlying mechanisms in the interpretation of isotopic exchange data.
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4.1 Introduction

Surface catalysis requires adsorption of reactants, their chemical conversion, and the
desorption of products.! Understanding the identity and kinetic relevance of bound species and the
reversibility of elementary steps is essential for mechanistic interpretations of turnover rates. H
dissociation and the reactions of H adatoms are relevant in hydrogenation or hydrogenolysis®* of
alkanes,>” alkenes,®!? arenes,!'"!3 and CO.'*!7 H, chemisorption on metal catalysts has been
extensively studied both with pure H»!'3->° and with coadsorbed alkanes,> 2¢ CO,?’-?® and water.!*
29-30 The effect of water on H, adsorption is of specific relevance in electrochemical systems.?%-3
Moreover, adsorption and reactions in the presence of a condensed H>O phase, as in the case of
fuel cells,? 3639 require accurate assessments of mass transport and vapor-liquid equilibria.*°

H> adsorption on catalytic surfaces has exploited techniques such as chemisorption
uptakes,'® ¥ calorimetry,?*2> 4! infrared spectroscopy,'® 3> 37 electrochemical methods,3-3! 33 36
low-energy electron diffraction studies,???* density functional theory (DFT),*> and isotopic
exchange experiments.?> 44 D,0O-H: isotopic exchange was recently used to infer that liquid
water significantly destabilizes H-adatoms at nanoparticle Pt surfaces (303-343 K), leading to
much lower H* coverages.?” Such inferences were based on kinetic isotope effects and on a
proposed mechanism for reactions between H2O(g) and D* that is contradicted by the evidence
presented in the present study. Other studies*->? have proposed different exchange routes such as
H>O* reactions with D*>° or H,O* with D’#’ (H,O* and D’ bound at distinct non-competing sites).
These studies did not place H,O-D; (or D.O-H>) exchange mechanisms within the context of Ha-
D, exchange steps that were recently revisited through theory and experiment (Chapter 3); H»-D>
exchange occurs predominantly via single-site associative H>-D* and D>-H* reactions below 700
K. Consequently, H»-D> exchange rates cannot provide direct evidence for H»/D; dissociation or
H*/D* dynamics or thermodynamics.

The kinetics of H2O-D> exchange reactions are interpreted here in the context of these
findings by examining the effects of H2O (in gaseous or liquid form) on Hz-D> exchange rates and
the pressure dependences of isotopic exchange rates in H>O-D> and H>O-Hz-D; mixtures.
Exchange rates before and after exposure to H>O (and subsequent removal of H,O from the
reactant stream) are used to infer the reversibility of H,O adsorption on Pt at 323-823 K. These
rates show that exposure to 20 kPa H>O at 473 K causes a significant decrease in H>-D» exchange
turnover rates, which cannot be reversed at exchange temperatures below 700 K. Exchange rates
are shown to return to initial rates after H> treatments at 823 K but not upon treatment in N> at
similar conditions. Such effects are evident on unsupported Pt and Pt nanoparticles dispersed on
Si0; or y-Al>Os. These effects reflect the formation of H>O-derived species (OH* or O*) at low
temperatures (473 K) and their removal by H at significantly higher temperatures. These H>O-
derived species saturate Pt surfaces below monolayer coverages, leading to residual H>-D»
exchange rates even on surfaces exposed to H>O. Such behavior may reflect significant differences
in the thermodynamics of H>O dissociation on different Pt facets, as previously reported by DFT
studies (-16 kJ mol on Pt(100)°! vs. 64 kJ mol! on Pt(111)°!-?), thus preserving some reactive
facets that remain unaffected by the dissociation of H>O.

H>0O-D> isotopic exchange rates at 473 K are shown to increase monotonically with both
H>0 (2.5-40 kPa) and D> pressures (5-80 kPa). The persistence of OH*/O* species during H»-D>
reactions below 700 K indicates that OH*+D* (or O*+2D*) recombination steps cannot be
responsible for H,O-D> (or D>O-Hz) exchange events that occur readily at 323-700 K. The
previously proposed reactions between H,O* with D*° and H,O* with D’#7 are also shown to be
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inconsistent with the thermodynamic data reported in prior H> and D> chemisorption studies
(Chapter 3). The dependence of H,O-D> isotopic exchange rates on H>O and D> pressures are
instead consistent with reactions of D> molecules with bound molecular H>O. Surface-bound H>O
species are present at significant coverages even at 473 K, as indicated by the ratio of equilibrium
constants for D (dissociative) and H,O (molecular) adsorption regressed from the kinetic data.
These temperatures are significantly higher than those in previous temperature programmed
desorption (TPD) studies that showed the complete removal of bound molecular water at
approximately 197 K.>3-3* Such H,O coverages may therefore reflect extensive hydrogen-bonding
interactions between H>O and the OH*/O*-adlayer. Apparent activation energy barriers for H,O-
D; exchange are consistent for temperatures between 323 and 900 K; the apparent barrier increases
significantly for temperatures higher than 900 K. These high temperature barriers (87 + 8 kJ mol
1) are similar to H,O dissociation barriers reported by DFT (61 kJ mol™! on Pt(111), 75 kJ mol! on
Pt(100)),°!-52 indicating that H>O dissociation-recombination reactions likely become the
predominant exchange pathway at sufficiently high temperatures (> 900 K).

The formation of intrapore liquid H>O (0-12.3 kPa H»O; 323 K) through condensation in
Pt/y-Al,0O3 mesopores does not lead to a detectable change in the kinetic effects of H,O on HD
formation rates (10 kPa H», 10 kPa D). These data show that neither diffusional nor solvation
effects by an extended H>O phase influence exchange rates or the state of the Pt surfaces and that
rates reflect the prevalent pressure (and chemical potential) of H>O in the contacting gas-phase.
The formation of extended H2O phases therefore does not influence the thermodynamics of H> and
D; adsorption; the presence of H>O does, however, lead to an apparent decrease in the amount of
H: or D, adsorbed through the formation of OH*/O* titrating adlayers.

4.2. Methods
4.2.1 Catalyst Synthesis Methods

Pt/y-Al>,03 (1% wt. Pt nominal) and Pt/Si0; (0.2% wt. Pt nominal) catalysts were prepared
by incipient wetness impregnation and electrostatic adsorption methods, respectively, as reported
previously (Chapter 3). Pt black (Strem Chemicals) was treated prior to kinetic experiments, as
described below.

4.2.2 Measurement of Pt Dispersion on Pt/y-Al,O3; and Pt/SiO:

Pt dispersions, defined as the number of exposed Pt sites divided by the total number of Pt
atoms, were measured using volumetric uptakes of H» for Pt/y-Al,O3 and Pt/SiO». Samples (ca. 1
g) were heated from ambient temperature to 673 K (0.083 K s!) and held for 1 h in flowing H,
(0.33 cm? g! s°1; Praxair, UHP, 99.999% purity), then held under vacuum (<10~ Pa) for 1 h at the
same temperature before cooling to 373 K. H» uptakes were measured at 373 K and 1-40 kPa Ho.
Saturation uptakes were determined by extrapolating the high-pressure linear portion of the
isotherm to zero pressure. Particle diameters were calculated by assuming hemispherical particle
geometries and the bulk density of Pt (21.45 g cm ™). Corner and edge sites on small metal
nanoparticles can bind multiple H-atoms.’® The following relations were thus used to calculate
particle diameters (d):>°
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d = fshapeNM U_m
2Ny, ap

Osqt = H/Pts =14+ a(d™!) + p(d™2) (2)

in a way that corrects for the resulting suprastoichiometric coverages. Here, fspqpe is a shape factor
(6 for a hemispherical particle), Ny is the total number of metal atoms, Ny, is the number of
dissociatively adsorbed H» molecules, v, and a,, are the volume and surface area of a Pt atom,
Pts denotes atoms on the metal surface, and a (0.0364) and £ (0.735) are empirical parameters
specific for Pt.>® The system of equations in Equations 1-2 are solved simultaneously to obtain the
values of d and 6,;.

Osat (1)

4.2.3 Measurement of H>-D2, H>0-D2, and H,O-H>-D: Isotopic Exchange Rates

Isotopic exchange rates, normalized by the number of accessible Pt sites measured from
chemisorption (Section 4.2.2), were measured on sieved (<100 um) samples of unsupported Pt
black (0.0001-0.0005 g), Pt/y-AlOs3 (0.0005-0.0050 g), and Pt/SiO2 powders (0.0050-0.0200 g)
held on a quartz frit within a U-shaped quartz tube (6.35 mm O.D., 4 mm [.D.). H2 (99.999% UHP;
Praxair), D> (99.8% isotopic enrichment, research grade; Praxair), and N> (99.998%, Praxair) were
treated using gas purifiers (VICI Metronics) to remove residual O; and H>O. Gas flow rates were
controlled using mass flow controllers (Parker Porter 200 series). Lines were heated to
temperatures greater than 383 K to avoid condensation. Deionized H>O (>18.0 MQ-cm; degassed
by bubbling N> for >24 h and then placing under vacuum for >24 h) was introduced into the gas
stream at 423 K using a syringe pump (KD Scientific Legato 200). Samples were treated in flowing
H> (100 cm? g! s) while heating from ambient temperature to 873 K at 0.083 K s°!, holding for 2
h, and then cooling to the intended reaction temperature.

Effluent speciation was performed using a residual gas analyzer mass spectrometer
(Leybold Inficon Transpector, TSP TH200). H>-D> exchange rates (17) were calculated by
correcting measured rates (7;,) for approach to equilibrium (n):

Th =175 1-n 3)
The approach to equilibrium for H2-D2 (yp) and H20-D2 (ypo, Mp,0) €xchange reactions:
H, + D, » 2 HD (4)
H,0 + D, » HDO + HD (5)
H,0 + 2D, - D,0 + 2 HD (6)
are defined as:
(HD)? 1

"0 = )0 Ko ?

_ (HDO)*(HD) 1
20 = "GH,0)(0) Kavo ®
_ (D,0)*(HD)* 1
1020 = "(H,0)(D,)? Ko

9
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Here, Kyp, Kypo, and Kp, are equilibrium constants for Equations 4-6, corresponding with the
binomial distribution of all isotopic species that results from stochastic scrambling.>’ (i) denotes
the pressure of species 7 (in kPa). The pressure in the reactor effluent was used in Equations 7-9
because the hydrodynamics in the thin catalyst beds of these studies resemble those of well-mixed
systems.

4.2.4 Textural Properties of y-AlLO;

N2 adsorption isotherms on y-Al>O3; were obtained using volumetric uptakes at its normal
boiling point (Micromeritics 3Flex Adsorption Analyzer). y-Al,O3 samples (ca. 100 mg) were
treated by heating from ambient temperature to 673 K at 0.17 K s! and holding for 3 h under
vacuum prior to uptake measurements.

4.3. Results and Discussion
4.3.1 Pt Dispersion and Nanoparticle Diameters (Pt/y-AlO3 and Pt/SiO3)

The dispersion of Pt in Pt/y-Al,O3 and Pt/SiO2 samples was measured using uptakes of H
at 373 K and found to be 0.72 and 0.38, respectively. These dispersions correspond with average
crystallite diameters of 1.9 and 3.2 nm, calculated using Equations 1-2.

4.3.2 Effects of Contact with H2O on Hz-D; Isotopic Exchange Rates on Pt powder, Pt/y-
AL O3, and Pt/SiO:

HD formation and H>O conversion rates on Pt powder, Pt/y-Al,O3, and Pt/SiO; in H>-D»
and H>-D»>-H>O mixtures were measured before, during, and after exposure to H>O. Pt powders
sintered during pretreatments (Section 4.2.2),%-%% and the small mass of samples used (0.3 mg) did
not allow surface area measurements after treatments and exchange measurements. Our previous
study showed that H»-D> exchange turnover rates were insensitive to nanoparticle diameter or
support (1.5-3.2 nm; Pt/y-AL,Os, and Pt/SiO,) (Chapter 3); turnover rates on Pt black were
calculated by assuming that initial H»-D> exchange rates (10 kPa H», 10 kPa D>, 473 K) on Pt black
and Pt/y-Al,Oj3 are equal.

H»-D» exchange rates (10 kPa Hz, 10 kPa D»; 473 K) under anhydrous conditions were
stable with time. Catalyst samples were exposed to HO evaporated into the H»-D»-N stream at
20 kPa, and exchange rates were measured as a function of time. Figure la shows that HD
formation rates (normalized by those measured at the time of H>O introduction; rHD’f/rF(,’D'f)
decreased with time on all samples and reached nearly constant values after 10 ks. H2O exchange
rates, measured by the sum of HDO and D>O formation rates, also decreased with time in an
“THp0.f

THD,f
with time (Fig. 1b). These data indicate that H>O-D> and H»>-D; isotopic exchange events likely
occur at the same active sites; both reactions were equally affected by an apparent titration of the
catalyst surface during exposure to H>O, reflected in the transients in Figure 1a.

rate ratios that were constant

identical manner during exposure to water, as indicated by

The removal of H>O led to an immediate increase in HD formation rates, indicating that
water reversibly inhibits H»-D»> exchange rates (Fig. 1a, 20 ks); rates quickly reached stable values
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but did not return to those measured before exposure to H>O, even 20 ks after H>O removal. The
Thp, f/r;,’ p,r Values after the removal of H>O were similar for unsupported Pt and Pt/y-Al2Os (Fig.

la; 0.52 £ 0.02 and 0.58 * 0.03, respectively) but were much lower on Pt/SiO; (0.15 + 0.01).
Chemical conversions on catalytic surfaces can exhibit sensitivity towards the structure of particles
and the prevalence of coordinatively unsaturated corner and edge atoms, which increase in
proportion as particle sizes decrease.®! The average Pt particle diameter for Pt/SiO> (3.2 nm),
however, was between those for Pt/y-Al,O3 (1.9 nm) and unsupported Pt (ca. 400 nm; estimated
from a dispersion calculated using H>-D, exchange rates on Pt powders); these differences in
rHD'f/r;,’D, £ values following contact with H2O thus cannot be attributed to particle size effects.
Previous studies have shown that SiO»-supported metal catalysts undergo rapid deactivation under
hydrothermal conditions (573 K), caused by the migration of the silica onto and subsequent
poisoning of metal surfaces.®” Such processes have not been reported metal clusters supported on
7-Al2Os. These migratory processes are therefore likely responsible for the observed differences
between Pt/SiO; and unsupported Pt or Pt/y-Al,Os catalysts (Fig. 1a). Pt powders, which do not
have a support material that can poison the surface, still exhibited an irreversible effect of contact
with H>O; these data thus indicate that the titrant must be derived from H>O molecules.
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Figure 1. (a) HD formation rates, normalized by rates at the time of H>O introduction (:I;D'f ), and
HD,f

_ero,f

(b) the ratio of H,O consumption and HD formation rates ( ) as a function of time on stream

THD,f
in H2-D»-H>0 mixtures (10 kPa Ho, 10 kPa D>, 20 kPa H,O) on (e) Pt black, (L) Pt/y-Al,O3, and
(A) Pt/SiO; at 473 K. H»O is introduced at t = 0 and removed after 20 ks.
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Figure 2. H>-D> isotopic exchange rates as a function of Ha pressure at 10 kPa D> (e®,0) and 40
kPa D (m,0) before (solid symbols) and after (hollow symbols) exposure to H>O (20 kPa, 20 ks).

H>-D; exchange rates on Pt black were measured under anhydrous conditions as a function
of H, pressure (5-80 kPa H»; 10 and 40 kPa D) at 473 K before and after exposure to H,O (20
kPa, 20 ks; Fig. 2). Exchange rates increased monotonically with H» pressure in agreement with
previous studies (Chapter 3), even after exposure to H>O (Fig. 2). These kinetic dependences
reflect H2-D» exchange reactions (Scheme 1) that are mediated primarily by single-site routes
involving H; reactions with D* (or D, with H*) (steps 1.4-1.5, Scheme 1). These kinetic trends are
accurately described by the rate equation (Chapter 3):

(H,)(Dy) + M
() + () (H) + (Do)

where k_, is the rate constant for recombinative desorption of H* and D* (step 1.2, Scheme 1)
and k, is the rate constant for reactions between H, and D* or D> and H* (steps 1.4-1.5, Scheme
1). Table 1 shows the rate constants regressed from the data in Figure 2. The value of k, after
exposure to H,O (39 + 3 kPa! s!) was a factor of 0.58 + 0.06 smaller than before exposure (66 +
4 kPa! s'). The large uncertainties in regressed k_, values (Table 1) reflect negligible
contributions from H*-D* recombination reactions (step 1.2, Scheme 1) to measured exchange
rates at the conditions of these experiments. These data indicate that the mechanism of H-D»
exchange is unaffected by the titration of Pt nanoparticle surfaces by H>O-derived species and
involves the single-site associative mechanism previous demonstrated under anhydrous conditions
(Chapter 3).

(10)

THp,f =
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k
Hy+2% ——* 2H*

k. [1.1]
k £ k
HD +2 4_1(-2 H*+D [1.2]
D, + 2% ﬁ’ 2D*
< K [1.3]

H, + D* —4» HD+H*
[1.4]

D>+ H* —K4 HD +D* [1.5]

Scheme 1. Elementary steps for H2-D; isotopic exchange.

Table 1. Rate constants for H>-D» exchange on Pt black before and after exposure to H>O (20 kPa,
20 ks)

k_p (s k, (kPa! s)
Before 31 +495 664
After -17 + 346 39+£3

*Rates on Pt black were calculated by normalizing against Pt/y-ALO;
rates at 473 K. The magnitudes of k_, and k, on Pt black therefore
cannot be compared directly to those on other catalysts.

4.3.3 Removal of HO-derived Titrants on Pt Surfaces by Thermal Treatments

H»-D» exchange rates were measured on Pt powder samples used in H>-D»-H>O exchange
measurements (10 kPa H», 10 kPa D», 20 kPa H»O, 20 ks, 473 K) under anhydrous conditions (10
kPa Ha, 10 kPa D) while increasing the sample temperature to 823 K (at 0.033 K s™). Figure 3
shows these exchange rates as the temperature was increased to 823 K and then decreased to 473
K at the same rate. The temperature effects on rates during the heating and cooling cycles were
similar below 573 K (Fig. 3), as indicated by apparent activation barriers that are nearly identical
(25.0 £ 0.8 kJ mol™! and 26.0 + 0.2 kJ mol"! during heating and cooling, respectively), even though
rates were two-fold higher (473 K) after the sample was heated to 823 K. H>-D, exchange rates
showed an increase in rate for temperatures between 573 and 700 K (Fig. 3) that appears to reflect
the gradual removal of the H,O-derived species (Fig. 3). Rates were nearly identical for
temperatures greater than 700 K (Fig. 3), and the H>-D> exchange rate (473 K) at the end of the
thermal treatment (Fig. 3) was 645 + 14 s! (Fig. 3) compared to 642 + 29 s! before contact with
H>O, consistent with the complete removal of titrating species and recovery of initial Ha>-D»
exchange rates (Fig. 1a). The activation energy barrier for H>-D, exchange (26.0 £+ 0.2 kJ mol™!)
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and exchange rates were also in agreement with those previously reported for H>-D> exchange
reactions on Pt black (27.2 + 0.3 kJ mol ') (Chapter 3). These data indicate that the titrating species
is completely removed by 700 K.

The same thermal treatment (heat to 823 K, 0.033 K s!; cool to 423 K, 0.033 K s°!) in inert
N2 failed to remove the titrant (Fig. 3, indicated by star); the H>-D> exchange rate at the end of this
treatment (373 + 6 s’') was similar to the rate before treatment (331 + 5 s!) (Fig. 3). This N
thermal treatment temperature (823 K) is higher than the temperature required for atoms on Pt
surfaces to exhibit mobility (Tuuie = 608 K)® and is therefore sufficient to reverse any
restructuring of the catalyst surface caused by exposure to H>O. It is also significantly higher than
those in temperature programmed desorption studies of H>O on Pt surfaces, which showed the
complete removal of bound molecular water at 197 K.>*>* The requirement for a reductive
environment to remove the titrant and recover initial rates implicates OH* or O* as the most likely
titrant; these species form from the dissociation of H>O but can become stranded on the catalyst
surface in the absence of H; or another reductant. The asymptotic behaviors observed during H.O
exposure in Figure 1, may reflect the simultaneous formation H* species upon H>O dissociation.
These dissociation events lead to an equilibrium between H>O (g), Hz (g), H20*, OH* (or O%*),
and H* which limits the complete titration of Pt surfaces by OH* (or O*) species. These data (Fig.
1-3) cannot be used to discern between OH* or O*, but the unfavorable thermodynamics® of water
splitting at 473 K suggest that OH* is more likely to be present.
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Figure 3. Arrhenius plot of HD formation rates (10 kPa H», 10 kPa Dz) on Pt black following
exposure to H>-D»>-H>O mixtures (10 kPa Hz, 10 kPa D», 20 kPa H>O, 20 ks) while the temperature
was increased (@) to 823 K and decreased (0) to 473 K at 0.033 K s™!. ¥« represents HD formation
rates (10 kPa Ha, 10 kPa D») after identical thermal cycles in inert N».
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The apparent irreversibility of H>O dissociation events and subsequently titration at 473 K
(Fig. 1a) suggest that activation energy barriers for recombination (OH*+H*) reactions are much
greater than for H,O dissociation reactions. These reactions have been previously probed by
theoretical methods (density functional theory, DFT).>! Calculations show that the dissociation of
adsorbed H20 on Pt(100) surfaces to form H* and OH* exhibits an energy barrier of 61 kJ mol
15! The reaction is thermodynamically favored with an energy of -16 kJ mol!;>! the recombinative
reaction of H* and OH* to form H>O* must therefore exhibit a higher energy barrier of 77 kJ mol
I, consistent with the increased difficulty in removing the titrant at appreciable rates (Fig. 3). DFT
calculations also suggest, however, that the converse is true on Pt(111) surfaces, where the reaction
energy for H>O dissociation is 64 kJ mol!;>!5? the activation energy barrier on such surfaces was
found to be 75 kJ mol!, leading to barriers of only 11 kJ mol™! for the reverse (OH* + H*) reaction.
Such drastic differences in reaction energies on different Pt surfaces (Pt(100) vs. Pt(111)) lead to
substantially different coverages of titrants on these facets. Pt(100) and Pt(111) surfaces are
expected to be the most prominent faces on large nanoparticles (e.g. Pt black). These differences
may therefore also explain the self-limiting titration behaviors observed in Figure 1a.

4.3.4 Kinetic Dependence of Isotopic Exchange Rates on H,O and D Pressures and Exchange
Pathways During H.O-D: Reactions on Pt

H>0O-D> exchange rates were measured on Pt black for a range of H>O (2.5-40 kPa) and D>
pressures (5-80 kPa) at 473 K. Samples were pretreated in a H>O-H> mixture (40 kPa H>O, 5 kPa
Ha; 20 ks; 473 K) prior to kinetic studies; this mixture corresponds with the highest H>O/H; ratio
during these kinetic studies. This pretreatment was performed to allow for the formation of stable
OH*/O* titrating adlayers (Section 4.3.2) to ensure that rates did not change with time. Figure 4
shows H>0-D> exchange rates as functions of D> and H>O pressure. These rates increased
sublinearly with both H2O and D; pressures (Fig. 4). The kinetic dependences shown here are
inconsistent with the reactions of H-O(g) and D*,?° H,O* and D**°, and H,O* and D’#’ (* and ’
denote noncompeting sites) at the saturation coverages (of D*) expected at 473 K. Equilibrium
constants for D, dissociative adsorption were regressed to the experimental data for each of these
mechanistic models (Sections 4.6.1.1 — 4.6.1.3); the resulting values indicated that these pathways
are best described on surfaces that are essentially bare (parity plots for these models can be found
in Section 4.6.1.1 — 4.6.1.3). Previous H> and D> chemisorption uptake experiments (Chapter 3),
however, indicate that surfaces are fully covered by H*/D* adlayers at this temperature (473 K)
and these D> pressures (>5 kPa). These proposed reaction pathways are therefore inconsistent with
extensive thermodynamic evidence from prior studies.

The dissociation of H>O (to form OH* and H*) and subsequent recombination of OH* and
D* is also inconsistent with the kinetic data. Such reactions are responsible for the formation of
the OH*/O* refractory adlayer (Sections 4.3.2-4.3.3). The transients during exposure to H>O (Fig.
1b, 0-20 ks) reflect dissociation rates, while the constant rates after the removal of H,O (Fig. 1b,
20-40 ks) reflect undetectable recombination rates. These reactions therefore occur on much
slower timescales (ca. 10 ks, Fig. 1) than those primarily responsible for exchange (0.001-0.02 s,
inverse of rates in Fig. 4). Furthermore, regression analysis of this reaction pathway, as for the
other proposed reaction mechanisms (Sections 4.6.1.1 — 4.6.1.3), similarly resulted in the
prediction of a nearly bare surfaces (Section 4.6.1.4).
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Another plausible reaction mechanism for H>O-D> exchange reactions is proposed in
Scheme 2. In this reaction scheme, the dissociative adsorption of D> to form D* is equilibrated
(step 2.1, Scheme 2) and competes with the molecular adsorption of H>O (step 2.2, Scheme 2).
These adsorbed H>O* molecules can desorb (step 2.3, Scheme 2) or exchange with D> molecules
to form HDO* and HD (step 2.5, Scheme 2). HDO* can then similarly desorb (step 2.4, Scheme
2) or exchange again by reaction with additional D to form D,O* (step 2.6, Scheme 2).
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Figure 4. (a) H>O-D> isotopic exchange rates as a function of D, pressure on Pt black at 2.5 (e), 5
(m), 10 (A),20 (®)and 40 (+) kPa H,O at 473 K. (b) H2O-D> isotopic exchange rates as a function
of D, pressure on Pt black at 2 (e), 5 (m), 10 (A), and 20 (), 40 (+), 60 (X), and 80 (*) kPa D>
at 473 K. Reported rates are calculated from total H2O conversion.
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Scheme 2. Elementary steps for HO-D; and H2O-H»-D; isotopic exchange reactions mediated
by D2-H>O* reactions.

A rate equation was derived from Scheme 2 by assuming that kinetic isotopic effects for
the desorption of molecular water (steps 2.2-2.4, Scheme 2) and the reactions between D> and
adsorbed water (H.O*, HDO¥*) (steps 2.5-2.6, Scheme 2) are negligible:

ks(H,0)(D,)
—Tu,0,f = Tupo,f + Tp,0,f = e : (11)

(H0) + K—ﬁj\/ ;) (1 e (Dz)>
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ki and K; are rate and equilibrium constants corresponding to those shown in Scheme 2. The three

parameters in this equation (kg, ‘{(L_S, and :—6) were regressed to the kinetic data at 473 K (Fig. 4);
5 -5

their values are summarized in Table 2. The value of {(1_3 (2.46 +0.17 kPa*3, Table 2) is consistent
5

with the competitive adsorption of H2O molecules at substantial coverages, even at temperatures
far above ambient temperatures, in contrast with the prior H2O TPD studies.’*>* These coverages
lead to the reversible inhibition of H>-D» exchange reactions, as seen when H>O was removed
during earlier experiments (Fig. 1a). The adsorption of H,O may be facilitated by hydrogen-
bonding interactions with the OH*/O* adlayer (Section 4.3.2-4.3.3); such effects have been noted
in previous studies, albeit at significantly lower temperature (< 200 K).% Sensitivity analyses of
these parameters (Section 4.6.3) showed that model errors are strongly dependent on the values of
all three parameters. They also showed that the regressed value of k¢ is correlated with the value
of @;
Ks

these correlations reflect the relationship between the rate of reaction between H,O* and

JK

D; (represented by k) and the concentration of HO* on the catalyst surface (represented by %).
5

Other pairs of parameters exhibited only weak correlations with each other (Section 4.6.3). Parity
plots of the experimental and calculated rates (Eq. 11) are available in Section 4.6.3 (Fig. SI-6).

Table 2. Estimated values and confidence intervals of regressed parameters for H,O-D; isotopic
exchange at 473 K.

Parameter Estimate Lower limit Upper limit
(95% CI) (95% CI)
ke (kPal st 34.7 333 36.2
KE: (IkPa5) 2.46 2.29 2.64
k"_s (kPa!) 6.4 %103 5.4x103 7.5 %103
-5

The proposed mechanism (Scheme 2) indicates that DO can be formed as a primary
product by the secondary deuteration of HDO* (step 2.6, Scheme 2) before it can desorb (step 2.3,
Scheme 2). The ratio of DO to HDO was measured as a function of residence time during H>O-
D; exchange reactions (20 kPa H>O, 20 kPa D, 473 K) on Pt black (Fig. 5). These data were used
to extrapolate the D-O/HDO ratio to zero residence time, giving a value of 0.056 + 0.002 and
reflecting the formation of D>O as a primary product. This value can be compared to that derived
from Scheme 2:

p,0 _ ke (D) (12)
Tupo 2k_s

Equation 12 predicts an initial D2O/HDO ratio of 0.064 £+ 0.007 for these reaction conditions (20
kPa H>O, 20 kPa D, 473 K), which is in close agreement with the experimental value (0.056 +
0.002). These relative rates of HDO and D>O formation (Eq. 12) reflect the steady-state
concentrations of HDO* and D,O* on Pt surfaces, which are in turn set by the relative rates of
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H,O*/HDO* conversion by reaction with D, (steps 2.5-2.6, Scheme 2) and H>O*/HDO*
desorption (steps 2.2-2.3, Scheme 2).

0.16

0.14 ¢

DZO / HDO
o o
o © =
® = N

o

o

)
[

0 5 10
Residence Time x 107 (sg cm'3)
Figure 5. D,O/HDO isotopic ratio as a function of residence time during H>O-D> reactions on Pt

black (20 kPa H>O, 20 kPa D, 473 K). Dashed line is obtained by linear regression of the data.

4.3.5 Modelling HD Formation and H,O Consumption Rates During H,O-Hz-D, Exchange
Reactions on Pt

The partial titration of Pt surfaces by OH*/O* did not lead to changes in kinetic behaviors
(Fig. 2) or activation energy barriers (Fig. 3) for H>-D» exchange reactions (Sections 4.3.2-4.3.3).
H»-D» exchange reactions are therefore proposed to occur via the same reaction pathways (Ho+D*
and D>+H*; steps 2.9-2.10, Scheme 2) in mixtures of H>,O, H», and D as in anhydrous conditions.
Here, HDO* and D>O* can additionally undergo reaction with Hz to form H.O* (step 2.11, Scheme
2) and HDO* (step 2.12, Scheme 2), respectively. The rates of HD formation and H>O conversion
are given by (derivation in Section 4.6.2.2):

VR ) ks ke LA VK ) LA
2k4(D2)<K5 — L () + 2 (1,0) + () [ (1,0 + (Dz)(2+ ) ()

(13)
((HZO) ¥ %\/ () + (Dz)> (z e (GARS (Dz)))

Tup =

2
2ke(H,0) (D) (1 - k"—i(Hz)) + 2% (H,0)(D,)?
- = (14)

Th,0 =
2
((HZO) LN AF: (Dz)> (2435 () + @) + 3 (1) + ©))

Equations 13 and 14 were derived assuming H/D; dissociation and H*/D* recombination
reactions (steps 2.1, 2.7, 2.8; Scheme 2) are slow compared to H>-D* and D,-H* reactions (steps

101



2.9-2.10, Scheme 2), as shown in our previous study (Chapter 3). They also assume that the
thermodynamic isotope effect (TIE) for H, and D> adsorption (T IE = %) is unity. TIE values for
H> and D» dissociative adsorption were previously measured at 523-673 K and gave values that
were near unity (0.7-1.0) (Chapter 3). These TIE values exhibited a weak temperature dependence
and were used to calculate a TIE value at 473 K (0.63 £ 0.2). This value indicates that the
assumption that H> and D> can be lumped together is not rigorously applicable. The assumption,
however, leads to errors in the total combined surface coverage of H* and D* of less than 9%
(calculated from simulations; Section 4.6.4). This error is within the experimental accuracy of the
kinetic data and regression analyses. This assumption also allows for closed-form expressions for
the rate equations (Eq. 13-14).

Equations 13 and 14 contain four parameters, three of which (kg, %, and :—65) were
previously regressed from H»>O-D: kinetic data (473 K, Table 2). The fourth parameter (k,)
represents the rate constant for H>-D> exchange via the reaction of Hz with D* and D, with H*
(steps 2.9-2.10, Scheme 2) and can therefore be obtained from H>-D> exchange rates in the absence
of H,0. The value of k, (39 + 3 kPa'! s’!; Table 1) was previously measured on a sample of Pt
‘{(L_:, and kk—i
(Table 2) to model HD formation and H>O consumption rates in H>O-H>-D; mixtures (473 K) (Eq.
13-14). Figure 6 shows parity plots of these rates with the experimental data (raw data are available
Section 4.6.5). The fit with the experimental data in these plots (Fig. 6) reflects a consistent
mechanism for H»-D> exchange (Scheme 1) under dry and wet conditions; it also reflects the
flexibility and accuracy of the rate equations (Eq. 13-14) and proposed mechanism (Scheme 2)
even after extensive assumptions and extrapolations.

black exposed to H>O (Section 4.3.2). This value was used with the values of kg,
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Figure 6. Parity plots of (a) H2O conversion and (b) HD formation rates in H>-D2-H>O mixtures

at (m) 5, (A) 10, and () 20 kPa H>O on Pt black (473 K). Rates are calculated using parameters
regressed from H>-D> and H,O-D: isotopic exchange experiments.
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4.3.6 Effect of Pore Condensation on HD Formation Rates in HO-H;-D, Mixtures on Pt/y-
ALO3

The presence of liquid water was previously claimed to destabilize the adsorption of H> on
Pt surfaces,?® but without considerations for the formation of titrating species on Pt or accurate
mechanistic frameworks for H2-D2 and H20-D> (or D20-Hz) exchange reactions. Here, we probe
the effects of the formation of condensed H>O within the mesopores of Pt/y-Al2O3;. HD formation
rates were measured in Hz-D2-H>O mixtures (20 kPa Ha, 20 kPa D) on Pt/y-Al>O3 at 323 K as the
H>O pressure was varied between 0 kPa and its saturation pressure (Po, 12.3 kPa).%¢ Samples were
pretreated in a H>O-H> mixture (40 kPa H»O, 2 kPa H,) for 20 ks at 473 K prior to these
measurements. H>-D> exchange rates did not change with time at 323 K during any of these
experiments, indicating that the surface coverage of titrating OH* or O* species (Section 4.3.2)
remained stable with time.

Figure 7 shows HD formation rates and the fraction of filled pore volume as a function of
H>O pressure (expressed as P/Py; Po = 12.3 kPa).®® The H>O isotherm was obtained using pore
sizes derived from the Barrett-Joyner-Halenda equation®” from N, desorption isotherms and
conversion of these data using parameters for H>O, as described in previous studies.®® HD
formation rates decreased smoothly with increasing H>O pressure without any abrupt transitions
in kinetic behavior even as significant amounts of H>O condensed within the pores of the catalyst
(~ 0.7 P/Py, Fig. 7). This decrease in HD formation rates with increasing H>O pressure is consistent
with the competitive adsorption of molecular H>O on Pt surfaces, which was shown to occur even
at higher temperatures (473 K, Section 4.3.4). The formation of extended liquids within catalyst
pores can lead to significant mass transport limitations, thereby decreasing apparent reaction rates.
It can also lead to the stabilization or destabilization of adsorbed intermediates and transition states
through van der Waals interactions,’®%° resulting in significant changes in reaction rates. The
absence of abrupt transitions in H>-D, exchange rates as H>O condensed within the pores of the
support (Fig. 7) reflects the absence of both effects. This system demonstrates how reaction
kinetics in multi-phase systems are controlled not by reactant and product concentrations, which
change significantly between phases, but rather by thermodynamic properties, specifically reaction
affinities and chemical potentials, which are equal in both phases (in the absence of mass transport
restrictions).*® H>O does not influence the thermodynamics of H> and D> on Pt surfaces. It does,
however, adsorb competitively, inhibiting H»-D»> exchange rates; H,O also dissociates on Pt
surfaces, forming a titrating OH*/O* adlayer that decreases the total available surface area for
Ha/D; adsorption and catalytic turnovers.
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Figure 7. (o) HD formation rate and (0) pore fraction filled by H>O (converted from N> desorption
isotherm) vs. P/Py for H>O (Py is the saturation pressure, 12.3 kPa) on Pt/y-Al,O3 at 20 kPa H, and
20 kPa D> (323 K).

4.3.7 Effect of Temperature on H,O-D; Exchange Rates

H>0O-D> isotopic exchange occurs primarily via the reaction between D> and molecularly
adsorbed H>O on Pt surfaces at 473 K (steps 2.5-2.6, Scheme 2; Section 4.3.4). H>O and D can,
however, also exchange via dissociation and recombination reactions, albeit at very slow rates at
this temperature; the former reaction leads to the formation of refractory OH*/O* adlayers, while
the latter only occurs at temperatures above 523 K (Section 4.3.2). These slow rates are associated
with the high activation energy barriers for H>O dissociation reactions (61 kJ mol! on Pt(100) and
75 kJ mol! on Pt(111)).3!°2 These high barriers reflect a significant temperature dependence;
contributions from these reactions are thus expected to become more pronounced at higher
temperatures.
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Figure 8. (a) Arrhenius plot of H,O-D; isotopic exchange rates on Pt black at 5 kPa H>O and 40
kPa D> between 423 and 1073 K. Dashed line represents linear regression of data between 423 and
873 K. (b) Arrhenius plot of H>O-D: isotopic exchange rates on Pt black at 5 kPa H>O and 40 kPa
D> between 833 and 1073 K. Dashed line represents linear regression of data between 900 and
1073 K. Temperature ramped at 0.083 K s°!.

H>O-D; isotopic exchange rates (5 kPa H>O, 40 kPa D) were measured as a function of
temperature on Pt black for temperatures between 423 and 1073 K. These rates are shown as a
function of temperature in Figure 8 in an Arrhenius form. The data in Figure 8 exhibit a nearly
constant slope for temperatures between 423 K and 900 K, indicating a consistent mechanism for
these temperatures; this slope corresponds with an apparent activation energy barrier of 15.6 £ 0.1
kJ. H>O-D» exchange reactions occur via the reaction of D, and H>O* (Scheme 2; Section 4.3.4)
at these temperatures. The exchange rates in Figure 8 reflect the combined temperature

dependences of kg, ‘{{K_3, and <&

5 -5
Equation 11 can be further simplified under the prevalent reaction conditions (40 kPa D», 5 kPa

H>O). The value of Lo (D,) at 473 K (0.26 x 10! £ 0.004; Eq. 11; Table 2) is small compared to
k_s

in Equation 11. The linearity of these data, however, suggest that

1, and the value of (H,0) (5 kPa) is small compared to ‘{(Ewl (D,) at 473 K (98 + 6 kPa; Eq. 11;

5

Table 2). Equation 11 can therefore be simplified to:

koK
—Th,0,f = Tupo,f + Tp,0,f = 6FS(HZO)\/ (D,) (15)

3

The apparent activation energy barrier for the data in Figure 8 (15.6 £ 0.1 kJ; 423-900 K) therefore
(Eq. 15).

K3

reflects the temperature dependence of
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The exchange rate data at temperatures above approximately 900 K (Fig. 8b) exhibited a
larger slope and corresponding activation energy barrier (40 + 0.4 kJ) (Fig. 8). These data
presumably reflect the added contributions from the dissociation and recombination pathway. A
more accurate estimate of the energy barrier for the high temperature (> 900 K) reaction pathway
was obtained by subtracting the contributions of the low temperature pathway (D2-H>O* and D»-
HDO*, steps 2.5-2.6, Scheme 2) toward measured H>O-D»> exchange rates at high temperature.
These contributions were estimated by linearly extrapolating the exchange rates from low
temperatures (423-873 K) and subtracting these rates from those observed at high temperatures (>
900 K). The resulting difference was regressed, giving an activation energy barrier of 87 £ 8 kJ
mol!, a value that is similar to those previously reported for the dissociation of H>O on (Pt(100):
61 kJ mol”!, Pt(111): 75 kJ mol").>! These data therefore suggest that H,O dissociation to form
OH* (or O*) and D* and recombination with D* becomes the dominant pathway for H.O-D»
exchange at high temperatures, as predicted by theoretical insights.’! These trends indicate that
H>0O-D> exchange, as in the case of H>-D; exchange, can take place via multiple reaction pathways
depending on the prevalent reaction conditions and temperatures.

4.4 Conclusions

The adsorption and reaction of chemisorbed H> on metal surfaces and its interactions with
co-adsorbed species have been the subject of numerous studies. This study addressed the role of
H>O adsorption and dissociation on H adsorption at Pt surfaces and the kinetics of H>O-D»
exchange at temperatures and pressures of catalytic relevance. The results from this study showed
that the presence of H,O leads to the formation of refractory OH*/O* adlayers on Pt surfaces.
These adlayers reduce the surface area available for catalytic turnovers and cannot be removed
except by reaction with H, (or D») at temperatures greater than 700 K. The presence of H>O (gas-
or liquid-phase) did not lead to detectable changes in H»-D; isotopic exchange pathways or the
binding properties of H*/D* on Pt surfaces. The kinetics of H2O-D> exchange were shown to be
inconsistent with previously proposed reaction mechanisms; such mechanisms predicted exchange
events on bare surfaces, contradicting extensive thermodynamic data for Ho/D> dissociative
adsorption at these temperatures and pressures (473 K, > 5 kPa Hz). H2O-D> exchange instead
occurs via the reaction of D2 and molecularly adsorbed H>O*. This reaction pathway is reminiscent
of Hz2-D> exchange; the similarity of the rate constants for D>-H,O* and D>-H* reactions may
further reflect similarities in the intermediate steps and transition states, in which D> adsorbs
dissociatively at vacancies that form in the mobile adlayers. The kinetic model proposed for H,O-
D> exchange reactions, in combination with the previously proposed H>-D» exchange kinetic
model, was able to accurately describe exchange rates in H>O-H-D, mixtures. The results
presented in this study suggest that the formation of OH*/O* from H>O dissociation is problematic
even at moderate reaction temperatures and may be a promising area of study for improvements
in the efficient use of Pt-based catalytic materials within electrochemical systems.
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4.6 Supporting Information

4.6.1 Rate Equations and Regression Analysis for H:0-D: Exchange Mechanisms
Inconsistent with Kinetic and Thermodynamic Data

4.6.1.1 H,O-D; Exchange via the Reaction of H,O* and D*

The elementary steps for H>O-D2 exchange via the reaction between HoO* and D* are
given by Scheme SI-1.

Hy +2% <3— 2H* [SI-1.1]
HD + 2% H* + D*
G [SI-1.2]
Dy+ 2% —2p pp
2
o [SI-1.3]
ks
D;+H* ——» HD+ D*
[SI-1.4]
ks
Ha0 + * 4—7 H.0* [SI-1.5]
5
HDO + * 41(_.5 HDO* [SI-1.6]
DO +* 4g— D20* [SI-1.7]
D* + H,0* —Kep [* + HDO* [SI-1.8]
D* + HDO* —K65 H* + D,0* [SI-1.9]

Scheme SI-1. Elementary steps for H>O-D»> isotopic exchange via the reaction of HO* and D*.

The rate of H O consumption during H>O-D, exchange at conditions far from equilibrium,
according to Scheme SI-1, is given by:

—Tn,0 = Tpo + Tp,0 = k_s0upo + k—59020 S1-1)

0; denotes the fractional coverages of the Pt surface by species i. The recombinative desorption
of H* and D* is assumed to be slow (reverse of steps 1.1-1.3, Scheme SI-1), as shown in prior
studies (Chapter 3). PSSA is applied to H*, HoO*, HDO*, and D>O* to give:
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1 1
k69H209D + EkGHHDOHD = k4(D;)0y + §k69HD06H + k69D209H
1
kS(HZO)es + EkGQHDOQH = k—SHHZO + k69H2090

1 1
keOu,00p + ke0p,00n = k_560npo + EkGQHDOQH + EkﬁgHDOGD

k6Oupobp = k—59020 + k69D209H
The total hydrogen adsorbed is assumed to be equilibrated:
ks  (8n +6p)?
Tk (D02
Equations SI-2 — SI-6 are simplified by assuming that 8y, Oypo, 0p,0 < 1:
k69H209D = k4(D2)9H
k5(H20)95 = k—59H20 + k69H2090

K3

1
k69H209D = k_s0upo + EkGBHDOQD
keOupobp = k—59020

ks (65 +6p)°

k_s (D,)0¢
Equations SI-7 — SI-11 are solved to give:

(H;0)/K3kske6¢
GH =
V(D kyk_5 + (D3)\/K3kykebs
Op = (Dz)K395
9 _ (HZO)kSBS
H,0 =
’ k_s +/(D2)K3keb
2/ (D2)K3(H,0)kske 6
2k?; + 3/ (Dy)K3k_skgO, + (D5)K3 k202

B 2(D,)(H,0)K3kské6?

2k3 . + 3\ (D,)K5k? kO + (D) Kk _skZ202
Equation SI-1 can thus be written as:
I 2/ (D2)K3(H,0)kske 6

T 2k + 3 (DD Ksk_skeb, + (Dy)K3k202

i 2(D,)(H,0)K3kské63

T2k + 3 (DDKk2 kB, + (Dy)Ksk_sk262

K3

Onpo =

Op,0

—TH,0 =
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0, is calculated separately by applying the condition of equilibrium across all water and hydrogen
species and applying a site balance:

K, = % (SI — 18)
(D262
Ks = % (SI — 19)
Op + Op1,0 + 05 = 1 (SI — 20)
to give:
1
(81 —-21)

0, =
1++/(D,)K;s + (H,0)K;

The model represented by Equations SI-17 and SI-21 was regressed to experimental H>O-
D exchange rates with the regressed parameters shown in Table SI-1. The large errors in these
parameters (Table SI-1) reflect the high covariance between these parameters. The accurate
measurement of these parameters is therefore not possible without specifying one or more of the
parameters. K3 represents the equilibrium constant for hydrogen adsorption and was previously
measured using H> chemisorption uptakes (of protium) at temperatures between 523-623 K.7
These data gave enthalpies and entropies of adsorption of -35 to -65 kJ mol! and -20 to -80 J mol-
I K, respectively (depending on the surface coverage).”’ The average of these values (AH, 4 = -
50 kJ mol!, AS, ;s = -50 J mol'! K'') can be used to obtain an order of magnitude approximation
for the equilibrium constant for D, adsorption at 473 K (K3 = 8 kPa™!). This value is many orders
of magnitude higher than even the upper limit (4.9 x 10 kPa!, 95% CI) of the regressed value
(Table SI-1), indicating an inconsistency with experimental data. The extrapolated value of K3 (8
kPa'!) was therefore fixed while regressing all other parameters to check the fit of the data. These
fits from regressing all parameters and from regressing parameters excluding K3 are shown in
parity plots in Figure SI-1. The poor fit of the data with the fixed value of K3 and the inconsistency
between the regressed value of K3 (1.1 x 10 £ 4.9 x 10 kPa’!, Table 1) and experimental K3
values (~8 kPa!), indicate that this proposed mechanism is inconsistent with the kinetic and
thermodynamic data.
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Table SI-1. Regressed rate and equilibrium constants for H2O-D» exchange reactions mediated

by reactions between H,O* and D* (Scheme SI-1).

Parameter Estimate Lower limit Upper limit
(95% CI) (95% CI)
K (kPal) 1.3 x 107 -6.3 x 107 6.3 x 103
8 * - -
ks (kPa! s 3.7 x 10* -5.0x10° 5.0 x 10°
8.1 x 107* -1.3x 101 1.3 x 10"
k_s (s 2.0 x 10° 2.7 x 10! 2.7 x 101
1.3 x 108% 2.1 %1018 2.1 x 10"
ke (s 1.4 x 10° -3.2x 10 3.2x 10!
23 x10%* 729 3.8 x10*

*Parameter regressed with fixed value of K (8 kPa™"), estimated by extrapolation of previous Hz

chemisorption data™
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Figure SI-1. Parity plots of H>O-D; exchange rates (Eq. SI-17) mediated by reactions between
H>O* and D* (Scheme SI-1) with (a) all parameters regressed and with (b) a fixed value for K3
(8 kPa!) estimated by extrapolation of previous H> chemisorption data.”®
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4.6.1.2 H,O-D; Exchange via the Reaction of H,O (g) and D*

The elementary steps for H>O-D» exchange via the reaction between H>O (g) and D* are
given by Scheme SI-2.

Hy +2% <3 — 2H* [SI-2.1]
HD +2* 45— H*+D* [SI-2.2]

Dy +2% —Kip ops
<k—.3 [SI-2.3]

ks
D+ H* ——» HD+D* [SI-2.4]
Ks

H,O + * ;@f H,O* [SI-2.5]
D* + 1,0 —Ke» [* + HDO [SI-2.6]
D* + HDO —K&p H* + D,0 [SI-2.7]

Scheme SI-2. Elementary steps for H>O-D»> isotopic exchange via the reaction of H>O (g) and
D*. Circles on arrows denote quasi-equilibrated steps.

The rate of HoO consumption during H>O-D, exchange at conditions far from equilibrium,
according to Scheme SI-2, is given by:

—TH,0 = THpOo = kes(H,0)6)p (ST —22)

The recombinative desorption of H* and D* is assumed to be slow (reverse of steps 2.1-2.3,
Scheme SI-2), as shown in prior studies (Chapter 3). PSSA is applied to H*:

ke(H;0)0p = k4(D2)0y (S1—23)
The total amount of hydrogen adsorbed is assumed to be equilibrated:
ks (8n +6p)?

K; = = SI —24
i, T (00 =29
The adsorption of H>O is also equilibrated (step 2.5, Scheme SI-2):
QH (0]
K. = —227 (SI — 25)
T (H,0)6;

Equations SI-23 — SI-25 can be solved simultaneously to give:
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J(D)K5(H,0)K<ky 02
= (D2)K5(H,0)Ksks (ST — 26)
(Dy)ks + (H,0)Kskebs

__ J(D)*K3ks
(D3)k4 + (H,0)Kske g

B0 = (H20) K50
k_s +/ (D2)K3kebs

Equation SI-22 can thus be written as:

p

(SI = 27)

(SI —28)

vV (D2)3K3k495

(Dz)ks + (H,0)Kskes

The model represented by Equations SI-21 and SI-29 was regressed to experimental H>O-
D, exchange rates with the regressed parameters shown in Table SI-2. Ks represents the
equilibrium constant for hydrogen adsorption and was previously measured using H>
chemisorption uptakes (of protium) at temperatures between 523-623 K.”® These data gave
enthalpies and entropies of adsorption of -35 to -65 kJ mol™! and -20 to -80 J mol! K1, respectively
(depending on the surface coverage).”’ The average of these values (AH,4s = -50 kJ mol!,
AS,qs = -50 J mol'! K'') can be used to obtain an order of magnitude approximation for the
equilibrium constant for D> adsorption at 473 K (K3 = 8 kPa'!). This value is several orders of
magnitude higher than the regressed value (6.7 x 10 £ 1.5 x 10 kPa™!) (Table SI-2), indicating
an inconsistency with experimental data. The regressed value of k, (19.7 £ 2.1 kPa s'!), which
represents the rate constant for the reaction between D, and H* (step 1.4, Scheme SI-2) is also a
factor of 2 + 0.3 lower than the value regressed from H»-D> isotopic exchange rates (39 + 3 kPa™!
s1) on samples exposed to H,O (Section 4.3.2). Thus, although the fit of the model with
experimental data, shown by the parity plot in Figure SI-2, is quite good, the model is inconsistent
with previous kinetic and thermodynamic data.

_THZO ES k6(H20) (SI - 29)

Table SI-2. Regressed rate and equilibrium constants for H>O-D» exchange reactions mediated
by reactions between H>O (g) and D* (Scheme SI-2).

Parameter Estimate Lower limit Upper limit
(95% CI) (95% CI)

K (kPa™l) 6.7 x 103 52 x103 8.2x 103

k, (kPalsh) 19.7 17.6 21.8

K (kPa™l) 7.4 x 102 7.1 x 102 7.7 x 102

kg (s 200 185 214
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Figure SI-2. Parity plot of H>O-D> exchange rates mediated by reactions between H>O (g) and
D* (Scheme SI-2).
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4.6.1.3 H,O-D; Exchange via the Reaction of H,O’ and D* (* and ’ Denote Distinct Sites)

The elementary steps for the proposed mechanism are given by Scheme SI-3.

Hp +2* o 2H* [SI-3.1]

HD + 2* < H* + D*

3 [SI-3.2]
Dyt 2% 2 pp
2
o [SI-3.3]
ks
D;+H* ——» HD+D*
[SI-3.4]
ks
H,0 +° <_T H,0’ [SI-3.5]
-5
HDO +° <k_.5 HDO’ [SI-3.6]
DO+ aq— DO [S1-3.7]
D* + H,0° —Ke» H* + HDO’ [SI-3.8]
D* +HDO’ —K6p H* +D,0’ [SI-3.9]

Scheme SI-3. Elementary steps for H>O-D isotopic exchange via the reaction of H,O’ and D*
(* and ’ denote distinct sites)

The rate of H O consumption during H>O-D, exchange at conditions far from equilibrium,
according to Scheme SI-3, is given by:

—Th,0 = Thpo + Tp,0 = k—580upo + k_56p,0 (SI — 30)

The recombinative desorption of H* and D* is assumed to be slow (reverse of steps 3.1-3.3,
Scheme SI-3), as shown in prior studies (Chapter 3). PSSA is applied to H*, D*, HO’, HDO’, and
DO’:

1 1
keOn,06p + Eke»gf’mogp = k4(D)0y + EkGBII-IDOBH + k60p,00u (S1-31)
1
ks(H,0)0; + EkGHI,-IDOHH =k_50p,0 + keOn,06p (ST —32)
1A 1A A 1 ! 1 !
keO1,00p + kebp,00n = k_s0npo + EkGQHDOQH + EkGQHDOQD (S1—33)
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k6OpoOp = k_s6p,0 + kebp,00u (SI —34)

Here, 6; and 6, denote distinct non-interacting sites. The total hydrogen adsorbed is assumed to
be equilibrated:

ks _ (6n +6p)?

K; = = SI—-35
T, T (0,62 (=39
Equations SI-31 — SI-35 can be further simplified by also assuming that 8y, 850, 0p,0 < 1:
kGQII-IZOQD = k4(D;)0y (81 —36)
ks(H20)65 = k_s85,0 + kebi1,06p (SI—37)
1
k691’-1209D =k_s0upo + Ekeell-moen (ST —38)
keOnpobp = k—59L’)20 (S —39)
ks (6p)?
K. = — = (SI — 40)
Pk (D62
Equations SI-36 — SI-40 can be solved simultaneously to give:
_ (HZO)\/ K3k5k69595’ (SI 41)
= —
V (D)kyk_s + (D3)y/ K3kakes
Op = v (D2)K36, (ST —42)
H,0)ks0;

On,0 =
’ k_s ++/(D;)Kske0s

. 2/ (D) K3(H,0)kske06: (S1—44)
HDO 2k?; + 3/ (D,)Ksk_skeOs + (D,)K3kZ2602

2(D,)(H,0)K3k<k2620
HDZO_ (2)( 2 ) 3n5teVYs Yp (51_45)

2035 + 3 (DK K skl + (D,)Ksk_sk262

Equation SI-30 can thus be written as:

24/ (D2)K3(H,0)kske 605
T2k, + 3J (DD Ksk_skeb, + (Dy)Ksk262
) 2(D,) (H,0)Ks ksk2626,
T2 2k3, + 3 (DDKk2skeb + (Dy)Ksk_sk26?

6, is calculated separately by applying the condition of equilibrium on all hydrogen species and
applying a site balance:

—TH,0 =

(SI — 46)

92
Ky =——
(D)6
0, +6, =1 (SI — 48)

(SI — 47)
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to give:

(SI — 49)

1
. =—————
> 14+ /(D)K;

O is calculated separately by applying the condition of equilibrium on all water species and
applying a site balance:

QH (0]
Ks = —2— I —50
= (H;0)6; (51350
0,0 +0s =1 (S —51)
to give:
1
O = ————= (81 —52)

S~ 1+ K. (H,0)

The model represented by Equations SI-46, SI-49, and SI-52 was regressed to experimental
H>0O-D» exchange rates. The regressed parameters are shown in Table SI-3. The large errors in
these parameters (Table SI-3) reflect the high covariance between these parameters. The accurate
measurement of these parameters is therefore not possible without specifying one or more of the
parameters or obtaining additional data at conditions difficult to access experimentally. Ks
represents the equilibrium constant for hydrogen adsorption and was previously measured using
H> chemisorption uptakes (of protium) at temperatures between 523-623 K.7° These data gave
enthalpies and entropies of adsorption of -35 to -65 kJ mol™! and -20 to -80 J mol"! K1, respectively
(depending on the surface coverage).”’ The average of these values (AH,4s = -50 kJ mol!,
AS,qs = -50 J mol'! K'') can be used to obtain an order of magnitude approximation for the
equilibrium constant for D> adsorption at 473 K (K3 = 8 kPa™!). This value is many orders of
magnitude higher than even the upper limit (7.5 x 10 kPa™!, 95% CI) of the regressed value (Table
SI-3), indicating an inconsistency with experimental data. The extrapolated value of K3 (8 kPa™!)
was therefore fixed while regressing all other parameters to check the fit of the data. These fits
from regressing all parameters and from regressing parameters excluding K3 are shown in parity
plots in Figure SI-3. The poor fit of the data with the fixed value of K3 and the inconsistency
between the regressed value of K3 (5.1 x 10'° + 7.5 x 10~ kPa’!, Table 1) and experimental K3
values (~8 kPa!), indicate that this proposed mechanism is inconsistent with the kinetic and
thermodynamic data.
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Table SI-3. Regressed rate and equilibrium constants for H>O-D» exchange reactions mediated

by reactions between H,O’ and D* (Scheme SI-3).

Parameter Estimate Lower limit Upper limit
(95% CI) (95% CI)

K (kPal) 5.1 x101 -7.5 x 107 7.5% 107
8 * - -

ks (kPa! s 3.9 x10° -5.0 x 10%° 5.0 x 1010
83 x 10°* -1.3x 10!° 1.3 x 10'°

k_s (sh 6.5 x 10° -8.2 x 101 8.2 x 10!
1.1 x107* -1.7 x 10" 1.7 x 10!

ke (s 7.6 x 10° -5.6 x 101 -5.6 x 10!
905 * 330 1.5x10°

*Parameter regressed with fixed value of K5 (8 kPa™"), estimated by extrapolation of previous Hz
chemisorption data™

Calculated Exchange Rate (s‘1)

(@) (b)
__10%} __10%}
"o )
(0] (0]
& & i
() ) . [ ]
()] [ ) ° ()]
8 8 ° o
3 °® 3
3 e 3 ‘
= 10t o = 10t .
c b c d
(0] (0]
£ =
$ [ ] $ [ ]
(o} o
x x
L L
101 L L 101 L L
10" 102 108 10" 102 108

Calculated Exchange Rate (s‘1)

Figure SI-3. Parity plots of H>O-D; exchange rates (Eq. SI-46) mediated by reactions between
H>O’ and D* (Scheme SI-3) with (a) all parameters regressed and with (b) a fixed value for K3 (8
kPa'!) estimated by extrapolation of previous H> chemisorption data.”
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4.6.1.4 H,O-D; Exchange via the Dissociation and Recombination of Water

The elementary steps for H,O-D; exchange reactions via the dissociation of H>O to form
OH* and H* and recombination between OH* and D* are given in Scheme SI-4.

Hy+2% <5— 2H* [SI-4.1]
HD +2* <5— H*+D* [SI-4.2]
D+ 2% —Kp ops
<k—.3 [SI-4.3]
ks
D, +H* —» HD +D* [SI-4.4]
ks
H0+% <5 — H0* [SI-4.5]
HDO + * 41(_.5 HDO* [SI-4.6]
DO+* 4 D07 [S1-4.7]
ke
% % %
H,O* + <—k__6> H* + OH* [SI-4.8]
HDO* + * 4—% H* + OD*
e [SI-4.9]
HDO* + * <L_6> D* + OH*
e [SI-4.10]
DO* + * 4_% D* + OD*
? Ks [SI-4.11]

Scheme SI-4. Elementary steps for H2O-D: isotopic exchange via the dissociation and
recombination of H>O.

The rate of H O consumption during H>O-D, exchange at conditions far from equilibrium,
according to Scheme SI-4, is given by:

—Th,0 = Thpo + Tp,0 = k_580upo + k_56p,0 (SI —53)

The recombinative desorption of H* and D* is assumed to be slow (reverse of steps 4.1-4.3,
Scheme SI-4), as shown in prior studies (Chapter 3). PSSA is applied to H*, HO*, HDO*, D,O*,
OH*, and OD*:
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1
keBr,00s + §k69HD095 = k4(D2)04 + k_cOy00n + k604000 (SI —54)

ks (H20)0; + k_¢0n 00y = k_501,0 + keOH,00s (S1—55)
k_0160p + k_60p0on = k_50upo + kcOupobs (S1—56)
k_c60p8op = k—59020 + k69D2095 (S1—57)
1
keOn,00s + EkﬁeHDOBS =k_60n00p + k_c0p0on (S1—58)
1
EkﬁeHDOQS + keOp,00s = k_60160p + k_60pbop (S1—59)

The total hydrogen adsorbed is assumed to be equilibrated:
_ ks (84 +0p)’
ks (D)6

Equations SI-54 — SI-59 can be simplified by assuming that the adsorption of H>O (step 4.5,
Scheme 4) is quasi-equilibrated and 6y, Oypo, Op,0 K 1:

K3

(SI — 60)

k69H2095 = k4(D;)0y + k_s0460n (S1 —61)
ks(H,0)05 = k_50y,0 (S1—62)
k_60p8on = k_s8upo + keBHpobs (S1—63)
k_66p8op = k—59020 + k69D2095 (S1—64)
kGQHZOGS =k_60p00on (S1—65)
1
EkGQHDOQS + k6902095 =k_¢0p0op (ST —66)
ks _ (6p)?
K, = — = (SI —67)
Pk (D62
Equations SI-61 — SI-67 can be solved simultaneously to give:
D,)K;(H,0)ksk 62
0K 00k ket (51— 68)
V(D2)3K3kok_s + (H0)kske0
Op = v (D2)K36, (SI —69)
6H20 = Ks(H20)95 (SI - 70)
(Hz0)kske 0
= SI—-71
HDO kz5 + k_kq, ( )
(H0)kskg6s
0 = SI—72
P20 2k2 (k_s + keby) ( )
H,0)kskg0
901—1_ (2)565 (51_73)

(D2)K3k_sk_¢
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(H,0)ksks 63

HOD = (SI - 74‘)
Equation SI-53 can thus be written as:
(Hy 0k ko2 (H;0)ksk263 51-75)

—71 = K_ —
Hz0 S k2. + k_skeO, S 2k? (k_g + keby)

6, is calculated separately by applying the condition of equilibrium across all water, hydrogen,
and hydroxyl (OH*) species and applying a site balance:

92

Ky = —2 (SI —76)

(H2)67

QH 0

Ky = —2— SI1—77
T (H0)6; ( )

HOHQH
= OoH7H (SI —78)

o 9H2005
81.1 + QHZO + 901.1 + 05 == 1 (SI - 79)

to give:

) (o) (K, — (H,0)KsKe) — [ CH) Ko (CH)Ks + (Ho0)KeK,) 51— 80)
T (HKs(1+ (H,002K2 — 2(H,00Ks (K, — 1)) — (H,0)2KZKZ — (H,)2K?

Equation SI-54 applies for all dihydrogen and water species and can therefore be also written as:

L K - (0)Ksis) — 0K, + 00Kk’ o)
T 0K (1 + (H,0)2KZ — 2(H,0)Ks(Kg — 1)) — (H,0)2K2KZ — (D)2K3

The model represented by Equations SI-75 and SI-81 was regressed to experimental H>O-
D> exchange rates. The regressed parameters are shown in Table SI-4. The large errors in these
parameters (Table SI-4) reflect the high covariance between these parameters. The accurate
measurement of these parameters is therefore not possible without specifying one or more of the
parameters or obtaining additional data at conditions difficult to access experimentally. Ks
represents the equilibrium constant for hydrogen adsorption and was previously measured using
H> chemisorption uptakes (of protium) at temperatures between 523-623 K.7° These data gave
enthalpies and entropies of adsorption of -35 to -65 kJ mol™! and -20 to -80 J mol! K1, respectively
(depending on the surface coverage).”’ The average of these values (AH,4s = -50 kJ mol!,
AS,qs = -50 J mol'! K'') can be used to obtain an order of magnitude approximation for the
equilibrium constant for D> adsorption at 473 K (K3 = 8 kPa™!). This value is many orders of
magnitude higher than even the upper limit (3.1 x 107 kPa™!, 95% CI) of the regressed value (Table
SI-4), indicating an inconsistency with experimental data. The extrapolated value of K3 (8 kPa™!)
was therefore fixed while regressing all other parameters to check the fit of the data. These fits
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from regressing all parameters and from regressing parameters excluding K3 are shown in parity
plots in Figure SI-4. The poor fit of the data with the fixed value of K3 and the inconsistency
between the regressed value of K3 (4.6 x 107! +3.1 x 10 kPa”/, Table SI-4) and experimental K3
values (~8 kPa!), indicate that this proposed mechanism is inconsistent with the kinetic and
thermodynamic data.

Table SI-4. Regressed rate and equilibrium constants for H>O-D» exchange reactions mediated
by H>O dissociation and OH*-D* recombination (Scheme SI-4).

Parameter Estimate Lower limit Upper limit
(95% CI) (95% CI)

K (kPa™) 4.6 x 101 3.1 x 107 3.1 x 107
8 * - -

ks (kPa™'s™) 0.34 -2.1 2.8
1.2 x 10 * - -

k_s (s 6.7x 10* -1.2x 108 1.2 x 108
1.9 x 103 * -

ke (s 3.3x 107 -6.1 x 1010 6.1 x 1010
6.8 x 1010 * - -

k_g (s 4.4 %107 -1.5x 10! 1.5x 10!
89 * 80 98

*Parameter regressed with fixed value of K3 (8 kPa™), estimated by extrapolation of previous H>

chemisorption data™
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Figure SI-4. Parity plot of H>O-D, exchange rates mediated by H>O dissociation and
recombination reactions (Scheme SI-4) with (a) all parameters regressed and with (b) a fixed value
for K3 (8 kPa™!) estimated by extrapolation of previous H> chemisorption data.”®
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4.6.2 Derivation of Rate Equations for HO-D:; and H,O-Hz-D; Exchange Reactions
Mediated by the Reaction of D2 and H>O*

4.6.2.1 Derivation of Rate Equation for HD Formation and H>O Consumption in H20-D:

Mixtures

H>0-D»
Exchange
Elementary
Steps

Additional
Steps for
H>O-H»-D»
Exchange

<

/"

k3

Ds+2% —2» oD%
2 < [SI-5.1]
ks
H0+% 47— HO0* [S1-5.2]
HDO + * <k_.5 HDO* [SI-5.3]
D20+ * «— DyO*
Ks [SI-5.4]
D, + H,0* —X6 HD + HDO* [SI-5.5]
k
-~ H, + 2% Ky 2H*
2 o [SI-5.7]
HD + 2% «— H* + D*
ko [SI-5.8]
H,+D* _Key HD+H*
[SI-5.9]
D>+ H* —X4» HD +D* [SI-5.10]
H, + HDO* —X6» HD + H,0* [SI-5.11]
_ H+DO* _ke, HD + HDO* [SI-5.12]

Scheme SI-5. Elementary steps for H>O-D, and H,O-H»-D; isotopic exchange.?

3 Scheme SI-5 is identical to Scheme 2 in the main text.
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Scheme SI-5 shows the elementary steps for H,O-D» reactions mediated by the reaction of
D, and H>O*. The rate of H>O consumption during H,O-D; exchange at conditions far from

equilibrium, according to Scheme SI-3, is given by:

—Tn,0 = Tupo + Tp,0 = k_sOupo + k—59020

(SI —79)

0; denotes the fractional coverages of the Pt surface by species i. These fractional coverages are
found by applying the pseudo-steady-state approximation to HO*, HDO*, D,O*, and D*:

ks(H,0)85 = k_50y,0 + ke(D2)0p,0
1
kG(DZ)HHZO =k_s0upo + Ekﬁ(DZ)GHDO

1
E ke(D2)9H00 = k—59020

ks (D2)952 =k_3 912)

(SI — 80)
(SI —81)
(SI —82)
(SI — 83)

Equations SI-80 — SI-83 can be solved simultaneously with the assumption that the surface is

covered:
91‘120 + QHDO + BDZO + QD =1

to give the following expressions:
(H,0)

9H20 =
((HZO) ' %J(%)) (1 ' k"—fs(Dz))

ke
25 (D) (H;0)

Onpo =
((HZO) ' %\/(DZO (2435200 + g 0.77)

kg 2
k_ES(DZ) (H,0)

91)20 =
K3 6 é
((HZO) +5 \/(Dz)> (2+3g=ma+ _:35 (0,)2)

_ VEs/(D2)
(Ks(H20) +\Ka/(D,) )

1
(Ks(H,0) + VK (D))

Equation SI-79 can therefore be rewritten as:

ke (H,0) (D)

~THy0,f = Tupo,r T Tpy0,f = (

(H,0) +%\/(Dz)> (1 +k"—_65(D2))
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4.6.2.2 Derivation of Rate Equation for HD Formation and H>O Consumption in H>O-H>-
D Mixtures

The rates of HD formation and H>O consumption during H>O-H»-D> exchange reactions at
conditions far from equilibrium, according to Scheme SI-5 are given by:

1 1
Tup = ka(D2)0y + ka(H2)0p + ke (D2)0h,0 + EkG(DZ)gHDO + §k6(H2)9HD0 + ke(H2)0p,0 (S1-91)

~TH,0 = Tupo + 7,0 = K-560upo + k_50p,0 (S1 —92)

The fractional coverages are found by applying the pseudo-steady-state approximation to H*, D*,
H,O*, HDO*, and D>O*:

2k, (H;)02 + k4 (Hy)60p = k—19f21 +k_20460p + kqy(D;)0y (S1—-93)
2k3(D;)0¢ + ka(Dy)0y = k_2646p + k—3912) + k4(Hz)0p (S1—94)
ks (2006, + 7 ke (H:)01p0 = K-s6110 + ks (D)6 (51 - 95)
ke(D2)1s0 -+ ke(Ha)0,0 = K_s0uno + 3 k6(D)0uno + 5 ke(H)buno (ST —96)
%kﬁ(DZ)HHDO = k—59020 + ka(Hz)HDZO (S1-97)
Equations SI-93 — SI-97 are solved simultaneously with the assumption that the surface is covered:
01,0 + Oupo + 0p,0 + Oy +6p =1 (S —98)

and the assumption that the KIE for H»/D; adsorption and desorption are negligible:
ki =k, = ks (S —98)
k.i=k_,=k_4 (81 —99)

to give the following expressions:

(1,0) (24 1% (30 + () + 5 (1,)?)

Oi,0 = (SI — 100)

((HZO) LN cAEICN )(2 # 3 () + () + 5 () + @)

24 (D,)(H,0) (1 e (H2)>
-5 -5

Oupo = (SI —101)

((HZO) LN cAEICN )(2 + 375 () + 0) + 7 (1) + (0))')

B (,)° (H;0)

(SI —102)

9020 =
((H20)+J—\/(H2)+(Dz>(z+3 () + 02) + 5 () + 0))')
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0, = Ka(Hs) (SI — 103)
V) + (D) (Ks (H,0) + Kz /(H,) + (D7)

6, = JKa(Hs) (SI — 104)
V) + (D) (Ks (H,0) + Kz /(Hy) + (D7)

1
= (SI — 105)
(Ks(H,0) + JKs[(H) + (D))
Equations SI-91 — SI-92 can therefore be written as:
VK () ke ke LA Vs ) kg
2k4(D2)< R T (1) + 12 (H0) + 2 () FE1,0) + 2 (z+75) @)
- (SI - 106)
((HZO) ¥ %\/ ) + (Dz)> (z < (GARS (Dz)))
ke ke 2
2k (H,0)(D,) (1 + k_(H2)> + 2. (H,0)(D,)
= = (ST —107)

Th,0 =
2
((HZO) LN AF: (Dz)> (2435 () + @) + 3 (1) + ©))
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4.6.3 Sensitivity Analysis of kg, ‘{{i_g, and kk—ﬁ for H,O-D2 Exchange
5 -5

H>O-D; exchange rates were described by Equation 11 in the main text, which includes

K

K e .
three regressed parameters (kg, o and k—6). A sensitivity analysis of each of these parameters
5 -5

was performed to determine how the quality of the fit, calculated from the sum of square residuals

(SSR), varies with the values of kg, ‘{(i_s, and :—6 These analyses were performed by varying the
5

-5
value of each parameter (0.5-2 times the regressed value), while regressing all other parameters.
The SSR from these calculations are shown in Table SI-5. The SSR increased sharply from the

minimum of 0.078 to values as high as 2.296 as the value of k¢ deviated from 34.7 kPa! s in
either direction (17.4-69.5 kPa! s°!; Table SI-5). The SSR increased to from 0.078 to 0.936 as ‘{{i_s
5

5

was decreased from 2.46 to 1.23 kPa%? and increased to 0.815 as % was increased to 4.92 kPa-
5

e . k . .
05, The sensitivity towards k—6 was comparatively weak, as decreasing the parameter from 6.44 x
-5

103 kPa! to 3.23 x 1073 kPa! only increased the SSR from 0.078 to 0.178; increasing :—6 to .813
-5
increased the SSR to only 0.098.

The correlation between parameters was also investigated by fixing each parameter at the
minimum while varying the other two parameters over a factor of 2. Figure SI-5 shows contour
plots of SSR values for each pair of parameters. These results (Fig. SI-5) show that the value of

ke strongly correlates with the value that of ‘{{E These parameters are therefore difficult to
5

measure individually and accurately. These correlations reflect the relationship between the
concentration of H2O* on the catalyst surface and the rate of reaction between H,O* and D». The
other parameters exhibit only weak correlations with each other (Fig. SI-5). Figure SI-6 shows a

/s
K

s
5

parity plot of H>O-D> exchange rates modelled by Equation SI-90 and these parameters (kg,

and :—6), showing a good fit of the experimental data with the proposed reaction scheme (Scheme
-5
SI-5).
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Table SI-5. Sensitivity Analysis of kg, —“KKS, and :—6 for H>O-D» exchange. Bolded parameters were
5 -5
fixed, while the other parameters were regressed. Highlighted row represents the regressed

minimum.

ke VK3 ke SSR
(kPa'! s™) Ks ks
(kPa®?) (kPa™)
17.4 1.21 7.30 x 10* 2.296
21.9 1.51 2.54% 103 1.103
27.6 1.91 451 % 103 0.341
34.7 2.46 6.4 x 10° 0.078
43.8 3.29 8.01 x 10° 0.344
55.2 4.66 8.38 x 10° 1.104
69.5 7.20 6.51 x 10° 2.198
26.6 1.23 1.07 x 103 0.936
29.0 1.55 9.19 x 10° 0.461
317 1.95 7.79 x 10° 0.173
38.2 3.10 517 x 10° 0.168
422 3.91 3.94 x 107 0.423
46.7 4.92 2.76 x 10° 0.815
333 2.70 3.23 % 107 0.178
33.7 2.63 4.07 % 10° 0.130
34.2 2.55 512 % 107 0.093
35.5 2.36 8.13 x 10° 0.098
36.4 2.26 1.02 x 103 0.173
374 2.14 129 % 103 0.322
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Figure SI-5. Contour plots of the SSR for each pair of parameters. The red point in the center
represents the values corresponding with the regressed values.
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Figure SI-6. Parity plot of H,O-D» isotopic exchange rates, calculated from the rate of H>O
conversion, at () 2.5, (m) 5, (A) 10, (®) 20, and (+) 40 kPa H>O.
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4.6.4 Simulating H*+D* Coverages for Various Gas-Phase Compositions and Adsorption
Equilibrium Constants with a TIE for H>/D, Adsorption

Combined coverages of H* and D* were simulated for several gas-phase (H2O-H»-D»)
compositions and equilibrium constants with and without a TIE (0.63 £ 0.2; 473 K) for H2/D»

adsorption. These values are shown in Table SI-6. The experimental ‘{{i_s ratio (2.46 £ 0.17 kPa%>;
5

Table 1) was used to calculate values of K. These data show the error in combined H* and D*
coverage when assuming a TIE of 1.

Table SI-6. Combined H* and D* coverages for various H>O-H>-D;, compositions and / K3
values using a TIE (ﬁ) 0f 0.63
K3

\/E \/E K- (Hy) (D,) (H,0) 64+6, 6,+6, Error
(kPa®S)  (kPa®%) (kPa')  (kPa) (kPa) (kPa) (w/TIE) (w/oTIE) (%)
1 0.79 0.41 5 40 5 0.73 0.74 1.5
1 0.79 0.41 40 5 5 0.71 0.74 4.7
1 0.79 0.41 5 40 20 0.47 0.48 2.9
1 0.79 0.41 40 5 20 0.44 0.48 9.3
10 7.94 4.07 5 40 5 0.79 0.80 1.1
10 7.94 4.07 40 5 5 0.77 0.80 3.6
10 7.94 4.07 5 40 20 0.50 0.51 2.8
10 7.94 4.07 40 5 20 0.47 0.51 8.8
100 79.37 40.65 5 40 5 0.80 0.81 1.1
100 79.37 40.65 40 5 5 0.78 0.81 3.5
100 79.37 40.65 5 40 20 0.50 0.51 2.8
100 79.37 40.65 40 5 20 0.47 0.51 8.8
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4.6.5. H2O Consumption and HD Formation Rates on Pt Black During H>O-H:-D>
Reactions

Isotopic exchange (H2O consumption and HD formation) rates in HO-H>-D, reaction
mixtures are shown in Table SI-7.

Table SI-7. H>O consumption and HD formation rates on Pt black at 473 K
during H,O-H»-D»> reactions.

H:z Feed D2 Feed H20 Feed Tup,f —Th,0,f
Pressure Pressure Pressure ") ")
(kPa) (kPa) (kPa)
5 10 5 295 118
20 5 420 180
5 40 5 529 235
5 10 10 279 146
5 40 10 585 371
5 10 20 301 225
5 20 20 462 370
5 40 20 805 612
10 5 5 191 52
10 20 5 532 165
10 40 5 709 242
10 60 5 818 278
10 80 5 920 311
10 5 10 178 80
10 20 10 513 248
10 40 10 734 340
10 60 10 908 416
10 80 10 1090 461
10 5 20 173 108
10 20 20 548 354
10 40 20 873 599
20 5 5 237 44
20 10 5 414 79
20 20 5 663 168
20 40 5 977 228
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20 60 5 1188 272
20 10 10 384 158
20 20 10 617 225
20 40 10 972 325
20 60 10 1224 406
20 5 20 216 96
20 10 20 363 185
20 20 20 645 371
40 5 5 255 35
40 10 5 458 67
40 20 5 793 143
40 40 5 1314 183
40 5 10 263 53
40 10 10 437 97
40 20 10 774 209
40 40 10 1248 288
40 5 20 241 84
40 10 20 439 183
60 10 5 504 61
60 20 5 892 121
60 10 10 501 113
60 20 10 864 158
80 10 5 625 48
80 10 10 490 92
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Chapter 5

Measurement of Characteristic Diffusion Times in Microporous Materials Using
Effectiveness Factors Derived from Isotopic Exchange Reactions

Abstract

Microporous materials are widely used in heterogeneous catalysis because of their unique
shape/size-selective properties, but often exhibit mass transport limitations leading to lower

) . . . . R2 .
effective reaction rates. The measurement of diffusion time constants (D—) of relevant reactive

e

molecules is useful for predicting and modelling these transport limitations. Conventional methods
such as transient uptake measurements are often unable to accurately measure diffusion rates at or
near reaction conditions. This study presents an alternative method for measuring diffusion time
constants using effectiveness factors derived from isotopic exchange experiments. CHs-D; (5-35
kPa CH4, 5-30 kPa D) and H>O-D> (5-30 kPa H»O, 5-30 D) isotopic exchange rates were
measured here on Pt/Si0,, Pt/y-Al>O3, Pt/Na-LTA, and Pt/Ca-LTA samples at temperatures (573-
900 K) relevant for CH4-H2O reforming reactions. Effectiveness factors on Pt/Na-LTA and Pt/Ca-
LTA were used to calculate diffusion time constants for CH4 and H>O using diffusion-reaction
models. CHy4 exhibited significantly larger diffusion time constants (by factors of more than 10?)
than H>O in both Pt/Na-LTA and Pt/Ca-LTA, indicating that H>O diffuses more readily in these
materials. These data indicate that CH4 will exhibit steeper concentration gradients than H>O in

2
Pt/Na-LTA and Pt/Ca-LTA during CHs-H>O reactions. The methods for calculating I;— values from

isotopic exchange studies demonstrated in this study are general; they require only that intrinsic
exchange rates of the molecule of interest at active sites located within the catalyst be sufficiently
fast to cause significant mass transport limitations.
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5.1 Introduction

Mass transport limitations in microporous materials are ubiquitous in catalytic
applications.!* Molecular motion within these host materials is severely hindered by constant
interactions between guest molecules and the walls of the channels of molecular dimensions.?
These interactions lead to concentration gradients and decreased catalytic productivity when the
flux of molecules is insufficient to sustain the initial rate of their chemical conversion or production
at active sites located within the micropores. The severity of these gradients depends on the
concentration and reactivity of active sites, but also sensitively on the nature of the guest-host
interactions. These interactions depend, in turn, on the geometry of the micropores, the prevalence
and identity of charge-balancing ions, and the geometry and chemical properties of the diffusing
molecule.? This sensitivity can lead to distinct concentration profiles for different molecules
during chemical conversions inside of the micropores, leading not only to changes in effective
reaction rates, but also reactant or product selectivities.* The accurate modelling of mass transport
is therefore essential in the design of processes that use microporous media.

Effective reaction rates in mass transport limited systems can be estimated by calculating
an effectiveness factor (1), defined as the effective reaction rate (7, ¢) divided by the reaction rate
at equivalent conditions without mass transport limitations (7;,,,). This effectiveness factor is
given by:57

1

y_ VE [ 2
A= :mf i =5 l fc 0 De(c)r(c)dcl 1)
L= @

Here, r(c) is the (volumetric) reaction rate at reactant concentration ¢, D.(c) is the effective
diffusivity at ¢, Cy is the reactant composition at the surface of the catalytic pellet (or crystallite),
Cy is the (unknown) composition at the center of the catalytic pellet, V), is the volume of the pellet,
and S is the surface area of the pellet. Cy can be implicitly obtained using:5’

L[ Delehdc

1 3)
[2 fCC: D, (c)r(c)dc]2

L in Equations 1-3 represents the relevant diffusion distance and in a quasi-spherical particle or
crystallite is equal to the radius R. These equations provide a rigorous, albeit awkward, way to
calculate an effective reaction rate sy provided that the intrinsic kinetics (r(c)) and maximum
reaction rate (7,4,) in the absence of mass transport limitations and the effective diffusivities
D, (c) are known. Under strong transport limitations (A < ~0.3),5 the reactant concentration at the
center of a pellet or crystallite is at equilibrium for a reversible reaction (CO = Ceq) or zero for an
irreversible one (C, = 0). Thus, for an nth-order irreversible reaction in A described by the rate
equation:

Co

r(c) = k,C} (4)

where C, is the concentration of reactant A and k,, is the volumetric rate constant, Equation 1 can
be integrated (assuming also that D, (c) is a constant) and simplified:
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Tefr — 2 D, :l n>—1 (5)

A
Tmax n+1 kURZCf'S_l ¢

Ca s represents the concentration of A at the particle surface. ¢ is commonly known as the Thiele
modulus and represents the square root of the ratio of the maximum reaction rate (7;,4,) to the
maximum diffusion rate.® Equation 5 thus provides a simple relation to calculate effective rates
(refs) for reactions that can be described by a rate equation of the form described in Equation 4.
Such calculations require knowledge of the effective diffusion coefficients (D, ) and particle radius

(R).

A variety of methods can be used to measure diffusion in microporous materials, as
reviewed by Ruthven;’ they can be divided into microscopic and macroscopic methods.
Microscopic methods measure molecular mobilities at the microscopic (< 1 nm) level® and include
quasi-elastic neutron scattering (QENS)!%-!! and nuclear magnetic resonance (NMR)!>13 studies.
Estimating long-range diffusivities from these methods requires an estimation of the average jump
length and the assumption that the processes controlling diffusion at the microscale level are
identical to those at the macroscale level.’ Such assumptions are not always valid and neglect the
role of crystal defects and surface-skin effects on effective diffusivities (D,).!*!> Pulsed-field
gradient NMR (PFG-NMR) methods offer significant improvements over traditional NMR-based
measurements; they work across much longer length scales (up to tens of micrometers) but still
notably fail for very slow diffusing systems (< 10712-10"13 m? s7).2-%- 16-18 These uncertainties in the
direct measurement of diffusion coefficients (D,) can compound with errors in estimating

crystallite radii (R) from electron micrographs, which arise from the incomplete nature of two-
. . .. . . . . R?\ .
dimensional projections of three-dimensional objects; the ratio of these values (D—) is the relevant

e

parameter for describing diffusional constraints in a particle (Eq. 5) and is denoted as a diffusion
time constant. Thus, while microscopic methods are able to provide information about intrinsic
molecular mobilities in microporous materials, their use in describing systems at the laboratory or
industrial scale is often limited.

Macroscopic methods,” 126 by their nature, do not directly measure diffusion coefficients

(D.) independently, as in microscopic methods, but instead report effective long-range diffusion
2

time constants (I;—), circumventing the need to extrapolate from the microscale level or separately

e

estimate crystallite radii. Commonly utilized methods include transient uptake,'®?° frequency
response,?!-?2 and chromatographic?’-*! measurements. These techniques, however, require that the

2
diffusion time constant (I;—) be greater than the time resolution of the measurement and any
e

hydrodynamic delays to avoid inaccuracies. Intracrystalline diffusion is an activated process, with
the activation energy arising primarily from steric hindrances.’ The effective diffusion coefficient
D, is therefore sensitive to temperature and obeys an Arrhenius-like relationship:

Eq
gas

where Ey is the energy barrier for diffusion, Dy is a pre-exponential constant, R, is the gas
constant, and 7 is the absolute temperature.” 3* The crystallite radius R is not a function of
2

temperature. Measurements of ( ) are thus typically performed at temperatures much lower than

R
De
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reaction conditions to ensure that diffusion time constants are accurately captured and then
extrapolated to the relevant temperatures using Equation 6. The accuracy of such extrapolations
is, however, highly dependent on estimates of £ and can be considered reliable only for relatively
small changes in temperature. The measurement of diffusion time constants at reaction conditions
is desirable to avoid such extrapolations but often difficult to accomplish in practice using the
techniques described above.

Equations 1-3 and 5 provide a relationship between effective and intrinsic rates and the

. . . R? . .
diffusive properties (D— values) of relevant molecules. While these equations are commonly used
e

. . . R? R?
to estimate effective reaction rates from o values, they can also be used to back-calculate the .

e e
values from the ratio of effective and intrinsic rates. This approach is naturally suited for measuring
diffusion time constants at reaction temperature; it was first reported by Haag, et. al., who
measured diffusion time constants of Cg to Cy hydrocarbons in ZSM-5 during catalytic cracking
reactions.?* It was later utilized by Post, et. al. to measure the diffusion of 2,2 dimethyl-butane
during catalytic cracking on ZSM-5.% These studies used their reactions of interest to probe the
value of I;—Z. Such an approach, however, is not always possible and limits measurements of I;—Z
e e

values to species that appear in the rate equation of the reaction of interest; it may therefore fail to
reveal the presence of concentration gradients in co-reactants and/or products that do not directly
affect reaction rates, but which can affect reaction selectivities and even catalyst stability.

Here, we present a modified method for measuring I;—z values in microporous materials

e

using effectiveness factors derived from isotopic (H-D) exchange rates rather than from rates of
chemical conversions. The procedure for extracting these values is demonstrated for CHs-D> and
H>0O-D> isotopic exchange reactions at temperatures that are relevant for steam-methane reforming
reactions (523-900 K) on Pt nanoparticles supported on SiO> or y-Al,O3 (denoted as Pt/SiO> and
v-Al>O3, respectively) or encapsulated within Na-LTA and Ca-LTA (denoted as Pt/Na-LTA and
Pt/Ca-LTA, respectively). CH4 and H>O both exhibit severe mass transport limitations during
isotopic exchange reactions (523-900 K) on Pt/Na-LTA and Pt/Ca-LTA, leading to significantly
lower effective exchange rates compared to reactions on Pt/SiO; or Pt/y-Al,Os. These mass

2
transport limitations allow for the extraction of I;—, but require careful considerations of the
e

underlying kinetics of isotopic exchange. The mechanism by which H>O-D> exchange reactions

occur was addressed in a prior study (Chapter 4), while the mechanism for CHs-D> exchange is

shown here to be consistent with CH4 decomposition (and recombination) reactions. The Thiele
2

modulus and diffusion time constants I;— are calculated here within the context of these mechanistic

e

interpretations.
2
The results from this study show that the diffusion time constants (1;—) for CH4 and H>O
e
at high temperatures (523-900 K) are too fast to be accurately measured using conventional
macroscopic methods (e.g., transient uptake). Effectiveness factors are therefore one of the only
methods available to probe diffusion time constants at reaction conditions. The results also show
that CHy4 exhibits significantly larger (by factors of more than 10?) diffusion time constants than
H>O in both Pt/Na-LTA and Pt/Ca-LTA. These data indicate that concentration gradients in CH4
are significantly steeper than those for H>O during steam-methane reforming reactions on these
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materials, thus altering intracrystalline reactant ratios. Such inferences would not be possible from
effectiveness factors derived from steam-methane reforming rates because H>O does not appear in
the rate equation for these reactions.’® Isotopic exchange reactions therefore represent a more
flexible method for measuring diffusion time constants compared to prior studies that that were
limited by their reaction of interest.?*>> The isotopic exchange method presented here is applicable
to a wide range of guest-host systems, with the only requirement being that the intrinsic reaction
rate be sufficiently faster than the flux of molecules that the reaction is strongly mass transport
limited and effectiveness factors are accurately measurable.

5.2 Experimental Methods
5.2.1 Catalyst Synthesis Methods

Pt nanoparticles supported on SiOz (0.2% wt., Pt/SiO2) and on y-ALOs (1% wt., Pt/y-
Al20O3) were prepared using electrostatic adsorption and incipient wetness impregnation methods,
as described in our prior work (Chapter 3).

Pt clusters were encapsulated in LTA zeolites with Na* as the counterion (Pt/Na-LTA) by
adding a Pt precursor and stabilizing ligand to a LTA zeolite synthesis gel prior to hydrothermal
crystallization of the LTA framework, as reported previously.>* The gel was prepared by adding
0.71 g of (3-mercaptopropyl)trimethoxysilane (95%; Sigma-Aldrich) and 4.80 g of NaOH
(Certified ACS, Fisher Chemical) to 18.0 g of deionized (DI) H,O (>18.0 MQ-cm resistivity). A
solution of 3.04 g of H2PtCls (8% wt. in H2O, Sigma-Aldrich) diluted in 15.3 g of DI H,O was
then added dropwise into the NaOH solution under vigorous stirring. Colloidal SiO> (10.7 g; 30
wt. % suspension in H>O; LUDOX HS-30; Sigma-Aldrich) was added to the mixture and heated
to 353 K under stirring (300 s!) until transparent. A solution of 6.0 g of NaAlO, (53% AlOs,
42.5% NaO; Riedel-de Haén) in 18.0 g of DI H>O was added to this heated solution and stirred
for 2 h at ambient temperature. The final synthesis gel molar ratios were 1.7 Si02/1.00 A1203/3.2
Na>O/110 H20/0.019 Pt/0.12 (3-mercaptopropyl)trimethoxysilane. The gel was heated for 12 h at
373 K with stirring (300 s!) in a 1 L polypropylene bottle. The resulting mixture was filtered
through a fine fritted funnel and washed with DI water until the rinse solution reached a pH of 7.
The solids were treated overnight in ambient air at 368 K and then treated in flowing air (0.83 mL
gl sy zero grade; Praxair) while ramping from ambient temperature to 623 K (0.033 K/s) and
holding for 3 h. The sample was then cooled and treated in flowing H» (0.83 mL g s7!; 99.999%
UHP; Praxair) while ramping from ambient temperature to 623 K (0.083 K/s) and holding for 2 h.
After cooling, the sample was treated in 2% O> v/v (balance He; certified grade; Praxair) for 0.5 h
at ambient temperature to passivate the surfaces of Pt nanoparticles.

Ca**-exchanged LTA samples containing Pt nanoparticles (Pt/Ca-LTA) were prepared
from the Pt/Na-LTA samples. Pt/Na-LTA (2 g) was added to a 2 M CaCl, (200 cm?; ACS grade,
VWR) solution and stirred for 8 h to allow for complete equilibration. The solids were then filtered
out, and the process was repeated five times. After the final exchange, the solids were washed with
deionized water (1.0 L g!) before treating in ambient air at 368 K overnight and then in flowing
He (0.83 mL g! s!; 99.999%, UHP, Praxair) by ramping from ambient temperature to 473 K
(0.083 K s, holding for 2 h, and cooling to ambient temperature.

Na-LTA zeolites without Pt were synthesized by identical steps to Pt/Na-LTA, but without
the addition of (3-mercaptopropyl)trimethoxysilane or H2PtCls.
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5.2.2 Catalyst Characterization
5.2.2.1 Pt Dispersion and Particle Size Estimations from H, Chemisorption

The dispersion of Pt on catalyst samples, defined as the number of exposed Pt sites divided
by the total number of Pt atoms, was obtained using saturation uptakes of H> at 373 K. Samples
(ca. 1 g) were treated in flowing H, by ramping at 0.083 K s! to 873 K and holding for 1 h. The
sample chamber was then evacuated for 1 h at the same temperature before cooling to 373 K, also
under vacuum. H dissociative adsorption uptakes were measured at pressures between 1 and 40
kPa (373 K). Saturation uptakes were calculated by extrapolating the high-pressure portion of the
isotherm to zero pressure. Particle diameters (d) were calculated from dispersions by assuming
hemispherical particle geometries, the bulk density of Pt (21.45 g cm™),% and correcting for
suprastoichiometric H/Pts (Pts = Pt atoms on nanoparticle surfaces) resulting from the binding of
multiple H-atoms on corner and edge sites using:

d = fshapeNM U_m
2Ny, ap

Osqt = H/Pts =14+ a(d™!) + p(d™2) (8)

Here, fspape 15 @ shape factor (6 for a hemispherical particle), Ny is the total number of metal
atoms in the sample, Ny, is the number of dissociatively bound H> molecules on the catalyst

surface, v, and a,, are the volume and surface area of a Pt atom, and a (0.0364) and £ (0.735)
are empirical parameters specific for Pt.3® These equations (Eq. 7-8) can be solved simultaneously
for the particle diameter (d) and saturation coverage (fg4¢)-

Osat (7

5.2.2.2. Transmission Electron Microscopy and Particle Size Estimations

Transmission electron micrographs of Pt/Na-LTA were obtained on a Philips/FEI Tecnai
12 microscope at 120 kV. Samples were prepared by suspending particles in acetone, sonicating
the suspension for 0.5 h, and then placing drops of the suspension onto holey carbon films mounted
on 400 mesh Cu grids (Ted Pella, #01824). Particle size distributions of metal clusters were
obtained by counting at least 200 crystallites. Surface-averaged cluster diameters were calculated
using:3?

) "id?
) nidiz

where 7; 1s the number of clusters with diameter d..

(dTEM> = 9

5.2.2.3. X-ray Diffraction

X-ray diffractograms for Na-LTA, Pt/Na-LTA, and Pt/Ca-LTA samples were obtained
using a Bruker D8 Discover GADDS Powder Diffractometer using Cu Ko radiation (40 kV, 40
mA). Sample powders were mixed with MgO (>99.99% trace metals basis; Sigma-Aldrich) in a
1:1 mass ratio (as an internal standard) and placed onto quartz slides and leveled. Diffractograms
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were obtained for 20 angles between 7.5° and 55° with a scan rate of 0.00625° s!. The
crystallinities of Pt/Na-LTA and Pt/Ca-LTA samples were calculated as detailed in Section 5.6.1.1.

5.2.3 Measurement of Isotopic Exchange Rates and CH4-H20 Reaction Rates

Isotopic exchange rates and CHs-H2O reaction rates were measured over catalyst powders
(0.0005-0.050 g; <100 um) held on a quartz frit within a U-shaped quartz tube (6.35 mm O.D., 4
mm L[.D.). Deionized H>O was vaporized into flowing reactant streams at 423 K using a liquid
syringe pump (Cole Parmer, 78-9100C). CH4/Ar* (50% CHa, balance Ar; certified grade; Praxair),
D> (99.8% isotopic enrichment, research grade; Praxair), and N> (99.998%, Praxair) flow rates
were controlled using mass flow controllers (Parker Porter 200 series). Samples were treated in
flowing H> (100 cm?® g'! s°!) while heating from ambient temperature to 873 K (ramping at 0.083
K s!) and then holding for 2 h prior to experiments. The composition of the effluent was analyzed
by mass spectrometry (Leybold Inficon Transpector, TSP TH200).

The rate of CHs-D> exchange was calculated by summing the rates of CH3zD, CH2D»,
CHD3, and CD4 formation after correcting each observed rate (7;,) for its respective approach to
equilibrium (7) to obtain forward rates (77) using:

h =75 1- 77) (10)
The approaches to equilibrium for these species are given by:
(CH3D)(HD) 1
= (11)
1610 = (CH) (D) Keqnyp

_ (CHD,)(HD)® 1

Me0: = (CHD(D)? Kogern, (12)
_ (CHD,)(HD)® 1

Teups = “CHYD,)® Keqerps (13)

(CDYHD)* 1 i

1604 = (CHY(D)* Kegco,

where K, ; is the equilibrium constant for the respective reactions, calculated from the binomial
distribution of CH4xDx (x = 0-4) and H,yDy (y = 0-2) species at equilibrium.?” The rate of H,O-
D, exchange was similarly calculated by summing the rates of HDO and DO formation after
correcting for approach to equilibrium using Equation 10. The approaches to equilibrium for HDO
and D>O formation are given by:
_(HDO)(HD) 1
Mpo (HZO)(DZ) Keq,HDO

_(D,0)(HD)? 1
1020 = (H,0)(D2)? Keqpyo

(15)

(16)

4 Ar used as an internal standard in CH4-D: isotopic exchange experiments.
5 N: used as an internal standard in H2O-D; isotopic exchange experiments.
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Forward CH4 turnover rates during CH4-H>O (SRM) reactions were also calculated by
correcting measured rates for approach to equilibrium using Equation 10. The approach to
equilibrium for CH4-H>O reactions is given by:

(CO)Hy)* 1

_ (17)
TsrM = (CH,) (H,0) Kog.srm

The thin catalyst beds resulting from the small amounts of catalyst used in these experiments
exhibit hydrodynamics that are similar to well-stirred systems. The pressures at the reactor exit
were therefore used in Equations 11-17. The absence of mass transport limitations on Pt/SiO and
Pt/y-Al,O3 samples was confirmed by identical rates on samples ground and sieved to retain
particles smaller than 50 um.

5.3 Results and Discussion
5.3.1 Catalyst Characterization

Pt dispersions in Pt/SiO», Pt/y-Al,O3, and Pt/Na-LTA samples were measured using H»
chemisorption uptakes at 373 K. These dispersions were used to calculate the average diameters
of Pt nanoparticles (Table 1) after correcting for the binding of multiple H atoms at edge and corner
sites (Eq. 7-8).3® Average Pt nanoparticle diameters determined from TEM micrographs of Pt/Na-
LTA samples (Section 5.6.1.2; 1.9 nm, Table 1) were in agreement with chemisorption values (2.4
nm; Table 1).

Table 1. Nominal metal content, dispersions,

and calculated particle diameters for catalytic samples

Catalyst Nominal Metal Dispersion Chemisorption TEM Derived
Content (% wt.) Partlc}zrlr?)lzmeter Partlcl(enzl)ameter
Pt/SiO: 0.2 0.38 3.2 -
Pt/y-Al2Os 1.0 0.72 1.9 -
Pt/Na-LTA 1.0 0.53 24 1.9

*Calculated by assuming hemispherical particle geometries and the bulk density of Pt (21.45 g cm™>)** after correcting for the

binding of multiple H atoms at edge and corner sites.*®

X-ray diffractograms of Na-LTA, Pt/Na-LTA, and Pt/Ca-LTA samples confirmed the
synthesis of LTA crystallites and the absence of large Pt agglomerates (> 10 nm) (Section 5.6.1.1).
Diffactograms of Pt/Na-LTA and Pt/Ca-LTA samples were quantitatively compared to measure
differences in crystallinity (80 vs. 74%, respectively; details in 5.6.1.1). These values indicate that
Ca?" ion exchange procedures resulted in minimal loss of crystallinity.
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2
5.3.2 Measurement of CH4 Diffusion Time Constants (z—) in Pt/Na-LTA and Pt/Ca-LTA
Samples

5.3.2.1 Kinetic Dependence of CH4-D> Isotopic Exchange Rates on CH4 and D; Pressure on
Pt/SiO;

CH4-D» isotopic exchange rates were measured on Pt/SiO> as pressures of CHy (5-35 kPa)
and D> (5-30 kPa) were varied (873 K; Fig. 1). Isotopic exchange rates increased proportionally
with CHy4 pressure and did not depend on D, pressure (Fig. 1); these kinetic behaviors are
accurately described by the rate equation:

TeH,f = _kICH4 (CH,) (18)

where kcy, (2.96 £ 0.06 kPa™' s'; Fig. 1) denotes a pressure-based reaction rate constant
normalized by the number of accessible Pt sites (Table 1, Section 5.3.1). The form of this rate
equation (Eq. 18) is identical to that previously proposed for CHs-H>O reforming reactions;*? CHs-
H>O reaction rates (22 + 3 s!; 10 kPa CH4, 40 kPa H>O, 873 K) measured on Pt/SiO, were very
similar to exchange rates (30 + 1.5 57!, 10 kPa CHa, 20 kPa D, 873 K). These similarities indicate
that the two reactions share a common rate limiting step, which was previously shown to be
activation of the C-H bond.?* The kinetic dependences in Figure 1 (873 K) reflect reactions on a
nearly bare surface and are consistent with the dissociation of CH4 to form CH3*, CH>*, CH*, and
C* species and the recombination of these species with D* to form CHy4.xDx (x = 1-3).
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Figure 1. CH4-D; isotopic exchange rates on Pt/SiO> as a function of (a) CH4 pressure (10 kPa
D) and (b) D> pressure (10 kPa CH4) at 873 K. Dashed lines represent linear regression of the
data.
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The form of the rate equation describing CHs-D> exchange (Eq. 18) corresponds with the
form of Equation 4 (n = 1). The Thiele modulus and effective reaction rates can therefore be
modelled accurately by Equation 5. The conventional usage of this equation is in estimating
effectiveness factors for reactions in mesoporous materials; this would typically involve estimating
the effective diffusion coefficient D, from the Knudsen diffusivity (D,),>** estimating or
measuring the pellet radius R, and converting k¢y, (normalized per Pt site) to a concentration-

based volumetric rate constant k,, ¢y, , using:

kcy, Dl

kv,CH4 = E;;TF:SPRgaST (19)
Here, D is the Pt dispersion, [p; is the metal content of Pt, (MWp,) is the molecular mass of Pt,
and p is the solid density of the catalyst. These parameters are specific to the catalyst of interest;
Equation 19 can therefore be used for a wide range of (Pt-based) catalytic materials. Our goal,
however, is not in the estimation of effectiveness factors from a Thiele modulus, but rather in the
estimation of the Thiele modulus from effectiveness factors. We measure such effectiveness
factors from CHas-D; isotopic exchange rates on Pt/SiO2, Pt/Na-LTA, and Pt/Ca-LTA for a range
of temperatures (673-900 K) in the following sections.

5.3.2.2 Effect of Temperature on CH4-D; Isotopic Exchange Rates and k¢y, on Pt/SiO;

CHas-D; isotopic exchange rates (5 kPa CHa, 10 kPa D) were measured on Pt/SiO2 samples
at temperatures between 673 and 900 K. Figure 2a shows these rates as a function of temperature
in an Arrhenius plot. These data exhibit a constant slope (Fig. 2a) and thus reflect a consistent
kinetically-relevant step throughout this temperature range (673-900 K). Equation 18 can therefore
be used to calculate k¢, values (shown in Fig. 2b) from these exchange rates. The activation

energy associated with k¢, (88.9 £ 0.3 kJ mol''; Fig. 2b) was similar to those previously measured
for CH4-H20 (75 kJ mol!"), CH4-CO> (83 kJ mol!), and CH4 decomposition (78 kJ mol!) reactions
on Pt,* further indicating that the reactions share a common rate limiting step (C-H bond
activation). The rates measured on Pt/SiO> (Fig. 2a) represent the maximum rate for a given
condition (7;,4x, Eq. 5) and serve as the denominator for calculating effectiveness factors (1 =

rel, Eq. 5). The k¢y, values (Fig. 2b) will also be used in subsequent sections to extract diffusion

Tmax

2
time constants (R—) from effective rates for mass transport limited catalyst samples.
e
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Figure 2. (a) CHs-D: isotopic exchange rates and (b) k¢, as a function of temperature for CHs-
D, reactions (5 kPa CHa, 10 kPa D2) on Pt/SiO». Dashed line represents linear regression of the
data.

5.3.2.3 CH4-D: Isotopic Exchange Rates on Pt/Na-LTA and Pt/Ca-LTA at Temperatures
Between 673 and 900 K

CH4-D» isotopic exchange rates were measured on Pt/Na-LTA and Pt/Ca-LTA at
temperatures (673-900 K) and pressures (5 kPa CHas, 10 kPa D») identical to those for Pt/SiO»
experiments (Section 5.3.2.2). These rates (. 5f) (Fig. 3a) were significantly lower than those on
Pt/Si0O; at equivalent conditions (Fig. 2a), reflecting the presence of CH4 mass transport limitations
required for measurements of diffusion time constants. The temperature dependences of these data
(Fig. 3a) correspond with apparent activation energies of 53 + 1 kJ mol™! and 48 + 0.8 kJ mol™! for
Pt/Na-LTA and Pt/Ca-LTA, respectively. These energies represent the average of the diffusion
(E4) and reaction (E,) energy barriers, as seen by writing Equation 5 (n = 1) in the following form:

B D, exp (— %)

D,
reff = 2 rn—1 Tmax =
R%C E
FRET™ (s
_ kv’ODOex (_EA+Ed)
Rz OP\" 2Rt

The isotopic exchange rates (.55) on Pt/Na-LTA and Pt/Ca-LTA were used to calculate
effectiveness factors (A = :el, Eq. 5) by dividing by the rates on Pt/SiO2 (73,4,; Fig. 2a) at

equivalent conditions; these values are shown in Figure 3b. Isotopic exchange rates and
effectiveness factors (Fig. 3) on Pt/Na-LTA were smaller than for Pt/Ca-LTA by factors of 7.5-9.1

(20)
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(Fig. 3). Pt/Ca-LTA catalysts were prepared by ion-exchange of Pt/Na-LTA catalysts and
exhibited nearly identical crystallinities to the parent material (Section 5.6.1.1). These large
differences in exchange rates are therefore unlikely to be caused by differences in textural
properties. Instead, the exchange of monovalent Na* cations with divalent Ca?* cations results in
a decrease in the number of charge-balancing species within the micropores of LTA, thereby
increasing the effective diffusivity D. of CHs in such materials. These data (Fig. 3) thus reflect the
lower resistances to molecular motion within the micropores of Pt/Ca-LTA compared to Pt/Na-
LTA.
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Figure 3. (a) CH4-D> isotopic exchange rates and (b) effectiveness factors (4 = :ei) as a function
max

of temperature (5 kPa CH4, 10 kPa D>) on (®) Pt/Na-LTA and (m) Pt/Ca-LTA samples.
Effectiveness factors were calculated by dividing effective rates (r,sf) on Pt/Na-LTA and Pt/Ca-
LTA by maximum rates (7;,,,) measured on Pt/SiO; at equivalent conditions.

5.3.2.4 Calculation of CH4 Diffusion Time Constants in Pt/Na-LTA and Pt/Ca-LTA

The Thiele modulus for severely mass transport limited systems (4 < ~0.3)% is given by the
inverse of the effectiveness factor (Eq. 5; Fig. 3b). These values for CHs-D; isotopic exchange on
Pt/Na-LTA and Pt/Ca-LTA are shown in Figure 4; they represent the square root of the product of
the volumetric rate constant (kv,c H 4) for CH4-D; isotopic exchange and the diffusion time

2
constants (I;—) for CH4 in these materials (Eq. 5, n = 1). The values of k¢y, were previously

e

measured as a function of temperature on Pt/SiO; (Fig. 2b). These values can be converted to a
volumetric rate constant for Pt/Na-LTA and Pt/Ca-LTA samples using Equation 19 and parameters
(D =0.53, lp; = 0.01; Table 1) that are specific to Pt/Na-LTA and Pt/Ca-LTA. The solid density
p of Pt/Na-LTA or Pt/Ca-LTA was calculated using the metal loading and the framework density
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of Na-LTA (1.5174 g cm?)* and Ca-LTA (1.4859 g cm?®, assuming complete Ca?" exchange).*’
This treatment implicitly assumes that k¢, is insensitive to particle size effects, which arise when
reactions are more or less easily activated on coordinatively unsaturated edge and corner sites that
become more prevalent as particle size decreases. C-H bond activation was shown to exhibit such
structure sensitivity in previous studies;*® these studies suggest that the smaller Pt particles in
Pt/Na-LTA and Pt/Ca-LTA (2.4 nm) exhibit approximately 1.2 times higher activity than Pt
particles on SiO (3.2 nm). k,, ¢y, can therefore be corrected by multiplying the converted values
by this factor of 1.2. These corrected values (k;, ¢y, ) and the calculated Thiele moduli (¢; Fig. 4)

. (R? A
were used to obtain (D—) values, as shown in Figure 5.
e
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Figure 4. Thiele moduli for CHs in (®) Pt/Na-LTA and (m) Pt/Ca-LTA samples as a function of
temperature calculated from CH4-D: isotopic exchange effectiveness factors (1) using Equation 5.
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Figure 5. Diffusion time constants (I;—) for CHy in (@) Pt/Na-LTA and (m) Pt/Ca-LTA samples

as a function of temperature. Dashed lines represent linear regression of the data.

The data in Figure 5 reflect the temperature dependence of the diffusion coefficient (D,)
for CH4 within the micropores of Pt/Na-LTA and Pt/Ca-LTA (Eq. 6). The slopes in Figure 5
therefore reflect the energy barriers (E;) for CHy diffusion. These barriers are 21.4 = 0.5 and 14.0
+ 0.9 kJ mol™! in Pt/Na-LTA and Pt/Ca-LTA, respectively. The barrier for CHs diffusion in Pt/Na-
LTA is in close agreement with values previously reported in the literature (18.9 £+ 0.2 kJ mol).#!
The energy barrier for diffusion in Pt/Ca-LTA (14.0 + 0.9 kJ mol™') has not been documented in
the literature, but the decrease in magnitude compared to Pt/Na-LTA (21.4 + 0.5 kJ mol™) is
consistent with a reduction in steric hindrances in Ca-LTA channels containing fewer charge-
balancing cations.

The diffusion time constants in Figure 5 are on the order of 1 s for CH4 in Pt/Na-LTA and
102 s in Pt/Ca-LTA. These diffusion timescales are too fast to be accurately measured by

conventional macroscopic methods such as transient uptake measurements. The temperature
2

dependence of the diffusion time constants (I;—) in Figure 5 can be extrapolated to obtain diffusion

e

time constants at other temperatures (Eq. 6). We can therefore assess the timescale of these
diffusive processes at near-ambient conditions, assuming such extrapolations are accurate. These
extrapolations gave values of 183 £ 41 and 0.48 + 0.2 s for Pt/Na-LTA and Pt/Ca-LTA at 293 K,
respectively. These diffusion time constants indicate that while the diffusion of CH4 in these Pt/Na-
LTA samples can be measured at ambient conditions, diffusion in Pt/Ca-LTA samples is still too
fast be measured reliably using conventional uptake measurements. The isotopic exchange method
presented here is thus not only able to measure diffusion time constants much closer to practical
reaction temperatures, but is also one of the only methods that can be used even for extremely fast
diffusing systems.
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5.3.3 Measurement of H,O Diffusion Time Constants (I;—) in Pt/Na-LTA and Pt/Ca-LTA
Using H,O-D: Isotopic Exchange

5.3.3.1 Kinetic Dependence of H,O-D; Isotopic Exchange Rates on H,O and D; Pressure on
Pt/y-Al,O3 and Implications for Measuring H>O Diffusion Time Constants

2
Diffusion time constants (2—) for H20 in Pt/Na-LTA and Pt/Ca-LTA were obtained using

isotopic exchange measurements and mathematical treatments analogous to those for CHs (Section
5.3.2). H,O-D: isotopic exchange rates were measured on samples of Pt/y-Al,O3 as H,O and D>
pressures were varied (2-30 kPa H»O, 2-40 kPa D»; 623 K). Pt/y-Al,O3 was used in these kinetic
measurements instead of Pt/SiO, because our prior work (Chapter 4) showed that Pt/SiO, exhibits
lower rates after exposure to H2O compared to Pt/y-Al2O3 and Pt black, suggesting that SiO, may
poison metal surfaces in hydrothermal conditions.*> Isotopic exchange rates on Pt/y-Al>Os3
exhibited first-order dependences that transition to sublinear dependences as pressures increase for
both H>O (2-30 kPa) and D, (2-40 kPa) (Fig. 6; 623 K). These kinetic dependences are consistent
with those reported in our previous work on H2O-D» exchange pathways on Pt-based catalysts
(Chapter 4); our studies showed that H>O-D> exchange proceeds via the reaction of D> and
molecularly adsorbed H>O for temperatures lower than 900 K. The elementary steps for this
reaction are shown in Scheme 1, and the rate of H2O-D: exchange is given by (Chapter 4):

ks(H,0)(D,)
—Tu,0,f = Tupo,f + "p,0,f = e : (21)

(H0) + K—ﬁj\/ ;) (1 e (Dz)>

where k; and K; are rate and equilibrium constants corresponding to those shown in Scheme 1.
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Figure 6. H>O-D: isotopic exchange rates on Pt/y-Al,O3 as a function of (a) H>O pressure (40 kPa

D») and (b) D2 pressure (10 kPa H20) at 623 K.

k3
D, +2*% —% 2D%*

2 < [1.1]

ks
H20 + * <k__5 HQO* [12]
HDO + * <k_5 HDO* [1.3]
D2O + * 41(_.5 DZO* [14]
D; + H,0* —X64 HD + HDO* [1.5]
D, +HDO* —X6p HD + D,0* [1.6]

Scheme 1. Elementary steps for H2O-D: isotopic exchange.

The form of Equation 21 does not correspond with the form of the rate equation described
in Equation 4, so Equation 5 cannot be used to calculate the Thiele modulus from effectiveness
factors for the general case. Isotopic exchange rates at H>O pressures lower than 10 kPa, however,
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exhibited near-first-order kinetics (Fig. 6a). These data reflect (H,0) values that are much smaller
than ‘{(L_Sw/ (D,) (denominator of Eq. 21), allowing Equation 21 to be simplified to:
5

ke (H,0)(D,)

—Tu,o0,f = Tupo,f T Tp0f = 57—
( 2 (07 + i (D2)3>

K. (Dy)z + ks K:

(22)

at low H2O pressures. This equation still, however, contains a dependence on D> pressure. The
diffusion rate of D2 and its effect on H2O-D» exchange rates must therefore also be considered
when analyzing effective rates and effectiveness factors. The diffusion of D> can be handled
separately from H>O using H>-D> exchange experiments and is addressed next.

5.3.3.2 H»-D; Isotopic Exchange Rates on Pt/y-Al,O3; and Pt/Na-LTA

H>-D; exchange rates were measured on Pt/y-Al,O3 and Pt/Na-LTA (10 kPa H, 10 kPa
D») at temperatures between 573 and 900 K to probe for mass transport limitations in D, (and H>)
in Pt/Na-LTA and to determine effectiveness factors. H>-D> exchange rates, however, were nearly

identical for both samples (Fig. 7a), as shown by effectiveness factors (4 = M; Fig. 7b)
TPt/Si0,

that were near unity at all temperatures (1.05 £ 0.08, 573-900 K). These data (Fig. 7b) indicate that
there are no gradients in D> (or Hz), and therefore no mass transport limitations, within the
micropores of Pt/Na-LTA during Hz-D> isotopic exchange reactions at these conditions. Pt/Ca-
LTA, which contains fewer charge-balancing cations, is expected to exhibit even less mass
transport resistance. H>-D» isotopic exchange rates were at least a factor of 2 faster than H>O-D»
exchange rates at 623 K (Fig. 6 vs. Fig. 7). D> mass transport limitations are therefore not expected
during H>O-D; isotopic exchange experiments on Pt/Na-LTA and Pt/Ca-LTA, leading to a flat D>
concentration profile within the micropores of the zeolites. The absence of concentration gradients
in D2 means that the dependence on D2 in Equation 22 can be lumped into an effective rate constant

(kb20)3

~Tu,0,f = Tupo,f t Tn,0f = kI’-IZO(HZO) (23)
This equation matches the form of Equation 4 (n = 1); the Thiele modulus and diffusion time
constants can therefore be calculated from effective HO-D» exchange rates on Pt/Na-LTA and

Pt/Ca-LTA using Equation 5 as long as the D, pressure is kept constant and H>O pressures are in
first-order regime ((H,0) < 10 kPa; Fig. 7a) throughout H,O-D; isotopic exchange experiments.
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Figure 7. (a) H,-D, isotopic exchange rates on (1) Pt/y-Al,O; and (o) Pt/Na-LTA (10 kPa H,, 10

kPa D,) and (b) effectiveness factors </1 = M) as a function of temperature.

TPt/Sio,

5.3.3.3 Effect of Temperature on H>O-D; Isotopic Exchange Rates and ky,, on Pt/y-AL O3,
Pt/Na-LTA, and Pt/Ca-LTA

H>0O-D> isotopic exchange rates (5 kPa H>O, 40 kPa D,, 573-823 K) were measured on
Pt/y-Al,O3, Pt/Na-LTA, and Pt/Ca-LTA to obtain the effective rate constant (ky,o; Eq. 23) and
effectiveness factors (4; Eq. 5) as functions of temperature (Fig. 8). The temperature dependence
of ky,o (Fig. 8a) reflects an activation energy barrier of 15.4 + 0.4 kJ mol”, in agreement with the
value previously measured (15.6 + 0.1 kJ mol™!) for H-O-D; reactions on Pt black (5 kPa H>O, 40
kPa D»; 423-900 K) (Chapter 4). H,O-D; isotopic exchange rates were about a factor of 10 lower
on Pt/Na-LTA and Pt/Ca-LTA than on Pt/y-Al,Os (Fig. 7b), confirming the presence of H,O mass
transport limitations. As was the case for CHa, the rate constant ky_, (Eq. 23) was converted into

a volumetric rate constant k,p,o using Equation 19 and used along with the measured
2

effectiveness factors (Fig. 8b) to calculate (2—) values for H>O in Pt/Na-LTA and Pt/Ca-LTA using

Equation 5.
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2
H>O exhibited smaller diffusion time constants (I;—) than CH4 (Fig. 5 and 9) in both Pt/Na-

LTA and Pt/Ca-LTA, indicating that H,O diffuses much more readily through LTA micropores.
H>O also exhibited lower energy barriers for diffusion (E4, Eq. 6; 15.9 + 0.4 and 9.3 £ 0.3 kJ mol
!in Pt/Na-LTA and Pt/Ca-LTA, respectively) compared to CHs (21.4 + 0.5 and 14.0 £ 0.9 kJ mol).
These results are consistent with the smaller kinetic diameter of H>O compared to CH4 (0.264 vs.
0.376 nm), which leads to less molecular and framework distortion as H>O molecules diffuse
through the micropores of the zeolite.> The energy barrier for H,O diffusion in Pt/Na-LTA (15.9
+ 0.4 kJ mol™") is higher than values previously reported from membrane permeation studies (3.23
+ 0.17 kJ mol'")* but lower than those predicted from molecular dynamic simulations (19.5 kJ
mol).** Such large differences in reported energy barriers support the need to measure diffusion
time constants at or near reaction conditions to avoid errors from extrapolation. These presented
data demonstrate the generality of the isotopic exchange technique for measuring diffusion time
constants and its applicability to a wide-range of molecules and reactive systems.

5.4 Conclusions
Predicting and modelling concentration gradients and effective reaction rates in
. . . . . . R? . ..
microporous materials requires accurate diffusion time constants (D— values) at reaction conditions.
e

Measuring these values at reaction temperatures, however, is often infeasible because the diffusive
processes occur on timescales that are too fast to be accurately captured by conventional methods
such as transient adsorption studies. Diffusion time constants are therefore often extrapolated from

ambient or subambient conditions, which can lead to significant error. Here, we presented an
2

alternative method for measuring . values in microporous materials using effectiveness factors
e

derived from isotopic exchange experiments rather than from chemical conversions. Such
exchange reactions are more flexible in their application, as they can be used to probe, in theory,
the diffusion of any molecule. The isotopic exchange methods were demonstrated here for CHs4
and H,O molecules within Na*-exchanged and Ca?"-exchanged LTA samples at temperatures that
are relevant for steam-methane reforming reactions (500-900 K). The energy barriers for diffusion

2
obtained from the temperature dependences of CH4 and H>O diffusion time constants (1;— values)
e

were in agreement with those previously reported in the literature. The isotopic exchange
technique presented here is applicable to a wide range of guest-host systems, with the only
requirement being that the exchange rate be sufficiently fast to cause significant mass transport
limitations within the material of interest at reaction conditions.
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5.6 Supporting Information
5.6.1 Catalyst Characterization

5.6.1.1 X-ray Diffractograms of LTA, Pt/Na-LTA, and Pt/Ca-LTA Samples and Zeolite
Crystallinities

X-ray diffractograms of Na-LTA, Pt/Na-LTA, and Pt/Ca-LTA samples mixed in a 1:1 mass
ratio with MgO, as an internal standard, were obtained to confirm the synthesis of LTA crystallites
and the absence of large Pt agglomerates (> 10 nm). These diffractograms are shown in Figure SI-
1. Reference patterns for LTA% and Pt*® are also included. All synthesized LTA samples (Na-
LTA, Pt/Na-LTA and Pt/Ca-LTA) showed reflections typical for LTA zeolites, indicating the
successful synthesis of such crystallites. Pt/Na-LTA and Pt/Ca-LTA did not exhibit the reflections
for bulk Pt, indicating the absence of large Pt agglomerates (> 10 nm) in these samples.

The crystallinity of 1% Pt/Na-LTA and 1% Pt/Ca-LTA samples were determined from the
integration of the three most intense Bragg lines (at 27.12°, 30.13°, and 34.25°) in the
diffractograms (Figure SI-1), using Na-LTA crystallites without encapsulated Pt as the standard.
Pt/Na-LTA and Pt/Ca-LTA samples exhibited crystallinities of 80% and 74%, respectively.
Samples containing Pt showed lower crystallinities than samples without Pt, likely reflecting local
disruptions in the zeolite framework around Pt metal nanoparticles (~ 2 nm, Table 1) that are larger
than size of LTA-cages (1.1 nm). The crystallinity of Pt/Na-LTA and Pt/Ca-LTA samples were
similar within experimental error, indicating little to no loss in crystallinity following Ca?* ion-
exchange procedures (Section 5.2.1).
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Figure SI-1. X-ray diffractograms for Na-LTA, 1% Pt/Na-LTA, and 1% Pt/Ca-LTA samples
mixed in a 1:1 mass ratio with MgO, used as an internal standard.
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5.6.2 Transmission Electron Micrographs of Pt/Na-LTA

Transmission electron micrographs of Pt/Na-LTA (Fig. SI-2) were used to characterize
particle size distributions using Equation 9.

100

<drem> =
80 1.8 nm
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00‘1234
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Figure SI-2. Transmission electron micrographs and Pt nanoparticle size distribution for Pt/Na-
LTA samples.
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Chapter 6

Exploiting Mass Transport Limitations in Pt/Na-LTA and Pt/Ca-LTA to Control Reactant
Ratios During Methane Reforming Reactions

Abstract

Zeolites exhibit unique sieving properties that can be exploited to provide preferential
access to active sites located within cages and channels of molecular dimensions, thereby altering
intracrystalline reactant ratios from their prevalent values in the external fluid phase. These
properties were exploited here for CH4-H2O reactions, which tend to form carbon deposits at
stoichiometric and substoichiometric HoO/CHg4 ratios. CH4-H2O reaction rates at 873 K were
measured as a function of time on Pt nanoparticles supported on y-Al2O;3 or encapsulated within
Na-LTA and Ca-LTA crystallites at several CHs (20, 40 kPa) and H,O (5-40 kPa) pressures (873
K, 5 kPa H»). Pt/Na-LTA and Pt/Ca-LTA exhibited initial reaction rates that were factors of 161
and 13 lower than on Pt/y-AlO3; at equivalent conditions, reflecting the presence of CHs
concentration gradients required to alter intracrystalline reactant ratios. Deactivation rates on Pt/y-
(CH4)(H2)

(H20)
the thermodynamic activity of carbon on the metal surface. Deactivation rates on Pt/Na-LTA and
Pt/Ca-LTA were undetectable for i values below 10 and exhibited deactivation rates that were 3-
8 times slower than on Pt/y-Al,O;3 for 1 values between 10 and 40. These improvements over the
conventionally-supported catalyst reflect the high HoO/CHg4 ratios within the zeolite pores, as
indicated by extensive modelling of the CH4 and H>O concentration profiles. Simulations of
deactivation behavior are used to provide additional insight into further optimizing these materials.
The strategies for exploiting differences in diffusivity in zeolites, demonstrated here for CH4
reforming reactions, are generally applicable to reactions where the selective access for smaller
reactants is desirable.

AlO3 were linearly dependent on a ratio of pressures (zp = ) that uniquely determines
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6.1 Introduction

Zeolites and zeotypes are crystalline microporous materials with well-defined pore and
cage structures unique to each framework type.! These materials have found wide use in separation
and catalytic processes'"!! because of their unique ability to selectively sieve and adsorb molecules.
These sieving properties can be tuned by varying the chemical composition (e.g., Si/Al ratio) of
the materials and by post-synthetic cation-exchange procedures.!? Zeolites and zeotypes are
frequently used as solid-acid catalysts for the cracking of carbon-carbon bonds, skeletal
isomerizations, and polymerization reactions among other acid-catalyzed chemistries.!> These
microporous materials have also found increasing use in metal-catalyzed chemistries by
encapsulating metal nanoparticles in voids within the framework.'* The encapsulation of metal
clusters provides many advantages over conventional metal-oxide supported metal nanoparticles,'*
including the protection of encapsulated metal nanoparticles from contact with bulky catalytic
poisons, !> 1% the selective retention of bulky products until they fragment or isomerize to form
species that diffuse more readily through the pores of the framework,'® and the stabilization of
specific transition states via van der Waals interactions with intracrystalline pores and cages.!” The
framework structure surrounding metal nanoparticles also provides significant resistance against
agglomeration of the nanoparticles, allowing them to retain their small size at temperatures that
would otherwise lead to sintering and a concomitant loss in active surface area.'’ 'S The
combination of metal-catalyzed chemistries with the sieving properties of zeolites (and zeotypes)
represents an area of significant interest.

Zeolites and zeotypes sieve and select molecules based on their relative diffusivities. These
diffusivities depend on the geometry of the zeolite framework, the prevalence of charge-balancing
ions, and the size and shape of the diffusing molecule.”*- ¥ Differences in diffusivity can thus be
exploited to alter reactant/product concentration ratios along zeolite channels. Such control can
benefit CH4-H>O reactions, which are known to form carbonaceous deposits on metal surfaces at
stoichiometric feed ratios (CH4/H,O = 1).! These reactions are mediated by a common series of
elementary steps for Ru,2’ Rh,?! Ir,22 Pt,} and Ni?* catalysts (Scheme 1). Application of the pseudo-
steady-state approximation (PSSA) to C* gives an expression for the surface carbon activity (ac+)s
at conditions far from equilibrium (Chapter 2):

e gy &
k,Kg
F ke @
(CHy)(Hy)
T M0 .

Higher surface carbon activities (ac+)s lead to greater carbon formation rates.?® Industrial
processes therefore typically utilize substoichiometric CH4/H2O feed ratios of 0.2-0.33 to decrease
the surface carbon activity (Chapter 2), thereby suppressing carbon formation and deactivation.
Such operations away from stoichiometry, however, requires the incorporation of energy-intensive
recycle operations.!” An alternative strategy that allows the utilization of stoichiometric feeds
while also suppressing carbon formation is therefore desirable.
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CH, + 2% <T_> CH; * + H« [1.1]
-1

CHj * + * 4%» CH, * + H [1.2]
2

CH, * + * %V CH % + H % [1.3]
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CHs++ —4 CxtHsx [1.4]
k4
K

CO, + 2 ;62 CO %+ 0 = [1.5]

Cx+0x —Kop COx+ x [1.6]
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a [1.7]

CO % 4—_@—_»(:0-}—* )
Ks

H, + 2 * ;_@—_» 2H * [1.8]
Ko

H0+2+ 3> OHx+Hx [1.9]
Kio

OH x + « <—_®—_> Ox+4+Hx [1.10]

Scheme 1. Elementary steps for CH4 reforming reactions on metal catalysts. Open circles on
arrows denote quasi-equilibrated reactions.

2

Our prior measurements of diffusion time constants (D ) using isotopic exchange methods

showed that the diffusion of H,O in Na-LTA and Ca-LTA zeolites is much faster than CHy
(Chapter 5). This difference in diffusivity can be exploited to decrease intracrystalline CH4/H>O
ratios and surface carbon activities (Eq. 1-3), thereby suppressing carbon formation and
deactivation. This control over CH4/H>O ratios at the catalyst level instead of at the process level
also allows reactant feeds to be maintained at stoichiometric compositions. CH4-H2O reactions are
carried out on Pt/y-Al,Os3, Pt/Na-LTA, and Pt/Ca-LTA catalyst samples in the present study at 873
K at various ¥ (2.5-40 kPa, Eq. 3) ratios. CHs4-H2O reaction rates on Pt/Na-LTA and Pt/Ca-LTA
are significantly smaller than on Pt/y-Al>O3, indicating the presence of the desired mass transport
limitations in CH4. These effective reaction rates are in agreement with CHy4 diffusion time
constants previously measured using CHs-D; isotopic exchange reactions on these same materials
(Chapter 5). Deactivation rates on Pt/y-AlO3 are shown to increase proportionally with 1,
reflecting the dependence of carbon formation rates on surface carbon thermodynamic activities.
Deactivation rates on Pt/Na-LTA and Pt/Ca-LTA samples, in contrast, are undetectable for
stoichiometric (and substoichiometric) CH4-H20 feeds (873 K) () < 10 kPa; Eq. 3). Deactivation
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rates are also 3-8 times slower on Pt/Na-LTA and Pt/Ca-LTA than on Pt/y-AlOs at higher
CH4/H>O feed ratios (1p = 10-40 kPa; Eq. 3). Deactivation rates are similar for Pt/Na-LTA and
Pt/Ca-LTA catalysts, contrary to expectations that Pt/Na-LTA samples exhibiting greater mass
transport limitations would lead to lower intracrystalline CH4/H2O ratios and thus slower
deactivation rates. Numerical models are used to provide insight into these deactivation behaviors.

2
These models utilize CH4 and H>O diffusion time constants (1;—) measured by isotopic exchange

methods (Chapter 5) to simulate CH4 and H2O concentration profiles over time as the catalyst
deactivates. The simulations indicate that CH4 concentrations decrease to zero near the surface of
the crystallite for both Pt/Na-LTA and Pt/Ca-LTA; CHs turnovers therefore occur almost
exclusively in a region where carbon activities remain high. Simulated deactivation rates are in
close agreement with experimental values.

The strategies demonstrated here for CH4-H>O reactions for exploiting differences in
diffusivity to control reactant ratios at the catalyst level rather than at the process level are widely
applicable. Such strategies can be used to improve reactant selectivity in mixed feeds, scavenge
products (e.g., H») to remove thermodynamic limits, and inhibit side reactions. The availability of
a large library of microporous materials provides numerous tunable options for implementing these
strategies.

6.2 Experimental Methods
6.2.1 Catalyst Synthesis Methods

Pt nanoparticles were dispersed on y-Al2O3 (1% wt., Pt/y-Al20O3) by employing incipient
wetness impregnation techniques. y-Al>O3 (Sasol, CATALOX SBa 200) was treated in flowing air
(0.83 cm?® g'! s°!; zero grade; Praxair) while ramping from ambient temperature to 1073 K (0.083
K s!) and holding for 5 h. An aqueous solution of H2PtCls (8% wt. in H2O; Sigma-Aldrich) was
added dropwise to the treated y-Al,O3; (0.26 cm?® g! y-Al,O3). The sample was then treated
overnight in ambient air at 368 K, followed by treatment in flowing air (1.67 cm? g! s!; zero
grade; Praxair) by heating from ambient temperature to 873 K (at 0.083 K s'!) and holding for 3 h
before cooling to ambient temperature. The sample was next treated in flowing H» (1.67 cm® g s
1;99.999% UHP; Praxair) while heating to 1073 K (at 0.083 K s!) and holding for 2 h. After
cooling to ambient temperature, the sample was held in 2% v/v Oz (0.83 cm?® g'! 57!, balance He;
certified grade; Praxair) for 0.5 h to passivate the surfaces of Pt nanoparticles.

Pt clusters were encapsulated in Na-LTA zeolites by previously reported strategies, in
which a Pt precursor and stabilizing ligand is added to the zeolite synthesis gel prior to
hydrothermal crystallization of the LTA framework. The synthesis gel was prepared by adding
4.80 g NaOH (Certified ACS, Fisher Chemical) and 0.71 g (3-mercaptopropyl)trimethoxysilane
(95%; Sigma-Aldrich) to 18.0 g of deionized (DI) H>O (>18.0 MQ-cm resistivity). A solution of
3.04 g of HyPtCls (8% wt. in H>O, Sigma-Aldrich) was diluted in 15.3 g of DI H>O and added
dropwise into the solution while stirring. Colloidal SiO> (10.7 g; 30 wt. % suspension in H>O;
LUDOX HS-30; Sigma-Aldrich) was added, and then the mixture was heated to 353 K under
stirring (300 s™") and held at this temperature until the mixture turned transparent. The mixture was
removed from heat, and a solution of 6.0 g of NaAlO> (53% Al>,03, 42.5% NaO; Riedel-de Haén)
in 18.0 g of DI H20 was added. The mixture was stirred for 2 h at ambient temperature. The final
synthesis gel molar ratios were 1.7 Si0O2/1.00 AlO3/3.2 Na,O/110 H»0/0.019 Pt/0.12 (3-
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mercaptopropyl)trimethoxysilane. The gel was heated for 12 h at 373 K with stirring (300 s!') in a
1 L polypropylene bottle. The resulting solid-liquid mixture was filtered through a fine fritted
funnel and washed with DI water until the rinse solution reached a pH of 7. The solids were treated
overnight in ambient air at 368 K and then in flowing air (0.83 mL g s’!; zero grade; Praxair)
while ramping from ambient temperature to 623 K (0.033 K s!) and holding for 3 h. After cooling
to ambient temperature, the sample was treated in flowing H> (0.83 cm?® g! s7; 99.999% UHP;
Praxair) while ramping to 623 K (0.083 K s™!) and holding for 2 h before cooling back to ambient
temperature. The sample was exposed to flowing 2% O> v/v (0.83 cm? g'!' s”!,nbalance He; certified
grade; Praxair) for 0.5 h to passivate the surfaces of Pt nanoparticles.

Pt/Ca-LTA samples were prepared by ion exchange of Pt/Na-LTA samples using CaCl,
solutions. A 2 M CaCl; solution (200 cm?; ACS grade, VWR) was added to Pt/Na-LTA (2 g). The
mixture was stirred for 8 h at ambient temperature to allow for complete equilibration. The solids
were then filtered out, and the process was repeated four more times. The solids were washed with
DI water (1.0 L g'!') before treating in ambient air at 368 K overnight. The samples were then
treated in flowing He (0.83 mL g! s'; 99.999%, UHP, Praxair) by ramping from ambient
temperature to 473 K (0.083 K s™") and holding for 2 h.

6.2.2 Catalyst Characterization
6.2.2.1 Pt Dispersion and Particle Size Estimations from H, Chemisorption

The dispersion of Pt, defined as the ratio of exposed Pt sites to the total number of Pt atoms,
was measured using uptakes of H> at 373 K. Samples (ca. 1 g) were first treated by heating from
ambient temperature to 873 K at 0.083 K s™! in flowing H> and then held at this temperature for 1
h. The sample was then evacuated for 1 h at the same temperature before cooling under vacuum
to 373 K. H» uptakes were measured at pressures between 1 and 40 kPa. Saturation uptakes were
calculated by extrapolating the high-pressure linear portion of the isotherm to zero pressure.
Particle diameters (d) were calculated from dispersions by using:?’

_ fshapeNM Um
- sat
2Ny, ap

Osqt = H/Pts =1+ a(d™!) + p(d™2) (5)

Here, d is the diameter of the particle, fgnqpe is @ shape factor (6 for a hemispherical particle), Ny
is the total number of metal atoms, Ny, is the number of adsorbed H> molecules, and v,,, and a,,
are the volume and surface area of a Pt atom (calculated using the bulk density of Pt, 21.45 g
cm).28 @ (0.0364) and B (0.735) are empirical parameters specific to Pt.?” These equations (Eq.4-
5) can be solved iteratively; they correct for the binding of multiple H atoms to corner and edge
atoms on small Pt nanoparticles.?’

d (4)

6.2.2.2 X-ray Diffraction of Zeolite Samples (Pt/Na-LTA and Pt/Ca-LTA)

X-ray diffraction patterns of Pt/Na-LTA and Pt/Ca-LTA samples were obtained on a
Bruker D8 Discover GADDS Powder Diffractometer using Cu Ko radiation (40 kV, 40 mA).
Samples were prepared by mixing with MgO (>99.99% trace metals basis; Sigma-Aldrich) in a

168



1:1 mass ratio (internal standard) and placed onto quartz slides. Diffractograms were obtained for
20 angles between 7.5° and 55° with a scan rate of 0.00625° s™!.

6.2.3 Measurement of CH4-H>O Reaction Rates

CH4-H>0O reforming turnover rates were measured on Pt/y-Al,O3, Pt/Na-LTA, and Pt/Ca-
LTA samples diluted 1:10 by mass in y-Al,O3, pressed into pellets, then sieved to retain particles
with diameters between 177 and 250 pm. These samples (0.0003-0.0020 g Pt/y-Al>O3, 0.05-0.15
g Pt/Na-LTA, 0.010-0.030 g Pt/Ca-LTA) were then further diluted in 0.8 g of acid-purified quartz
(Sigma-Aldrich). The samples were held on quartz wool plugs (Hereaus Quartz, 4-8 um diameter
wool) within a quartz tube (9.5 mm outer diameter, 7 mm inner diameter). Samples were treated
by heating from ambient temperature to 873 K (0.083 K s!) in flowing He (1.67 cm? g! s°!; Praxair,
UHP, 99.999%), then switching to flowing H» for 2 h (1.67 cm? g*!' s°!; Praxair, UHP, 99.999%),
then back to flowing He before catalytic measurements. Methane (Praxair, 99.99%), H» (Praxair,
UHP, 99.999%), and He (Praxair, UHP, 99.999%) flow rates were adjusted with mass flow
controllers (Porter Instrument) to achieve desired pressures. H2O was vaporized into flowing gas
streams at 473 K using a liquid syringe pump (Isco Teledyne, S00D). All transfer lines were
maintained above 393 K to avoid condensation. Effluent concentrations of reactants and products
were measured by gas chromatography (Shimadzu GC-2014; equipped with Porapak Q column
and a thermal conductivity detector). Methane conversions were kept below 5% in all experiments.
Measured turnover rates (r,) were corrected for approach to equilibrium (1) to obtain forward
rates (77) using:
=1 (1—1) (6)
(CO)(Hp)® 1
1= (CHL) (H,0) Kspu
where (7) denotes the pressure of species i (in kPa), and Ksgruy is the equilibrium constant for the
steam reforming (CH4-H>O) reaction at the reaction temperature (873 K). The pressures used in
Equation 7 were the average pressures within the catalyst bed. The absence of intrapellet mass

transport limitations was confirmed by identical rates when varying the extent of dilution (1:65 by
mass) or pellet size (125-149 um).

(7

6.3 Results and Discussion
6.3.1 Catalyst Characterization

Pt dispersions on Pt/SiO> and Pt/Na-LTA were measured by H> chemisorption uptake
measurements at 373 K. The Pt dispersion of Pt/Ca-LTA samples was assumed to be identical to
that of Pt/Na-LTA since these samples were synthesized by ion-exchange of Pt/Na-LTA samples.
These dispersions were used to calculate the average diameter of Pt nanoparticles contained within
the samples (Eq. 4-5). The dispersions and chemisorption-derived diameters are summarized in
Table 1.
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Table 1. Nominal metal contents, dispersions, and particle diameters for catalytic samples

Catalyst Nominal Metal Dispersion Nanoparticle Diameter
Content (% wt.) (nm)'

Pt/y-ALOs 1.0 0.72 1.9

Pt/Na-LTA 1.0 0.53 24

Pt/Ca-LTA* 1.0 0.53 24

fCalculated by assuming hemispherical particle geometries and using the bulk density of Pt (21.45 g
cm?).% H/Pt, stoichiometries were estimated using Equation 5.
*Pt/Ca-LTA samples assumed to exhibit identical properties as its parent material Pt/Na-LTA

X-ray diffractograms of Pt/Na-LTA and Pt/Ca-LTA samples confirmed the synthesis of
LTA crystallites (Section 6.6.1).

6.3.2 Measurement of CH4-H>0O Reaction Rates on Pt/y-Al,Os3, Pt/Na-LTA, and Pt/Ca-LTA
and Assessments of Mass Transport Limitations of CH,4 at 873 K

CH4-H2O turnover rates were measured on Pt/y-Al,Os;, Pt/Na-LTA, and Pt/Ca-LTA
samples (10 kPa CH4, 40 kPa H>O, 5 kPa H»; 873 K) to compare the magnitudes of their initial
rates (Fig. 1). CHs4-H2O turnover rates were lower on Pt/Na-LTA and Pt/Ca-LTA than on Pt/y-
ALOs by factors of 0.0093 + 0.0011 and 0.073 + 0.006, respectively. These values reflect
significant intracrystalline mass transport limitations in Pt/Na-LTA and Pt/Ca-LTA and represent
effectiveness factors, defined by:

T,
1= (8)
Tmax
where 7, is the effective rate of reaction (on Pt/Na-LTA and Pt/Ca-LTA), and 73,4, is the rate of
reaction in the absence of mass transport limitations (given by rates on Pt/y-Al>03).

Effectiveness factors can also be estimated using Thiele formalisms.?” CH4-H>O reforming
rates on Pt are described by a first-order dependence in CH4:?

Ten, = k’CH4 (CH,) 9)

where k¢y, ([=] kPa™! s!) represents the rate constant for CHs-H>O reactions normalized by the
number of Pt sites. For a first-order reaction in a quasi-spherical particle with severe mass transport
limitations (A < ~0.3) 3%, the Thiele modulus (¢)* can be related to the effectiveness factor by:3°

k,R* 1
D, 2

2
where the ratio of the square of the radius to the effective diffusivity (I;—) is denoted as a diffusion

e

. . . . . . R? .
time constant and k,, is the volumetric rate constant. The diffusion time constant (—) for CHy in
e

Pt/Na-LTA and Pt/Ca-LTA was measured previously at 873 K using CH4-D> isotopic exchange
experiments (0.64 £ 0.07 and 0.013 £ 0.002 s, respectively). The volumetric rate constant can be
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estimated by converting the per-site rate constant k¢, (Eq. 9) to a volumetric rate constant k,, ¢y,
using:
kéH4DlPtp ,

kych, = MWD RT = fkey, (11)
Here, D is the Pt dispersion in Pt/Na-LTA and Pt/Ca-LTA (0.53, Table 1), (MW,,) is the molecular
mass of Pt, [p, is the Pt content in Na-LTA and Ca-LTA (1% wt., Table 1), and p is the solid
density of Pt/Na-LTA or Pt/Ca-LTA, calculated using the bulk densities of Na-LTA (1.5174 g
cm?)}! and Ca-LTA (1.4859 g cm?, assuming complete Ca?>* exchange).*! Equations 10 and 11
were used to calculate effectiveness factors for CHs-H>O reactions on Pt/Na-LTA and Pt/Ca-LTA,
giving values of 0.012 £ 0.002 and 0.085 £ 0.003, respectively; the experimental and calculated
effective reaction rates are shown in Figure 1. These effectiveness factors were in close agreement
with the experimental values (0.0093 £ 0.0011 and 0.073 £ 0.006, for Pt/Na-LTA and Pt/Ca-LTA,
respectively), validating the CH4 diffusion time constants previously measured on these materials
and demonstrating the presence of the desired intracrystalline mass transport limitations.

10° ' ' -
‘v
~ 1
(3]
o
o)
>
(o)
e
E
0
- 10
O
107"

Pt/-Al, O,  Pt/Na-LTA  Pt/Ca-LTA

Figure 1. Initial CH4 turnover rates measured on Pt/y-Al,O3, Pt/Na-LTA, and Pt/Ca-LTA catalytic
pellets (diluted 1:10 in y-Al,03) (177-250 um) at 873 K (10 kPa CH4, 40 kPa H>O, 5 kPa H»). Gray
bars represent measured rates while green bars denote rates calculated using Thiele formalisms
and CHy4 diffusion time constants derived from previous isotopic exchange studies (Chapter 5).

171



6.3.3 Effects of CH4/H20 Feed Ratios on Deactivation Rates on Pt/y-Al,Os, Pt/Na-LTA, and
Pt/Ca-LTA at 873 K

Previous investigations on carbon formation during CH4-H>O reactions on Ni showed that
the rate of carbon deposition during these reactions is linearly dependent on the surface carbon

(ng)g?)) (Eq. 1-3) (Chapter 2). The morphology of these carbon deposits
2

typically assumes the form of filaments for Ni-based catalysts; these filaments continuously
deplete the surface of carbon atoms during reactions, thereby allowing continued access to the
surface for catalytic turnovers.?> 32 The formation of these filaments occurs via the dissolution of
carbon at the reactive surface, diffusion through the Ni nanoparticle, and finally nucleation at the
filament.** Carbon deposits on Pt, conversely, tend to form graphite-like layers that block access
to the surface over time, leading to deactivation of the catalyst;*? these behaviors reflect the much
lower solubility of carbon in Pt (4 x 10-12 wt. %, 873 K; extrapolated from measurements at 1473-
1773 K)** than in Ni (0.04 wt. %, 873 K).* Thus, deactivation rates on Pt are expected to depend
(c H4)(H2)).
(H20)

activity and on (

on the surface carbon activity and on (

CH4-H>O reforming rates were measured as a function of time on Pt/y-Al>,O3, Pt/Na-LTA,
and Pt/Ca-LTA samples as 1 was varied between 2.5 and 40 kPa (873 K). Figure 2 shows first-
k&H4(f))

ke, (0)

) values were increased over time by varying

order rate constants (Eq. 9) normalized by their values at the start of these experiments (
(CH4)(H3)

(H20)
H>0 (2.5-40 kPa) and CH4 (20, 40 kPa) pressures while maintaining constant H, pressures (5 kPa;
Fig. 2). Reaction rates exhibited first-order deactivation kinetics at each value of ¢ (Fig. 2), as
indicated by the linear trends in Figure 2. Such behaviors can be modelled using:3®

k() _ k() _
k'(0)  ky(0)
where k; is the first-order deactivation rate constant, corresponding with the slope of the data in

Figure 2. k; values were regressed for each experimental condition and catalyst in order to
compare deactivation rates on Pt/y-Al>Os, Pt/Na-LTA, and Pt/Ca-LTA (Fig. 3).

as a function of time for each catalyst. 1 (

exp (—=kg4t) (12)
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Figure 2. CH4-H:O first-order rate constants normalized by initial values (
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function of the pressure ratio i (

Figure 3 shows that deactivation constants (k;; Eq. 12) on Pt/y-Al,O3 were proportional to

" ((CH4)(H2)
(H20)

Such trends with 1 are similar to those previously reported for carbon filament formation rates on
Ni-based catalysts (Chapter 2). Deactivation rate constants (k;) were smaller on Pt/Na-LTA and
Pt/Ca-LTA than on Pt/y-Al,Os (Fig. 2-3) by factors of 5.9-8.3 and 3.4-6.4, respectively, for
values between 10 and 40. These lower deactivation rates reflect in part the effects of mass
transport limitations on apparent deactivation rates; such effects can be modelled analytically when
intracrystalline CH4/H,O ratios are constant.

) values, reflecting dependence of deactivation rates on the surface carbon activity.

The rate of CHs-H>O reaction in a mass transport limited particle is given by:
r= Ak’CH4(CH4) = Afkv,CH‘}(CHél-) (13)

Substitution of Equation 10 into Equation 13 gives:

e

r= |73 kvcu, (CHy) (14)

2
kv,CH4R

k cu, varies with time but not position, assuming that the CH4/H>O ratio and i are constant (Eq.
12). Equation 12 can be substituted into Equation 14 to give:
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Dekv CH (0)
r(t) = ’R—Z“f exp (—0.5k,4t)(CH,) (15)

The form of Equation 15 and the factor of 0.5 appearing the exponential term indicates that even
at constant CH4/H»O ratios, the presence of mass transport limitations leads to an apparent decrease
in deactivation rates by a factor of 2. This analysis indicates that decreasing intracrystalline
CH4/H>O0 ratios must lead to decreases in deactivation rate constants (k,;) by more than factors of
2, which was demonstrated by both Pt/Na-LTA (factors of 5.9-8.3) and Pt/Ca-LTA (factors of 3.4-
6.4) (3 = 10-40 kPa; Fig. 3). The significantly lower deactivation rate constants exhibited by
Pt/Na-LTA and Pt/Ca-LTA (Fig. 3) therefore reflect the faster diffusion of H,O compared to CH4
in the micropores of Pt/Na-LTA and Pt/Ca-LTA, resulting in the suppression of carbon formation
on Pt nanoparticles located within the zeolite crystallites. These deactivation behaviors cannot be
modelled analytically; modelling deactivation rates with diffusion-reaction models using CH4 and

2
H>O diffusion time constants (I;—) previously derived from isotopic exchange experiments is
e

therefore addressed using numerical methods in the following section.

6.3.4 Deactivation Rates and Insights from Numerical Modeling on Pt/Na-LTA and Pt/Ca-
LTA

CHs4 and H>O exhibit distinct concentration gradients in Pt/Na-LTA and Pt/Ca-LTA

crystallites during CHs-H>O reactions because of their significantly different diffusivities.” These

concentration gradients lead to CH4/H,O (and ¢ = %) ratios that also vary along the
2

channels of the zeolite, which lead in turn to deactivation rates that depend on position. The

prediction of observed deactivation rates therefore requires the use of reaction-diffusion models

along with finite difference methods to predict concentration profiles and 1 ratios within Pt/Na-

LTA and Pt/Ca-LTA crystallites at a given time and position. Such methods were used to simulate

the deactivation of Pt/Na-LTA and Pt/Ca-LTA catalyst particles over time.

Pt/Na-LTA and Pt/Ca-LTA crystallites were modelled as isotropic quasi-spherical
particles. A shell balance on a reactive particle gives the following equations (derivation in Section
6.6.2):

0°5,(6,t)  205(6,1)

902 + 0 00 + V7 (0,t)écn, (6,1) =0 (16)
R2

$:i(0,t) = jkv,cm 6,t) (D_> 17)

kycu,(0,t) = kycp, (0,0) exp(—kq(6,t) X t) (18)

where ¢; is a dimensionless concentration of species i (normalized by the external CHs

concentration), 8 is a dimensionless radius (%), v; is the stoichiometric number for species i
. .- R?%\ . . . .
(negative for reactants and positive for products), and (D—) is the diffusion time constant for
e/

species i. Here, k, ¢y, (8, 0) was calculated from the initial rates on Pt/y-Al>O3 using Equation 11,
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as above (Section 6.3.2). Diffusion time constants (I;—Z) for CHs and H>O were previously
e/

measured on these samples at 873 K using CH4-D, and H,O-D» exchange reactions (Chapter 5);

these values are reported in Table 2. H> does not exhibit concentration gradients, as indicated by

our previous Hz-D» isotopic exchange experiments on these materials (Chapter 5). To solve these

equations (Eq. 16-18), the model particle was divided into 5000 shells, each with its own reaction

rate constant k, cp, (6,t) (Eq. 18) that was updated with each time step. The deactivation rate

constant was modelled by:
kqy(0,t) = 0.00127 ¥(6,t) — 0.00424 (19)
This equation was obtained by regressing the deactivation rate constants in Figure 3 for y values

between 5 and 40 kPa. The time step was chosen such that the change in k;, ¢y, (6, t) (Eq. 18) from
the previous time step was less than 0.05%.

Table 1. Diffusion time constants (';—2) (873 K) used in numerical
simulations of reaction-diffusion within Pt/Na-LTA and Pt/Ca-LTA

Molecule Catalyst ﬁ—z (s) at 873 K
CH* PyNa-LTA 0.64+0.07
PY/Ca-LTA 0.013 +0.0025
H0* PyNa-LTA 45x 107427 % 107
PY/Ca-LTA 2.3 x 104492 x 10°
Ha PyNa-LTA I x 1072
PY/Ca-LTA 1 x 10712

*Measured previously using CHs-D, and H20-D: isotopic exchange reactions
(Chapter 5)
fValues used for the absence of mass transport limitations

The set of partial differential equations given by Equation 16 (for CH4, H,0O, and H»)
requires 6 boundary conditions to solve. Three of these boundary conditions are Neumann
conditions, corresponding with the no flux condition at the 8 = 0:

3

a6
The other three boundary conditions are Dirichlet conditions, set by the external concentrations
(i) of CH4, H20, and Hy:

lo=o =0 (20)

0N
~ (CHy),

Equation 16 was solved at each time step to give concentration profiles for CHs, H>O, CO, and H,.
The composition of reactants and products within each differential slice was used in the calculation

Si (21)
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ofky(0,t) (Eq. 19) and ky, ¢y, (6, t) (Eq. 18) in the next time step. The effective rate was calculated
from the integral average rate within the model particle.
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Figure 4. Simulated CH4-H>O rate constant ratios <k,CH—4$) on (m) Pt/Na-LTA and (A) Pt/Ca-

LTA, as a function of time at 873 K.
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Table 2. Simulated and experimental deactivation rate constants

on Pt/y-AlbOs, Pt/Na-LTA, and Pt/Ca-LTA

Y Catalyst Experimental k, Simulated k,
(kPa) (ks (ks

5 Pt/Na-LTA  55x10°+ 1.8 x10* 3.1x10*
Pt/Ca-LTA  -2.3x 10*+2.5x 10 3.0x 10"

10 Pt/Na-LTA 84 x 10*+4.1 x 107 2.1x107
Pt/Ca-LTA  1.0x103+1.2x10* 2.0x10%

20 Pt/Na-LTA 3.6 x10°+ 1.0 x 10* 54 %103
Pt/Ca-LTA 6.2 x103+2.0 x 10* 5.0 x 10

40 Pt/Na-LTA  8.1x10°+2.7 x 10* 9.7 x 107
Pt/Ca-LTA 9.9 x103+4.2 x 10* 8.8 x 10

ke, (6)
ke, (0)
Pt/Ca-LTA versus time at 873 K as 1y values (2.5-40 kPa) were sequentially increased over time,
as in the experiments in Figure 2. The data in Figure 4 also show first-order deactivation trends
(on these timescales) on Pt/Na-LTA and Pt/Ca-LTA samples, in agreement with the experimental
deactivation trends, allowing for the extraction of first-order deactivation rate constants k;. The
values of deactivation rate constants k; from simulations and from experiments (Fig. 3) are
tabulated in Table 2.

Figure 4 shows the simulated effective rate constant ratios ( ) on Pt/Na-LTA and

The simulated deactivation rate constants were in good agreement with experimental
values (Table 2). The simulated data (Table 2), however, predicted that Pt/Na-LTA samples
deactivate more quickly than Pt/Ca-LTA samples, contrary to the experimental data and
expectations that greater mass transport limitations in CH4 would lead to lower CH4/H>O ratios
and thus lower deactivation rates. Simulated concentration profiles in Pt/Na-LTA crystallites,
however, were nearly vertical; such concentration gradients are so severe that the majority of CHs4
conversion occurs also where deactivation is most likely, near the surface of the crystallite. The
simulated data (Table 2, Fig. 4) therefore reflect concentration gradients that are unable to fully
exploit the internal volume of Pt/Na-LTA and Pt/Ca-LTA where most Pt active sites are located.

Figure 5 shows simulated initial deactivation rate constants k, as a function of the Thiele
modulus ¢ (Eq. 17) for ¥ values between 5 kPa and 40 kPa, assuming the absence of H>O
gradients. These data show that deactivation rate constants initially decrease with increasing values
of the Thiele modulus, representing increasing mass transport limitations in CHa, but then exhibit
an inflection and slightly increase before approaching an asymptotic limit. These latter trends
correspond with the higher simulated deactivation rate constants for Pt/Na-LTA than for Pt/Ca-
LTA (Table 2). The Thiele moduli, calculated from the experimental effectiveness factors using
Equation 10 (107 £ 13 and 14 £ 1 for Pt/Na-LTA and Pt/Ca-LTA, respectively), indicate that the
deactivation experiments in this study (Fig. 2) were performed in the asymptotic regime (indicated
by arrows in Fig. 10). These asymptotic limits (Fig. 5) were, however, all lower than the factor of

178



0.5 improvement expected from mass transport limitations without changes in intracrystalline
CH4/H>O0 ratios (Eq. 15). Thus, while Pt/Na-LTA and Pt/Ca-LTA exhibited deactivation rates well
below those on Pt/y-Al,O3 (Fig. 2), reflecting the preferential access provided to H>O molecules,
the catalyst can be further optimized by choosing or synthesizing a material with less severe mass

2
transport limitations (i.e., lower I;— values, Eq. 17) that aligns with the minima in Figure 5.
e
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0.03 |
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Figure 5. Deactivation rate constants k; as a function of the Thiele modulus for CHy at ¢ values

of (e)5,(m) 10, (A) 20, and (#) 40 kPa. All other molecules (H>0, H>) are assumed to be constant
throughout the crystallite.

CH4-H2O reactions on Pt/Na-LTA and Pt/Ca-LTA were carried out at each value of ¢ for
approximately 32 ks (Fig. 2). These data showed first-order deactivation behaviors that were
consistent with numerical simulations (Fig. 4) over similar timescales. Numerical models,
however, showed that deactivation deviates from this first-order behavior over longer timescales.
ke, ()
ke, (0)
LTA crystallites for a i value of 40 kPa over a period of 500 ks. These data (Fig. 6) show that
deactivation rates decrease with time and appear to approach an asymptotic value. Such trends
reflect the gradual formation of a deactivated shell near the particle surface; this shell contributes
less reactivity over time but continues to limit the diffusion of CH4 molecules. This “core-shell”
structure protects internal active sites from contact with the high CH4/H>O ratios and carbon
activities closer to the surface. These data (Fig. 6) therefore indicate that Pt/Na-LTA and Pt/Ca-
LTA materials not only show improved deactivation rates at early times but are also expected to
exhibit long-term stability after an initial deactivation period. They also suggest that synthesizing
a material with a reactive core but an inactive shell structure that retains its sieving capabilities can

Figure 6 shows simulated effective rate constant ratios ( ) as a function of time on Pt/Na-
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provide improved catalytic stability even at the onset of such reactions. Such properties make these
materials a promising alternative to current Ni-based catalysts.

10°

Rate Constant Ratio

107 : : : :
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Time on Stream (ks)

k¢ . .
Figure 6. Simulated CH4-H>O rate constant ratios (;H—‘*(ti) on Pt/Na-LTA as a function of time

cH,(
(3 =40 kPa; 873 K).

6.4 Conclusions

Zeolites and zeotypes have found wide use in separations and catalytic processes because
of their ability to selectively sieve and adsorb molecules. These microporous materials provide
preferential access to smaller, faster diffusing molecules, leading to distinct concentration profiles
for each reactant during steady-state catalysis that can be exploited to control reactant/product
concentration ratios along zeolite channels. Such strategies were demonstrated here for CHs-H2O
reactions on Pt/Na-LTA and Pt/Ca-LTA catalysts. H>O diffuses more quickly than CH4 molecules
in the pores of LTA, leading to substoichiometric intracrystalline CH4/H2O ratios, thereby
decreasing the carbon activity and suppressing the formation of carbon deposits and deactivation.
Pt/Na-LTA and Pt/Ca-LTA exhibited deactivation rate constants significantly lower than on Pt/y-

AlLOs. These deactivation rates were in agreement with those obtained by numerical simulations
2

using CH4-H>O diffusion time constants (R ) previously measured on the same Pt/Na-LTA and

De
Pt/Ca-LTA samples. Numerical simulations also showed that Pt/Na-LTA and Pt/Ca-LTA samples
become more stable with time, reflecting the formation of a core-shell structure that protects
internal sites from further deactivation. The strategies demonstrated here for exploiting differences
in diffusivity are applicable to a variety of reactions where granting preferential access to the active

site for a specific reactant is desirable.
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6.6 Supporting Information
6.6.1 X-ray Diffraction Patterns of Pt/Na-LTA and Pt/Ca-LTA Samples

X-ray diffraction patterns of Pt/Na-LTA and Pt/Ca-LTA samples mixed in a 1:1 mass ratio
with MgO (internal standard) were obtained to confirm the synthesis of LTA crystallites. These
diffractograms are shown in Figure SI-1. Reference patterns for LTA% are also included. All
synthesized LTA samples showed reflections typical for LTA zeolites, indicating the successful
synthesis of such crystallites.

>3

8 | 1% Pt/Ca-LTA
>

=

(7]

S A
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|1

LTA reference
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Figure SI-1. X-ray diffraction patterns of 1% Pt/Na-LTA, and 1% Pt/Ca-LTA samples mixed in
a 1:1 mass ratio with MgO.
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6.6.2 Shell Balance for Reaction in Quasi-Spherical Particle with Deactivation
The mass balance over a spherical shell with thickness Ar is given by:
(Inatr) — (Out at r + Ar) + (Generationin Ar) = 0 (Ss1-1)
(W; x 4nr?|,) — (W; X 4tr? |, ar) + (r; X 4r2Ar) =0 (S1-2)

Here, r is the radial position, WW; is the flux of molecule i, and r; is the rate of generation of species
i. Dividing by (—4mAr) and taking the limit Ar — 0 gives:

d(W—irZ)—rirzzo (S1-3)
dr
The flux of molecule i is proportional to the gradient in concentration, such that:
dc;
Wi = —=De—~ (SI—4)

This equation can be substituted into Equation SI-3:

dZCl' ZdCl N T -0 (SI 5)
dr2 "rdr D,

The rate of generation of species i during CH4-H2O reactions is:
= vikv,CH4CCH4 (SI—6)

where v; is the stoichiometric number for species i (CHs =-1, H2 O =-1, CO =1, H> = 3). Equation
SI-5 can therefore be rewritten as:

d*C; 2dc; vikv,CH4CCH4

Z =0 1-7
dr? + r dr * D, S )
Equations SI-7 can be nondimensionalized using:
Ci
$i = C (S1—18)
CH,4,0
r
0 =— I—9
- (s1-9)
where Ccp, o s the external pressure of CHa, to obtain:
d?§;  2d§; 2
402 + 5@‘1‘ vi$i$cn, =0 (SI - 10)
RZ
bi = |kvcn, (D_> (S1-11)
€/

Equations SI-10 — SI-11 can be used to obtain concentration gradients of each species in a catalytic
particle in the absence of deactivation. When deactivation does occur, Equation SI-10 becomes a
partial differential equation and k,, ¢y, becomes a function of position and time, such that:

0%:(0,)  206i(6,1)
262 6 06

+vip7 (0, 6)5cn, (6,1) =0 (S1-12)
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$:(6,t) = j ky,cn,(6,1) (g—2> (SI —13)

kocr,(0,8) = kycn, (6,0) exp(—kgt) (SI1 —14)
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