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Abstract

One of the most important scientific challenges of the decade is to design catalysts

that produce H2 from “minimum CO2” sources. One way to do this is by aqueous

phase reforming (APR) of sugar alcohol molecules derived from biomass. However, to

date, H2 yields have been disappointing, indicating a need to optimize catalysts and
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reaction conditions to improve H2 production. This requires a detailed understanding

of the APR mechanism. There are three primary steps: dehydrogenation, decarbony-

lation, and water gas shift. However, the details of these steps remain unknown due

to the large and complex structures of the reactant molecules, the aqueous reaction

conditions, and the participation of multiple types of active sites in the mechanism.

To begin to address these knowledge gaps, herein we study the effect of liquid H2O

solvent and multiple types of active sites on the mechanism of CH3OH dehydrogena-

tion. Specifically, we use a combination of multiscale modeling, microkinetic modeling,

and Fourier transfor infrared spectroscopy to determine the mechanism of CH3OH de-

hydrogenation on Pt/Al2O3 catalysts. We investigate sites on the terraces of large Pt

particles as well as sites at the Pt/Al2O3 perimeter and the influence of liquid H2O on

both. We show that the reaction is carried out on terrace sites due to inhibition by

strongly bound H2O molecules at perimeter sites. We further show that water plays a

significant role in the CH3OH dehydrogenation mechanism on Pt terrace sites but that

these changes do not influence the observed rate of CH3OH consumption.

1 Introduction

Biomass is an important energy source for the transition to a more sustainable energy market.

Among biomass products, hydrogen is an emerging alternative to fossil fuels with environ-

mental and economic benefits.1,2 Hydrogen derived from biomass is particularly promising for

biorefining.3 The hydrogen that is produced can be used in other biorefinery reactions such

as hydrodeoxygenation;4 it can also be used in Fischer-Tropsch synthesis5 or to produce

electricity.6 One way to produce H2 (g) from biomass is through aqueous phase reform-

ing (APR) of oxygenate species or sugars such as saccharides and polyols.7 APR employs

metal catalysts, typically over metal oxide or carbon-based supports8,9 and an aqueous phase

environment.10 The APR mechanism comprises three sub-processes, i.e., dehydrogenation,

decarbonylation, and water gas shift (WGS).10–12 Typical reaction conditions are temper-
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ature ∼500 K, pressure between 10-50 bar, and feedstock concentration between 1-10%. 13

Some industrially relevant feedstocks are ethanol,14 glycerol,15 ethylene glycol,16 sorbitol,17

sucrose,18 and glucose.19 However, the broader adoption of APR technology is inhibited by

low H2 (g) yields and catalyst deactivation.10,20

A key step in the development of better catalysts is garnering a molecular-level under-

standing of the catalytic mechanism. In APR, this is complicated by the aqueous environ-

ment as well as the variety of catalyst active sites in the system. The aqueous environment

plays multiple roles in the catalysis, such as modifying thermodynamic and kinetic quanti-

ties,21,22 altering the dominant reaction pathways,23–25 and participating in the mechanism,

e.g., via site blocking,26 modification of the active site,27,28 and mediating hydrogen trans-

fer.23,29 The variety of active sites arises from the inherent activity of metal oxide or carbon-

based materials for oxygenate feedstocks30 and the sensitivity of the mechanism to the struc-

ture of the active site.2,31 Indeed, Heyden and co-workers showed that the metal/support

perimeter likely plays a role in WGS catalysis.37 Alumina is a widely used support because

it comprises Lewis acid sites32 that provide anchoring points for oxygenate species33,34 and

high propensity for hydrogen production.10,13,17,35,36

However, details about the active sites and mechanisms of the dehydrogenation and de-

carbonylation sub-processes remain unknown. In fact, this information is unresolved even for

the simplest oxygenate, methanol. This is despite decades of research into the mechanism

of methanol decomposition due to its importance to electrocatalysis,38 direct fuel cells,39

and CO2 reduction,
40 in addition to APR. Prior research suggests that interactions between

water and the alumina support influence the chemistry. Specifically, our groups41 showed

that large metal particles are more active for aqueous phase methanol dehydrogenation than

small metal particles, suggesting that the reaction is favored on the more highly coordinated

metal sites, i.e., on metal terraces, than on the undercoordinated sites at the metal/support

perimeter. We further showed that the presence of water inhibits activity on small metal

particles but has no effect on the activity of large metal particles. However, the mechanistic
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reasons for this remain unresolved. Multiple groups have shown using molecular simulations

that the reaction mechanism for dehydrogenation is different on terrace sites than it is on

perimeter sites in gas phase,34,42,43 and our groups have shown that in aqueous phase, the

strongly bound water layer destabilizes interfacial species due to a cavity effect. 44 However,

how this influences the mechanism and rate of methanol dehydrogenation remains to be

resolved.

There are hence multiple outstanding knowledge gaps about the mechanism of methanol

APR. Towards the goal of closing these knowledge gaps, our objective in this work is to

clarify the active sites and mechanism for methanol dehydrogenation on Pt/Al2O3 catalysts.

To do this, we use a combination of multiscale simulations,34,44–46 microkinetic modeling, and

Fourier transform infrared spectroscopy (FTIR).41 We show that the active sites for CH3OH

dehydrogenation are on the terraces of large Pt particles and that sites at the Pt/Al2O3

perimeter are inactive. This is because strongly bound H2O∗ molecules inhibit CH3OH∗

molecules from binding at the Pt/Al2O3 perimeter. Further, these H2O∗ molecules protonate

CHxO∗ species at the Pt/Al2O3 perimeter, hence pushing the reaction in reverse. These

effects do not occur on Pt terrace sites, and hence, the rate is only minorly affected by the

aqueous phase. Interestingly, the mechanism on terrace sites is significantly impacted by the

water solvent. Specifically, liquid H2Omolecules promote significant stabilization of CH2OH∗

and COH∗ species, which forces the mechanism through a COH−H2O∗ intermediate that

alters the equilibrium between COH∗ and CO∗.

2 Methodology

2.1 Models

Making comparisons between experiments and theory requires constructing models that can

be used along with experimental observations to explain the observed behavior. In this

work, FTIR experiments are performed on both “large” and “small” Pt particles, which
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have average particle sizes of 4.6 nm and 1.0 nm, respectively. Both particle sizes comprise

sites on Pt terraces as well as at the Pt/Al2O3 perimeter (Figure 1). However, the larger

Pt particles will have a greater fraction of terrace sites whereas the smaller Pt particles will

have a greater fraction of perimeter sites. Hence, differences in activity between the two par-

ticle sizes, along with insights from modeling, can be used as a probe of the relative activity

on terrace versus perimeter sites. Following prior work34,44, we use a Pt(111) slab to model

terrace sites and a Pt cluster anchored to an Al2O3 slab to model Pt/Al2O3 perimeter sites.

While this choice of models is a simplification of real nanometer-sized Pt particles on Al2O3,

it allows for studying the extent to which interactions with the support affect the reaction

path of methanol on Pt.

Figure 1: Pt/Al2O3 site models. a) Cartoon representation of a supported Pt catalyst. b)
Terrace site model. c) Perimeter site model.

2.2 Microkinetic Modeling

Microkinetic modeling is carried out using the MKMCXX software.47–49 The operation tem-

perature is set to 500 K. The bulk phase concentration of CH3OH is set to 10%. In gas

phase models, an inert N2 (g) gas comprises the remaining 90%, while water comprises the

remaining 90% in aqueous phase models. The pressure is set to 1 bar in all models and re-

mains constant over the simulation. In practice, APR is carried out near the vapor pressure

of water at the reaction temperature, to maintain condensed phase conditions. In our mod-
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eling, condensed phase conditions are maintained using multiscale modeling with explicit

liquid water.44 Hence, the sole function of the pressure is to compute gas phase collision

frequencies for adsorption/desorption reactions. How these are modeled is discussed below.

Microkinetic models are run until the changes in the fractional coverages of all of the reaction

intermediates between successive iterations are less than 10−12 ML (108 s for terrace sites

and 1010 s for perimeter sites; see Supporting Information Section 1.4). The degree of rate

control (DRC) is calculated using the MKMCXX software,47,49 which follows the method of

Campbell and coworkers.50

2.3 Possible Reaction Steps

The following elementary steps are considered in the microkinetic models:

CH3OH+ ∗ ⇀↽ CH3OH∗ (1)

H2O+ ∗ ⇀↽ H2O∗ (2)

CH3OH∗+ ∗ ⇀↽ CH2OH∗+H∗ (3)

CH2OH∗+ ∗ ⇀↽ CHOH∗+H∗ (4)

CHOH∗+ ∗ ⇀↽ COH∗+H∗ (5)

COH∗+ ∗ ⇀↽ CO∗+H∗ (6)

COH∗+H2O ⇀↽ COH−H2O∗ (7)

COH−H2O∗+ ∗ → CO∗+H∗+H2O (8)

CH3OH∗+ ∗ ⇀↽ CH3O∗+H∗ (9)

CH3O∗+ ∗ ⇀↽ CH2O∗+H∗ (10)
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CH2O∗+ ∗ ⇀↽ CHO∗+H∗ (11)

CHO∗+ ∗ ⇀↽ CO∗+H∗ (12)

CH2OH∗+ ∗ ⇀↽ CH2O∗+H∗ (13)

CHOH∗+ ∗ ⇀↽ CHO∗+H∗ (14)

CO∗ ⇀↽ CO+ ∗ (15)

H∗ ⇀↽
1

2
H2 + ∗ (16)

where “∗” is an adsorption site and “∗’ed” species are adsorbed to the catalyst. Structures

of adsorbed species can be found in Supporting Information Section 3. Steps 1-16 are chosen

based on prior work by López,43 Mavrikakis,51 Neurock,42 Asthagiri,52 Janik,53 Zhou and

Li,54 and our group.34,45 Of the steps listed, those involving H2O (e.g., rxn 2) are not included

in gas phase microkinetic models. Further, H2O adsorption is not included in the aqueous

phase terrace site model because the binding energy of H2O is significantly weaker than for

CH3OH on Pt(111).55,56 Finally, H2O-catalyzed COH∗ dehydrogenation (rxns 7 and 8) is

not included in the aqueous phase perimeter site model, since by inspection (see Supporting

Information Figure 10g) the O−H bond on COH∗ in perimeter sites is inaccessible to H2O.

(We additionally show below that COH∗ does not form on perimeter sites, so the reaction

is irrelevant anyways.)

In addition to steps 1-16, we investigate reactions where H2O∗ donates a proton to a par-

tially dehydrogenated species and converts to OH∗,e.g., CH2O∗+H2O∗ ⇀↽ CH2OH∗+OH∗

(see Supporting Information Section 1.3). We find that this type of reaction is unfavorable

at terrace sites; however, some such reactions are feasible at perimeter sites. Effects of these

steps on the mechanism and rate are discussed below and in Supporting Information Section

1.3.

C−O cleavage and hydrogenolysis reactions are not included in our models since they are
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thermodynamically57 and kinetically unfavorable,42,58 respectively. The Boudard reaction59

(2CO∗ −→ CO2∗ + C∗) is not included since activity is suppressed below 673 K60 (while

APR is carried out ∼500 K). Finally, any step 1-16 with calculated free energy (see Table

1) more positive than 0.30 eV is not included in microkinetic modeling.

2.4 Rate Constants

Rate constants for surface reactions are calculated using the equations:

kfw = Afw exp

(
−∆Fact,fw

kB · T

)
(17)

kbw = kfw/Keq (18)

Keq = exp

(
−∆Frxn

kB · T

)
(19)

where “fw” denotes the forward reaction, “bw” denotes the backward reaction, A is the

pre-exponential term, F is the calculated free energy, kB is Boltzmann’s constant, and T is

the reaction temperature. Afw and Abw are set equal to 1013 s−1 · site−1 for all reactions61

except the forward reaction of step 7 and the backward reaction of step 8, which both

involve a liquid H2O molecule. Values of A for these reactions are set as follows. Afw,7

is set equal to 1.43 × 1010 s−1 · site−1, which is the value calculated in our prior work.45

Fact,fw,7 and Fact,fw,8 are set to zero, also following our prior work,45 since step 7 simply

involves forming a hydrogen bond between COH∗ and a liquid H2O molecule, and step 8

involves proton transfer through a hydrogen bond.52,53,62 Then, Abw,8 is solved for to maintain

thermodynamic consistency between steps 6, 7 and 8. Doing this, Abw,8 equals 2.25 × 109

s−1 · site−1.

Rate constants for adsorption and desorption are simulated using the Hertz-Knudsen

(HK) model,49 which computes Afw as the number of collisions per unit time that an ideal gas

molecule has with a featureless surface and assumes that ∆Fact,fw = 0 and ∆Fact,bw = −∆Fads
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for exergonic adsorption. We have previously shown that such models give adsorption rates

for methanol that are several orders of magnitude smaller (depending on the concentration)

than the adsorption rate in liquid systems and proposed an alternate method for quantifying

the adsorption rate in liquid systems.63 We found that using this alternate method does not

significantly influence the results of this work (see Supporting Information Section 1.8). We

hence use the HK model for all adsorption/desorption reactions for simplicity. Additionally,

we neglect solvation contributions to ∆Fact,bw for steps 15 and 16. This is done so as not

to convolute differences in the simulated CH3OH dehydrogenation rates between gas and

aqueous phases with the free energies of solvation of CO∗ and H∗. Specifically, we find that

water solvent destabilizes CO∗ by 0.14 eV on terrace sites and 0.26 eV on perimeter sites

and H∗ by 0.03 eV on terrace sites and 0.11 eV on perimeter sites (see Table 1). While the

destabilization of H∗ has minimal influence on the simulated rate of methanol dehydrogena-

tion (see Supporting Information Section 1.9), destabilization of CO∗ increases the rate by

up to 3 orders of magnitude (see Supporting Information Section 1.5). FTIR experiments did

not consider CO∗ desorption or conversion by another means, such as WGS41, so accounting

for destabilization in microkinetic modeling would cloud our ability to identify the roles of

water solvent observed experimentally.

2.5 Site Balance

Sites are counted as follows. On Pt(111), a site can be considered to be a single Pt atom

(or the surface area occupied by a single Pt atom). Analysis of adsorbate geometries (see

Supporting Information Figure 10) in perimeter sites indicates that defining a perimeter site

is more complicated. This is because some species (e.g., CH2OH∗) bind to both Pt and Al,

others (e.g., CH3OH∗, H2O∗) bind to Al and “block” the proximal Pt atom from most – but

not all – species, and others (e.g., H∗) only bind to Pt and do not block the proximal Al atom

at all. This is important, since in the second and third cases, two species could potentially

occupy the same “site,” depending on how a site is defined. Based on the reaction steps
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presented above and the adsorbate geometries presented in Supporting Information Figure

10, this could occur when 1) CH3OH or H2O adsorbs to an Al atom simultaneously with

H∗, and 2) H2O adsorbs to an Al atom simultaneously with CO∗. Accounting for this would

require writing a multisite microkinetic model where Pt and Al atoms are counted separately.

To our knowledge, this capability does not exist in the MKMCXX code. Hence, we tested the

two scenarios as follows. To model scenario 1), we wrote a model where H∗ does not exist and

instead directly desorbs as 1
2
H2. For example, instead of CH3OH∗+∗ ⇀↽ CH2OH∗+H∗, rxn 3

was written as CH3OH∗ ⇀↽ CH2OH∗+ 1
2
H2. We found this choice has no noticeable impact

on the mechanism and impacts the rate by less than an order of magnitude. Further details

are provided in Supporting Information Section 1.2. To model scenario 2), we eliminated

rxn 2 from the microkinetic model and instead bundled the free energy of H2O adsorption

into step 12. We found that this choice has no noticeable impact on the mechanism or

rate. Further details are provided in Supporting Information Sections 1.1. Given the lack of

influence of scenarios 1) and 2) on the results, we define one perimeter site as the grouping

of Pt atoms plus the proximal Al atom at the Pt/Al2O3 perimeter.

2.6 Free Energies

Species free energies (Fi) are set as follows. Free energies of gas phase species (F gas
i ) are set

equal to the electronic energies calculated using density functional theory (DFT; i.e., the

zero point energy and thermal contributions are neglected). These values are for the most

part taken from structures calculated in our prior work,44 with some exceptions noted below.

Free energies of reaction (∆F gas
rxn ) and activation in gas phase (∆F gas

act,fw) are then calculated

as:

∆F gas
rxn or act,fw =

(
products or TS∑

F gas
i

)
−

(
reactants∑

F gas
i

)
(20)

This equation is written using sums since ∆F gas
rxn can involve multiple reactant and product
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species (e.g., rxn 8 has 2 reactant species and 3 product species); however, we note that

∆F gas
act,fw always involves only 1 TS and 1 reactant species. In general, ∆F gas

rxn and ∆F gas
act,fw

used in this work are in good agreement with values calculated previously;34,43 microkinetic

modeling results using previously reported values on terrace sites in gas phase are provided in

Supporting Information Section 1.1 for comparison. Free energies of reaction and activation

in the aqueous (aq) phase are computed by adding the change in the free energy of solvation,

∆∆F solv
rxn or act,fw

∆F aq
rxn or act,fw = ∆F gas

rxn or act,fw +∆∆F solv
rxn or act,fw (21)

where

∆∆F solv
rxn or act,fw =

(
products or TS∑

∆F solv
i

)
−

(
reactants∑

∆F solv
i

)
(22)

and ∆F solv
i are the calculated free energies of solvation for the different reaction intermediates

and TSs. Exceptions are steps 7 and 8; ∆F aq
act,fw for these reactions are estimated as discussed

above.

2.7 Solvation Thermodynamics

∆F solv
i for reaction intermediates are taken from a previous publication from our group. 44

This paper reported values of ∆Hsolv
i and T∆Ssolv

i at 300 K. To scale values of T∆Ssolv
i to the

reaction temperature used in this work (of 500 K), the values from Ref.44 are multiplied by a

factor of 5/3. Solvation thermodynamics for transition states (TSs) are estimated according

to a method proposed in our prior publication.44 Briefly, we found that values of ∆F solv
i are

linearly correlated to the DFT-calculated partial charges on the oxygen atoms in the alkoxy

groups of aldehyde species and the oxygen and hydrogen atoms in the hydroxyl groups of

alcohol species. We hence compute the partial charges of TS species using DFT and use

them along with the correlation derived in prior work to determine ∆F solv
i for TSs. Further
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details are provided in Supporting Information Section 2. Finally, ∆F solv for a free site ∗ is

set to 0 for all reactions.

2.8 Calculation of Structures Not Available in Prior Work

2.8.1 Structural Models

Structures needed to compute ∆F solv
i for all TSs used in this work as well as ∆F gas

i for

the TSs for steps 3 and 13 on perimeter sites need to be calculated. These structures are

calculated using periodic boundary condition DFT calculations using a 4-layer 4 Pt×4 Pt

Pt(111) slab as a model for terrace sites and a Pt cluster anchored to an α−Al2O3(0001) slab

as a model for perimeter sites, following our prior work.39,44,45 Pt(111) slabs are modeled in

supercells with lengths of a = b = 11.2 Å and c = 26.8 Å and angles of α = β = 90◦ and γ

= 120◦. Pt/Al2O3 perimeter sites are in supercells with lengths of a = b = 10.3 Å and c =

32.7 Å and angles of α = β = 90◦ and γ = 55.3◦. These models are depicted in Supporting

Information Figures S14 and S15.

Pt particles used in our perimeter site models comprise 4 Pt atoms. We have previously

shown that ∆F solv
i is insensitive to the size of the Pt cluster used to model the Pt/Al2O3

perimeter site.44 Specifically, we found the difference in ∆F solv
i between the Pt4 cluster and

a Pt48 cluster is below 0.10 eV, which is within the standard uncertainty of the modeling

method used to compute ∆F solv
i

44. However, the Pt cluster size could influence calculated

values of F gas
i . Previous literature64,65 showed that binding energies and reaction energet-

ics involved in the oxygen reduction reaction calculated using Pt4 clusters supported on

graphene and Al2O3 are only minorly different when compared with 6–10 Pt atom clusters.

Further, the binding energy of CO∗ on our Pt4/Al2O3 model is only 0.08 eV more negative

than the value calculated by Koleva et al.66 using a Pt10/γ−Al2O3 model. We find that the

binding energy of CO∗ is 0.24 eV more negative on Pt4/Al2O3 than on Pt(111). Since CO∗

desorption has the highest DRC (see Table 2), the result of this is that the simulated rate

in gas phase is ∼2.5 orders of magnitude slower on our perimeter site models than on our
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terrace site models. However, this difference does not influence the main conclusion about

perimeter sites made in this paper, i.e., that the active sites for aqeuous phase CH3OH de-

hydrogenation are on the Pt terraces and that sites at the Pt/Al2O3 perimeter are inactive

due to H2O∗ molecules that bind strongly to Al atoms at the Pt/Al2O3 perimeter, hence

blocking sites for CH3OH∗. These findings are discussed in detail below.

2.8.2 DFT calculations

DFT calculations are performed using the Vienna Ab initio Simulation Package (VASP)67–69

using PAW 2002 pseudopotentials,70,71 the PBE exchange-correlation functional,72,73 and D3

dispersion corrections with Becke-Johnson damping,74,75 following our prior work.44 Plane

waves are included to an energy cutoff of 400 eV, spin polarization is turned on, and dipole

corrections are applied in the direction normal to the surface. Electronic energies are cal-

culated self-consistently and considered to be converged when the difference between subse-

quent iterations falls below 10−6 eV. TS searches are carried out using a combination of the

climbing image nudged elastic band (CI-NEB)76,77 and dimer methods.78,79 Atoms in the TS

structures as well as the top two surface layers are allowed to relax in terrace site calculations,

and TS structures and the Pt cluster are allowed to relax in perimeter site calculations. Ge-

ometries are considered converged when the magnitudes of the forces on all atoms allowed to

relax fall below 0.05 eV/Å. TS structures are verified via their calculated vibrational modes,

which are calculated using the center difference method where atoms are displaced by 0.015

Å in the + and − directions in the a, b, and c dimensions. TS searches are performed using

Γ-centered Monkhorst–Pack k-point meshes80 of 3×3×1. Partial charges are calculated from

these structures using the DDEC6 atomic population analysis method.81 To compute F gas
i ,

a single point calculation is performed on the final geometry using a k-point mesh of 7×7×1

to be consistent with energies calculated in our prior work.34,44

13



2.9 Rates from experimental data

FTIR data is taken from our previous publication.41 Experiments were performed on a

Pt/γ−Al2O3 catalyst in the presence and absence of H2O. Experiments done in the ab-

sence of H2O were performed under vacuum at 150◦C and 0.5 mbar methanol. Experiments

performed in the presence of H2O exposed the catalyst to 0.5 mbar H2O prior to exposure

to methanol. Both experiments were carried out for up to 30 min and the CO stretching

frequency was tracked. The integral of this frequency is proportional to the quantity of

methanol consumed. Experimental reaction rates are hence calculated as the rate of change

of the CO integral with respect to the reaction time. Rates reported herein are the maximum

values for each dataset.

3 Results

3.1 Reaction Energetics

Calculated values of ∆Frxn and ∆Fact,fw are presented in Table 1. In agreement with prior

work,34 CH3OH adsorbs more favorably at perimeter sites than terrace sites due to the

presence of Lewis acidic Al atoms at the Al2O3 interface.
82–84 Further, early O−H cleavage is

preferred on perimeter sites, whereas early C−H cleavage is preferred on Pt terraces.42,43 CO∗

binds strongly to both types of sites; however, its binding energy is stronger in perimeter sites

than in terrace sites by 0.24 eV. Notably, CH3OH∗ and CO∗ are weakened under solvation

in both types of sites, with CH3OH∗ destabilized by 0.14 eV in terrace sites and 0.13 eV in

perimeter sites, and CO∗ destabilized by 0.14 eV in terrace sites and 0.26 eV in perimeter

sites.
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Table 1: Calculated free energies of reaction and activation for possible steps in the methanol dehydrogenation reaction on Pt
terrace and Pt/Al2O3 perimeter sites in units of eV.

Type of site Terrace Sites Perimeter Sites
No. Reaction ∆F gas

rxn (eV)⋆ F gas
act (eV) ∆F aq

rxn (eV) F aq
act (eV) ∆F gas

rxn (eV)⋆ F gas
act (eV) ∆F aq

rxn (eV)⋆ F aq
act (eV)

⋆⋆

1 CH3OH+ ∗ ⇀↽ CH3OH∗ −0.76 NC −0.62⋆ NC −1.15 NC −1.02 NC
2 H2O+ ∗ ⇀↽ H2O∗ −0.47 NC 0.77⋆ NC −0.95 NC −0.92 / −1.16◦ NC
3 CH3OH∗+ ∗ ⇀↽ CH2OH∗+H∗ −0.48 0.81§ −0.77⋆ 0.79⋆⋆ −0.61 0.47 −0.43 0.56
4 CH2OH∗+ ∗ ⇀↽ CHOH∗+H∗ −0.51 0.49 −0.14⋆ 0.73⋆⋆ 0.49 NC 0.47 NC
5 CHOH∗+ ∗ ⇀↽ COH∗+H∗ −0.84 0.51 −1.10⋆ 0.41⋆⋆ −0.59 NA −0.17 NA
6 COH∗+ ∗ ⇀↽ CO∗+H∗ −0.38 1.23§ −0.08⋆ 1.39⋆⋆ −1.21 NA −1.20 NA
7 COH∗+H2O ⇀↽ COH−H2O∗ NC NC 0.28‡ 0‡ NA NA NA NA
8 COH−H2O∗+ ∗ → CO∗+H∗+H2O NC NC −0.36‡ 0‡ NA NA NA NA
9 CH3OH∗+ ∗ ⇀↽ CH3O∗+H∗ 0.33 NC 0.44⋆ NC −0.51 0.30† −0.18 0.40
10 CH3O∗+ ∗ ⇀↽ CH2O∗+H∗ −0.04 NA −0.03⋆ NA −0.40 1.00† −0.26 0.92
11 CH2O∗+ ∗ ⇀↽ CHO∗+H∗ −1.33 NA −1.42⋆ NA −0.45 0.84† −0.42 0.72
12 CHO∗+ ∗ ⇀↽ CO∗+H∗ −1.17 0.43§ −1.07⋆ 0.43⋆⋆ −0.56 1.32† −0.48 1.24
13 CH2OH∗+ ∗ ⇀↽ CH2O∗+H∗ 0.77 NC 1.18⋆ NC −0.31 1.05 −0.01 1.12
14 CHOH∗+ ∗ ⇀↽ CHO∗+H∗ −0.05 0.54 −0.10⋆ 0.45⋆⋆ −1.25 NA −1.05 NA
15 CO∗ ⇀↽ CO+ ∗ 2.19 NC 2.05⋆,⋄ NC 2.43 NC 2.17⋄ NC
16 H∗ ⇀↽ 1

2
H2 + ∗ 0.68 NC 0.65⋆,⋄ NC 0.64 NC 0.53⋄ NC

⋆Taken from Ref.44
⋆⋆Computed based on a correlation from Ref.44

†Taken from Ref.34

‡Estimated based on values reported in Ref.45

§Taken from Ref.43

NC = Not calculated because ∆Frxn ≥ 0.30 eV or it is an adsorption/desorption step and ∆Fact is assumed to be 0 or because the reaction is not
relevant in this phase.

NA = Not accessible due to a reactant species being unfavorable.
⋄ Not used in microkinetic modeling; the gas phase equivalent was used instead.

◦Equivalent value at the clean alumina surface.
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The influence of solvation on the calculated reaction energetics is illustrated in Figure 2.

This box-and-whisker plot shows the distribution of ∆∆F solv for the reaction and activation

free energies in terrace and perimeter sites. The line inside of each box is the median value of

∆∆F solv. Most of these are ∼0 with the exception of ∆F aq
rxn in perimeter sites, which has a

median ∆∆F solv of 0.16 eV, indicating that ∆F aq
rxn in perimeter sites tends to be penalized by

solvation. We showed in prior work that this is the result of the large entropic penalties that

result in forming CH3O∗ and CH2O∗, due to the large cavities these adsorbates create in the

strongly bound H2O layer on the Al2O3 surface.44 The range of values in between the tick

marks (i.e., the “whiskers”) indicates the range of values of ∆∆F solv for each dataset, while

the ranges of values spanned by the boxes indicate the interquartile ranges. All datasets have

ranges ∼0.3 eV and interquartile ranges of ∼0.2 eV except for ∆F aq
rxn in terrace sites, which

has a range of nearly 0.7 eV. Specifically, rxns 3-6 have large ∆∆F solv of −0.29 eV, +0.37 eV,

−0.26 eV, and +0.30 eV, respectively. These reactions involve CH2OH∗ and COH∗ which

have large ∆F solv due to strong interactions with liquid water45.

Figure 2: Box-and-whisker plot of the solvation contribution (∆∆F solv) to free energies of
reaction and activation for terrace and perimeter sites. The boxes show the interquartile
ranges and the whiskers show the maximum and minimum calculated values. The line inside
the box is the median.

3.2 Rates and Mechanisms

Methanol consumption rates are plotted in Figure 3. Specifically, rates simulated in mi-

crokinetic modeling are plotted in Figure 3a and rates derived from FTIR data are shown
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in Figure 3b. Simulations indicate that in gas phase, the rate on terrace sites is more

than 2 orders of magnitude faster than in perimeter sites. In somewhat of a contrast, the

experimentally-derived rate on large Pt particles is within the same order of magnitude as

that on small Pt particles. This difference could be because simulations are modeling ter-

race sites or perimeter sites, whereas the Pt particles utilized experimentally comprise both

terrace sites and perimeter sites. Alternatively it could be due to the calculated binding en-

ergy of CO∗, or a combination, or someting else altogether. For this reason, we refrain from

making a conclusion about the relative activity of terrace vs perimeter sites in gas phase at

this time and instead focus on the influence of solvent.

Both experiments and simulations indicate that water solvent has has a small influence on

the rate in terrace sites (which are “modeled” by large Pt particles in experiments). However,

simulations and experiments notably disagree on the influence of water on perimeter sites

(which are “modeled” by small Pt particles in experiments). Specifically, simulations indicate

that solvation slightly increases the rate at perimeter sites (due to slight stabilization of the

TS for rxn 12; see below), while experiments indicate that the presence of water decreases the

rate on small Pt particles by ∼1.5 orders of magnitude. This difference suggests a mismatch

between experiments and simulations. To understand this more deeply, we investigate the

dominant reaction pathways (Figure 4) and rate determining steps (Table 2) for all four

models.
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Figure 3: Relative methanol consumption rates. a) Rates simulated in microkinetic modeling
relative to the simulated rate on terrace sites in the gas phase. Black bars represent the
original model and the gray bar represents a model where methanol adsorption has an
activation barrier equal to the desorption free energy of water. b) Rates derived from FTIR
data41 calculated relative to the rate on large Pt particles in the aqueous phase.

Table 2: Steps with degree of rate control value > 0.1 for the different microkinetic models
investigated in this work. Values of ∆F ads

act are for CH3OH adsorption.

Site/phase Step calculated DRC value
Terrace/gas CO∗ ⇀↽ CO+ ∗ 0.99

Terrace/aqueous CO∗ ⇀↽ CO+ ∗ 1.00
Terrace/aqueous H∗ ⇀↽ 1

2
H2 + ∗ 0.27

Terrace/aqueous CH3OH∗+ ∗ ⇀↽ CH2OH∗+H∗ −0.27
Perimeter/gas CO∗ ⇀↽ CO+ ∗ 0.74
Perimeter/gas CHO∗+ ∗ ⇀↽ CO∗+H∗ 0.43
Perimeter/gas H∗ ⇀↽ 1

2
H2 + ∗ −0.15

Perimeter/aqueous: ∆F ads
act = 0 CO∗ ⇀↽ CO+ ∗ 1.00

Perimeter/aqueous: ∆F ads
act = 1.16 eV CO∗ ⇀↽ CO+ ∗ 0.68

Perimeter/aqueous: ∆F ads
act = 1.16 eV CH3O∗+ ∗ ⇀↽ CH2O∗+H∗ 0.17
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Figure 4: Calculated methanol dehydrogenation reaction mechanisms (black arrows) on a)
terrace sites in gas phase, b) terrace sites in aqueous phase, c) perimeter sites in gas phase, d)
perimeter sites in aqueous phase (original model), e) perimeter sites in aqueous phase with
H2O∗ reaction with CH2O∗ and CH3O∗ steps enabled, f) perimeter sites in aqueous phase
where methanol adsorption has an activation barrier equal to the desorption free energy of
water. Gray arrows represent thermodynamically and/or kinetically unfavorable reactions.
Numbers over each arrow are the reaction rates relative to the rate of methanol adsorption
for that model.
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3.2.1 Terrace Sites

The dominant reaction pathway on terrace sites in gas phase is presented in Figure 4a.

It begins by proceeding through an “alcohol route” where the O−H bond remains intact,

in agreement with previous literature.34,42,43 Upon formation of CHOH∗, the mechanism

branches to CHO∗; this is because CHOH∗ dehydrogenation to COH∗ has a large activation

barrier. However, COH∗ is thermodynamically preferred over CHO∗, so 61% of CHOH∗ is

converted to COH∗, while 39% of CHOH∗ is converted to CHO∗. Steps with DRC values

greater than 0.1 are presented in Table 2. In terrace sites in gas phase, the only step that

fits that criteria is CO∗ desorption with a DRC value of 0.99.

The mechanism in aqueous phase (Figure 4b) starts out the same as in gas phase but

then becomes notably different at the CHOH∗ branch point. Specifically, the preference to

form COH∗ over CHO∗ becomes stronger, with 88% of CHOH∗ going to form COH∗ and

12% of CHOH∗ going to form CHO∗, due to stabilization of COH∗ by water. Further, the

steady state coverage of COH∗ is ∼ 55% COH∗ in the aqueous phase (compared to ∼ 2% in

the gas phase; see Supporting Information Section 1.4). Another difference between gas and

aqueous phases is that in aqueous phase, COH∗ dehydrogenation occurs via an H2O-assisted

route involving rxns 7 and 8 due to significantly more facile kinetics. Further, desorption

of both CO∗ and H2∗ have DRCs greater than 0.1 in aqueous phase (Table 2), with values

of 1.00 and 0.27, respectively. Further, CH3OH∗ dehydrogenation to CH2OH∗ has a DRC

value of −0.27 in aqueous phase. This is due to stabilization of both CH2OH∗ and COH∗

by water. Specifically, stabilization of CH2OH∗ via rxn 3 and subsequent stabilization of

COH∗ via rxn 5 results in the larger preference for COH∗ over CHO∗ at the branch point.

However, weakening of CO∗ via rxn 6 results in slower CO∗ formation kinetics (and hence

slower CH3OH consumption kinetics). If rxn 3 were slower, the proportion of CHO∗ to COH∗

would be larger and hence formation of CO∗ would be less impacted by water. Similarly, if

H2∗ desorption were faster, formation of CO∗ via rxn 6 would be faster. A more detailed

explanation is provided in Supporting Information Section 1.6.
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3.2.2 Perimeter Sites

The dominant reaction pathway on perimeter sites in the gas phase is presented in Figure 4c.

We find that early C−H cleavage is preferred, similar to the mechanism on terrace sites.

However, CH2OH∗ is then entirely converted to CH2O∗. Once CH2O∗ is formed, a small

amount is converted to CH3O∗; however, the majority is converted to CHO∗. Perimeter sites

hence follow an “aldehyde” pathway following formation of CH2OH∗. A similar mechanism

was found for CH3OH dehydrogenation on Pt/CeO2.
36 Surface coverage in this model is

∼60% CO∗ and ∼40% CHO∗. The reactions with DRC values greater than 0.1 are CO∗

desorption and CHO∗ dehydrogenation to CO∗, with DRC values of 0.74 and 0.43, due to

the strong binding energy of CO∗ and large activation energy of CHO∗ dehydrogenation,

respectively (see Table 1). Further, H2∗ desorption has a DRC value of −0.15; if this reaction

were slower, the coverage of CO∗ would increase relative to CHO∗.

The mechanism for perimeter sites in the aqueous phase (Figure 4d) is largely the same

as in gas phase, with the only minor differences being that CH2O∗ dehydrogenation does

not run in reverse and that CO∗ desorption is the only step with a DRC value greater

than 0.1 (equal to 1.00 in this case), due to a 0.08 eV reduction in the barrier for CHO∗

dehydrogenation. As a result, the rate in the aqueous phase is slightly larger than in gas

phase. This observation is in contrast to experiments performed on small Pt particles, which

showed a reduction in the rate in the presence of water (see Figure 3b).

3.2.3 Possible Explanations for Differences Between Experiments and Theory

The difference in the presence of water on small Pt particles observed experimentally vs.

Pt4/Al2O3 perimeter site models used in simulations suggests a “mismatch” between ex-

periments and theory. One possibility for this could be that H2O∗ molecules adsorbed at

Pt/Al2O3 perimeter sites are protonating aldehyde intermediates85 (e.g., CH2O∗+H2O∗ ⇀↽

CH2OH∗ + OH∗), hence pushing the reaction backward (towards hydrogenation) and hin-

dering the rate of methanol dehydrogenation. To investigate this possibility, we compute
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the free energies of such steps; they are presented in Supporting Information Section 1.3.

We find that reaction of H2O∗ with CH3O∗ to form CH3OH∗ and CH2O∗ to form CH2OH∗

have free energies more negative than 0.3 eV (which is our tolerance for inclusion in mi-

crokinetic modeling). We hence enable these steps in microkinetic modeling, assuming the

activation barriers for these steps are equal to 0, using reasoning developed in our prior

work that proton transfer through a hydrogen bond has an activation barrier ∼0.45,52,53,62

Details of these simulations are presented in Supporting Information Section 1.3, and the

resulting mechanism is presented in Figure 4e. We find that H2O∗ indeed participates in the

mechanism by reacting with CH3O∗ to form CH3OH∗; the OH∗ that is formed then reacts

with CH2OH∗ to form CH2O∗. Beyond that, the mechanism is the same as in our original

model. Further, the rate is unaffected (see Supporting Information Section 1.3), suggesting

that H2O∗ reaction with CHxO∗ species at the Pt/Al2O3 perimeter is not responsible for

the decrease in rate on small Pt particles observed experimentally.

A second possibility, which was proposed in our prior publication,41 is that diffusion of

CH3OH∗ across the Al2O3 interface is hindered by the strongly bound H2O∗ adlayer86,87 and

that this affects the rate on small particles. To test this scenario, we compute the barrier of

CH3OH∗ diffusion across an Al2O3 slab in vacuum versus in the presence of a H2O∗ adlayer.

Details of these calculations are provided in Supporting Information Section 1.7. Briefly, to

simulate the aqueous phase scenario, a H2O∗ adlayer is built around the TS identified in the

gas phase and then the TS structure is re-relaxed. Doing this, we find that the barrier for

CH3OH∗ diffusion decreases, i.e., the H2O∗ adlayer stabilizes the TS for CH3OH∗ diffusion

on Al2O3.

A failing with that model is that it does not account for the requirement that CH3OH∗

must displace adsorbed H2O∗ molecules while diffusing across the Al2O3 surface. To test this

scenario, we increase ∆F aq
act,fw for CH3OH adsorption (step 1) from 0 to 1.16 eV, which is the

free energy of desorption of a H2O∗ molecule from α−Al2O3 in aqueous phase (note that the

free energy of H2O∗ desorption from pristine α−Al2O3 and Pt4/Al2O3 are modestly different;
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this is due to steric hindrance on the supported Pt models). This is akin to modeling the

barrier to CH3OH∗ adsorbing to a perimeter site as the free energy required to displace a

H2O∗ molecule on the Al2O3 surface. Doing this, we find a ∼50% reduction in the rate of

methanol consumption. This rate is compared with the other simulated rates in Figure 3a

(gray bar). The mechanism is shown in Figure 4f. It is largely similar to the original scenario

(i.e., where the activation barrier for CH3OH adsorption was set to 0) except that a branch

point occurs at CH3OH∗, with 15% of CH3OH∗ being converted to CH2OH∗ and 85% being

converted to CH3O∗. While this scenario gives behavior that is more in line with observations

from FTIR, the slight decrease in rate observed in microkinetic modeling is noticeably less

dramatic than the multiple order of magnitude decrease observed experimentally. We discuss

reasons for this in the next section.

4 Discussion

While the rate of methanol dehydrogenation on Pt/Al2O3 perimeter sites has only minor

dependence on the activation barrier for methanol adsorption, the steady state coverages

(Supporting Information Figure 4) are strongly dependent on this quantity. Specifically,

using the activated adsorption model, the coverage of H2O∗ at the Pt/Al2O3 perimeter is

∼50% (with the remaining ∼50% being occupied by CO∗), while using the unactivated

model, the H2O∗ coverage is ∼0, while the CO∗ coverage is ∼100%.

The larger coverage of H2O∗ suggests that reactions involving H2O∗ should have more

appreciable rates. We hence enabled the steps involving reaction of H2O∗ with CH3O∗ to

form CH3OH∗ and CH2O∗ to form CH2OH∗ along with activated methanol adsorption in

our microkinetic modeling simultaneously. Doing this, the methanol consumption rate on

Pt/Al2O3 perimeter sites decreased to ∼0. This decrease is more dramatic than observed

in FTIR; however, we propose it is the combination of these two things that causes the

decrease in rate observed experimentally. Specifically, we propose that strongly bound H2O∗
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molecules both inhibit CH3OH binding at the Pt/Al2O3 perimeter and promote hydrogena-

tion of CH3OH fragments that are bound there. In fact, our microkinetic models suggest

the combination of these two effects completely shuts the reaction down at the Pt/Al2O3

perimeter, hence suggesting that activity observed experimentally on small Pt particles is

due to the Pt terraces that exist in the system. This is a difference between the simulated

and experimental systems: the models of perimeter sites used in simulations only comprise

perimeter sites, whereas the small Pt particles used in experiments mainly but not entirely

comprise perimeter sites. Hence, the experimentally observed decrease in activity going from

4.6 nm to 1.0 nm particles is ∼1.5 orders of magnitude, whereas going from terrace site to

perimeter site models results in a complete loss of activity.

Taken together, these results suggest that small Pt particles are less active than large Pt

particles due to strongly bound H2O∗ molecules at the Pt/Al2O3 perimeter that block sites

for methanol dehydrogenation. The active sites for aqueous phase CH3OH dehydrogenation

on Pt/Al2O3 catalysts are hence Pt terrace sites, regardless of particle size; the mechanism is

that presented in Figure 4b, and the steps with significant DRC values are CO∗ desorption

(positive DRC ∼1), H2∗ desorption (positive DRC <1), and CH3OH∗ dehydrogenation to

CH2OH∗ (negative DRC > −1).

5 Conclusion

In this work, we combined multiscale modeling with microkinetic modeling and Fourier

transform infrared spectroscopy to determine the mechanism for methanol dehydrogenation

on supported Pt/Al2O3 catalysts under aqueous phase. A goal of this work was to determine

if the active sites are Pt terrace or Pt/Al2O3 perimeter sites. Our findings indicate that

sites at the Pt/Al2O3 perimeter are inactive due to the presence of strongly bound H2O∗

molecules, which inhibit adsorption of CH3OH and also push the reaction in the reverse

by donating protons to CHxO∗ species. The active sites are hence the Pt terrace sites.
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Water has little influence on the rate of CH3OH dehydrogenation in terrace sites, but it has

a significant impact on the mechanism. Specifically, water stabilizes CH2OH∗ and COH∗,

which pushes the mechanism through a COH−H2O∗ intermediate. This intermediate alters

the equilibrium between COH∗ and CO∗. Steps with significant degrees of rate control are

CO∗ desorption, H2∗ desorption, and CH3OH∗ dehydrogenation to CH2OH∗. Some ways to

improve the rate of methanol dehydrogenation on Pt/Al2O3 catalysts are to destabilize CO∗

and (to a lesser extent) H∗ as well as to decrease (make more positive) the free energies of

solvation of CH2OH∗ and COH∗.
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(1) Pérez, R. S.; Souza, M. M. V. M.; Tapanes, N. C. O.; Diaz, G. C.; Aranda, D. A. G.

Production of Hydrogen from Aqueous Phase Reforming of Glycerol: Economic Eval-

uation. Engineering 2014, 6, 12–18.

(2) Pipitone, G.; Zoppi, G.; Pirone, R.; Bensaid, S. A critical review on catalyst design for

aqueous phase reforming. International Journal of Hydrogen Energy 2022, 47, 151–180.

(3) Okolie, J. A.; Patra, B. R.; Mukherjee, A.; Nanda, S.; Dalai, A. K.; Kozinski, J. A.

Futuristic applications of hydrogen in energy, biorefining, aerospace, pharmaceuticals

and metallurgy. International Journal of Hydrogen Energy 2021, 46, 8885–8905.

25



(4) Sutton, A. D.; Waldie, F. D.; Wu, R.; Schlaf, M.; ’Pete’Silks, L. A.; Gordon, J. C.

The hydrodeoxygenation of bioderived furans into alkanes. Nature Chemistry 2013 5:5

2013, 5, 428–432.

(5) He, Z.; Cui, M.; Qian, Q.; Zhang, J.; Liu, H.; Han, B. Synthesis of liquid fuel via direct

hydrogenation of CO2. Proceedings of the National Academy of Sciences 2019, 116,

12654–12659, doi: 10.1073/pnas.1821231116.

(6) Sarma, S. J.; Pachapur, V.; Brar, S. K.; Bihan, Y. L.; Buelna, G. Hydrogen biorefin-

ery: Potential utilization of the liquid waste from fermentative hydrogen production.

Renewable and Sustainable Energy Reviews 2015, 50, 942–951.

(7) Godina, L. I.; Tokarev, A. V.; Simakova, I. L.; Mäki-Arvela, P.; Kortesmäki, E.;
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