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Abstract  

The elementary steps and site requirements in formic acid (HCOOH) dehydrogenation on Cu 

surfaces remain of keen interest because formate species act as intermediates or spectators in 

methanol synthesis and water-gas shift reactions. Steady-state and transient kinetic data, isotopic 

effects, infrared spectra during catalytic and stoichiometric reactions, and theoretical treatments 

based on density functional theory (DFT) provide evidence for bimolecular reactions, in which 

saturated bidentate formate (*HCOO*) adlayers, present at 0.25 ML (0.25 *HCOO* per Cu 

surface atom), react with undissociated species (HCOOH□) bound at interstices within formate 

adlayers (□) to form H-bonded bimolecular HCOOH□-*HCOO* adducts. The co-existence of 

vicinal HCOOH□ and *HCOO* moieties is evident from antisymmetric infrared bands for 

*HCOO* that become stronger as a result of their H-bonding that perturbs the induced dipole 

moment of *HCOO* upon vibration, consistent with DFT-derived vibrational frequencies and 

intensities for such perturbed species. The *HCOO* moiety in this complex undergoes C-H 

activation via a transition state that is preferentially stabilized through H-bonding with the 

vicinal HCOOH□ relative to its *HCOO* precursor. DFT-derived HCOOH dehydrogenation 

activation barriers and those determined from the evolution of CO2 from pre-adsorbed *HCOO* 

species are about 10 kJ mol-1 smaller in the presence of gaseous HCOOH reactants (because of 

HCOOH□-*HCOO* interactions) than those for the unimolecular decomposition of bound 

*HCOO* species. Such bimolecular routes are consistent with measured effects of HCOOH, H2, 

and CO pressures and of H/D isotopic substitution on dehydrogenation turnover rates and 

represent the predominant channel for the formation of CO2 and H2 during catalytic HCOOH 

dehydrogenation on Cu nanoparticles. A saturated *HCOO* adlayer that retains binding 

interstices and the presence of HCOOH(g) enable a sequence of elementary steps unavailable for 

*HCOO* species, thus circumventing unassisted unimolecular routes that exhibit higher 

activation barriers.    

 

 

 

 

 



3 
 

1. Introduction 

 HCOOH dehydrogenation is an attractive route to produce H2 on demand as reactants in 

electricity generation through fuel cells [1] because of its high hydrogen density and its potential 

provenance from biogenic feedstocks [2]. These applications require a very high 

dehydrogenation selectivity because the CO formed via HCOOH dehydration or secondary 

reverse water-gas shift reactions strongly inhibits electrocatalysis at fuel cell electrodes. 

Supported Cu nanoparticles have garnered interest as they exclusively form H2 and CO2 from 

HCOOH without detectable CO products [3,4]. The mechanism of HCOOH dehydrogenation 

catalysis on Cu is also relevant for understanding those of water-gas shift [5–7] and methanol 

synthesis [8–10], reactions that involve bound formate species as reactive intermediates or 

spectators. Such practical and fundamental matters have led to several experimental and 

theoretical studies of HCOOH dehydrogenation on Cu catalysts as dispersed nanoparticles [11–

13] and as extended single crystal surfaces [4,14,15]. The methods used to identify reactive 

intermediates and elementary steps have included kinetic analysis [13,16], transient reaction 

studies of pre-adsorbed formate (temperature-programmed surface reaction; TPSR) [3,4,17,18], 

in situ infrared spectra [19–21], and density functional theory (DFT) treatments of the energies 

of bound species and their elementary interconversion steps [22–26].  

HCOOH binds dissociatively on Cu surfaces to form bidentate formate species (*HCOO*) 

at vicinal Cu atoms and bound H-atoms (H*) [19,20]. Transient studies have shown that bound  

H* species recombine and desorb as H2(g) below ambient temperatures from Cu(110) surfaces 

after HCOOH pre-adsorption at 200 K [4]. The stranded *HCOO* species subsequently 

decompose at about 460 K to form CO2 and H2 at decomposition rates that are limited by C-H 

bond cleavage in the bound formates, as indicated by similar CO2 and H2 evolution profiles 

measured from HCOOD and HCOOH [4] and CO2 evolution profiles that are higher in 

temperature for the decomposition of pre-formed *DCOO* than that of pre-formed *HCOO* 

[17,18]. Measured activation barriers on Cu(110) (133 kJ mol-1) were similar when *HCOO* 

coverages were varied by more than an order of magnitude, demonstrating that the reactivities of 

*HCOO* species are not very sensitive to their coverages [4,18]. These barriers resemble those 

measured for the decomposition of pre-adsorbed formates on Cu/SiO2 (133 kJ mol-1) and Cu 

powders (116-123 kJ mol-1) and for the decomposition of crystalline Cu formate powders (125 kJ 
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mol-1) [3,16], indicative of C-H cleavage steps that are not strongly influenced  by the identity of 

the exposed facets.  

Measured activation barriers for HCOOH dehydrogenation rate constants in the zero-

order regime (i.e., at coverages of HCOOH-derived species that do not depend on HCOOH 

pressure) are smaller during catalytic HCOOH decomposition on Cu/SiO2 (97 kJ mol-1) than 

during the decomposition of pre-adsorbed *HCOO* species on the same sample (133 kJ mol-1) 

[12]. These data led to the proposal that gaseous or weakly-bound HCOOH species may be able 

to assist *HCOO* decomposition [12]. Such bimolecular HCOOH decomposition routes were 

not examined by theory, which only considered low *HCOO* coverages (≤ 1/9 monolayer (ML)) 

[22–25]. A more recent DFT study, carried out without the corrections for dispersion forces 

essential to describe the energies of weakly-bound species, suggested that the presence of co-

adsorbed HCOOH on Cu surfaces can stabilize the C-H activation transition state (TS) for 

*HCOO* decomposition through strong H-bonding [26]. The calculated activation barriers 

relevant to the zero-order rate constants (i.e., the energies for the formation of the C-H activation 

TS from the *HCOO* precursor), however, were similar for *HCOO* decomposition with and 

without the presence of the co-adsorbed HCOOH species (88 vs. 87 kJ mol-1 for Cu(111); 

electronic energies without zero-point energy corrections) because the H-bonding influences the 

energies of TS and *HCOO* precursor to a similar extent [26], in contradiction with the previous 

proposal based on experimental measurements [12]. Another recent work based on dispersion-

corrected DFT calculations and microkinetic modeling, presented by the same authors, also 

contradicts these previous conclusions by proposing that HCOOH dehydrogenation on Cu 

surfaces can occur in parallel via both unimolecular and bimolecular routes, where their relative 

contributions depend on reaction temperatures and HCOOH pressures [27].  

The results reported here were obtained by combining kinetic, isotopic, spectroscopic, transient, 

and dispersion-corrected DFT analyses to demonstrate that unimolecular *HCOO* 

decomposition routes, prevalent for *HCOO* decomposition in the absence of gaseous HCOOH 

reactants and at low *HCOO* coverages, occur along with the more facile bimolecular routes 

mediated by *HCOO* interactions with more weakly-bound HCOOH species. In fact, Cu 

surfaces remain saturated with *HCOO* species at all practical conditions (0.1-3.5 kPa HCOOH; 

473-503 K) with the coverage of *HCOO* species reaching saturation at 1/4 ML 

(*HCOO*/Cusurface=1/4) because of strong repulsion among bound *HCOO* species at higher 
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coverages. HCOOH molecules may additionally bind at interstitial sites (□) within these strongly-

bound *HCOO* adlayers to form molecularly-bound HCOOH□ species that promote the 

decomposition of the vicinal *HCOO* by stabilizing the C-H activation TS more effectively 

than it is able to stabilize the *HCOO* precursor via H-bonding. As a result, measured turnover 

rates reflect bimolecular decomposition of HCOOH□-*HCOO* complexes rather than 

unimolecular *HCOO* decomposition.  

The results and conclusions of this work provide a compelling example of how repulsive 

interactions among bound species restrict coverages to < 1 ML, thus allowing residual interstices 

in this “passivated” surface to bind intermediates less strongly and, consequently, enable them to 

react or to increase the reactivity of the bound species in the more refractory template. In fact, 

few reactions of molecules that bind strongly on surfaces would be able to occur at detectable 

rates without the perturbations and “shoving” imposed by the discomfort caused by 

intermolecular repulsion as surfaces approach saturation in the presence of gaseous (or liquid) 

reactants. Such effects are evident for HCOOH dehydration on TiO2 surfaces [28] and for 

reactions of H2-CO mixtures on Ru nanoparticles [29]; in the latter case, H2-CO reactions would 

not have occurred at practical (or even detectable) rates in the absence of the ubiquitous 

discomfort characteristic of surfaces at near CO saturation coverages. Indeed, catalysis in 

practice benefits from the complexity inherent in non-Langmuirian kinetics, which cannot be 

captured by model systems at low coverages or by theoretical treatments that ignore such non-

idealities in search of computational efficiency, but at the expense of their relevance to practical 

catalysis. Theory, spectroscopy, and kinetic analyses must be combined to rigorously evaluate 

and identify the plausible mechanisms that accurately describe reactions on saturated surfaces. 

Bimolecular reactions are, in fact, the norm and not the exception on the crowded surfaces that 

prevail in the practice of surface catalysis.  

 

2. Methods 

2.1 Catalyst synthesis and treatment protocols 

Cu/SiO2 (5, 10, 20% wt. Cu) samples were prepared using homogeneous deposition-

precipitation methods mediated by pH changes caused by the hydrolysis of urea [30]; the Cu 

contents were varied by changing the mass ratios of Cu(NO3)2·2.5H2O (Sigma-Aldrich) and 

colloidal SiO2 (30 % wt. in H2O; Sigma-Aldrich) precursors. These reagents were then combined 
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with urea (CO(NH2)2) (Urea:Cu2+ = 3:1; Sigma-Aldrich) and dissolved in deionized (DI) water 

(≥ 17.6 MΩ-cm resistivity). A 0.5 M HNO3 solution (diluted from 70% HNO3; Sigma-Aldrich) 

was added slowly to the slurry to achieve a pH of ~2. This mixture was heated from ambient 

temperature to 363 K (0.167 K s-1) while stirring (12 Hz) and held at 363 K for 20 h under 

complete reflux. The solids were recovered by vacuum filtration and rinsed with deionized water 

(≥ 17.6 MΩ-cm) until the filtrate reached a pH value of 7; these solid samples were then dried at 

383 K in static ambient air (> 12 h). The recovered powders were treated sequentially (i) in 

flowing dry air (Praxair; 99.999%; 1.67 cm3 g-1 s-1) by heating from ambient temperature to 723 

K at 0.167 K s-1 and holding for 5 h before cooling down to ambient temperature, (ii) in flowing 

10% H2/He (H2, Praxair; 99.95%; He, Praxair; 99.999%; 5.56 cm3 g-1 s-1) by heating from 

ambient temperature to 573 K at 0.033 K s-1 and holding for 2 h before cooling down to ambient 

temperature, and (iii) in flowing 1% O2/He (O2/He, Praxair; 2.02% O2; He, Praxair; 99.999%; 

0.83 cm3 g-1 s-1) at ambient temperature for 1 h to prevent exothermic oxidation upon exposure to 

ambient air. The samples and transfer lines were purged with He (Praxair; 99.999%; 5.0 cm3 g-1 

s-1) for ~0.3 ks between each treatment condition to prevent H2 and O2 mixing. 

 

2.2 Copper metal contents and nanoparticle dispersions 

Cu contents in Cu/SiO2 samples were confirmed by inductively-coupled plasma emission 

spectroscopy (ICPES; Perkin Elmer 5300 DV). The number of exposed Cu atoms in Cu 

nanoparticles was measured using the N2O titration methods; neither O2 nor H2 molecules serve 

as selective titrants for surface Cu atoms because O2 molecules form multiple oxygen layers at 

ambient temperature, while H2 molecules only cover a fraction of the surface (< 0.1 ML) [31]. 

Cu dispersions, defined as the fraction of atoms exposed at Cu nanoparticles, were determined 

using N2O uptakes and a N2O: Cusurface stoichiometry of 1:2 [32]. Samples (0.16-0.35 g) were 

held within a U-shaped quartz reactor (4 mm inner diameter) and treated in flowing 20% H2/He 

(3.33 cm3 s-1) by heating from ambient temperature to 573 K at 0.033 K s-1 and holding for 2 h 

before cooling down to 303 K. The system was then flushed with He (3.33 cm3 s-1) at 303 K for 

1 h, heated to 353 K at 0.033 K s-1 and held for another 1 h before introducing N2O as a 0.15% 

N2O/0.15% Ar/He mixture (3.0% N2O/3.0% Ar, Praxair; 99.999%; He, Praxair; 99.999%; 1.66 

cm3 g-1 s-1) while measuring the composition of the effluent with an on-line infrared gas analyzer 
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(MKS; MultiGas Series 2000). The mean Cu nanoparticle diameters (5.0, 9.8, and 12.2 nm for 5, 

10, and 20% wt. Cu/SiO2, respectively) were calculated based on these measured Cu dispersions 

[33,34]; the results from N2O uptake measurements and the calculation details are discussed in 

Section S1 (Supplemental Information (SI)).  

 

2.3 Steady-state catalytic HCOOH dehydrogenation rate measurements 

HCOOH dehydrogenation rates (0.1-3.5 kPa HCOOH; 473-503 K) were measured on 

Cu/SiO2 samples of 125-180 µm aggregate diameters. Samples (0.3-1.6 mg) were held within a 

U-shaped quartz reactor (4 mm inner diameter) and diluted with inert quartz powders (0.4 g; 

Sigma-Aldrich; acid-washed with 1 M HNO3 at ambient temperature, vacuum filtered, rinsed 

with DI H2O, and dried in flowing dry air at 373 K for 12 h) in order to achieve bed heights 

required for plug-flow hydrodynamics. Diluent quartz powders did not show detectable HCOOH 

decomposition products at the conditions of these catalytic rate measurements. Intra-aggregate 

mixtures of quartz powders and 20% wt. Cu/SiO2 with 27-50 mass ratios were prepared by 

grinding them together, pelleting, and sieving to retain 125-180 µm aggregates. Measured 

HCOOH dehydrogenation rates were unaffected by intraparticle dilution (Cu/SiO2:quartz = 1:27 

and 1:50 mass ratios; Fig. S2; SI), confirming the absence of heat and mass transfer corruptions 

of measured rates. All Cu samples were treated in 20% H2/He (1.67 cm3 s-1) by heating from 

ambient temperature to 573 K at 0.033 K s-1 and holding for 2 h before cooling down to reaction 

temperatures; the system was then flushed with flowing He for at least 0.5 h at the reaction 

temperature before introducing the reactant mixtures.  

Bed temperatures were maintained using resistive heating and an electronic controller 

(Watlow; Series 982) and measured with a thermocouple (K-type; Omega) placed within a 

dimple at the outer reactor wall. Inlet molar rates were controlled using individual mass flow 

controllers (Porter; Model 201) and adjusted to maintain target molar inlet rates and the pressures 

of He, H2 (Praxair; 99.999%), and CO (Praxair; 90%; Ar balance). HCOOH (Sigma-Aldrich; ≥ 

98%; used without further purification), and its isotopologues (DCOOH and DCOOD, 

Cambridge Isotope Laboratories; ≥ 98% chemical and isotopic purities for both) were introduced 

as a liquid into a flowing gas stream using a syringe micropump (Cole Parmer; 74900 series) and 

vaporized at 323 K. All transfer lines, except for those near the injection port, were kept at 
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ambient temperature to prevent HCOOH decomposition within the heated stainless steel lines; 

consequently, HCOOH pressures were kept below its vapor pressure at ambient temperature (5.3 

kPa for HCOOH [35] at 298 K) to prevent its condensation within transfer lines.  

 The concentrations of the reactant (HCOOH), products (H2 and CO2), and CO in the 

effluent stream were measured using a gas chromatography system (Agilent; 6890A), equipped 

with a packed column (Agilent; Porapak-Q; 4.8 m; 80-100 mesh) and a thermal conductivity 

detector (TCD). Molecular speciation and response factors were determined using known 

standards. HCOOH and its isotopologues (DCOOH and DCOOD) were speciated by on-line 

mass spectrometry (MKS Spectra; MiniLab LM80) to confirm the isotopic purity of the reactants 

and the extent to which intramolecular scrambling occurred during HCOOH decomposition 

turnovers.  

 HCOOH conversions in some of the kinetic measurements were higher than those 

required for differential conversion analysis (> 10%) even at very low catalyst loadings (0.3-1.6 

mg) and after intra-aggregate dilution with quart powders (1:27-50 mass ratios), thus causing 

HCOOH concentration gradients along the catalyst bed. The reported turnover rates are those at 

zero conversion, extrapolated using the integrated form of the rate equation and the regressed 

rate and equilibrium constants in order to accurately account for the effects of HCOOH 

concentration gradient on rates (analysis and regression details in Section S3; SI); without such 

extrapolations, rates are reported as site-time yields, which reflect the measured rates normalized 

by the number of exposed Cu sites within the reactor. 

 

2.4 Transient reaction studies of pre-adsorbed HCOOH-derived species 

TPSR experiments were conducted using the reactor system described in Section 2.3. 

Temperatures were monitored using a K-type thermocouple placed within a dimple at the outer 

reactor wall near the catalyst bed and recorded using a temperature logger (National Instruments; 

USB-TC01). Samples (0.085-0.3 g) were treated in 20% H2/He (1.67 cm3 s-1) by heating the 

samples from ambient temperature to 573 K at 0.033 K s-1 and holding for 2 h before cooling 

down to 348 K. The system was then flushed with flowing He or H2 (1.67 cm3 s-1) for > 0.5 h 

before introducing 0.5 kPa HCOOH (He or H2 balance; 1.67 cm3 s-1) at 348 K. Samples were 

contacted with HCOOH until the effluent reached 0.5 kPa HCOOH, as measured by an on-line 
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infrared analyzer (MKS; MultiGas Series 2000). The samples were subsequently flushed at 348 

K with flowing He or H2 (1.67 cm3 s-1) for > 0.5 h until HCOOH(g) was no longer detected in 

the effluent in order to remove any physisorbed HCOOH species, before heating to 673 K at a 

ramping rate of 0.083 K s-1.  

 

2.5 In situ infrared spectroscopy 

Infrared spectra were collected using Cu/SiO2 wafers (~10 mg cm-2) held between KBr 

windows within a quartz cell. Temperatures were maintained by external resistive heating, 

monitored using a thermocouple (Omega; K-type) held in a dimple at the outer reactor wall near 

the outer edge of the wafer and controlled with an electronic temperature controller (Watlow; 

Series 982). Inlet molar rates and concentrations of reactant mixtures were set by mass flow 

controllers and a syringe micropump (as described in Section 2.3). Spectra were collected in 

transmission mode (ThermoNicolet; Nexus 670; Hg-Cd-Te (MCT) detector) and the effluent 

stream was concurrently analyzed by an on-line infrared analyzer (MKS; MultiGas Series 2000).  

Cu/SiO2 wafers were treated in 20% H2/He (1.67 cm3 s-1) by heating from ambient 

temperature to 573 K at 0.033 K s-1 and holding for 2 h before cooling to 453 K. The system was 

flushed with He (6.67 cm3 s-1) at 453 K and the background spectra were collected before 

introducing HCOOH to the reactant stream (3 kPa HCOOH; He balance; 6.67 cm3 s-1); these 

experiments were performed at lower temperature (453 K) than steady-state measurements (473-

503 K) to minimize HCOOH conversions within the Cu/SiO2 pellets and to maintain differential 

HCOOH conversions. Spectra were collected during catalytic HCOOH decomposition and after 

removing HCOOH(g) from the reactant stream. Spectra were also obtained during TPSR 

measurements. In these experiments, treated Cu/SiO2 wafers were first flushed with flowing He 

(6.67 cm3 s-1) at 453 K and the background spectra were collected. HCOOH (0.5 kPa; H2 balance; 

5.0 cm3
 s-1) was then introduced at 348 K until the effluent composition reached steady-state, as 

monitored by on-line infrared analysis. HCOOH was then removed from the reactant stream and 

the system was flushed with H2 (5.0 cm3 s-1) until HCOOH(g) was undetectable in the effluent, 

after which the temperature was increased to 673 K (0.083 K s-1). All infrared spectra were 

collected in the 1000-4000 cm-1 range with a resolution of 2 cm-1 by averaging 64 scans, except 

during transient experiments, for which 4 scans were averaged to obtain each spectrum in order 

to achieve the requisite temporal resolution.  
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2.6 Computational methods  

The energies of plausible intermediates and transition states involved in HCOOH 

dehydrogenation elementary steps were estimated on periodic Cu(111) facets, found to be the 

surfaces predominantly exposed at Cu nanoparticle surfaces [15]. Periodic DFT calculations 

were performed using the Vienna ab-initio simulation package (VASP) [36]. The revised 

Perdew-Burke-Ernzerhof (RPBE) [37,38] functionals within the generalized gradient 

approximation (GGA) were used, which provide computationally efficient methods to probe the 

energies of all intermediates and transition states involved in complex bimolecular pathways. 

Such functionals accurately predict the standard enthalpy of HCOOH dehydrogenation reaction 

(HCOOH(g) � CO2(g) + H2(g), ΔH0 = -15 vs. -19 kJ mol-1 from gas-phase enthalpies from the 

NIST database and from theory; Table S2; SI) and are widely used in the literature to assess 

HCOOH dehydrogenation catalysis on transition metal surfaces [22–24,26,39,40]. Dispersive 

interactions, essential to determine energies for the weakly-bound species that mediate 

bimolecular routes, were calculated using the Grimme’s D3 method [41,42] at each energy 

iteration. The energies of intermediates and transition states calculated with such RPBE-D3 

methods are benchmarked against those calculated with PW91, the other widely-used GGA 

functionals [22,26]; these results are discussed in the supporting information (Section S8; SI). In 

both cases, plane-wave basis sets were constructed using an energy cutoff of 396 eV with core 

electrons treated using projector-augmented wave (PAW) methods [43]. A Monkhorst–Pack 13 × 

13 × 13 grid was used for bulk calculations and a 5 × 5 × 1 grid was used for all slab models. 

Electronic structures were converged to < 10-6 eV between successive iterations.  

The lattice parameters for bulk Cu metal derived with RPBE-D3 (0.357 nm) and PW91 

(0.363 nm) methods were similar to the experimental value (0.361 nm; [44]); these DFT-derived 

lattice parameters were used with each DFT method to construct Cu(111) slab models consisting 

of four Cu layers. All atoms, including bound species, were fully relaxed until all forces were < 

0.05 eV Å-1, except for the Cu atoms at the bottom two layers, which were kept at their bulk 

positions. A 2 nm vacuum layer was placed between the slabs in the z-direction to minimize the 

interactions among repeating images. The energies of intermediates and transition states involved 

in the unimolecular routes were calculated using a (4x4) supercell (16 Cu atoms per layer) with 1 

HCOOH(g) molecule, representing a 1/16 ML, with minimal adsorbate-adsorbate interactions. 
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Bimolecular routes were probed using a (4x4) supercell containing 4 *HCOO* species (at the 

maximum 1/4 ML *HCOO* coverage) with 1 HCOOH(g) molecule.  

Minimum energy paths connecting reactant, intermediate, and product states were 

calculated for each proposed elementary step using nudged elastic band (NEB) methods [45] 

with 8-16 images and a convergence criteria of 1 x 10-4 eV for energies and 0.1 eV Å-1 for forces 

on all unconstrained atoms. Structures at the maximum energy along the reaction coordinate 

(derived from NEB calculations) were used as the starting points for refining TS structures using 

the Henkelman’s Dimer method [46] with convergence criteria of 1 x 10-6 eV for electronic 

energies and 0.05 eV Å-1 for forces.  

Vibrational frequencies of each intermediate and TS structure were derived from the 

mass-weighted force constant matrix (the Hessian matrix), where the force constant derivatives 

were calculated from the finite differences of the forces upon atomic displacement of ±0.015 Å 

in Cartesian coordinates. The intensity of each vibrational mode (i) was determined by 

calculating the square of the dynamic dipole moment of its mode (∂�/ ∂��) [47], derived from 

the dipole moment change in the direction perpendicular to the slab with respect to the distance 

for the perturbation of atoms along each mode (�� ) [48], using the code developed for this 

purpose [49,50]. The intensity versus frequency delta functions were broadened using Lorentzian 

functions (of width 20 cm-1) and infrared spectra were generated by summing such functions 

over all modes. 

Zero-point vibrational energy (ZPVE) corrections and vibrational energies at each 

temperature were calculated using statistical mechanical formalisms [51] and DFT-derived 

vibrational frequencies. Low-frequency vibrational modes are the predominant contributors to 

entropies, but they cannot be accurately described using harmonic oscillator models, thus 

introducing significant errors in entropy calculations. These modes resemble frustrated 

translational and rotational modes that become restricted in bound species. The contributions of 

these low modes to vibrational entropies were replaced by a fraction (0.7) of the translational and 

rotational entropies of the respective molecules in the gas-phase, as inferred empirically from 

measured adsorption entropies of weakly-bound species on oxide surfaces [52]. ZPVE and 

thermal contributions to enthalpies and free energies from vibrational modes (and translational 

and rotational modes for gas-phase molecules) were added to dispersion-corrected DFT-derived 

electronic energies to estimate enthalpies and free energies of gas-phase molecules, bound 
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intermediates, and transition states at relevant reaction temperatures; all free energies were 

calculated at the standard pressure (1 bar). 

 

3. Results and discussion 

3.1 Steady-state HCOOH dehydrogenation on Cu catalysts and kinetic isotope effects 

 HCOOH dehydrogenation rates were measured on 5% wt. Cu/SiO2 catalysts over a range 

of HCOOH pressures (0.1-3.5 kPa; 473-503 K) (Fig. 1). CO2 and H2 were the only products 

detected at all conditions. Rates increased linearly at low HCOOH pressures and then sublinearly 

as HCOOH pressure increased. The deviations from linearity shifted to lower HCOOH pressures 

with decreasing temperature, as expected from the higher coverages of bound intermediates at 

lower temperatures for each given HCOOH pressure. The addition of H2 to the inlet stream did 

not influence rates (Fig. 2). The extent of formic acid conversion (1.1-3.7 %; 2.0 kPa DCOOD; 

493 K), modulated by DCOOD space velocity in this case, did not influence rates, indicating 

neither CO2 nor D2 inhibit dehydrogenation rates (Fig. S3; SI). Turnover rates (per surface Cu 

atom) were similar on all Cu/SiO2 catalysts (5 vs. 20% wt.; 0.1-3.5 kPa HCOOH; 503 K; Fig. S4; 

SI), in spite of their different mean nanoparticle diameters (5.0 vs. 12.2 nm from N2O titration, 

respectively), indicative of weak effects of  Cu nanoparticle size on surface reactivity within the 

size range examined (5.0-12.2 nm) used in this study; the effects of HCOOH and H2 pressures on 

rates are shown for 20% wt. Cu/SiO2 in Figure S5 (SI). These weak effects of mean Cu 

nanoparticle sizes are consistent with those evident from the similar barriers for HCOOH 

dehydrogenation measured on Cu powders, Cu/SiO2, and Cu/Al2O3 catalysts (5-1000 nm mean 

diameter) [12].  
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Figure 1. HCOOH dehydrogenation turnover rates (per surface Cu atom) measured on Cu/SiO2 

(5% wt.) as a function of HCOOH pressure (0.1-3.5 kPa; 473-503 K). Dashed curves represent 
the optimal regression of rates using the functional form of Equation 4 (Sec. S3; SI).   

 

Figure 2. HCOOH dehydrogenation site-time yields (per exposed Cu atom) measured with H2 
co-feed on Cu/SiO2 (5% wt.) as a function of averaged H2 pressure (0-60 kPa; 0.1 and 0.5 kPa 
HCOOH; 503 K). The dashed lines represent the trend lines.  
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Scheme 1. Proposed sequence of elementary steps for unimolecular HCOOH 

dehydrogenation.  

 

 

aQuasi-equilibrated steps are denoted by ovals in double arrows. 
 

Unimolecular HCOOH dehydrogenation routes proceed via a bidentate formate 

(*HCOO*) bound at two adjacent Cu atoms and a surface bound hydrogen atom (H*) formed 

from quasi-equilibrated O-H activation in molecularly bound HCOOH (*HCOOH*; steps 1 and 

2; Scheme 1) [4,16]. *HCOO* species form CO2 via a kinetically-relevant C-H activation step 

(step 3; Scheme 1). The resulting H* atoms recombine and desorb as H2(g) in quasi-equilibrated 

steps (step 4; Scheme 1). Such steps and the reversibility assumptions are consistent with H2 and 

CO2 evolution profiles measured upon exposure of Cu(110) to HCOOH(g) at 200 K and heating 

to 523 K [4]. Fast *HCOO* formation is evident from H2 evolution at 270 K in amounts 

consistent with the stoichiometric formation of *HCOO* (H2:*HCOO* = 1:2) [4]. *HCOO* 

species react at about 460 K to form CO2* and H* species that immediately desorb as CO2(g) 

and H2(g) at rates limited by C-H activation in *HCOO* [18]. The kinetic irrelevance of the O-H 

activation in HCOOH (steps 1 and 2; Scheme 1) is consistent with the similar dehydrogenation 

rates measured for DCOOH and DCOOD reactants (Fig. 3); both of these rates were lower than 

those for HCOOH, consistent with C-H activation in *HCOO* as the sole kinetically-relevant 

step (step 3; Scheme 1). A rigorous analysis of kinetic isotope effects (KIE) on rate parameters 

(and their comparisons to DFT-derived values) requires the regression of rate data for each 

isotopologue in order to estimate their respective rate constants, as described below.   
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Figure 3. Dehydrogenation turnover rates of HCOOH, DCOOH, and DCOOD (per exposed Cu 
atom) on Cu/SiO2 (5% wt.) as a function of formic acid pressures (0.1-3.5 kPa; 503 K). Dashed 
curves represent the optimal regression of rates using the functional form of Equation 4 (Sec. S3; 
SI).  

 

The sequence of elementary steps in Scheme 1 leads to HCOOH dehydrogenation rates 

(rd; per surface Cu atom) given by (derivation in Section S2; SI):  

�� =   4 ���
��������������

��1 + ������� + ��1 + �������� + 8 �
��������������
�

�                                 (1) 

K1, K2, kd, and K3 represent the equilibrium and rate constants for the respective elementary 

steps in Scheme 1. At high *HCOO* coverages (set by quasi-equilibrated steps 1, 2 and 4; 

Scheme 1), Equation (1) becomes:   

�� = ��2                                                                              (2) 
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The factor of 2 in Equation 2 accounts for *HCOO* species that occupy two Cu surface atoms. 

At low *HCOO* and H* coverages (via quasi-equilibrated steps 1, 2 and 4; Scheme 1), Equation 

1 becomes:  

��["] = ���
��������������
                                                          (3) 

This asymptotic rate equation, however, is inconsistent with rates that are insensitive to H2 

pressure (Fig. 2) at conditions where rates vary linearly with HCOOH pressure (< 1 kPa HCOOH; 

503 K; Fig. 1). The unimolecular dehydrogenation mechanism (in Scheme 1) thus cannot 

account for HCOOH dehydrogenation turnover rates on Cu/SiO2. Such discrepancies, in turn, 

implicate the plausible involvement of bimolecular routes during catalytic reactions in which 

HCOOH(g) coexists with bound formate species.  

 A recent DFT study reported a possible bimolecular route, where co-adsorbed 

molecularly bound HCOOH facilitates decomposition of vicinal *HCOO* species via strong H-

bonding [26]; the calculated activation barriers referenced to the *HCOO* precursor, however, 

remained the same with and without the presence of the co-adsorbed HCOOH species, possibly 

because these calculations were carried out without dispersion corrections. The in situ infrared 

spectra and band assignments from simulations described in Section 3.3 confirm the co-existence 

of molecularly-bound HCOOH and *HCOO* species. Such observations are in agreement with 

previous experimental work, in which a 1660 cm-1 band (for a C=O stretching mode of a 

molecularly-bound HCOOH) appeared upon re-exposure of a *HCOO*-saturated Cu(100) 

surface to HCOOH(g) [20]. *HCOO* species, in fact, reach saturation coverages at 1/4 ML, as 

shown from the amount of CO2 desorbed during heating of the Cu powders saturated with 

HCOOH-derived species (0.25 ± 0.05 CO2 per surface Cu atom) [3]. Higher *HCOO* coverages 

are prevented by a large kinetic barrier required to form another bidentate formate on Cu 

surfaces saturated with 1/4 ML *HCOO* (ΔG503K
ǂ = 135 kJ mol-1 to form another bidentate 

formate from HCOOH(g) on Cu(111) with 1/4 ML *HCOO*). These steps are also 

thermodynamically unfavorable (ΔG503K = +93 kJ mol-1 from HCOOH(g)) because the bidentate 

formate formed at the interstitial sites (□) experiences repulsive interactions within *HCOO* 

adlayers, as shown by DFT-derived free energies in Section 3.5.2. Additional HCOOH 

molecules can instead bind molecularly at interstices (□) within adlayers on *HCOO*-saturated 
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Cu surfaces to form another layer (HCOOH□), thus accounting for the asymptotic behavior of 

turnover rates at high HCOOH pressures (Fig. 1). Next, we address the possible bimolecular 

routes involving these co-adsorbed HCOOH□-*HCOO* complexes on *HCOO*-saturated Cu 

surfaces and their ability to describe the dependence of rates on HCOOH and H2 pressures and 

the kinetic effects of isotopic substitutions.  

Two plausible sequences of elementary steps involving HCOOH□-*HCOO* complexes 

are depicted in Scheme 2. Molecular HCOOH species bound at interstitial sites (□) within the 

*HCOO* adlayer first form a HCOOH□-*HCOO* complex (step 1; Scheme 2). Either one of the 

two species can then decompose to form CO2(g) and H2(g). HCOOH□ decomposes via the 

concerted cleavage of C-H and O-H bonds, with the Cu surface atom at interstices (□) abstracting 

the H-atom in the C-H bond and the vicinal *HCOO* abstracting the H-atom in the O-H bond to 

form *HCOOH* (step 2a; Scheme 2). The bound H□ reacts with the H-atom in the O-H bond in 

*HCOOH* to form molecular H2
□ species that desorb as H2(g), thus restoring a *HCOO* moiety 

and completing the HCOOH dehydrogenation turnover (step 3a; Scheme 2). Step 2b in Scheme 2 

describes an alternative reaction mode of HCOOH□-*HCOO* complexes, in which *HCOO* 

cleaves its C-H bond via reactions with the Cu atoms to which it is bound to form CO2* species 

that subsequently desorb as CO2(g) (step 2b; Scheme 2). The resulting H* reacts with the H-atom 

in the O-H bond in the vicinal HCOOH□ to form H2* that desorbs as H2(g), thus completing the 

catalytic cycle by re-forming *HCOO* from HCOOH□ (step 3b; Scheme 2). 

 

 

 

 

 

 

Scheme 2. Proposed sequences of elementary steps for bimolecular HCOOH 

dehydrogenation on *HCOO*-saturated Cu via decomposition of HCOOH□ (red) or 

*HCOO* (blue) moieties in HCOOH□-*HCOO* complexes.  
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aQuasi-equilibrated steps are denoted by ovals in double arrows. 
 

The assumptions of quasi-equilibrated molecular HCOOH adsorption-desorption on □ 

sites within the *HCOO* adlayer (step 1; Scheme 2), quasi-equilibrated H2 recombination-

dissociation and *HCOO* re-formation steps (steps 3a and 3b; Scheme 2), and irreversible CO2 

formation steps (steps 2a and 2b; Scheme 2) combined with the observed absence of H2 partial 

pressure dependency (Fig. 2) lead to CO2 formation rates (rd; per surface Cu atom) given by 

(derivation in S2; SI):  

�� = (��,& + ��,&′) �
,&������4�1 + �
,&������� =     �()) �
,&������4(1 + �
,&������)                                 (4) 
K1,b is the equilibrium constant for step 1 in Scheme 2. kd,b and kd,b’ are the rate constants for 

steps 2a and 2b (for HCOOH□ and *HCOO* decomposition pathways, respectively) in Scheme 2. 

The denominator terms represent the relative coverages of bare interstitial sites (□-*HCOO*) and 

molecularly-bound HCOOH (HCOOH□-*HCOO*); the factor of 4 accounts for the ¼ ML 

saturation coverages of *HCOO* within the bidentate adlayer and is consistent with rates being 

reported on a per mole surface Cu basis as each *HCOO* together with its vicinal interstitial site 

(□-*HCOO*) occupies a total of 4 surface Cu atoms. Equation 4 accounts for the irrelevance of 

H2 adsorption and accurately describes the kinetic effects of HCOOH on HCOOH 

dehydrogenation rates over a 100-fold range, as shown in the parity plot in Figure 4. We discuss 

next the isotope effects on rate and equilibrium constants.  
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Figure 4. A parity plot between the observed and predicted HCOOH dehydrogenation site-time 
yields. The predicted rates were obtained using the rate expression shown in Equation 4 and 
kinetic and thermodynamic parameters regressed from rate data using plug-flow reactor analysis 
methods (Sec. S3; SI). 
 
 The K1,b parameter in Equation 4 represents the equilibrium constant for HCOOH 

molecular adsorption at interstices within *HCOO* adlayers (□-*HCOO*) to form the HCOOH□-

*HCOO* complex (step 1; Scheme 2). Its magnitude reflects the difference in free energy 

between such a complex (*�����□,∗����∗ ) and its HCOOH(g) (*�����(.) ) and *HCOO* 

(*□,∗/011∗) precursors: 

�
,& = exp 5− 7*
,&89 :  =exp �− ;*�����□,∗����∗ − �*�����(.) + *□,∗/011∗�<89 �     , (5) 
where 8 is the gas constant. The kd,b and kd,b’ parameters in Equation 4 represent the rate 

constants for the decomposition of the HCOOH□ and *HCOO* components in the HCOOH□-

*HCOO* complex to form CO2 products (steps 2a and 2b; Scheme 2). Their values depend on 

the free energy of formation of the relevant TS (*‡) relative to that of the HCOOH□-*HCOO* 

complex (*�����□,∗����∗), given by:  

��,& (?�  ��,&@) = AB89ℎ exp D− 7*‡89 E  = AB89ℎ exp F− (*‡ − *�����□,∗����∗)89 G       (6) 
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where AB is Avogadro constant and ℎ is Planck’s constant. The TS structure and its *‡ value are 

different for the two decomposition routes, because they differ in the specific bond 

rearrangements that mediate each route. The decomposition of the HCOOH□ moiety involves 

concerted activation of its C-H and O-H bonds (step 2a; Scheme 2), while that of *HCOO* 

requires only C-H activation via transfer of the H-atom to the surface Cu atom (step 2b; Scheme 

2). The kd,b and kd,b’ constants (and thus the respective ΔGǂ
 values), however, cannot be measured 

independently because they appear in rate expressions with an identical functional form; only the 

apparent rate constant (kapp = kd,b + kd,b’), accounting for the combined contributions from both 

routes, can be determined from rate data. The K1,b and kapp constants in Equation 4 and the 

respective enthalpy and entropy components of their Gibbs free energies were obtained by 

regression of the rate data at different temperatures in Figure 1 to the functional forms of 

Equations 4-6; these regressed values are compared to the corresponding DFT-derived values in 

Table 1. DFT-derived enthalpies (after ZPVE corrections and the addition of thermal 

contributions to dispersion-corrected DFT-derived electronic energies) indicate that the 

*HCOO* decomposition in the HCOOH□-*HCOO* complex involves a much lower activation 

barrier than HCOOH□ decomposition (ΔHǂ = 68 vs. 83 kJ mol-1; Table 1). DFT-derived 

activation barriers for both routes, however, are smaller than measured barriers (109 ± 9 kJ mol-1; 

Table 1). DFT-derived Gibbs free energies and molecular geometries of intermediates and 

transition states involved in each bimolecular decomposition route (in Scheme 2), kinetic isotope 

effects, and their comparisons to experimental values are discussed in Section 3.5.2.  

 

 

 

 Exp.a Theoryb 
K1,b,503K (kPa-1) 1.7 ± 0.3  
ΔH1,b (kJ mol-1) -100 ± 26 -45 
ΔS1,b (J mol-1 K-1) -160 ± 53 -160 

  
HCOOH□ 

decomposition (kd,b) 
*HCOO* 

decomposition (kd,b’) 
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 Table 1. Equilibrium and rate constants and the corresponding enthalpies and entropies from 
kinetic analyses and DFT calculations.   

aExperimental errors reflect 95% confidence intervals. All kinetic data (0.1-3.5 kPa HCOOH; 
473-503 K; Fig. 1) are fitted simultaneously to the functional forms of Equations 4-6 within the 
ideal plug flow reactor approximations to obtain respective enthalpic and entropic components 
and corresponding errors. K1,b,503K and kapp,503K constants are obtained from regressing the data at 
503 K. The regression procedure is detailed in Section S3 (SI). bDFT-derived values are 
calculated at 1/16 ML HCOOH coverage on *HCOO*-saturated Cu(111). DFT results are 
discussed in detail in Section 3.5.2.  
 
Table 2. Equilibrium and kinetic isotope effects on equilibrium and rate constants from 
experiments and theory.   

aReported uncertainties represent the standard error. Equilibrium and rate constants (K1,b and kapp) 
for HCOOH and its isotopologues (DCOOH and DCOOD) were obtained by regressing the rate 
data in Figure 3 to the functional form of Equation 4 within the ideal plug flow reactor 
approximations. The regression procedure is described in detail in Section S3 (SI).b DFT-derived 
values were calculated at 1/16 ML HCOOH coverage on *HCOO*-saturated Cu(111). Free 
energies are those at 1 bar HCOOH and 503 K. DFT results are discussed in detail in Section 
3.5.2. 

 

Equilibrium and kinetic isotope effects (EIE, KIE) on the K1,b and kapp constants are 

obtained by regressing the rate data for the dehydrogenation of HCOOH and its isotopologues 

(DCOOH, DCOOD; Fig. 3) using the functional form of Equation 4. EIE values are defined as 

the ratio of K1,b constants for different isotopologues. These values for HCOOH/DCOOH and 

HCOOH/DCOOD are both smaller than unity (0.6 ± 0.1; Table 2), consistent with the estimates 

from DFT calculations (0.8 and 0.9, respectively; Table 2). EIE are dominated by the ZPVE 

terms and their magnitudes thus depend on the vibrational frequencies of the reactant and 

product states; the observed inverse EIE reflect vibrational frequency differences between 

isotopologues that are smaller in the reactant state (HCOOH(g) vs. DCOOH(g) and DCOOD(g)) 

kapp,503K (s-1) 13.1 ± 0.9   
ΔHǂ (kJ mol-1) 109 ± 9 83 68 
ΔSǂ (J mol-1 K-1) -10 ± 19 -1 +18 

 Exp.a Theoryb 
K1,b 

HCOOH/DCOOH 0.6 ± 0.1 0.8 
HCOOH/DCOOD 0.6 ± 0.1 0.9 

 kapp HCOOH□ decomposition 
(kd,b) 

*HCOO* decomposition 
(kd,b’) 

HCOOH/DCOOH 2.2 ± 0.2 2.6 2.4 
HCOOH/DCOOD 2.4 ± 0.2 2.4 2.1 
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than in the product state (HCOOH□ vs. DCOOH□ and DCOOD□). Conversely, a normal 

equilibrium isotope effect is expected for HCOOH/HCOOD from DFT calculations (1.1), 

because the vibrational frequency differences between the isotopologues in the reactant state 

(HCOOH(g) vs. HCOOD(g)) are larger than in the product state (HCOOH□ vs. HCOOD□).  

KIE values are defined as the ratios of kapp for different isotopologues. Such a value for 

HCOOH/DCOOH is much larger than unity (HCOOH/DCOOH = 2.2 ± 0.2; Table 2) and similar 

to the value measured for HCOOH/DCOOD (2.4 ± 0.2; Table 2). These observations are 

consistent with the DFT-derived ratio of kd,b constants for the HCOOH□ decomposition route 

(step 2a; Scheme 2), which is 2.6 for HCOOH/DCOOH and 2.4 for HCOOH/DCOOD (Table 2). 

This normal KIE for C-D substitution reflects the C-H vibrational mode that is absent in the C-H 

activation TS for the HCOOH□ decomposition (step 2a; Scheme 2) but presents in the HCOOH□-

*HCOO* precursor as the C-H bond is partially cleaved at the TS. In contrast, the TS includes 

the O-H bond that is fully formed at the TS; the O-H vibrational mode is thus present at the TS 

as well as in the HCOOH□-*HCOO* precursor, leading to the weak effects of O-D substitution 

on measured rates and similar KIE values between HCOOH/DCOOH and HCOOH/DCOOD. 

DFT-derived ratios of kd,b’ constants for the *HCOO* decomposition route (step 2b; Scheme 2) 

also agree well with experimental observations; the ratio of  kd,b’ constants from DFT methods is 

2.4 for HCOOH/DCOOH and 2.1 for HCOOH/DCOOD (Table 2). The TS mediating the 

*HCOO* decomposition (step 2b; Scheme 2) requires only C-H activation in *HCOO* in the 

complex, leading to a strong KIE for C-D substitution but not for O-D substitution. DFT-derived 

KIE values are similar between HCOOH□ and *HCOO* decomposition routes (in Scheme 2) and 

also consistent with measured values within experimental errors†. As a result, KIE values cannot 

be used to discriminate between the two moieties that are able to react in HCOOH□-*HCOO* 

complexes.  

                                                 
† One of the reviewers of the manuscript asserted that HCOOH decomposition follows the unimolecular route as the 
KIE value obtained based on decomposition of pre-formed *HCOO* and *DCOO* (kH/kD = 2.9 at 460 K) [18] is 
similar  to that measured in the present study during catalytic turnovers, instead of stoichiometric reactions of pre-
adsorbed formate. Clearly, the decomposition of pre-formed *HCOO* innately prevents the more facile bimolecular 
pathways, because it excludes HCOOH(g) and weakly-bound co-adsorbed molecular HCOOH□. The types of 
experiments in ref. [18] lack the precise bound and gaseous species required to mediate the bimolecular routes and 
crowded surfaces that circumvent the species and pathways that are the focus of the earlier study. The HCOOH□-
*HCOO* complexes that mediate catalytic HCOOH decomposition on Cu nanoparticles can only form in the 
presence of HCOOH(g) during catalytic turnovers. 
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The rate equation (Eq. 4) for bimolecular HCOOH dehydrogenation routes (Scheme 2) 

agrees well with the observed kinetic effects of HCOOH and H2 pressures and with isotopic 

substitution on measured rates. This equation was derived by assuming that Cu surfaces are 

saturated with strongly-bound *HCOO* species at all reaction conditions and that molecular 

HCOOH adsorption within the *HCOO* layer mediates the bimolecular decomposition channels. 

In the next section, we compare H* coverages observed during HCOOH catalysis with those 

expected on clean Cu surfaces to validate the possible saturation of Cu surfaces with *HCOO* 

during catalytic turnovers. We then compare HCOOH and CO adsorption enthalpies measured 

during HCOOH catalysis with those measured on clean Cu surfaces in previous studies and those 

calculated here on clean Cu(111) and *HCOO*-saturated Cu(111) using DFT methods to 

confirm such hypotheses. 

 

3.2. Adsorption of H2, HCOOH, and CO molecules on clean and *HCOO*-saturated Cu 

surfaces 

 Dissociative H2 adsorption/desorption steps are equilibrated on Cu surfaces during 

HCOOH decomposition at 473-503 K; these temperatures are significantly higher than that 

reported to give reversible adsorption-desorption isotherms (298 K; [53]). As a result, HCOOH 

dehydrogenation rates are expected to decrease as H* coverages increase with increasing H2 

pressure in the kinetic regime where rates increase linearly with HCOOH pressure (< 1 kPa 

HCOOH; 503 K; Fig. 1) because of low coverages of HCOOH-derived species. Measured rates, 

however, remain independent of H2 pressure even at 60 kPa H2 (0.5 kPa HCOOH; 503 K; Fig. 2), 

even though H* species are expected to cover a significant fraction of bare Cu surfaces at such 

conditions. For instance, the estimated H*-coverage (θH*) is calculated to be ~0.22 at 60 kPa H2 

(503 K) from experimental dissociative H2 adsorption enthalpies (-5 kJ mol-1) and pre-

exponential factors on Cu(110) (details in Section S4, SI) [54,55].  

The absence of H2 inhibition effects indicates that H*-coverages are, in fact, negligible 

even at H2 pressures that would have led to nonnegligible H* coverage on Cu surfaces that 

remained uncovered by other species. Such observations led us to hypothesize that HCOOH-

derived species are present at significant coverages even at low HCOOH pressures (< 1 kPa 

HCOOH). Yet, dehydrogenation rates were found to be proportional to HCOOH pressures at < 1 
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kPa HCOOH (Fig. 1), a kinetic behavior that must reflect low coverages of HCOOH-derived 

surface species required for catalytic turnovers. These data, in turn, led us to infer that while Cu 

surfaces can stabilize *HCOO* adlayers at coverages (1/4 ML) limited by intermolecular 

repulsion, HCOOH can still react (or induce reactions of *HCOO*) through binding at the 

adlayer interstices (□), onto which H* binds much weaker than on uncovered Cu metal surfaces. 

Such a hypothesis is consistent with DFT-derived enthalpies for dissociative H2 adsorption that 

become positive on Cu(111) surfaces saturated with 1/4 ML *HCOO*, in contrast to the negative 

values calculated for dissociative H2 adsorption on bare Cu (111) surfaces (+11 vs. -37 kJ mol-1 

at 1/16 H2 ML on bare and *HCOO*-saturated Cu(111); Table 3); all fractional coverages are 

calculated by the number of adsorbate molecules per surface Cu atom. The corresponding 

binding modes of dissociative H2 adsorption on bare and *HCOO*-saturated Cu(111) surfaces 

are shown in Figures 5a and 5b.   

 HCOOH can bind molecularly at the interstitial sites (□) to form HCOOH□ on *HCOO*-

saturated Cu(111) with DFT-derived adsorption enthalpies that are only slightly less negative 

than on bare Cu(111) (-51 and -45 kJ mol-1 at 1/16 ML HCOOH coverage on bare and *HCOO*-

saturated Cu(111); Table 3) because repulsive interactions among bound species are partially 

compensated by strong H-bonding between HCOOH□ and vicinal *HCOO* species. DFT-

optimized structures for molecularly bound HCOOH on bare and *HCOO*-saturated Cu(111) 

surfaces are shown in Figures 5c and 5d. Molecular HCOOH binding energies on bare Cu 

surfaces are difficult to measure during TPSR experiments because it immediately dissociates to 

form *HCOO* and H* even at very low temperature (200 K) [4,20]. HCOOH adsorption 

enthalpies measured during the steady-state reaction reflect those on *HCOO*-saturated Cu (-

100 ± 26 kJ mol-1; Table 3).  
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Table 3. Adsorption enthalpies (in kJ mol-1) of HCOOH, CO, and H2 on bare and *HCOO*-
saturated Cu surfaces from experiments and theory.  

 Exp. DFTd 

 Cua *HCOO*-
saturated Cu/SiO2  

Cu(111) *HCOO*-
saturated Cu(111) 

Dissociated H2 -5 ± 6 N.A. -37 +11 
Molecular HCOOH  N.A. -100 ± 26b -51 -45 

Molecular CO -50 -34 ± 1c -71 -50 
aTaken from references ([54,55] for H2 on Cu(110) and [56] for CO on Cu(111)). bObtained from 
Table 1.  cEstimated from the measured KCO,b constant (by the regressing of the rate data in 
Figures 1 and 5 using the functional form of Equation 7) and from the CO adsorption entropy on 
Cu(111) from literature [57]. dCalculated from DFT methods at 1/16 ML coverages of H2, CO, 
and HCOOH on bare and *HCOO*-saturated Cu(111) surfaces. Relevant geometries of each 
binding mode are shown in Figure 5. 
 

 

Figure 5. Dissociative H2 and molecular HCOOH and CO adsorption modes on bare and 
*HCOO*-saturated Cu(111). These structures were obtained from DFT calculations at 1/16 ML 
coverages of H2, CO, and HCOOH on bare and *HCOO*-saturated Cu(111) surfaces. 
 

CO molecules can also bind on such interstices (CO□) within *HCOO* adlayers, as 

shown by CO infrared bands that persisted on *HCOO*-saturated Cu(100) and decreased in 
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intensity to 0.3-0.5 of their intensities on bare Cu(100) at 120 K [20]. Consistent with such 

competitive binding of CO at adlayer interstices, HCOOH dehydrogenation rates decreased with 

increasing CO pressure (Fig. 6). The assumption of quasi-equilibrated competitive adsorption of 

CO molecules on □ sites leads to CO2 formation rates (rd; per surface Cu atom) given by 

(derivation in S2; SI):  

�� = �())  �
,&������4�1 + �
,&������ + ���,&����                                                  (7) 

KCO,b represents the equilibrium constant for CO adsorption within the *HCOO* adlayer. The 

KCO,b constant obtained by regressing the rate data in Figures 1 and 6 to the functional form of 

Equation 7 is 0.24 ± 0.07 kPa-1 at 503 K. This value is about ten-fold smaller than K1,b (1.7 ± 0.6 

kPa-1 at 503 K), indicative of interstices within *HCOO* adlayer that favor HCOOH□ over CO□.  

The CO adsorption enthalpy estimated from these measured KCO,b values and CO adsorption 

entropies on Cu(111) [57] is -34 ± 1 kJ mol-1, which is about 16 kJ mol-1 less negative than 

measured values on clean Cu(111) (-50 kJ mol-1 [56]). Such a shift in CO adsorption enthalpy 

agrees well with DFT-derived energies, which suggest that CO adsorption enthalpies become 

less negative by 21 kJ mol-1 (from -71 to -50 kJ mol-1 at 1/16 CO ML; Table 3) when Cu(111) 

becomes saturated with 1/4 ML *HCOO*; CO binding modes on bare and *HCOO*-saturated 

Cu(111) are shown in Figures 5e and 5f. This agreement between experimental and theoretical 

values provides additional confirmation for the presence of a *HCOO* adlayer on Cu surfaces 

during HCOOH dehydrogenation and for the role of the interstices within such adlayers as the 

landing sites for catalytic turnovers.  
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Figure 6. HCOOH dehydrogenation turnover rates on Cu/SiO2 (5% wt.) as a function of CO 
pressure (0-30 kPa; 0.3 and 3.5 kPa HCOOH; 503 K). Dashed curves represent the optimal 
regression of rates using the functional form of Equation 7 (Sec. S3; SI).  

 

DFT-derived enthalpies for dissociative H2 chemisorption on bare Cu surfaces are much 

more negative than the measured values (-37 vs. -5 ± 6  kJ mol-1 [54,55]; Table 3), an indication 

that RPBE-D3 functionals overestimate the energies of Cu-H bonds. In contrast, the DFT-

derived molecular HCOOH adsorption enthalpies at □ sites within the *HCOO* adlayer are much 

less negative than the measured value (-45 vs. -100 ± 26 kJ mol-1; Table 3), a consequence of an 

underestimation of the Cu-O bond strengths. Such methods also tend to overpredict CO binding 

energies on Cu(111) by overestimating the strength of Cu-C bonds, leading to CO adsorption 

energies (-76 kJ mol-1; Table 3) that are much more negative than reported experimental values 

on bare Cu(111) surfaces (-50 kJ mol-1 [56]); such inaccuracies of GGA functionals for Cu 

surfaces cause DFT methods to inaccurately predict stronger binding of CO than HCOOH within 

the *HCOO* adlayer, in contradiction with experimental trends. These inaccuracies in Cu-C, 

Cu-O, and Cu-H affinities and the incomplete compensation of these errors among their values 

leads to DFT-derived mechanistic predictions for Cu-catalyzed HCOOH dehydrogenation, 

water-gas shift, and methanol synthesis that must remain qualitative [58]. Yet, such errors tend to 
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cancel out in relative comparisons of energies for the same species on bare and crowded Cu 

surfaces, leading to accurate assessments of the effects of the *HCOO* adlayer on CO 

adsorption energies, as shown by the shift in CO adsorption entropies upon saturation of Cu(111) 

surfaces with 1/4 ML *HCOO* that is accurately described by DFT methods used in this study 

(16 vs. 21 kJ mol-1 from experiment and theory; Table 3). In what follows, we describe infrared 

spectra that demonstrate the formation of HCOOH□-*HCOO* complexes within the *HCOO* 

adlayer during HCOOH catalysis and confirm their reactive nature during isothermal surface 

reactions of pre-adsorbed HCOOH-derived species. 

  

3.3 Infrared spectra during steady-state HCOOH catalysis and isothermal decomposition 

of pre-adsorbed HCOOH-derived species   

Figure 7a depicts illustrative infrared spectra of Cu/SiO2 samples during HCOOH 

dehydrogenation (453 K; 3 kPa HCOOH), as well as the evolution of the spectra at 453 K in 

flowing He after removing HCOOH(g) from the contacting stream. Infrared bands for 

HCOOH(g) (1790, 1747 cm-1) are detected along with an intense band at 1358 cm-1 

corresponding to the symmetric O-C-O stretch in *HCOO*; such an assignment was previously 

reported [19,20] and confirmed here based on DFT-derived vibrational spectra for *HCOO* 

bound on Cu(111) (at 1/4 ML *HCOO* coverage; red solid spectrum in Fig. 7b; 1300 cm-1). The 

antisymmetric O-C-O stretch in *HCOO* is not present in the DFT-derived *HCOO* spectrum 

(red solid spectrum; Fig. 7b) because the dipole moment induced by this vibration lies parallel to 

the surface and the O-C-O group in *HCOO* is symmetrical with the same C-O distances on the 

two sides of the C-atom (0.128 nm; Fig. 7). This antisymmetric mode, however, becomes 

detectable (as a band at 1450 cm-1) when *HCOO* species are adjacent to bound molecular 

HCOOH (HCOOH□) (blue dashed spectrum; Fig. 7b) because the symmetry of the O-C-O 

moiety in *HCOO* is perturbed via strong H-bonding with vicinal HCOOH□ species. The C-O 

bond in *HCOO* is elongated from 0.128 to 0.129 for the O-atom interacting with the H-atom in 

HCOOH□, while the other C-O bond is shortened (from 0.128 to 0.126 nm; Fig. 7). The DFT-

derived spectra for this HCOOH□-*HCOO* complex also include a band at 1650 cm-1 that 

corresponds to the C=O stretch in HCOOH□; this band shifts from 1746 cm-1 (for HCOOH(g) 

from DFT) to 1650 cm-1 for the bound HCOOH□ because of interactions between the C=O group 

in HCOOH□ and the Cu surface (structure shown in Fig. 7).  
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The infrared spectra measured during steady-state HCOOH catalysis (Fig. 7a) shows 

features for the symmetric and antisymmetric O-C-O stretches in *HCOO* (1358, 1537 cm-1) 

and for the C=O stretch in molecular HCOOH□ species (at 1672 cm-1), as expected from the 

concurrent presence and vicinal nature of HCOOH□ and *HCOO* during HCOOH 

dehydrogenation turnovers. These bands were also evident upon contacting *HCOO*-saturated 

Cu(100) surfaces with HCOOH(g) [16]. 

 

Figure 7. (a) Infrared spectra of Cu/SiO2 (20% wt.) measured during steady-state HCOOH 
catalysis (3 kPa HCOOH; 453 K) and in flowing He (at 453 K) after the removal of HCOOH(g) 
from the reactant stream. The spectrum of Cu/SiO2 sample measured at 453 K in flowing He 
before introduction of HCOOH(g) was taken as a reference. (b) DFT-derived infrared spectra of 
*HCOO*-saturated Cu(111) (at 1/4 ML *HCOO* coverage; red solid spectrum) and a 
molecularly bound HCOOH□ on *HCOO*-saturated Cu(111) (at 1/16 HCOOH ML; blue dashed 
spectrum). 
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Figure 8. Intensities for infrared bands for *HCOO* (at 1358 cm-1) and HCOOH□ (at 1672 cm-1) 
on Cu/SiO2 (20% wt.) as a function of time in flowing He (at 453 K); these values are 
normalized by their initial values (at t = 0). The spectra are shown in Figure 7. The dashed lines 
represent the regression of the data to the first-order decomposition (described in Section S5; SI). 

 

The intensities of the infrared bands at 1358 cm-1 (for *HCOO*) and 1672 cm-1 (for 

HCOOH□) were monitored at isothermal conditions (453 K) as a function of the time elapsed 

after the removal of HCOOH(g) (3 kPa) from the flowing He stream (Fig. 8). Such data were 

regressed by assuming first-order decomposition kinetics, which predict the dashed lines in 

Figure 8, in order to obtain the first-order rate constants for the disappearance of the *HCOO* 

and HCOOH□ species. No HCOOH(g) was detected in the effluent, indicating that *HCOO* and 

HCOOH□ species decomposed before leaving the infrared cell. HCOOH□ species were detected 

only for the first 0.1 ks after the HCOOH(g) removal from the flowing He stream; the calculated 

rate constants for the disappearance of HCOOH□ (black dashed line; Fig. 8) and *HCOO* (fitted 

for < 0.1 ks; red dashed line; Fig. 8) are 53 ± 3 ks-1 and 15.2 ± 0.8 ks-1, respectively. As 

HCOOH□ is depleted (> 0.1 ks), the unimolecular *HCOO* decomposition becomes the only 

residual route for *HCOO* depletion. The rate constant for unimolecular *HCOO* 

decomposition, obtained from its band intensities at times beyond 0.1 ks after the complete 

disappearance of HCOOH□, is 4.6 ± 0.2 ks-1 (blue dashed line; Fig. 8). This rate constant is much 

smaller than those measured for *HCOO* decomposition for the first 0.1 ks when HCOOH□ 

species co-exist (15.2 ± 0.8 ks-1; red dashed line in Fig. 8) and for HCOOH□ depletion (53 ± 3 ks-

1; black dashed line in Fig. 8), indicating that the unimolecular routes occur at significantly lower 
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rates than their bimolecular counterparts. In the next section, the activation barriers associated 

with bimolecular decompositions of HCOOH□-*HCOO* complexes and unimolecular *HCOO* 

decomposition are examined by measuring CO2 evolution rates and infrared spectra during 

heating of Cu/SiO2 samples containing HCOOH-derived species formed through contact with 

HCOOH(g) at low temperatures. 

 

3.4 Product evolutions and infrared spectra for HCOOH-derived species during 

temperature ramping (TPSR)  

 Figure 9 shows CO2 evolution rates (per surface Cu atom, measured from N2O titration) 

and the infrared spectra measured as Cu/SiO2 samples were heated from 348 to 500 K in flowing 

H2 after exposure to 0.5 kPa HCOOH at 348 K; H2 was used here as the carrier gas in order to 

remove any spurious O2 impurities that may deposit chemisorbed O-atom on Cu nanoparticle 

surfaces. These TPSR profiles were nearly identical, however, with either He or H2 as the carrier 

gas (He carrier TPSR shown in Fig. S6, SI). CO2 and H2 were the only products formed during 

heating and neither HCOOH(g) nor CO(g) were detected in the effluent stream.  
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Figure 9. (a) CO2 evolution rates (per surface Cu atom) and (b) infrared spectra, measured as 
Cu/SiO2 (20% wt.) samples were heated from 348 to 500 K (at 0.083 K s-1) in flowing H2 after 
exposure to 0.5 kPa HCOOH at 348 K. In the panel (a), The dashed curve (red) and the dashed-
dotted curve (blue) reflect the regression of the data assuming the first-order decomposition 
(Section S6; SI for the fitting details); the dotted curve (purple) represents the sum of the first 
and second peaks. 

 

CO2 evolved in two distinct features during heating. The first feature (peak i; Fig. 9a) 

arises from the desorption of HCOOH(g) from the SiO2 support and its dehydrogenation via 

readsorption onto Cu nanoparticle surfaces saturated with *HCOO* adlayers, mediated by the 

formation and decomposition of HCOOH□-*HCOO* complexes. This conclusion is consistent 

with the weakening of the HCOOH□ band (at 1672 cm-1) and the perturbed *HCOO* band (at 

1537 cm-1) above 350 K and their disappearance above 410 K (Fig. 9b). The presence and 

desorption of HCOOH bound at SiO2 surfaces is shown from the 1735 cm-1 band, assigned to 

physisorbed HCOOH on silanols, which weakens as temperature increases from 350 to 500 K 

(Fig. 9b); the in situ infrared spectra measured on SiO2 (without Cu nanoparticles) are discussed 

in Section S7 (SI). At higher temperatures, the stranded *HCOO* species decompose via slower 

unimolecular routes; the symmetric *HCOO* stretch (at 1358 cm-1) weakens with increasing 

temperature and ultimately disappears above 450 K. The second CO2 peak (peak ii; Fig. 9a) 
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coincides with this unimolecular *HCOO* decomposition process and with the disappearance of 

the *HCOO* stretching mode from the infrared spectrum.  

The activation barriers corresponding to the reactions accounting for the first and second 

features (peaks i and ii; Fig. 9a) are 122 ± 2 and 130 ± 4 kJ mol-1, respectively (Table 4). These 

barriers were determined by regression of the evolution rates to the functional form predicted by 

the first-order decomposition kinetics (red dash and blue dashed-dotted curves in Fig. 9a). The 

activation entropies are nearly zero for both desorption features (Table 4). The barrier for the 

unimolecular *HCOO* decomposition (peak ii; Fig. 9a; 130 ± 4 kJ mol-1) agrees well with 

previously reported values, measured by heating Cu(110) (133 kJ mol-1 [18] ) and Cu/SiO2 (133 

kJ mol-1 [16]) containing pre-adsorbed *HCOO* species, and bulk copper formate (125 kJ mol-1 

[16]). The number of CO2 molecules evolved in peak ii corresponds to a CO2/Cusurface ratio of 

0.348 ± 0.005, a value slightly higher than 0.25 that is expected for 1/4 ML *HCOO* saturation 

coverage. This may reflect the gradual desorption of physisorbed HCOOH on SiO2 support and 

its reaction on Cu nanoparticles to form CO2, as shown from the weakening of the 1735 cm-1 

band (for physisorbed HCOOH on silanols) at temperatures that overlap with those required for 

the unimolecular decomposition of *HCOO* (Fig. 9b).  

The measured barrier for the bimolecular *HCOO* decomposition routes is slightly 

smaller (by ~8 kJ mol-1) than for the unimolecular routes, consistent with the observed larger 

*HCOO* decomposition rate constants when HCOOH□ and *HCOO* co-exist during isothermal 

transient measurements at 453 K (Section 3.3). DFT-derived enthalpies also indicate that such 

bimolecular routes impose a smaller barrier than unimolecular routes by 9 kJ mol-1 (68 vs. 77 kJ 

mol-1). Such a preference for bimolecular channels reflects HCOOH□ species in the complex that 

stabilize the kinetically-relevant C-H activation TS more effectively than the *HCOO* precursor 

through H-bonding, as discussed in more detail in the next section.  

Table 4 compares enthalpic and entropic barriers for the two CO2 evolution features 

observed upon heating 5, 10 and 20% wt. Cu/SiO2 samples in flowing He after their respective 

exposure to 0.5 kPa HCOOH at 348 K; their CO2 evolution profiles are shown in Figure S6 (SI). 

These samples contain Cu nanoparticles with different mean diameters (5.0, 9.8, 12.2 nm, 

respectively, from N2O titration). Measured ΔHǂ values for each feature were similar among 

these three Cu/SiO2 samples; the barriers for the first one (peak i) were 115-116 kJ mol-1 and for 
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the second one (peak ii) were 123-125 kJ mol-1. Estimated ΔSǂ were nearly zero for both features 

on all samples. These ΔHǂ and ΔSǂ values on 5.0-12.2 nm Cu particles again indicate that surface 

structures do not strongly influence binding and reactivity for the relevant intermediates in 

bimolecular and unimolecular routes within the range of particle sizes used in this study. The 

higher SiO2/Cu ratios in samples with lower Cu contents (5, 10% wt.) led to the overlapping of 

two CO2 evolution features that are more difficult to deconvolute (Fig. S6; SI). This reflects a 

larger contribution from bimolecular pathways mediated by HCOOH(g) molecules that desorb 

from SiO2.     

 

Table 4. Enthalpic and entropic barriers (ΔHǂ and ΔSǂ) corresponding to the first and second CO2 
evolution features (peaks i and ii).  

Cu/SiO2 Carrier Gas ΔHǂ (kJ mol-1) ΔSǂ (J mol-1 K-1) 

  I II I II 

5% wt.a He 115 ± 3 123 ± 10 0 ± 7 0 ± 24 

10% wt.a He 116 ± 3 124 ± 10 0 ± 8 0 ± 23 

20% wt.a He 115 ± 2  125 ± 6 0 ± 5 0 ± 15 

20% wt.b H2 122 ± 2 130 ± 4 2 ± 5 0 ± 9 
 Errors reflect the 95% confidence interval. Regression and deconvolution procedure detailed in 
Section S6 (SI). CO2 evolution profiles shown in aFigure S6 (SI) and bFigure 9a. 
 
 

3.5 Theoretical assessment of HCOOH dehydrogenation via unimolecular and bimolecular 

routes  

This section examines the elementary steps involved in unimolecular and bimolecular 

decomposition channels through the estimation of the Gibbs free energies of intermediates and 

transition states using DFT methods (503 K; 1 bar HCOOH). 

3.5.1 Elementary steps in unimolecular *HCOO* decomposition  

Figure 10 shows DFT-derived Gibbs free energies for intermediates and transition states 

involved in unimolecular routes mediated by the elementary steps depicted in Scheme 1 (at 1/16 

HCOOH ML on Cu(111)). HCOOH binds molecularly on Cu(111) through the O-atom in its 

C=O group and the H-atom in its O-H group (Fig. 10a) (step 1; Scheme 1); the *HCOOH* 
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formation free energy is +12 kJ mol-1. *HCOOH* cleaves its O-H bond to form bidentate 

*HCOO* species interacting with two vicinal Cu surface atoms (*HCOO*; Fig. 10c) and a 

chemisorbed H-atom (H*; Fig. 10c) (step 2; Scheme 1); the reaction free energy for this step is -

23 kJ mol-1 and this step is mediated by an O-H activation TS (Fig. 10b) with an activation free 

energy barrier of +55 kJ mol-1. DFT-derived free energy for the formation of *HCOO* and H* 

from HCOOH(g) is small and negative (-11 kJ mol-1); this value would lead to an expectation 

that only ~ 0.01 fraction of the Cu surface would be covered with *HCOO* at 0.1 kPa HCOOH 

(503 K). Such a prediction contradicts the presence of *HCOO* at saturation coverage on Cu 

surfaces at all conditions, evidenced by spectroscopic, transient, and kinetic analyses discussed 

thus far. This discrepancy, in turn, reflects the underestimation of Cu-O bonds strengths by DFT 

methods (RPBE-D3), as discussed earlier. The remaining *HCOO* moiety (Fig. 10c) reacts via 

the formation of weakly-bound CO2 and a bound H-atom (Fig. 10e) in an exergonic step (-22 kJ 

mol-1) (step 3; Scheme 1); this step is mediated by a C-H activation TS (Fig. 10d) with an 

activation free energy barrier of 76 kJ mol-1. The weakly-bound CO2 desorbs in a subsequent 

exergonic step (-8 kJ mol-1). The remaining two H* can recombine in an exergonic step (-5 kJ 

mol-1) with an activation free energy barrier of 72 kJ mol-1; the resulting weakly bound H2 then 

desorbs in the next step (-23 kJ mol-1) (step 4; Scheme 1), closing the catalytic cycle.  
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Figure 10. DFT-derived free energies (kJ mol-1; 503 K; 1 bar HCOOH; at 1/16 ML HCOOH 
coverage on Cu(111)) and structures of intermediates and transition states involved in 
unimolecular HCOOH dehydrogenation via elementary steps shown in Scheme 1.  

 

 The DFT-derived free energies shown in Figure 10 indicate that *HCOO* 

decomposition barriers to form a CO2 product (step 3; Scheme 1) are similar to those for the 

reaction of H* with *HCOO* to re-form *HCOOH* (reverse step 2; Scheme 1) (76 vs. 78 kJ 

mol-1). These barriers would then lead to a conclusion that the forward rate of *HCOO* 

decomposition is similar to that of its recombination with H* to re-form *HCOOH*, in which 

case, the C-H activation in *HCOO* no longer acts as a sole kinetically-relevant step in Scheme 

1. These results are inconsistent with previous transient experiments that showed the C-H 

activation in *HCOO* as the sole kinetically-relevant step for unimolecular HCOOH 
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decomposition, evidenced by similar CO2 and H2 evolution profiles measured from HCOOD and 

HCOOH [4]; in contrast, CO2 evolution profiles shifted to higher temperature for *DCOO* than 

for *HCOO* [17,18]. This discrepancy again seems to reflect the underestimation of Cu-O 

bonds with RPBE-D3 methods that is not fully compensated when comparing the energies of two 

TS structures; such errors influence the energies of O-H activation TS more than that of the C-H 

activation TS, because the former one involves two Cu-O bonds (one fully formed and one 

partially formed; Fig. 10b), while the later one involves only one Cu-O bond (fully formed; Fig. 

10d). Activation free energies include enthalpic and entropic components. DFT-derived 

activation enthalpy and entropy values for the kinetically-relevant C-H activation step for the 

unimolecular *HCOO* decomposition (step 3; Scheme 1) are listed in Table 5, along with those 

measured during transient experiments (peak ii; Fig. 9a) when HCOOH(g) is absent in the 

reactant stream; the barriers measured during steady-state catalysis reflect those for the 

bimolecular routes due to the co-presence of weakly-bound HCOOH□ species along with 

*HCOO*. DFT-derived activation enthalpies for the formation of the C-H activation TS from the 

*HCOO* precursor (ΔHǂ
m for step 3; Scheme 1) is 77 kJ mol-1 (Table 5). This value is much 

smaller than measured barriers on Cu/SiO2 (130 ± 4 kJ mol-1) and those reported previously on 

Cu(110) (133 kJ mol-1 [18]) and Cu/SiO2 (133 kJ mol-1  [16]) containing pre-adsorbed *HCOO* 

species, and bulk copper formate (125 kJ mol-1 [16]) (Table 5).  

The TS involved in the unimolecular C-H activation step contains a partially-cleaved C-H 

bond in *HCOO* (0.147 nm at TS; 0.111 nm in *HCOO*; Figs. 10c and 10d) and a Cu-H bond 

that is nearly-formed (0.178 nm at TS; 0.174 nm in the H* product; Figs. 10d and 10e). 

Concurrently, one of the Cu-O bonds in *HCOO* is fully cleaved to form a monodentate 

structure, so as to allow the H-atom in its C-H group to contact the Cu surface (Fig. 10d). The 

discrepancy between DFT-derived activation barrier and experimental values appears to reflect 

the tendency of the GGA functionals (RPBE-D3) to significantly underestimate the Cu-O 

binding, which influences bidentate *HCOO* species more significantly than the monodentate. 

In contrast, theory-derived activation entropies (+3 J mol-1 K-1; Table 5) agree well with near 

zero experimental values (~ 0 J mol-1 K-1 for Cu/SiO2; +30 J mol-1 K-1 for Cu(110) [4]; +16 J 

mol-1 K-1  for Cu/SiO2 [12]; Table 5). These small activation entropies, in turn, reflect the 

immobile nature of the C-H activation TS and its *HCOO* precursor.  
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DFT-derived Gibbs free energies calculated with PW91 functionals are shown in Figure 

S8 (discussion in SI), which provide better agreement with experimental observations; these 

energies indicate that the TS mediating C-H activation in *HCOO* imposes the highest energy 

barrier along the HCOOH dehydrogenation reaction coordinate. DFT-derived activation 

enthalpies for the formation of the C-H activation TS from the *HCOO* precursor (ΔHǂ
m for step 

3; Scheme 1) calculated with PW91 is 88 kJ mol-1, which is closer to the experimental value of 

130 ± 4 kJ mol-1 (Table 5) compared to the value derived with RPBE-D3 methods (77 kJ mol-1; 

Table 5). However, these PW91 functionals bring forth other concerns: (i) they predict that 

HCOOH dissociation to *HCOO* and H* is thermodynamically unfavorable (+5 kJ mol-1; Fig. 

S8c), contradicting the experimental observation that shows that Cu surfaces are saturated with 

*HCOO* at all conditions (0.1-3.5 kPa HCOOH; 493-503 K). (ii) In addition, dispersion 

corrections cannot be currently implemented, to our knowledge, in PW91 calculations; such 

dispersion corrections are critical to assess bimolecular routes because of the profound effects of 

long-range van der Waals interactions throughout extended regions of the surface and the critical 

role of weakly-bound species stabilized by such interactions. As a result, we only tested RPBE-

D3 methods in assessing energies of intermediates and transition states for bimolecular routes, 

which we discuss in the next section.   

Table 5. Activation enthalpy and entropy barriers for unimolecular *HCOO* decomposition 
route from experiment and theory.  

  ΔHǂ
 m (kJ mol-1) ΔSǂ m (J mol-1 K-1) 

Experiments   Cu/SiO2 
a 130 ± 4 0 ± 9 

Cu(110) b 133 +30d 
Cu/SiO2

 c 133 +16d 
Bulk Copper formate c 125 N/A 

Theory 
 

RPBE-D3 Cu(111)e 77 +3 
PW91 88 +2 

aThis work for 20% wt. Cu/SiO2 with H2 as a carrier gas (Table 4).  bMadix and Telford [18] 
cIglesia and Boudart [12] dValues estimated based on transition-state theory formalism with 
temperatures of a450 K and b453.6 K. eDFT calculations were performed at 1/16 ML coverage. 
Geometries of intermediates and transition states are shown in Figure 10.  

 

3.5.2 Elementary steps in bimolecular decomposition of HCOOH□-*HCOO* complexes  

This section describes DFT-based assessments of the bimolecular HCOOH 

dehydrogenation routes mediated by the decomposition of HCOOH□-*HCOO* complexes.   
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Infrared spectra measured during HCOOH catalysis show that *HCOO* and HCOOH□ species 

co-exist during HCOOH dehydrogenation on Cu nanoparticles (Section 3.3). Such HCOOH□-

*HCOO* complexes can decompose bimolecularly with activation barriers lower than those for 

unimolecular *HCOO* decomposition (Sections 3.3 and 3.4). HCOOH□-*HCOO* pairs can 

form CO2 via reactions of either the HCOOH□ or the *HCOO* species in the pair; the respective 

elementary steps for these two paths are depicted in Schemes 2a and 2b. These two routes can be 

discerned using DFT-derived free energies of relevant intermediates and transition states, but 

they cannot be distinguished experimentally.  

Figure 11 shows the Gibbs free energies (503 K; 1 bar HCOOH) of the intermediates and 

transition states involved in the decomposition of the HCOOH□ in HCOOH□-*HCOO* 

complexes (via the elementary steps in Scheme 2a); the energies are calculated at 1/16 HCOOH 

ML (one HCOOH per 16 surface Cu atoms) on *HCOO*-saturated Cu(111) (with 4 *HCOO* 

per 16 Cu atoms). The energies of HCOOH adsorption on interstitial sites, however, remained 

similar (within 1 kJ mol-1), when the HCOOH□ coverage increased from 1/16 ML to 1/8 ML on 

*HCOO*-saturated surfaces, indicating minimal interactions among bound   HCOOH□  species 

within the interstitial sites.  

HCOOH(g) binds molecularly on an interstitial site (□) of *HCOO*-saturated Cu(111) to 

form a HCOOH□-*HCOO* complex (Figs. 11a and 11a’). HCOOH□ in the complex can interact 

with the surface through its O-atom in either the C=O group (Fig. 11a) or the OH group (Fig. 

11a’), with the former configuration being slightly more favorable (by 3 kJ mol-1) based on DFT-

derived energies (Fig. 11). Such a conclusion is consistent with measured infrared bands that 

show the shift in the C=O stretching mode from 1747 cm-1 (for HCOOH(g)) to 1672 cm-1 for the 

bound HCOOH□ (Fig. 7a), indicating strong interactions between the C=O group in HCOOH□ 

and the Cu surface (Section 3.3). The free energy change for this step (ΔG1,b; step 1; Scheme 2) 

determines the K1,b constant (in Eq. 4) via Equation 5. The ΔG1,b value from DFT methods is 

positive (+35 kJ mol-1; 503 K), in contrast with the negative values (-21 kJ mol-1) determined 

from measured K1,b values (Table 1). These discrepancies again reflect underestimates of the 

strength of the Cu-O bond formed upon molecular HCOOH adsorption on the interstitial sites to 

form HCOOH□ (Fig. 11a), which is also reflected in the reaction enthalpy for this step (-45 kJ 

mol-1; Table 1) that is much less negative than the measured value (-100 ± 26 kJ mol-1; Table 1). 
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In contrast, the theory-derived reaction entropy for this HCOOH□ formation step (step 1; Scheme 

2) (-160 J mol-1 K-1; Table 1) agrees well with the experimental value (-160 ± 53 J mol-1 K-1; 

Table 1).  

The HCOOH□ species in the *HCOO* adlayer interstices (Fig. 11a) can decompose to 

form a CO2 product via the elementary steps shown in Scheme 2a. In this route, HCOOH□ 

reorients itself and reacts with the interstitial Cu site (□) to cleave its C-H bond, as the vicinal 

*HCOO* abstracts the H-atom in HCOOH□ and cleaves the O-H bond in HCOOH□. This 

kinetically-relevant concerted C-H and O-H activation step forms a weakly-bound CO2
□ and H□ 

at the Cu surface, along with the *HCOOH* that formed upon H-abstraction by *HCOO* (Fig. 

11c); the free energy change for this step is -36 kJ mol-1. This C-H and O-H activation occurs in 

a nearly concerted manner and the sequential activation transition states could not be located 

using DFT methods. The free energy barrier for the formation of this C-H and O-H activation TS 

from the HCOOH□-*HCOO* complex is 86 kJ mol-1 (Fig. 11b). The weakly bound CO2
□ formed 

subsequently desorbs in the exergonic step (-35 kJ mol-1; Fig. 11d). The *HCOOH* left at the 

surface then cleaves its O-H bond via a H□-assisted pathway to re-form *HCOO* and a weakly-

bound H2
□ (Fig. 11f); this step is slightly endergonic with a reaction energy of +3 kJ mol-1 and 

involves a H2-recombination TS (Fig. 11e) with an activation free energy barrier of 80 kJ mol-1. 

The H2
□ formed then desorbs in an exergonic step (-36 kJ mol-1) to reform □ sites and close the 

catalytic cycle.  
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Figure 11. DFT-derived free energies (kJ mol-1; 503 K; 1 bar HCOOH) and structures of 
intermediates and transition states involved in the bimolecular HCOOH dehydrogenation route 
via elementary steps in Scheme 2a. These calculations are performed at 1/6 ML HCOOH 
coverage on *HCOO*-saturated Cu(111).  

 

The TS that mediates the concerted C-H and O-H activation (Fig. 11b) imposes the 

highest free energy barrier along the reaction coordinate for HCOOH□ decomposition (Fig. 11). 



42 
 

This TS contains a C-H bond that is partially cleaved (0.111 nm in HCOOH□; 0.160 nm in TS; 

Figs. 11a and 11b). In contrast, the O-H bond at this TS is already nearly-formed (0.101 nm in 

TS; 0.098 nm in *HCOOH* products; Figs. 11b and 11c). As a result, DFT-derived KIE values, 

defined as the ratios of kd,b for different isotopologues, are larger than unity and similar for 

HCOOH/DCOOH and HCOOH/DCOOD (2.6 and 2.4, respectively). These KIE values agree 

well with the measured values of 2.2 ± 0.2 for HCOOH/DCOOH and 2.4 ± 0.2 for 

HCOOH/DCOOD (Table 3).  

The molecularly-bound HCOOH□ moiety in HCOOH□-*HCOO* complexes (Fig. 11a) 

may instead cleave its O-H bond by reacting with exposed Cu atoms at the interstitial sites (□) to 

form another bidentate formate (□HCOO□) and a chemisorbed H-atom (H□) (Fig. 11h). This step, 

however, involves a large free energy barrier (100 kJ mol-1; Fig. 11g). This barrier is much larger 

than that for the HCOOH□ decomposition (86 kJ mol-1; Fig. 11b) or the *HCOO* decomposition 

(59 kJ mol-1; Fig. 12, discussed next) in HCOOH□-*HCOO* complexes. CO2 formation via 

*HCOO* decomposition in HCOOH□-*HCOO* complexes is thus much more facile than 
□HCOO□ formation. This □HCOO□ and H□ formation step is also very endergonic (+58 kJ mol-1) 

because the □HCOO□ formed at the interstitial sites (□) experiences repulsive interactions within 

the *HCOO* adlayer; *HCOO* species in the *HCOO* adlayer become disordered in order to 

maximize their distances from □HCOO□ (Fig. 11h). These results, in turn, provide theoretical 

evidence that the surface coverages of *HCOO* species saturate at 1/4 ML *HCOO*.  

Figure 12 shows the free energies of the intermediates and transition states involved in 

the alternative HCOOH□-*HCOO* decomposition pathway depicted in Scheme 2b. In this route, 

the *HCOO* moiety in the HCOOH□-*HCOO* complex cleaves one of its two Cu-O bonds to 

form a monodentate formate (HCOO*; Fig. 12b) that is stabilized by H-bonding with the vicinal 

HCOOH□ in the complex; this step is endergonic (+15 kJ mol-1) but is required for the *HCOO* 

species to react with the surface Cu atom in the next step. The Cu atom (*) freed by the 

formation of monodentate HCOO* from bidentate *HCOO* then abstracts a H-atom from 

HCOO* via a C-H activation TS stabilized by H-bonding with the vicinal HCOOH□ (Fig. 12c). 

This C-H activation in *HCOO* forms weakly-bound CO2* and H* species at the Cu surface 

(Fig. 12d); the free energy change for this step is -26 kJ mol-1. CO2 desorbs and the remaining 

HCOOH□ can reorient itself to interact with the surface in an exergonic step (-42 kJ mol-1; Fig. 

12e) to re-form *HCOO* through an O-H activation step involving  either a Cu surface atom (TS 
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in Fig. 12f’) or a H* (TS in Fig. 12f), thus completing a catalytic turnover. DFT-derived energies 

show that the later route (the H*-assisted O-H activation in HCOOH□) occurs at a much lower 

activation free energy barrier than the former route (70 vs. 97 kJ mol-1).  

Figure 12. DFT-derived free energies (kJ mol-1; 503 K; 1 bar HCOOH) and structures of 
intermediates and transition states involved in the bimolecular HCOOH dehydrogenation route 
via elementary steps in Scheme 2b. These calculations are performed at 1/6 ML HCOOH 
coverage on *HCOO*-saturated Cu(111).  

 

The TS that mediates C-H activation in monodentate HCOO* in this *HCOO* 

decomposition route exhibits the highest free energy along the reaction coordinate. The C-H 

bond in HCOO* is partially cleaved at the TS (0.111 nm in *HCOO*; 0.157 nm in the TS; Figs. 
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12a, 12c). DFT-derived KIE values, taken as the kd,b
’
 constant ratios for HCOOH/DCOOH and 

HCOOH/DCOOD, are 2.4 and 2.1, respectively, which also agree well with experimental values 

(2.2 ± 0.2 for HCOOH/DCOOH and 2.4 ± 0.2 for HCOOH/DCOOD; Table 3). Thus, KIE values 

cannot distinguish whether HCOOH□ or *HCOO* species predominantly decompose in the 

HCOOH□-*HCOO* complexes (Schemes 2a and 2b). DFT-derived free energies suggest, 

however, that *HCOO* decomposition routes proceed with a much lower free energy barrier (59 

kJ mol-1; Fig. 12) than HCOOH□-decomposition pathways (86 kJ mol-1; Fig. 11) (both barriers 

are referenced to their common HCOOH□-*HCOO* precursor complex). The ratio of rate 

constants for HCOOH□ and *HCOO* decomposition routes (kd,b/kd,b’), estimated from these 

barriers at 503 K, is ~ 0.002, indicating that the decomposition of *HCOO* in the complex 

occurs at much faster rates than HCOOH□ decomposition; the measured kapp constants thus 

primarily reflect the kd,b’ constants for bimolecular *HCOO* decomposition pathway.  

The DFT-derived free energy barrier for this preferred bimolecular *HCOO* 

decomposition route (59 kJ mol-1; Fig. 12) is also smaller than that for the unimolecular 

decomposition routes (76 kJ mol-1; Fig. 10), as a result of the preferential H-bonding stabilization 

of the C-H activation TS over the *HCOO* precursors by vicinal HCOOH□ species. These 

intermolecular interactions are also evident in enthalpic barriers that are 11 kJ mol-1 smaller for 

bimolecular routes (68 vs. 79 kJ mol-1 for unimolecular *HCOO* routes). These conclusions are 

consistent with activation barriers for the bimolecular routes derived from TPSR data (peak i; Fig. 

9a) that are 8 kJ mol-1 lower than for unimolecular routes (peak ii; Fig. 9a) (122 ± 2 vs 130. ± 4 

kJ mol-1; Table 4; 20% wt. Cu/SiO2). Moreover, these results show that inaccurate DFT 

assessments of Cu-O and Cu-H bond energies tend to cancel when examining differences in 

activation barriers between unimolecular and bimolecular routes despite the absolute values of 

such barriers lacking quantitative agreements with experimental measurements.  

Results from kinetic, isotopic, spectroscopic, and transient experiments and DFT 

calculations discussed thus far provide compelling evidence that Cu surfaces are saturated with 

*HCOO* species that present at their saturation 1/4 ML coverages at all relevant conditions (0.1-

3.5 kPa HCOOH; 473-503 K). HCOOH dehydrogenation catalysis on *HCOO* saturated Cu 

surfaces occurs via bimolecular reactions between HCOOH□, adsorbed within the interstitial 

sites within the *HCOO* adlayer, and *HCOO*, which, in turn, open reaction channels for 
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HCOOH to react with lower activation barriers than for the unimolecular *HCOO* 

decomposition. We thus surmise that bimolecular routes are responsible for HCOOH 

dehydrogenation rates measured during steady-state catalysis. Such a conclusion is in sharp 

contrast to a recent theoretical study, which suggested the involvement of both unimolecular and 

bimolecular routes during HCOOH catalysis [27]. Specifically, this study, based on DFT 

calculations and microkinetic modeling, suggested that the unimolecular routes account for 

nearly 50% of overall turnover rates at 10 kPa HCOOH and 385 K. By such evidence and 

treatments, the conditions of our experiments at lower pressures and higher temperatures (0.1-3.5 

kPa HCOOH; 473-503 K) would result in the nearly exclusive involvement of unimolecular 

routes, in sharp contradiction to our results and conclusions based on experimental methods 

benchmarked against theory. Such differences may have been caused by using different surface 

models in their DFT calculations (e.g., calculating energies on Cu(111) surfaces with 3/16 ML 

*HCOO* and an equal number of co-adsorbed HCOOH*, opposed to our calculations with 1/4 

ML *HCOO* saturation coverages) and/or by problems of GGA functionals in accurately 

predicting the energies of intermediates and transition states on Cu surfaces.  

 
4. Conclusion 

This work combines kinetic, isotopic, spectroscopic, and transient experiments with DFT 

calculations to assess the mechanistic details of HCOOH dehydrogenation on Cu nanoparticles. 

HCOOH decomposes selectively to its dehydrogenation products (CO2 and H2) without any 

detectable formation of dehydration products (CO2 and H2O). Cu surfaces are saturated with 

*HCOO* species at all practical conditions (0.1-3.5 kPa HCOOH; 473-503 K), which reach their 

saturation at 1/4 ML *HCOO* coverages due to the repulsive interactions among bound formate 

species. HCOOH can instead bind molecularly at interstitial sites (□) on *HCOO*-saturated Cu 

surfaces and form HCOOH□-*HCOO* complexes, where their co-existence and vicinal nature 

are evident from in situ infrared spectra. These weakly-bound HCOOH□ species promote the 

decomposition of the vicinal *HCOO* by stabilizing the C-H activation TS more effectively 

than it stabilizes the *HCOO* precursor via H-bonding, as we show from DFT-derived energies 

and confirm with TPSR measurements.  

Bimolecular *HCOO* decomposition routes discussed in this work are consistent with all 

experimental and theoretical observations. Such routes are less relevant at low *HCOO* 
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coverages prevalent in reactions of pre-formed bound species and in model systems typically 

treated by theoretical methods. The presence of gaseous HCOOH reactants and high *HCOO* 

coverages during steady-state catalysis, however, open reaction channels unavailable during 

stoichiometric reactions of bound species present at low coverages, allowing the reactions of 

strongly bound *HCOO* at much lower barriers. The results of this work, in turn, present yet 

another example showing how crowded surfaces can facilitate catalysis by selectively stabilizing 

the relevant TS more so than the precursor through interactions with more weakly bound species.  
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