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ABSTRACT 

 

 Formic acid (HCOOH) has emerged as a promising liquid hydrogen (H2) carrier 

due to its low toxicity, low flammability, and ease of handling. The utilization of HCOOH 

as a potential liquid H2 carrier requires a catalytic system that selectively dehydrogenates 

HCOOH at low temperatures without forming any dehydration products (CO) that can act 

as a poison for Pt electrodes in fuel cell applications. Pd-based catalysts are widely 

studied for this reaction due to its high reactivity at low temperatures. Yet, details of the 

reaction pathways and intermediates of HCOOH dehydrogenation on Pd-based catalysts 

have remained inconclusive. The catalytic stability and selectivity of Pd nanoparticles 

have remained controversial in current literature.  

 This work combines kinetic, isotopic, and spectroscopic methods to investigate the 

viability, reaction mechanism, and particle size effects of Pd/SiO2 catalysts for HCOOH 

decomposition pathways. In doing so, we show that supported Pd catalysts are highly 

active and selective towards the dehydrogenation products (H2/CO2) at low temperatures 

(≤383 K) without any detectable formation of dehydration products (H2O/CO). No 

apparent deactivation was observed up to 60 ks time-on-stream. In-situ infrared spectra 

measured at a range of HCOOH pressures (0.17-3.36 kPa; 353 K) detected molecularly 

bound HCOOH (HCOOH*) as the reaction intermediate. Such results contradict the 

formation of carboxylates (COOH*) and/or formates (HCOO*) that have been proposed 

as reactive intermediates in literature. Additional kinetic studies showed that the reaction 

followed a first-order reaction at low HCOOH pressures, which transitioned into zeroth-

order reaction at higher pressures. Isotopic studies with DCOOH and HCOOD show that 

both the cleaving of the O-H and C-H bonds are kinetically relevant steps. The change in 

Pd loading on the SiO2 support showed the importance of particle size on the rate of 

reaction. The smaller the particles, the more reactive they are, allowing for higher turnover 

rates. The results from this study can be utilized to provide design strategies for Pd-based 

catalysts for their use in HCOOH dehydrogenation reactions for its potential use as a 

liquid H2 carrier at industrial scale. 
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CHAPTER 1 

INTRODUCTION 

 

1.1. Importance of Hydrogen Storage Technology 

Hydrogen (H2) has emerged as a potential energy source to combat the current 

environmental and energy crisis due to its high energy density (120 MJ/kg), availability, 

and clean nature1. In addition to these properties, it is also a versatile and sustainable 

energy carrier that can be produced via water (H2O) electrolysis combined with various 

renewable electricity sources. It is also highly transportable and environmentally friendly. 

The combustion of H2 to produce energy only results in the byproduct of H2O, making it 

an excellent clean energy source with minimal to no air pollutants2. In contrast to 

electricity, H2 can also be stored in various physical and chemical forms3. Thus, green H2 

can play a significant role as we transition to cleaner and more sustainable energy 

systems. 

The safety issues related to the storage and transportation of H2 have limited the 

implementation of an H2 economy. There have been many advancements in H2 storage 

techniques, such as compressed H2 gas, liquid H2, H2 adsorption on nanomaterials, and 

chemical H2 storage. Compressed and liquid H2 storage methods are most often used 

due to their relatively high H2 density (70 kg H2/m3 at standard temperature and pressure 

(STP))4. However, compressed H2 requires high-pressure containers that can be 

expensive to make. Both the compression and liquefaction processes require a large 

amount of energy to achieve the necessary pressure and cryogenic conditions5. 

Alternative approaches such as H2 adsorption on high surface area materials (e.g., 

carbon nanotubes6 and metal-organic frameworks (MOFs)7) have limited success due to 

low gravimetric (<2.3 H2 % wt.) and volumetric (<14.7 kg H2/m3) densities at ambient 

temperatures (~298 K). Some Cu-MOFs have been able to achieve high gravimetric and 

volumetric densities (9.95 H2 % wt.; 53 kg H2/m3) at low temperatures (~77 K, cryogenic 

temperature), yet both capacities decreased significantly at higher temperatures (~298 

K)7–9. More recently, chemical H2 storage techniques that utilize hydrogenation- 

dehydrogenation reactions have emerged as a safe method to store and release H2 on 
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demand. Examples of chemical H2 carriers include methanol (CH3OH), methyl 

cyclohexane (CH3C6H11), cyclohexane (C6H12), ammonia (NH3), and formic acid 

(HCOOH), all of which remain liquid at room temperature, and offer the benefits of easy 

transportation and long-term storage without the need for cryogenic devices, high-

pressure systems, or gas-pipe lines10,11. Table 1.1 summarizes the physical and chemical 

properties of the proposed chemical H2 carriers12. 

 
Table 1.1. Summary of physical and chemical properties of potential H2 carriers.  
(Reproduced with permission from Ref.12, Copyright 2022, Springer Nature) 

H2 Carrier Boiling 
Point 

(K) 

Density 
(kg/m3)a 

Gravimetric 
Content  

(H2 % wt.) 

Volumetric 
content  

(kg H2/m3)b 

Flash 
Point 

(K) 

Ref. 

Liquid H2 20.3 71 100 70 - 4 

Methanol 337.8 790 12.1 100 284 4,13,14 

Ammonia 239.8 730 17.8 121 405 4,13,15,16 

Methyl 
Cyclohexane 

373.6 770 6.2 47 269 4,13,15 

Cyclohexane 353.9 780 7.2 56 253 4,13 

Formic Acid 373.9 1,220 4.4 53 342 4,13 
aAt standard temperature-pressure (STP) conditions 
bCalculated from the density of respective molecules at STP 
 

1.2. Formic Acid as a Potential Liquid Hydrogen Carrier 

HCOOH is currently considered to be one of the most promising liquid H2 carriers 

due to its relatively high H2 density (4.4 H2 % wt.; 53 kg H2/m3; Table 1.1) (higher than the 

2020 target of 40 kg H2/m3 for an on-board H2 storage for light-duty vehicles by the U.S. 

Department of Energy (DOE)17), low toxicity, low flammability, environmentally benign 

nature, and ease of handling. Its high boiling point (373.9 K13) allows it to remain in the 

liquid phase at ambient temperatures. While cyclohexane, methyl cyclohexane, and 

methanol have higher gravimetric H2 densities than HCOOH, they are highly flammable, 

as indicated by their low flash points (Table 1.1). This renders them unfavorable H2 

carriers, especially considering the need for their long-term storage and transportation. 

Additionally, benzene, the dehydrogenation product of cyclohexane, is carcinogenic, 

raising significant health concerns regarding the use of cyclohexane as an H2 carrier. 

Ammonia is currently the second most produced chemical in the world through the steam 

methane reforming (SMR) process and has been recognized as a sustainable H2 carrier. 
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However, the production of ammonia uses approximately 2% of global energy produced 

and generates over 420 million tons of carbon dioxide (CO2) annually18. Although green 

ammonia production is a current research focus in the field of liquid H2 carriers, green 

ammonia production as of 2023 remains unsustainable at industrial scale19. Lastly, 

current industrial production methods of HCOOH include hydrolysis of methyl formate or 

formamide and the oxidation of biomass. However, direct hydrogenation of CO2 to 

HCOOH has emerged as a viable process to directly use CO2 emissions with green H2 to 

form HCOOH with limited emissions. The viability, advances, and challenges of 

developing green HCOOH production and other commonly used chemicals have been 

thoroughly identified in literature20. 

HCOOH decomposition can take place by dehydration (CO/H2O products) or 

dehydrogenation (CO2/H2 products) (Figure 1.1). However, in order to utilize the HCOOH 

decomposition reaction in sequence with H2 fuel cells, it is imperative to avoid the 

dehydration product of CO since it can lead to the poisoning of the catalysts used in fuel 

cells21. It has been reported that formic acid dehydration can be avoided by using highly 

selective catalysts for dehydrogenation products. Note that the dehydrogenation of 

HCOOH results in a stoichiometric amount of CO2 that can be recycled by reacting with 

green H2 in HCOOH synthesis to establish a carbon-neutral cycle. Utilizing an active and 

selective catalyst for the hydrogenation/dehydrogenation cycle at near ambient 

temperatures could allow for an efficient carbon cycle to produce an energy source with 

little to no greenhouse gas emissions. This research focuses only on the dehydrogenation 

part of the cy 
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Figure 1.1. HCOOH hydrogenation-dehydrogenation pathway and desired products, 
based on reported data from Ref.22. 
 

1.3. Metal Based Catalysts for Formic Acid Dehydrogenation 

The decomposition of HCOOH over heterogeneous catalysts has been studied 

since the 1930s. However, initial studies were conducted on the optimization of the 

catalysts and the measurements of CO evolution from HCOOH dehydration. This led to 

many studies investigating HCOOH decomposition in the gas phase and temperatures 

higher than 373 K23. Transition metals such as copper (Cu), palladium (Pd), platinum (Pt), 

and gold (Au) have become the most common metals studied in literature. Pt has been 

suggested as the most active metal for HCOOH dehydrogenation catalysis among the 

other common transition metals (Figure 1.2); however, Pt has been shown to be highly 

susceptible to CO poisoning. In their ultrahigh vacuum studies, Columbia et al. that the 

presence of CO* (>0.4 monolayer (ML)) was capable of completely quenching CO2/H2 

formation24. Pd, the second most active metal for HCOOH dehydrogenation, is a very 

promising alternative due to its ability to be more tolerant to CO than other metals25.  
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Figure 1.2. Decomposition temperature (Tr(K)) of adsorbed formates on metallic 
powders from TPD measurements as a function of formate binding energies on metal 
(111) surfaces from DFT methods. (Reproduced with permission from Ref.26, Copyright 
2016, Elsevier) 
 

Pd-based catalysts have received increasing interest over the past few years due 

to their high reactivity at near ambient temperatures26–42. Most experimental studies have 

observed more than 90% selectivity towards the dehydrogenation products than the 

dehydration products (>423 K)43–46. Yet, the identities of reactive intermediates and the 

elementary steps involved have remained unclear and conflicted. A Pd-based catalyst 

(Pd/SiO2) was chosen as the subject of this thesis to provide a deeper understanding of 

how HCOOH decomposition occurs on the surface of Pd nanoparticles, where SiO2 is 

chosen as a supporting material due to its inactive nature for HCOOH decomposition 

pathways. This thesis aims to provide insight into the catalytic performance and reaction 

mechanism on a Pd-based catalyst that could facilitate the development of catalytic 

processes for H2 storage and utilization. Chapter 2 provides a literature search of HCOOH 

decomposition pathways on Pd-based catalysts. 

 

1.4. Outline of Thesis 

This work combines kinetic, spectroscopic, and isotopic methods to identify and 

assess the reaction pathway and elementary steps involved in HCOOH dehydrogenation 

on a Pd/SiO2 catalyst. This work provides a molecular-level picture of HCOOH 
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decomposition on Pd/SiO2 to facilitate the future development of catalytic processes for 

H2 storage and utilization. Chapter 2 provides detailed information about the mechanism 

of HCOOH decomposition on metal surfaces and background for the knowledge gaps 

associated with Pd-based catalysts for HCOOH decomposition. Chapter 3 discusses the 

results of the catalytic performance and reaction mechanism on a Pd/SiO2 catalyst. 

Kinetic studies are used to estimate rate and equilibrium constants and to proposed a 

potential reaction pathway. Kinetic studies were also used to assess the particle size 

effects on the rate and equilibrium parameters, CO2/CO selectivity, and the stability of the 

catalyst to provide insight into potential catalytic design strategies. Infrared spectroscopy 

(IR) was utilized to identify the surface species present during the reactions, which helped 

provide insight into the reaction mechanism and reaction intermediates. Isotopic methods 

were utilized to estimate a potential reaction pathway by identifying the kinetically relevant 

steps. Chapter 4 summarizes the main conclusions made in this thesis and the future of 

this work.  
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CHAPTER 2  

BACKGROUND 

 

2.1. Mechanism of Formic Acid Decomposition on Metal Surfaces 

HCOOH decomposition can occur through the dehydrogenation reaction to form 

CO2 and H2 or the dehydration reaction to form CO and H2O47,48. The successful utilization 

of HCOOH as an H2 carrier in parallel with H2 fuel cells requires the development of an 

active, selective, and stable catalyst that can release H2 on demand at low temperatures 

(<400 K) without any formation of CO. Catalytic H2 fuel cells can experience significant 

inhibition due to CO poisoning even at ppm levels of CO49. This requires the developed 

catalysts to experience higher than 99% selectivity towards CO2.  

The HCOOH decomposition reactions on metal catalysts have been widely studied 

to understand the surface properties of these catalysts. From these studies, it was found 

that HCOOH reactions can involve either formate (HCOO*) or carboxylate (COOH*) 

intermediates that form from either the activation of the O-H or C-H bonds in HCOOH 

(Figure 2.1). Formates can form either in the bidentate configuration on two vicinal metal 

atoms (HCOOB*) or in the monodentate configuration on one metal atom (HCOOM*)47,48. 

Both HCOO* intermediates can result in CO2 products due to a subsequent C-H 

activation, resulting in the H-atoms (H*) being released as H2(g) through re-combinative 

H2 desorption. Alternatively, COOH* intermediates can lead to CO2 products by cleaving 

its O-H bond or to the CO products by activating the C-O bond, leading to the OH* 

recombining with H* to form H2O. The abundance of HCOO* and COOH* pathways and 

CO2/CO selectivity heavily depend on the nature and identity of the catalyst used. 
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Figure 2.1. Schematic of HCOOH decomposition pathways on transition metal 
surfaces, based on the proposed mechanisms discussed in Ref.47,48. (Reproduced with 
permission from Ref.12, Copyright 2022, Springer Nature) 
 

A Pd-based catalyst was chosen due to its high catalytic activity and selectivity at 

low temperatures. However, many gaps exist in literature around the viability, and stability 

of Pd-based catalysts for HCOOH decomposition. Additionally, conclusions about the 

reaction intermediates and elementary steps are conflicted. The next section goes into 

depth about what exactly is known and unknown about Pd catalysts for HCOOH 

decomposition. 

 

2.2. Formic Acid Decomposition Routes on Palladium Based Catalysts 

The type of reaction intermediates and elementary steps observed on Pd-based 

catalysts have been shown to be conflicting in literature. Jorgensen and Madix found in 

their electron energy loss spectroscopy (EELS) that at 80 K, HCOOH binds molecularly 

to clean Pd(100) surfaces. There were no formate or carboxylate species detected when 

the sample was heated to 170 K. It was observed that the molecularly bound HCOOH 

species would partially desorb as gas phase HCOOH while any remaining HCOOH would 

decompose to form CO products that desorbed around 515 K with no detectable 

formation of CO2
32. In contrast, Davis and Barteau reported observing formates forming 

on the surface of clean Pd(111) surfaces around 200 K during high-resolution electron 

energy loss spectroscopy (HREEL)33. Temperature programmed deposition (TPD) 
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analysis found that the formate species would decompose, forming CO2 (~260 K), H2 

(~330 K), and CO (~490 K) with a CO2/CO selectivity of 1.6. Density functional theory 

(DFT) calculations conducted on Pd(111) and Pd(100) surfaces at low coverage limits (<= 

1/9 ML) suggested that HCOOH dehydrogenation can occur via both HCOOB* and 

COOH* intermediates, with only the latter leading to CO products (Figure 2.2)34–36. These 

results contradict the spectroscopic studies where formate species were the only 

observed intermediates26,32. These discrepancies were proposed to be due to the 

presence of co-absorbed species that could impact the reaction mechanism and stability 

of bound intermediates. Davis and Barteau’s vibrational spectra experiment showed that 

CO* and O* species can co-exist with formates on the Pd(111) surface during 

decomposition reactions33. Computational work by Li et al. showed that the presence of 

0.55 CO* ML rendered the HCOOB* pathway unfavorable on both Pd(100) and Pd(111) 

surfaces. Instead, the reaction would proceed through the COOH* pathway, leading to 

the formation of CO products on Pd(111) and CO2 products on Pd(100)36. The varying 

products on the different surfaces showed the importance of the structure sensitivity of 

the Pd-based catalyst. It remains unclear why the theoretical and experimental studies 

come to different conclusions on the reactive intermediate of HCOOH decomposition on 

the Pd catalysts. Experimental studies suggest either molecular HCOOH or HCOO* to be 

the relevant intermediates, while theoretical studies suggest HCOOB* and COOH*. The 

varying conditions and Pd surfaces used make it difficult to draw a conclusion on the type 

of intermediates observed.  
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Figure 2.2. DFT-derived energy (eV) of reactive intermediates and transition states 
involved in HCOO* and COOH* pathways on Pd(100) (solid lines) and Pd(111) (dashed 
lines) surfaces. The arrows show the downshift in transition state energy on Pd(100) 
compared to Pd(111). (Reproduced with permission from Ref.36, Copyright 2021, 
Elsevier) 
 

Several studies have investigated the impact of Pd nanoparticle size on the rate of 

HCOOH dehydrogenation reaction. These studies have consistently concluded that as 

the size of the Pd nanoparticles decreases, the catalytic activity increases. Kim et al. 

observed a nearly linear relationship between the apparent activation energy for HCOOH 

dehydrogenation on Pd/C and the average Pd size (estimated from TEM images). This 

led to higher reaction rates for the smaller Pd particles (Figure 2.3). Kim et al. attributed 

this size-dependent trend to the challenge of H2 desorption from larger Pd clusters, as 

shown in their TPD profiles of size-controlled Pd/C catalysts after reduction at 373 K 

(Figure 2.3)50. Li et al. corroborated these findings, reporting a significant increase (by a 

factor of 3.6) in catalytic rates as Pd particle size decreased from 4.5±0.5 to 2.1± 0.3nm 

(estimated from scanning transmission electron microscopy, STEM)36. They proposed 

that smaller Pd particles offer higher Pd dispersion and a more significant proportion of 

positively charged Pd species than of metallic Pd based on their ex-situ X-ray 

photoelectron spectroscopy (XPS) measurements. 
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Figure 2.3. Apparent activation energy of HCOOH dehydrogenation (1 M HCOOH in 
H2O; 303-333 K) on Pd/C (left axis) and the decomposition temperature of PdHx, 
measured from TPD analysis after reduction of Pd/C at 373 K in H2 (the right axis) as a 
function of average Pd sizes (from TEM images) (Reproduced with permission from 
Ref.50, Copyright 2019, Elsevier) 

 
The stability of Pd catalysts during HCOOH reactions in aqueous solutions has 

also been discussed in literature,  to ensure potential use of the catalyst in industrial 

applications29,30,41. Kim et al. reported that supported Pd catalysts showed complete 

deactivation after the third use without a regeneration process involving washing and 

drying between runs. The deactivation was attributed to the deposition of species derived 

from reactants/products on the Pd surfaces29. Early work by Ruthven and Upadhye 

suggested that the deactivation of Pd black catalysts during HCOOH decomposition in 

aqueous solutions resulted from the accumulation of hydrogen atoms (H*) on the Pd 

surface, based on their kinetic analysis41. Hu et al. demonstrated that the reactivity of 

Pd/C catalysts could be fully restored by drying the used catalysts at 383 K. This led the 

authors to propose that deactivation if not due to the agglomeration or loss of active Pd 

sites in the solution30. Hu et al. performed TPD analysis on the used catalysts with an 

online mass-spectrometer to show the absence of CO evolution, indicating that CO* was 

not the source of deactivation. Instead, they observed the evolution of H2 and CO2. From 

this, they proposed that the deactivation could be caused by the formation of HCOO* 

species on the Pd surfaces that cannot decompose at low operating temperatures. 

However, whether it is HCOO* or COOH* species cannot be confirmed without 
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spectroscopic evidence. Overall, the proposed deactivation mechanisms vary, with 

suggestions ranging from the accumulation of hydrogen atoms on Pd surfaces to the 

formation of species that cannot easily decompose at the operating temperature. 

Understanding these deactivation processes is essential for optimizing and extending the 

use of Pd catalysts in practical applications. This thesis will focus on filling the gaps in 

literature for the gas-phase reaction of HCOOH dehydrogenation on a Pd/SiO2 catalyst.  
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CHAPTER 3 
 

FORMIC ACID DECOMPOSITION PATHWAYS ON SUPPORTED PALLADIUM 
NANOPARTICLES AT NEAR AMBIENT TEMPERATURES 

 

3.1. Introduction 

HCOOH has been proposed as a potential liquid H2 carrier because of its relatively 

high H2 density (4.4 H2 % wt.; 53 kg H2/m3), high boiling point (373.9 K), low toxicity, 

environmentally benign nature, low flammability, and ease of handling13. HCOOH 

decomposition can occur via dehydrogenation (to CO2/H2) or dehydration (CO/H2O) 

pathways, where the selectivity between the two pathways depends on the nature and 

type of catalysts and the operating conditions. To successfully commercialize HCOOH 

dehydrogenation, the development of an active, selective, and stable catalyst that 

releases H2 at near-ambient conditions without the formation of carbon monoxide (CO) is 

required. The formation of CO can limit the use of the H2 product stream due to CO 

poisoning of H2 fuel cells. For example, Pt-based fuel cells have shown significant 

inhibition in the presence of even 10 ppm levels of CO49. Therefore, developing a catalyst 

that does not produce any CO products is important.  

 Pd-based catalysts have received much interest for their use in HCOOH 

dehydrogenation due to its high reactivity near ambient temperatures26–42. The types of 

reaction intermediates and elementary steps of HCOOH dehydrogenation on Pd surfaces 

have remained conflicted in literature. EELS experiments on clean Pd(100) surfaces at 

80 K showed that HCOOH bound molecularly without detecting bound formate species 

when the sample was heated to 150 K. The molecularly bound species partially desorbed 

as gas-phase HCOOH while any remaining HCOOH decomposed to form CO products32. 

Monodentate formates (HCOOM*) were only found to form on O*-covered Pd(100) 

surfaces that further decomposed to CO2 products at 265 K. H2 evolution occurred around 

340 K with the rate limited by the desorption step. A HREEL study reported HCOOH 

dissociating to form formates on clean Pd(111) around 200 K. TPD analysis showed the 
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formates decomposing at higher temperatures to form CO2 (~260 K), H2 (~330 K) and 

CO (~490 K) with a CO2/CO selectivity of 1.633. DFT calculations on these same surfaces 

(Pd(100) and Pd(111)) at low surface coverage (<= 1/9 ML) showed that HCOOH 

dehydrogenation can proceed through both the bidentate formate (HCOOB*) or the 

carboxylate (COOH*) intermediates. The COOH* intermediates were the only 

intermediate that resulted in CO products. The contradiction between the theoretical and 

experimental studies makes it difficult to determine how exactly HCOOH decomposes on 

Pd-based catalysts near ambient temperatures. Overall, molecularly bound HCOOH, 

HCOOM*, HCOOB*, and COOH* were all observed in literature as potential intermediates 

for HCOOH dehydrogenation on Pd surfaces.  

 Several works have reported the importance of the particle size effects of the Pd 

nanoparticles for the HCOOH dehydrogenation rate. All showed a similar trend where the 

rate increased with decreasing particle size. Kim et al. showed that the apparent 

activation energy for HCOOH dehydrogenation on Pd/C catalysts scaled almost linearly 

with the average Pd size, leading to higher turnover rates for the smaller Pd particles. 

This trend was attributed to the difficulty of H2 desorption on large clusters50. Li et al. also 

found that the catalytic rates increased by a factor of 3.6 when particle sizes decreased 

from 4.5 +/- 0.5 to 2.1 +/- 0.3 nm36.  

 While there has been significant progress made in understanding the behavior of 

Pd-based catalysts for HCOOH dehydrogenations, some aspects remain unknown or 

require further investigation, specifically for Pd/SiO2 catalysts. There is a limited amount 

of literature investigating the reaction kinetics and mechanism of HCOOH 

dehydrogenation on Pd/SiO2 catalysts. While there have been multiple reported observed 

intermediates that can occur on Pd nanoparticles, it is unknown which intermediate, and 

pathway will occur on the Pd/SiO2 catalysts. SiO2 is a known inert support for this reaction 

and is known to be good with H2 adsorption, which could benefit the overall reaction. This 

research investigated the kinetics and mechanism of HCOOH dehydrogenation on 

Pd/SiO2 catalysts while also investigating the size dependence of Pd nanoparticle 

supported on SiO2 and how it affects the overall reaction. 
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This work combines kinetic, isotopic, and spectroscopic analysis to evaluate and 

identify the plausible mechanisms that describe the dehydrogenation reaction on the Pd 

surfaces. The purpose of this study is to provide an in-depth analysis of HCOOH 

dehydrogenation on a Pd/SiO2 catalysts to fill in the gaps in current literature and promote 

further investigation into the viability of Pd/SiO2 catalysts for the potential use in H2 

storage technologies. This work’s results and conclusions can be utilized to aid in catalytic 

design strategies to improve catalytic performance by providing insight into the reaction 

kinetics and elementary steps of HCOOH dehydrogenation on Pd nanoparticles at near 

ambient temperatures.  

 

3.3. Methods 

3.3.1. Catalyst Preparation and Characterization 

The Pd/SiO2 catalyst (0.01-1% wt.) was prepared via strong electrostatic 

adsorption of Pd precursors onto a silica support, followed by reduction, and passivation 

to form metallic clusters. This synthesis method was adopted from the method reported 

by N. M. Wilson and D. W. Flaherty51. Silica (15 g, Sigma-Aldrich, Davisil 646, 35-60 

mesh) was added to 300 cm3 of DI water, followed by the addition of 30 cm3 of 14.5 

NH4OH (Macron, 28-30 wt%) to obtain a pH greater than 11. In a separate beaker, 0.346 

g of Pd(NH3)4Cl2 (Sigma Aldrich, >= 99.99%) was added to 15 cm3 of DI water. The 

solution was added dropwise to the basic solution containing silica. The resulting solution 

was stirred for 3 hours and then vacuum-filtered to recover the solids. The recovered 

solids were rinsed with an additional 500 cm3 of DI water and vacuum filtered again. The 

rinsed solids were dried for 24 hours at 353 K in stagnant air. The dried solids were then 

heated to 573 K (3 K/min) and held at 573 K for 4 hours in 20 mol% H2 and 80 mol% He 

at 100 cm3/min to reduce the Pd to metallic nanoclusters in a reductive treatment and 

achieved theoretical particle size of 0.7 nm, as reported previously by Wilson and 

Flaherty51. No ex-situ oxidative treatment was used within the scope of this work. Finally, 

the catalyst was passivated at ambient temperature by flowing 500 cm3/min of 4 mol% O2 

and 96 mol% He for 0.5 hours. Once the sample was finished with ex-situ treatments, the 
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sample was sieved to achieve aggregate particles sizes < 75 µm, 180-125 µm, and 250-

180 µm.  

 

3.3.2. In-Situ Infrared Spectroscopy 

In-situ infrared spectra were collected in transmission mode using a Nicolet iS50 

FT-IR (Thermo Fisher) spectrometer. Pd/SiO2 samples were pressed into self-supporting 

wafers (10-30 mg) and loaded into a stainless steel, high-temperature cell (Harrick 

Scientific Products) with NaCl windows. The temperature was maintained using external 

resistive heating, monitored with a thermocouple (K-type, Omega) that was held at the 

outer reactor wall near the outer edge of the wafer and controlled with an electronic 

temperature controller (Harrick Scientific Products, Watlow EZ-ZONE). The cell was 

cooled with a chiller (Neslab Coolflow CFT-25). Inlet flow rates were controlled by mass 

flow controllers (He (Parker; Series 2), H2 (Brooks; Series 5850E)) and adjusted to 

maintain a target flow rate and pressure of N2 (General Air; 99.999%) and H2 (General 

Air; 99.999%). HCOOH (Sigma-Aldrich; >90%; used without further purification) was 

introduced to the system as a liquid into a flowing gas stream using a syringe pump (KD 

Scientific; Series 200347) and vaporized at 323 K. All the transfer lines, except for the 

one near the injection port, were kept at ambient temperature to prevent HCOOH 

decomposition within the lines. HCOOH pressures were also kept below its vapor 

pressure at ambient temperatures (5.3 kPa at 298 K) to prevent condensation within the 

unit. 

The Pd/SiO2 wafers were pretreated in 20% H2/N2 (100 ml/min) by heating the 

temperature to 573 K at 3 K/min and held for 1 hour before being cooled down to reaction 

temperature (353-423 K). The system was flushed with N2 (100 ml/min) at the reaction 

temperature to collect background spectra before introducing HCOOH into the system. 

The amount of HCOOH flowed was adjusted between 0.17-3.36 kPa HCOOH with the 

equivalent amount of He (100 ml/min total flow). All spectra were collected at a resolution 

of 4 cm-1 and averaged 64 scans during the HCOOH reaction and 4 scans during the N2 

flush from 4000-400 cm-1. 
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Infrared spectroscopy was used to gain insights into the identity and surface 

coverage of bound species during HCOOH dehydrogenation. The change in the intensity 

of peaks not corresponding to known reactants and products was monitored after 

HCOOH was introduced over a range of varying pressures to determine the surface 

intermediates and associated equilibrium constants. 

 

3.3.3. Kinetic Analysis 

Catalytic HCOOH decomposition rates (0.2-4 kPa HCOOH, 353-383 K) were 

measured on Pd/SiO2 samples. The catalyst samples (~0.01 g) were held within a U-

shaped quartz reactor (4 mm inner diameter), and the ends of the reactor were cushioned 

with quartz wool to prevent any catalyst from entering the reactor unit. The reactor’s 

temperature was measured using a thermocouple (K-type) wrapped around the reactor 

and controlled with an electronic temperature controller (Fe e-Front runners; Model 

PXR3). The quartz wool did not give any detectable reaction rates at any conditions of 

the catalytic experiment. 

All Pd samples were pretreated in 20% H2/He (100 ml/min) by heating to 573 K at 

3 K/min and held for 1 hour before cooling down to reaction temperature (353-423 K). 

The system was then flushed with He (100 ml/min) for at least 30 minutes at the reaction 

temperature before introducing HCOOH to the system. Inlet flow rates were controlled 

using individual mass flow controllers (mks; IO Type B) and adjusted to ensure molar flow 

rates of He, H2, and Ar (General Air; 99.999%). HCOOH and its isotopes (DCOOH and 

HCOOD, Cambridge Isotope Laboratories; >98% chemical and isotopic purities for both) 

were introduced to the system as a liquid into a flowing gas stream using a syringe pump 

(KD Scientific; Series 200347) and vaporized at 323 K. All the transfer lines, except for 

the one near the injection port, were kept at ambient temperature to prevent HCOOH 

decomposition within the lines. HCOOH pressures were also kept below its vapor 

pressure at ambient temperatures (5.3 kPa at 298 K) to prevent condensation within the 

unit. The concentrations of the reactant (HCOOH and its isotopes), products (H2 and 

CO2), and CO in the product stream were measured using a mass spectrometer with a 

detection limit of <100 ppb for non-interfering species (MKS Spectra; Cirrus 2). 
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3.3.4. Temperature Programmed Desorption (TPD) 

The TPD measurements were performed in the same reactor with the same setup 

discussed above. The Pd/SiO2 samples were sieved between 125-180 µm aggregate 

diameters and loaded into a U-shaped quartz reactor (~0.5 g). The sample was pretreated 

in 20% H2/He (100 mL/min) at 573 K (3 K/min) for 1 hour before being cooled down to 

303 K. After cooling down the system, the catalyst was flushed with flowing He for 1 hour 

to remove any physically adsorbed gases. Then, 0.336 kPa HCOOH in He (100 ml/min) 

was introduced for 1 hour. After HCOOH adsorption, the sample was purged with flowing 

He for 1 hour to remove residual HCOOH. The TPD was performed by heating the sample 

to 573 K (3 K/min) in flowing He (100 mL/min), and the desorbing molecules were 

monitored with the attached mass spectrometer. 

 

3.4. Results and Discussion 

3.4.1. Formic Acid Decomposition Rates, Selectivities, and Stabilities on Pd/SiO2  

Figure 3.1. shows HCOOH dehydrogenation rates (per surface Pd atom) 

measured on Pd/SiO2 (1% wt.) as a function of time-on-stream (0.84 kPa HCOOH, 383 

K). CO2/H2 were the only products measured while the production of CO/H2O was below 

the detection limit of 100 ppb. No apparent deactivation was observed up to 60 ks, 

indicating the viability of Pd-based catalysts for selective HCOOH dehydrogenation. 

Literature has shown that Pd-based catalysts for HCOOH decomposition can 

result in either dehydrogenation (CO2/H2) or dehydration (CO/H2O) products34–36. For 

example, Bulushev et al. have reported a 99% selectivity towards dehydrogenation 

products on 10% wt. Pd/C (2.4 kPa HCOOH, 403 K)44. However, Solymosi et al. have 

observed both dehydrogenation (90-95% selectivity) and dehydration products on 

Pd/Norit with decreasing selectivity at higher temperatures (5 kPa HCOOH, 523-623 K)43. 

Note that literature observes both decomposition products at temperatures greater than 

400 K; this research explores the selectivity of Pd/SiO2 at temperatures less than 383 K. 
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Figure 3.1. HCOOH dehydrogenation turnover rate (per surface Pd atom) measured on 
Pd/SiO2 (1% wt.) as a function of time on stream (0.84 kPa HCOOH, 383 K). Dashed 
line represents the trend line. 

 

These results, suggest that a Pd/SiO2 catalyst is a viable choice for HCOOH 

dehydrogenation with its ability to be reactive and stable at low temperatures (~383 K). 

Moreover, its ability to form CO-free H2 streams makes it attractive for low-temperature 

fuel cell applications. In the following sections, we discuss details of the proposed reaction 

mechanisms based on our kinetic, isotopic, and spectroscopic results. 

 

3.4.2.  Reaction Kinetics 

HCOOH dehydrogenation rates were measured on 1% wt. Pd/SiO2 catalyst over 

a range of HCOOH pressures (0.1-3.5 kPa) and reaction temperatures (353-383 K) 

(Figure 3.2)). The rates increased linearly at low HCOOH pressures and reached 

asymptotic values at high pressures. The transition from the first-order reaction to a 

zeroth-order reaction occurred at higher pressures at higher reaction temperatures. The 

addition of H2 to the inlet stream did not significantly influence the reaction rates at both 

high and low HCOOH pressures (Figure 3.3). The observed kinetic behavior was best 

described by the following equation (Langmuir Equation): 
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𝑟𝑎𝑡𝑒 =
𝛼𝑃𝐻𝐶𝑂𝑂𝐻

1 + β𝑃𝐻𝐶𝑂𝑂𝐻
                                                           (3.1) 

As shown by the dashed lines in Figure 3.2, the chemical understanding of α and 

β constants requires an investigation into the reaction elementary steps that can be 

derived from isotopic and spectroscopic methods as discussed in the following sections. 

 

                         
Figure 3.2. HCOOH dehydrogenation turnover rates (per surface Pd atom) measured 
on Pd/SiO2 (1% wt.) as a function of HCOOH pressure at a range of temperatures 
(0.17-3.36 kPa; 353-383 K). The dashed curves represent the optimal regression rates 
using the functional form of Eq. (3.1). 
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Figure 3.3. HCOOH dehydrogenation turnover rates (per surface Pd atom) measured 
with H2 co-feed on Pd/SiO2 (1% wt.) as a function of H2 pressure (0-33.6 kPa H2, 0.25 
and 2.52 kPa HCOOH; 363 K). Dashed lines represent the trend lines. 

 

 Note that the kinetic data shown in Figures 3.1-3.3 and 3.6-3.13 used 1% wt. 

Pd/SiO2 with an aggregate size of 180-125 µm. However, measured rates are 

independent of aggregate sizes, as shown by the rates that remain essentially unchanged 

as we vary the average aggregate sizes from 37.5 to 215 µm, indicating that the reaction 

was not diffusion-limited (Figure 3.4).  
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Figure 3.4. HCOOH dehydrogenation turnover rates (per surface Pd atom) measured 
on Pd/SiO2 (1% wt.) as a function of HCOOH pressure for varying aggregate sizes 
(0.17-3.36 kPa; 383 K). Dashed curves represent the optimal regression rates using the 
functional form of Eq. (3.1). 
 

3.4.2.1. Spectroscopic analysis of surface-bound intermediates   

In-situ infrared spectroscopy was utilized to determine the identity of surface 

species on the Pd nanoparticles during HCOOH decomposition. Table 3.1 summarizes 

the experimental IR band positions of gas-phase trans HCOOH52,53. There are multiple 

proposed intermediates for the HCOOH dehydrogenation pathway, including HCOOH*, 

COOH*, HCOOM*, and HCOOB*. Li et al. have reported from DFT calculations that 

HCOOH decomposition on both Pd(100) and Pd(111) can occur via HCOOB* and COOH* 

intermediates36. Bulushev et al. have suggested in their study (Pd/C, 373 K) that the 

reaction proceeds through an HCOO* pathway44. Figure 3.5 provides the DFT-derived 

spectra for HCOOH* (3014, 2738, 1624, 1288, 1140, and 650 cm-1), COOH* (3510, 1220, 

1130, and 680 cm-1), HCOOM* (1678, 1135, and 682 cm-1), and HCOOB* (2949, 1291, 

and 735 cm-1) on the (111) surface of Pd (provided by Michelle Nolen). 
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Table 3.1. Experimental vibrational frequencies of HCOOH gas 52,53. 

Assignment Wavenumber (cm-1)  

OH stretch 3750 

CH stretch 2943 

C=O stretch 1770 

CH bend 1387 

OH bend 1229 

CO stretch 1105 

CH bend 1033 

OCO deform 625 

 

      
 

Figure 3.5. DFT-derived infrared spectra (PBE-D3) of HCOOH*, HCOOM*, HCOOB* and 
COOH* on Pd(111) surface (provided by Michelle Nolen). 
 

Figure 3.6a depicts the infrared spectra of 1% wt. Pd/SiO2 samples during HCOOH 

dehydrogenation over a range of HCOOH pressures (0.17-3.36 kPa; 353 K). Figure 3.6b 

provides a closer view of the spectra over a wavenumber range. We would expect to see 

distinct peaks indicating intermediate species. Strong infrared bands are present at 1790, 
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1747, 1364, 1211, 1118, and 1090 cm-1. A weak band is present at 1570 cm-1, which can 

be more clearly indicated during the N2 flush in Figure 3.9a. 

The peaks located at 1790, 1747, 1364, 1211, 1118, and 1090 cm-1 were found to 

be associated with HCOOH(g), leaving only the peak at 1570 cm-1 to be associated with 

an HCOOH-derived intermediate 52,53. The peaks associated with COOH* (1220 and 1130 

cm-1), HCOOM* (1678 and 1135 cm-1) and HCOOB* (1291 cm-1), as indicated by DFT-

derived spectra (Figure 3.5) and experimental literature54,55, are not observed. Based on 

these observations, we hypothesize that HCOOH dehydrogenation proceeds via an 

HCOOH* intermediate at these operating conditions. 

 

 
Figure 3.6. (a) Infrared spectra of Pd/SiO2 (1% wt.) measured during steady-state 
HCOOH catalysis (0.17-3.36 kPa; 353 K). (b) 1000-1900 cm-1 section of spectra 
labelled with significant bands (HCOOH(g) (1790, 1747, 1364, 1211, 1118 and 1090 cm-

1) and HCOOH* (1570 cm-1)). 
 
 Additionally, in-situ infrared spectroscopy was utilized to confirm the presence of 

CO2 formation and the absence of CO. Figure 3.7 shows the wavenumber range we 

would expect to see the distinct peaks indicating CO2, CO, and adsorbed CO (CO*) 

(highlighted respectively). The infrared bands for CO2 (2360 and 2340 cm-1) are clearly 

present, indicating the formation of CO2 as the primary product. The formation of CO has 

been confirmed to be lower than 100 ppb levels due to the detection limitations of the 

mass spectrometer. The clear and distinct peaks for CO(g) (2180 and 2100 cm-1) and 

CO* (2065 cm-1) are not detected, confirming our conclusion that CO does not form at 



 

25 
 

these conditions (~353 K). The binding energy of CO is very strong (-1.96 eV, hcp, 

Pd(111)56), indicating that if CO was present, we would observe both strong bands 

associated with CO(g) and CO*. The peaks present at 2211 and 2180 cm-1 are proposed 

to be due to the C-O stretching of HCOOH on SiO2. 

 

                               
Figure 3.7. Infrared spectra of Pd/SiO2 (1% wt.) measured during steady-state HCOOH 
catalysis (0.17-3.36 kPa; 353 K). Significant bands are labelled (CO2 (2360 cm-1, 2340 
cm-1)) and expected band area of CO (2180 cm-1, 2100 cm-1) and CO* (2065 cm-1) are 
highlighted. 

 

 The intensities of the bands for HCOOH (1790 and 1747 cm-1), HCOOH* (1570 

cm-1), and CO2 (2360 and 2340 cm-1) are plotted in Figure 3.8 as a function of HCOOH 

pressure. Note that these spectra were collected with the same range of HCOOH 

pressures from the kinetic analysis to observe the surface intermediate covering the 

surface and calculate an associated adsorption constant by using Equation 3.2 (θA is the 

fractional coverage of HCOOH*, PHCOOH is the partial pressure of HCOOH, and Kads is the 

equilibrium constant). 

θ𝐴 =
𝐾𝑎𝑑𝑠 ∗ 𝑃𝐻𝐶𝑂𝑂𝐻

1 + 𝐾𝑎𝑑𝑠 ∗ 𝑃𝐻𝐶𝑂𝑂𝐻
                                                        (3.2) 
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The absorbance of HCOOH follows a linear trend with increasing HCOOH 

pressure, confirming that HCOOH concentration was increasing as expected in the IR 

system. The formation of CO2 follows the same trend observed in the kinetic data, which 

supports the conclusion that the formation of CO2 is limited by the presence of a HCOOH-

derived intermediate saturating the surface of the catalyst at higher HCOOH pressures. 

The normalized infrared intensity of HCOOH* also follows the same trend observed 

during kinetic analysis, supporting the conclusion that HCOOH* is the rate-limiting 

reaction intermediate and saturates the surface of the catalyst at higher HCOOH 

pressures. From fitting Equation 3.2 to the experimental data, the Kads was found to be 

95. The adsorption constant derived from the kinetic data at the same temperature was 

found to be 136 which is consistent with the Kads constant found. 

 

 
Figure 3.8 (a) Absorbance of HCOOH(g) and CO2(g) on Pd/SiO2 (1% wt. ) measured 
during steady-state HCOOH catalysis (0.17-3.36 kPa HCOOH, 353 K). The dashed 
lines represent the trend lines. (b) Surface coverage ratio of HCOOH* band on Pd/SiO2 
(1% wt. ) measured during steady-state HCOOH catalysis (0.17-3.36 kPa HCOOH, 353 
K). Dashed curve represents the optimal regression of the rate using the functional form 
of Eq. (3.2). 
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The intensities of the infrared bands at 1747 cm-1 (HCOOH(g)) and 1570 cm-1 

(HCOOH*) were monitored at isothermal conditions (353 K) as a function of time elapsed 

after the removal of HCOOH(g) (0.84 kPa) from the reactant stream (Figure 3.9a). The 

presence of both bands, even after 0.38 ks, suggests that both species are strongly bound 

to the surface of the catalyst. A previous study conducted on Cu-based catalysts found 

that the 1747 cm-1 band is due to strongly physisorbed HCOOH on the SiO2 surface 57. 

The 1570 cm-1 peak indicates strongly adsorbed HCOOH* on the surface of the Pd. Note 

that the 1570 cm-1 peak is much more apparent during the N2 flush than during the steady-

state HCOOH dehydrogenation reaction. This is due to the tail of the HCOOH(g) band at 

1747 cm-1 overlapping with the 1570 cm-1 band. Figure 3.9b shows the normalized 

absorbance of the 1570 cm-1 peak over time to obtain the first-order rate constants for the 

decomposition of the HCOOH* species. The data was regressed assuming first-order 

decomposition kinetics (dashed lines). The data follows an accurate regression of the 

first-order decomposition kinetics after the first 0.1 ks, indicating that the system was 

flushed entirely of HCOOH(g). The rate constant for HCOOH* decomposition obtained 

from the band intensities after 0.1 ks is 0.0017 s-1. 
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Figure 3.9. a) Infrared spectra of Pd/SiO2 (1% wt.) measured during steady-state 
HCOOH catalysis (0.84 kPa, 353 K) and in flowing N2 (at 353 K) after the removal of 
HCOOH(g) from the reactant stream. b) Normalized absorbance for infrared bands for 
HCOOH* (at 1570 cm-1) on Pd/SiO2 (1% wt.) as a function of time in flowing N2 (at 353 
K); these values are normalized by their steady-state value (t < 0) before flowing N2. 
Dashed line represents the regression of the data to the first-order decomposition 
reaction.  
 

3.4.2.3. Kinetic Isotope Effects 

Kinetic isotope effects were used to analyze the kinetically relevant steps and 

provide insight into how HCOOH* decomposes. The kinetic isotope effects were 

measured on 1% wt. Pd/SiO2 in the presence of HCOOH, DCOOH, and HCOOD (0.17-

3.36 kPa, 373 K). Figure 3.10 shows that the dehydrogenation rates decrease as the O-

H and C-H bonds are substituted with O-D and C-D bonds for HCOOD and DCOOH by 

factors 5.6 and 3.7, respectively. These results suggest that the kinetically relevant step 

involves the concurrent cleavage of O-H and C-H bonds. More rigorous analysis of kinetic 

isotope effects on rate and equilibrium constants requires fitting the data to the rate 

equation derived from the proposed elementary steps. These results are discussed in the 

next section. 
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Figure 3.10. Dehydrogenation turnover rates of HCOOH, DCOOH, and HCOOD (per 
surface Pd atom) on Pd/SiO2 (1% wt.) as a function of HCOOH pressure (0.17-3.36 
kPa; 373 K). Dashed curves represent the optimal regression rates using the functional 
form of Eq. (3.1). 
 

3.4.2.6. HCOOH Dehydrogenation Reaction Mechanism 

Scheme 3.1. shows the proposed elementary steps based on the results from the 

kinetic, isotopic, and spectroscopic studies discussed thus far.  

 

 
Scheme 3.1. Proposed sequence of elementary steps for molecular HCOOH 
dehydrogenation. Quasi-equilibrated steps are denoted by ovals in double arrows. 
Active sites denoted represent the atop site (*) and hollow site (□). 
 

HCOOH adsorbs to the Pd surface as HCOOH*. The O-H and C-H bonds are 

then activated simultaneously, causing the HCOOH* to decompose into two H* and 

CO2(g) (“*” and “□” indicate the atop and hollow active site respectively). Lastly, the H* 
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atoms recombine and desorb as H2(g). Based on the isotopic experiments, it was 

assumed that steps 1 and 3 of the mechanism are quasi-equilibrated while step 2 is the 

rate-limiting step, as indicated by the cleaving of the C-H and O-H bond being kinetically 

relevant. The process of deriving the rate equation is discussed below. Using the quasi-

equilibrated assumption on step 1 and step 3, we get: 

[𝐻𝐶𝑂𝑂𝐻 ∗] = 𝐾1𝑃𝐻𝐶𝑂𝑂𝐻[∗]                                                     (3.3) 

𝐾3 =
[𝐻 ∗][𝐻□]

𝑃𝐻2
[∗][□]

                                                                      (3.4) 

Given that HCOOH* is the reaction mechanism and the reaction is not H2 dependent, a 

site balance gives: 

[∗] + [𝐻𝐶𝑂𝑂𝐻 ∗] = 1                                                          (3.5) 

Combining Eq. (3.3) and Eq. (3.5) and solving for [*] (Eq. (3.4) is not needed because it 

is not an H2-dependent reaction): 

[∗] =
1

1 + 𝐾1𝑃𝐻𝐶𝑂𝑂𝐻
                                                           (3.6) 

The HCOOH dehydrogenation rate is determine by the rate of step 2: 

𝑟 =  𝑟2 =  𝑘2[𝐻𝐶𝑂𝑂𝐻 ∗][□]                                                    (3.7) 

Due to the lack of H2 dependency, we can neglect [□]. The overall reaction rate follows 

the Langmuir equation as assumed during kinetic analysis: 

𝑟 =
𝑘2𝐾1𝑃𝐻𝐶𝑂𝑂𝐻

1 + 𝐾1𝑃𝐻𝐶𝑂𝑂𝐻
                                                             (3.8) 

The steady-state data for the dehydrogenation reaction was also utilized to 

calculate k2 and K1 by fitting Eq. (3.8) to the experimental data. The results of fitting these 

parameters to the experimental data are shown in Table (3.2). From these parameters, 

the additional thermodynamic components of rate and equilibrium constants were 

calculated utilizing Eq. (3.11) and Eq. (3.14) from the fitted k2 and K1 values: 

𝐾 = exp (
−𝛥𝐺

𝑅𝑇
)                                                               (3.9) 
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𝐾 = exp (
𝛥𝑆

𝑅
) exp (

−𝛥𝐻

𝑅𝑇
)                                                  (3.10) 

ln(𝐾) =
−𝛥𝐻

𝑅
∗

1

𝑇
+

𝛥𝑆

𝑅
                                                     (3.11) 

𝑘 =
𝑘𝐵𝑇

ℎ
exp (

−𝛥𝐺‡

𝑅𝑇
)                                                    (3.12) 

𝑘 =
𝑘𝐵𝑇

ℎ
exp (

𝛥𝑆‡

𝑅
) exp (

−𝛥𝐻‡

𝑅𝑇
)                                           (3.13) 

ln(𝑘) =
−𝛥𝐻‡

𝑅
∗

1

𝑇
+

𝛥𝑆‡

𝑅
+ ln (

𝑘𝐵𝑇

ℎ
)                                         (3.14) 

The calculated Gibbs free energy of reaction (ΔG) and activation energy (ΔG‡) are 

provided in Table 3.3 along with the corresponding enthalpy (ΔH) and entropy values 

(ΔS). 

The kinetic isotope effects (KIE) on the constant k were obtained by regressing the 

experimental rate data for the dehydrogenation of HCOOH, DCOOH, and HCOOD using 

the functional form of Equation 3.1. Table 3.3 summarizes the KIE result. KIE values are 

defined as the ratio of k for the different isotopes. 

 
Table 3.2. Equilibrium and rate constants and the corresponding enthalpies and 
entropies from kinetic analysis. 

 
K353K 

ΔS (kJ mol-1 K-1) ΔH (kJ mol-1) ΔG353K (kJ mol-1) 

136.37 -0.08 -44.19 -14.43 

k353K (s-1) ΔS‡ (kJ mol-1 K-1) ΔH‡ (kJ mol-1) ΔG‡
353K

 (kJ mol-1) 

0.010 0.07 125.33 100.6 

All kinetic data (0.17-3.36 kPa HCOOH, 353-383 K; Figure 3.2) are fitted simultaneously 
to the functional form of Eq. (3.1) within a packed bed reactor to obtain the respective 
enthalpic and entropic components. K353K and k353K constants are obtained by using the 
sum of squares method between the experimental and fitted data. The corresponding 
enthalpy, entropy, and Gibbs free energy were obtained by plotting the ln(k) and ln(K) 
with 1/Temperature to get the corresponding values from the slope and intersection of 
Eq. (3.11) and Eq. (3.14). 
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Table 3.3. Kinetic isotope effects on equilibrium and rate constants from experiments. 

k  

HCOOH/DCOOH 2.6 

HCOOH/HCOOD 4.4 

Values of k were found by using sum of squares method to regress Eq. (3.1) over the 
experimental data for HCOOH, HCOOD, and DCOOH (0.17-3.36 kPa; 373 K; Figure 
3.10). 

 

3.4.2.5. Temperature Programmed Desorption 

TPD was utilized to determine the number of HCOOH species adsorbed per Pd 

site on the 1% wt. Pd/SiO2 catalyst (Figure 3.11). It was found that CO2 desorbed from 

the catalyst around 350 K. No desorbed HCOOH or H2 was observed; however, the mass 

spectrometer was not capable of accurately detecting the H2. TPD conducted on SiO2 

showed no detection of HCOOH adsorbing to the surface, or HCOOH or H2 desorbing. 

From the calculated area under the CO2 peak, it was found that number of active sites 

per mol of Pd was 0.85. This indicates that exactly one HCOOH adsorbed to each Pd 

nanoparticle during HCOOH dehydrogenation. 

 

      
Figure 3.11. TPD of HCOOH on Pd/SiO2 (1% wt.) showing HCOOH, CO2 and H2 
desorption rate  as a function of temperature. 

 



 

33 
 

3.4.3. Pd Size Effects 

The particle size effects of the Pd/SiO2 catalysts were observed by adjusting the 

loading (0.05%, 0.1%, and 1% wt.). The turnover rates (per Pd atom) differed drastically 

from a loading of 1% to 0.1% (0.1-3.5 kPa HCOOH, 363 K, Figure 3.12). This change 

indicates the strong effects of Pd nanoparticle size on the surface reactivity. Smaller 

loading was assumed to result in smaller particle sizes due to the amount of Pd added. 

Literature suggests a strong correlation between particle sizes and reaction rates, with 

larger particle sizes resulting in lower reaction rates50. 

 

                          
Figure 3.12. HCOOH dehydrogenation turnover rates (per Pd atom) measured on 
Pd/SiO2 (0.05%, 0.1% and 1% wt.) as a function of HCOOH pressure (0.17-3.36 kPa, 
363 K). Dashed curves represent the optimal regression rates using the functional form 
of Eq. (3.1). 
 

Figure 3.13 compares the dehydrogenation rates over a range of HCOOH 

pressures (0.17-4 kPa) on Pd/SiO2 (1% and 0.1% wt.), Pt/Al2O3 (2% wt.), and Au/Al2O3 

(0.61% wt.) at 353 K. The Pt/Al2O3 data was obtained from a study by Ojeda et al.58. Pt 

has been suggested as the most active metal for HCOOH dehydrogenation among all the 

transition metals26. Ojeda et al., however, reported that well-dispersed Au species could 

achieve dehydrogenation turnover rates larger than on Pt clusters at near ambient 
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temperature (~350 K). Our data shows that the dehydrogenation rates increased by a 

factor of 1.3 for the 1% wt. Pd/SiO2 catalyst, compared to the Pt/Al2O3 catalyst. These 

suggest that at this low temperature (353 K), Pd/SiO2 results in dehydrogenation turnover 

rates of a similar magnitude compared to a Pt catalyst. The 1% wt. Pd/SiO2 catalyst has 

not been shown to reach the same magnitude as the Au/Al2O3 catalysts. However, a 

smaller loading of Pd (0.1% wt.) has shown to be much closer in magnitude to the Au 

catalyst. This shows that the Pd/SiO2 can achieve turnover rates greater than a Pt catalyst 

and close to the magnitude of well-dispersed Au at near ambient temperatures (353 K). 

 

                    
Figure 3.13. HCOOH dehydrogenation turnover rates (per surface metal) on Au/Al2O3 
(0.61% wt.), Pd/SiO2 (0.1% and 1% wt.) and Pt/Al2O3 (2% wt.) as a function of HCOOH 
pressure (0.17-4 kPa, 353 K). Au/Al2O3 and Pt/Al2O3 data obtained from Ojeda et al.58. 
Dashed curves represent the optimal regression rates using the functional form of Eq. 
(3.1) for Pd/SiO2 catalyst. 
 

3.5. Conclusion 

 In this work, the dehydrogenation of HCOOH on a Pd/SiO2 catalyst was studied. 

The reactivity, selectivity, and stability were analyzed to determine if this catalyst merits 

further consideration for industrial use. Pd/SiO2 was found to be stable and selective 

towards dehydrogenation products at near ambient temperatures (353-383 K). Additional 
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spectroscopic, kinetic, and isotopic methods were utilized to determine that HCOOH 

decomposes through an HCOOH* intermediate to form CO2 and H2, with no detectable 

amounts of CO (<100 ppb). Pd/SiO2 catalysts were even found to achieve the same 

magnitude of HCOOH dehydrogenation rates achieved on a Pt catalyst. Overall, these 

results can aid in catalyst design strategies to improve the performance of Pd-based 

catalysts for their potential use in the HCOOH dehydrogenation reaction for its use as a 

liquid H2 carrier. 
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CHAPTER 4 

CONCLUSIONS AND FUTURE WORK 

 

4.1. Conclusions 

With the current energy and environmental crisis the world is facing, the urgency 

to find a clean energy source is self-evident. Liquid H2 has emerged as a clean alternative 

to the current use of fossil fuels. However, there are existing storage and transportation 

barriers preventing the widespread utilization of H2. The chemical storage of H2 as 

HCOOH stands out as a suitable alternative to traditional cryogenic and high-pressure 

storage methods. This study focused on using a Pd/SiO2 catalyst for its potential use as 

an effective catalyst for the HCOOH dehydrogenation reaction. 

This work utilized kinetic, isotopic, and spectroscopic methods to assess the 

stability, selectivity, reactivity, and mechanistic details of HCOOH dehydrogenation of a 

Pd/SiO2 near ambient temperatures (353-383 K). The Pd/SiO2 catalysts were found to be 

active for the dehydrogenation of HCOOH at low temperatures (≤383 K) with no 

detectable amount of CO formation (<100 ppb). The dehydrogenation rates were found 

to follow the Langmuir equation, with the rates reaching a plateau at higher HCOOH 

pressures due to an HCOOH-derived intermediate saturating the surface of the catalyst. 

The introduction of H2 in the reactant stream found that the dehydrogenation rate was 

independent of the concentration of H2, concluding that H* and HCOOH-derived 

intermediates do not compete for active sites. 

A reaction mechanism for the HCOOH dehydrogenation on a Pd/SiO2 catalyst was 

proposed based on the combination of in-situ infrared spectroscopy, isotope, and kinetic 

studies. The reaction mechanism proposed included a HCOOH*-mediated pathway. 

HCOOH is directly adsorbed to the surface of the Pd catalyst as HCOOH*, where both 

H’s are simultaneously cleaved to form H2 and CO2. The amount of Pd loaded onto the 

SiO2 support significantly affected the dehydrogenation turnover rates. The Pd/SiO2 

catalyst increased the dehydrogenation turnover rate by a factor of 3 when the loading 

was decreased from 1% to 0.1% wt. Additionally, at low-temperature conditions, the 
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Pd/SiO2 catalyst demonstrated dehydrogenation turnover rates of the same magnitude 

as a Pt catalyst and at even smaller loading near the same magnitude as a highly-

dispersed Au catalyst. Overall, Pd/SiO2 has been shown to be an effective catalyst for 

HCOOH dehydrogenation for its potential use as a liquid H2 carrier in parallel with H2 fuel 

cells. 

 

4.2. Future Work 

Future research is required to understand the extent of particle size effects on the 

Pd/SiO2 catalyst. The combination of TEM and CO chemisorption will be utilized to 

quantitively determine the dispersion and particle sizes of the 0.05%, 0.1%, and 1% wt. 

Pd/SiO2 catalysts. In addition, the particle sizes of a 1% wt. Pd/SiO2 catalyst will be 

calculated before and after oxidative treatment to determine how the ex-situ treatment 

affects the average particle size. In-situ infrared spectroscopy will be used with the SiO2 

support under HCOOH flow to understand which HCOOH-derived species are adsorbing 

to the surface of the support. This will provide insight into whether SiO2 is affecting the 

number of active sites observed in TPD experiments. In-situ infrared spectroscopy will 

also be used with the Pd/SiO2 catalyst at higher temperatures (>400 K) to observe if there 

are any differences in the surface species observed. Lastly, for this research, future work 

will also extend to DFT calculations to corroborate the experimental results. This will 

provide further insight into how HCOOH is decomposing on the surface of the Pd catalyst. 

This research focused on the dehydrogenation reaction of the hydrogenation-

dehydrogenation cycle of utilizing HCOOH as a potential H2 carrier. With an efficient 

catalytic system, HCOOH can be used as a method to successfully establish a carbon-

neutral renewable energy source. The hydrogenation part of the cycle (CO2(g) + H2(g) → 

HCOOH (g)) is more thermodynamically unfavorable (ΔG298K = +48.4 kJ mol-1)12, 

requiring the development of an effective catalytic system to allow H2 to react with CO2. 

Developing this system will close the CO2 cycle, minimizing the CO2 emissions 

contributing to overall greenhouse gas emissions. 
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