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Abstract
Solid-state hydrogen storage technologies are the most viable options for mobile vehicular applications
mainly due to their compactness and safety as compared to compressed gas or liquid hydrogen tanks.
However, each of the two groups classified as solid-state storage methods suffers from limitations. On the
one hand, physisorption has extremely low storage capacity at near ambient temperature because of the
low enthalpy of hydrogen sorption, but it is reversible. On the other hand, chemisorption has high heat of
hydrogen binding ensuing significant uptake capacity associated with irreversibility at moderate
temperatures, which necessitates providing heat to release absorbed hydrogen. Hence, developing
intermediate technologies, integrating promising properties of both groups, has primary importance to
realize hydrogen economy. Dihydrogen complexes are well known for their ability to reversibly interact
with H2. Transition metal complexes with an unsaturated metal center are among compounds interacting
with H2 through so called Kubas interaction. This kind of interaction involves side on donation of
hydrogen σ bond electrons to an empty d-orbital of the metal center subsequently stabilized by back
donation from the filled d-orbitals to the σ* orbital of H2. Such materials attract hydrogen with an
enthalpy intermediate between that of physical and chemical sorption (ca. 60-85 kJ/mol for stable
transition metal complexes and 15-40 kJ/mol for the weakly bound dihydrogen systems at high pressure).
The major drawback of such systems is the redundant weight imposed by co-ligands which are necessary
to arrest dihydrogen structure and prevent bond rupture. This, in turn, adds to system weight which
reduces the overall uptake capacity. Dihydrogen complexation is the first step in H2 activation process by
metal complexes. In other words, any hydrogenation catalyst potentially can form dihydrogen complex.
Pioneering works on H2 activation by Halpern and coworkers introduced Cu(II) complexes (e.g. cupric
acetate) as active catalysts able to heterolytically break dihydrogen via homogeneous mechanism. These
complexes were able to reduce more reactive materials such as Cr2O72- or para-benzoquinone but not less
reactive olefins. Halpern deduced in the latter case that the reverse reaction producing the initial complex
and dihydrogen defeats hydrogen transfer from the hydride to the substrate. This was the incentive for the
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current study, that is these materials react with dihydrogen in a reversible manner and further they are
lighter than conventional Kubas compounds. This entices seeking a way to stabilize dihydrogen
complexes of such compounds at reasonable conditions for use as a storage medium. Recently,
researchers have come up with a novel technique called nanoconfinement to alter thermodynamics and/or
kinetics of chemical hydrides. Based on this method, reducing the size of storage medium to nm range via
its confinement in porous scaffolds could alter its behavior. This is mainly due to increased surface
energy induced by decreasing the particle size that renders molecules more reactive. Moreover,
nanoconfinement could arrest dihydrogen structure by steric hindrance as it does not let proton and
hydride separate enough upon H2 cleavage. Therefore, the goal of this study was to employ nanoporous
carbon scaffolds as a host for nanosized, lightweight, under-coordinated Cu complexes in order to tailor
their behavior so that they reversibly interact with H2 at ambient temperature. This novel class of storage
media offers benefits from both ordinary chemisorption and physisorption systems at the same time.
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1 Background
1.1

Introduction

Hydrogen is a zero-emission energy carrier produced in several different ways, including, electrolysis,
and steam reforming of methane as well as through biochemical routes. The increase in the world energy
demand and the exhaustion of petroleum reservoirs have led to the current interest in renewable energies.
Such energy resources should be environmentally clean, low cost and easy to transport. Among different
candidates, wind, solar, geothermal, biomass, nuclear, and hydrogen energy, the latest is the most
attractive option for vehicular applications since it offers the highest energy density per unit mass and
burns cleanly producing only water when oxidized in a fuel cell. To implement the so called hydrogen
economy, one has to overcome the storage and transportation barriers [1-4].
As mentioned, one of the barriers towards realization of hydrogen economy is the efficient and safe
storage of enough amounts of hydrogen in hydrogen-powered vehicles so that it has comparable range to
modern gasoline vehicles. A gasoline powered internal combustion engine (ICE) motor vehicle requires
about 46 L of gasoline (1450 MJ) for 483 km distance. Since hydrogen powered fuel cell vehicles (FCV)
have twice the efficiency of ICEs, they require half the energy for the same distance, 725 MJ. As the
energy content of one kilogram hydrogen is approximately equal to one gallon gasoline (3.78 L), then
roughly 6 kg hydrogen has to be stored on-board to power for the same range. Assuming a density of
0.089 g/L (STP), 68 m3 of hydrogen has to be stored which equals a 5 m diameter spherical tank (look at
Figure 1-1 for the phase diagram of hydrogen). This size is pretty large and could easily enclose an
ordinary car. This simple calculation indicates the necessity of using extremely high pressure (>350 bar),
very low temperature (~ 20 K) or otherwise solid-state hydrogen storage. Even at 700 bar, the volumetric
energy density of hydrogen is about six times less than that of gasoline. In terms of cost, such high
pressure or very low temperature operation requires expensive equipments compared to rather cheap
plastic gasoline tanks. Additionally, their volumetric energy density (5.6 MJ/L for compressed hydrogen
1

at 700 bar and 8.5 MJ/L for liquefied hydrogen) does not meet the USDOE targets. It has to be mentioned
that liquefaction requires 1/3 of stored hydrogen energy, which significantly reduces the overall
efficiency. This makes the development of solid-state hydrogen storage technologies unavoidable [4].

Figure 1-1. Phase diagram for hydrogen. The melting and liquid-vapor equilibrium lines are drawn in bold. The critical
point and the triple point are both labeled. Constant density contours are shown in thin lines [5].

1.2

DOE targets

To limit the expanse of research on hydrogen storage, The US Department of Energy (DOE), in
consultation with the US Council for Automotive Research (USCAR) has set a list of requirements for a
viable hydrogen storage technology as summarized in Table 1-1 [6]. Some of these targets and
requirements are more challenging including:
a. Acceptable storage capacity
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b. Favorable thermodynamics with a reversible uptake at near ambient temperature and reasonable
pressure
c. Fast adsorption/desorption kinetics
d. Good cycling behavior
Currently, none of the available technologies meets all the mentioned requirements. Briefly, those with
enough capacity have unfavorable thermodynamics and kinetics and vice versa. This necessitates
discovery of new technologies capable of meeting these targets.
Table 1-1. Summary of onboard hydrogen storage targets for light-duty fuel cell vehicles.

Targets
Storage parameter

Units
2017

Ultimate

kWh/kg

1.8

2.5

wt. % H2

5.5

7.5

kWh/L

1.3

2.3

g H2/L

40

70

C

-40/85

-40/85

Operating pressure

Bar (min/max)

5/12

3/12

Kinetics; charging/discharging time for 5 kg H2

min

3.3

2.5

Kinetics; charging/discharging rate

kg H2/min

1.5

2

System Cost

$/kg H2,stored

400

266

Cycle life

Cycle

1500

1500

Gravimetric uptake capacity
Volumetric uptake capacity

Delivery temperature

1.3

◦

Candidate hydrogen storage materials

As shown in Figure 1-1, in the narrow region between the triple point (13.8033 K, 7.041 kPa) and the
critical point (32.938 K, 1.2858 MPa), hydrogen exists as a liquid with a low boiling point around 20 K.
The storage of liquid hydrogen in a closed vessel suffers from the safety issue caused by continuous boil3

off leading to pressure build-ups as high as 10,000 bars. Furthermore the low temperature required for
liquid hydrogen storage reduces the overall energy efficiency. Above the critical temperature which is
pretty low compared to other gases (33 K), hydrogen could not be liquefied by increasing pressure. From
Figure 1-1, at room temperature, pressures over 1000 bar are required to obtain high enough volumetric
energy densities of the order of liquid or solid phases. Although this is possible using carbon fiber
reinforced gas cylinders, it is expensive and unsafe for onboard vehicular application [7]. Because of
these shortcomings, hydrogen storage in its pure form does not show much prospect and major research is
targeted towards solid-state methods. Below, we will briefly explain storage technologies lying in this
category. Also, for a comparison of different hydrogen storage techniques, one may refer to Table 1-2 [8].
1.3.1

Metal hydrides

Metal hydrides simply form via the reaction between metals (or alloys) with dihydrogen molecule
according to equation 1:

 +  ⇌ 
2

(1)

where M is the metal or alloy. The sorption process shown in equation (1) is an example of
chemisorption, which is generally an activated process. This results in a slow kinetics which is due to
energy barrier or the so called the activation energy. If this energy barrier is large, the dihydrogen
molecule has to be activated (ruptured) either by means of applying high temperatures or using a catalyst
[9].

4

Table 1-2. Comparison of available hydrogen storage methods [8].

Method

Compressed gas

ρm
(wt%)

ρv (kg m-3)

T (◦C)

p
(bar)

Room
13

< 40

Compressed hydrogen gas stored
800

temperature
Liquid hydrogen
in cryogenic tank

molecularly

Varies

Liquid hydrogen stored molecularly,
70.8

-252

1

by size

continuous loss of a few % per day
Fully reversible molecular hydrogen

Physisorption
materials

Description

≈2

20

-196

100

adsorption on high surface area
porous sorbents
Atomic hydrogen intercalates

Interstitial metal

Room
≈2

150

hydrides

1

interstitial sites of a heavy

temperature
metal/alloy, reversible
Complex compounds including

Complex hydrides

alanates, borates and amines,
< 18

150

> 100

1
adsorption at high pressure,
desorption at high temperature

Metal hydrides are classified as interstitial and structural metal hydrides. The former is a class of metal
hydride, in which crystal geometry does not change upon hydride formation. Examples include PdH and
LiNi5Hx. On the other hand, structural metal hydrides exhibit expansion/contraction during hydrogen
absorption/desorption cycles, respectively. Of those MgH2 and AlH3 can be mentioned. Metal hydrides
suffer from either low gravimetric density or poor thermodynamic properties that limit their application in
vehicular storage systems. For instance, while MgH2 has adequate gravimetric density (7.7 wt. %), it
suffers from excessive enthalpy of adsorption (~ 70 kJ/mol H2) necessitating high temperatures for
5

hydrogen desorption. On the other side of the coin, those such as vanadium hydride having favorable
thermodynamics, suffer from low gravimetric density (3.8 wt. % with ~ 40 kJ/mol H2). Therefore, none of
the metal hydrides meets all the DOE targets. Furthermore, since almost all the possibilities have been
investigated, there is no prospect to achieve this goal.
1.3.2

Complex hydrides

A complex hydride is a compound composed of a metal cation and an anion in which hydrogen is
covalently bonded to a central element such as aluminum, boron or nitrogen. Examples include
borohydrides, alanates and amides of light alkali or alkaline earth metals. These compounds have high
gravimetric and volumetric density. For instance, lithium borohydride (LiBH4) can accommodate 18.5 wt.
% and 120 g H2/L of hydrogen, theoretically. The main issue associated with these materials is that they
generally have poor kinetics and/or thermodynamics unless a catalyst or some kind of destabilization
enhances these properties. Destabilization through confinement in nanoporous scaffolds is further
discussed later in this chapter.
In contrast to metal hydrides, in which atomic hydrogen absorbs onto and desorbs from interstitial sites
without affecting the metallic lattice, desorption from complex hydrides is associated with complete
decomposition. In these compounds hydrogen liberation is a multistep process leading to the formation of
binary hydrides that are stable and restrain part of the total storage capacity [10-11].
1.3.3

Chemical hydrides

Similar to complex hydrides, chemical hydrides contain hydrogen in the form of covalently bonded
hydrogen atoms in solid or liquid phase. There are a couple of paths to desorb hydrogen including thermal
decomposition, hydrolysis and catalytic dehydrogenation. However, they are generally not reusable
onboard fuels and the dehydrogenation product has to be regenerated off-board. The major drawback of
chemical hydrides is the high stability of dehydrogenation products which makes regeneration process an
energy intensive process. Additionally, complicated implementation of such systems as onboard fueling
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method and the high cost associated with that, reduces the prospect for these materials. Ammonia borane
is the major example in this group, a colorless solid with 19.4 wt. % hydrogen storage capacity [12-13].
1.3.4

Porous sorbent materials

Imagine a surface onto which both physisorption and chemisorption is possible (e.g. a metal surface).
Then a graph of potential energy versus hydrogen-surface separation takes the form shown in Figure 1-2.
Physisorption (point A) is caused by weak Van der Waals forces between the surface and hydrogen
molecules. It is composed of a repulsive and an attractive force that totally gives rise to a shallow
minimum in potential energy occurring at approximately one molecular radius separation with a potential
energy roughly around 1-10 kJ/mol H2. Such small energy is not sufficient for bond rupture and leads to
molecular hydrogen adsorption. Physisorption is not an activated process and consequently does takes
place with a fast kinetic. Hydrogen storage by physisorption is typically conducted between 77 K and
room temperature, and since this temperature is higher than the hydrogen critical temperature, no
multilayer adsorption will take place and the isotherm is of type I in IUPAC classification [14]. The
minimum at point B corresponds to potential well of a chemisorptive interaction. Such interaction is
generally an activated process with activation energy, Ea. This interaction is what happens in the case of
hydridic materials discussed in the previous sections.

7

Figure 1-2. Schematic of physisorption and chemisorption of H2 onto a surface [3].

Sorptive materials (sorbents) are generally porous materials with high surface area that interact with
hydrogen thorough physical weak interactions. Thus, hydrogen interacts with the surface of these
materials largely in molecular form. The leading sorbents attracting the most attention are carbogenic
materials and metal organic frameworks (MOFs).
Carbon nanomaterials are attractive candidates for hydrogen storage as they have high specific surface
area, high microporosity, and light weight. Carbogenic materials span a wide range of materials with
different geometries and structures including fullerenes, nanotubes, nanofibers, activated carbons and
carbogenic molecular sieves. These materials could be prepared with a broad diversity of compositions,
surface areas, surface properties and pore structures. Consequently, they offer good tunability for different
applications including hydrogen adsorption [15-16]. Generally, based on Chahine’s rule, the maximum
adsorption capacity of carbon nanostructures correlates with their specific surface area. For example, at
77 K, the estimation is 1 wt. % increase in hydrogen adsorption per every 500 m2/g BET specific surface
area. So, a carbogenic nanostructure with 2000 m2/g exhibits a maximum absorption of 4 wt. % at 77 K
(Figure 1-3) [17].

8

Figure 1-3. Hydrogen storage capacity of different carbon nanostructures vs. the specific surface area at 77 K and room
temperature. The slopes of the lines are 1.91×10-3 and 0.23×10-3 wt.% g m-2, respectively [17].

Carbon sorbents are produced via pyrolysis of natural or synthetic organic molecules at elevated
temperatures under inert gas flow. Synthesized carbon material is mostly activated to further enhance the
surface area. This could be done through several different techniques such as using water vapor or CO2 to
further open up the pore structure. Activation consumes a significant portion of the initial material and
leaves a porous material with surface areas as high as 3000 m2/g [18].
In an attempt to increase the surface area of porous carbon, even beyond that of ordinary activated
carbons, and also control their pore structure, researchers have introduced templated carbon materials.
These ordered nanostructureed carbon materials can be synthesized via hard or soft templating. In the
former, carbon precursor is impregnated into the pore structure of a template such as zeolite and then
pyrolized. After pyrolysis, the template has to be washed away (e.g. using HF). In the other technique, a
bunch of molecules work as the template, around which carbon precursor accumulates. Upon pyrolysis,
the template decomposes leaving an ordered porous structure behind (Figure 1-4).
The low adsorption enthalpy of pristine carbon materials has motivated scientists to introduce different
heteroatoms into the structure of carbon materials via decoration, doping or intercalation. These include
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for example incorporation of platinum or palladium nanoparticles into the carbon structure to induce the
so called hydrogen spillover phenomenon [19-20]. Other techniques include doping carbon nanostructures
with light heteroatoms such as nitrogen and boron shown to modify both the surface potential by
disturbing electron density on the graphene layers and also enhance the surface area by inducing bowed
structure in graphitic layers, the so called turbostratic structure. Finally, intercalation of alkali metals into
the graphitic structures enhances the interlayer spacing between graphene layers and increases the heat of
adsorption. However, synthesis of these compounds is difficult and they form hydrides after a couple of
adsorption cycles. As will be more discussed later in this chapter, the trend of future research is toward
finding routes to decrease the number of metal atoms in nanoparticles with high stability to maximize the
storage density.

10

Figure 1-4. Schematic of Hard (a) and soft (b) templating [18].
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Metal Organic Frameworks (MOFs) are repeating coordination structures made up of metal ions/clusters
coordinated to organic ligands (called struts) forming a porous crystalline structure. With their rather
simple tunability, by changing the metal center and/or organic linkers, one can achieve a very high
surface area which is crucial in hydrogen storage. Furthermore, by such tuning, we can alter MOF surface
properties and adjust them to the desired application. Several great reviews and books are available on
MOFs and their applications in hydrogen storage [21-24].
Once again, the major barrier towards the application of sorptive materials for hydrogen storage
applications is their low sorption enthalpy which leads to the low storage capacities at near ambient
temperature. General strategies to increase the enthalpy of interaction include doping by heteroatoms (e.g.
boron or nitrogen doped carbon), surface modification (MOFs with exposed metal sites like Cu-BTC) or
tuning the pore structure including pore aperture, pore size and pore geometry. Here we adopt introducing
hetero-moieties into carbon nanostructure.

1.4

Hydrogen storage variables

Solid-state storage materials discussed in the previous sections could be broadly divided into two groups:
absorption (chemisorption) materials and adsorption (physisorption) materials. The former interacts with
dihydrogen in a dissociative manner, while the latter interacts with hydrogen molecularly. This in turn
results in different binding energies of hydrogen in these categories, with absorption materials interacting
more strongly with hydrogen. In addition, in order to accommodate the difference in interaction nature,
the procedure for evaluating storage properties should be different in each category. In the following
sections, we will briefly explain variables measured generally in evaluating hydrogen storage materials
and such differences to account for different nature of interaction.
1.4.1

Gravimetric and volumetric density

Hydrogen storage capacity could be defined as the amount of hydrogen stored per unit mass (gravimetric)
or per unit volume (volumetric) of either the storage material or system. Alternatively, lower heating
value (LHV) of hydrogen equal to 120.2 MJ/kg H2 could be used to convert gravimetric or volumetric
12

capacities to energy based quantities. Figure 1-5 shows a schematic of different gravimetric capacities
defined on an ad(b)sorption isotherm. Capacity could be defined on different bases including the storage
material or the storage system. In respect to capacity definition, the former has total weight (volume) of
storage material as the denominator, while the latter has the total system weight (volume) as the
denominator. By system, we mean all the necessary parts and equipments including pumps, heat
exchangers, pressure regulators, valves, etc [4]. Furthermore, there are excess and absolute storage
capacities. Simply, the surface excess is the amount adsorbed on a surface beyond the bulk concentration.
This quantity is what we measure experimentally. Equation (2) is used to convert the excess amount to an
absolute amount:




=  +   (2)

where Va denotes the volume of the adsorbed layer. After some algebraic manipulation:
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Figure 1-5. Depiction of different gravimetric capacity definitions; the figure not only applies to sorbent based materials
but also to other systems [4].

Figure 1-6. Conceptual depiction of Gibbs surface excess and absolute uptake. The dashed line indicates Gibbs dividing
surface which separates adsorbed layer from the bulk phase [25].





=



1 − 
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(3)

where ρa is the adsorbed phase density (estimated using van der Waals covolume). The conceptual
depiction and isotherm for the absolute and the excess sorption are represented in Figures 1-6 and 1-7,
respectively [25].
Due to the mandatory minimum working pressure in fuel cells (denoted as practical Pmin), there is a usable
capacity which rules out a residual or unusable amount from total absorbed amount. Due to the
complicated calculation of system-based total uptake, generally, material-based uptakes are reported.

Figure 1-7. Absolute versus excess sorption [25].

1.4.2

Adsorption enthalpy

Thermodynamic properties (i.e., enthalpy and entropy change) of absorption materials are typically
evaluated using the van’t Hoff equation stated as:

∆ ° # ∆& ° #
  ! =
−

$%
$

(2)

where P and T are pressure and temperature of the system at equilibrium, respectively, P0 is the standard
pressure (1 bar), R is the universal gas constant, and ∆H◦ and ∆S◦ are the enthalpy and entropy change of
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absorption in the standard conditions, respectively. This equation comes from the equivalence of free
energies between the gas and the adsorbed phases. Consider the system depicted in Figure 1-8.
Equivalence of Gibbs free energies in the two phases gives
'

#(

= ')



(3)

And hence
*'

#(

− *')



=0

(4)

Where Gabsorbed and Ggas are absorbed and gas phase Gibbs free energies, respectively. Substituting the
equivalent terms:

Figure 1-8. Depiction of simplified hydrogen absorption system [26].
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From there, since solid phases are incompressible and their free energies has almost no dependence on
pressure,
2 /'
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(6)

The derivative in equation 6 equals the gas molar volume. Therefore
2

∆' ° # = - 67 /
23

(7)

For an ideal gas
2

=-

$%
/
23 

(8)
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°

#

And finally

Algebraic manipulation and inserting the definition of Gibbs free energy lead to van’t Hoff equation
(Equation 2). Equation 2 has been demonstrated to hold reasonably for hydrogen at pressures below 100
bar and temperatures above 200 K. The pressure and temperature used in van’t Hoff equation represent
equilibrium values. In chemisorption materials, isotherms exhibit a flat plateau, shown in Figure 1-8. This
plateau corresponds to equilibrium condition where the change in Gibbs free energy is zero.

Figure 1-9. Pressure-composition isotherms (left) and van’t Hoff plot (right) for absorption materials [26].
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Although the van’t Hoff equation applies to any equilibrium between gas and condensed phases for both
absorption and adsorption materials, it is conventional to use Clausius-Clapeyron equation to describe the
thermodynamics of physisorptive materials. In order to derive this equation we start from equation (4).
Substituting Gibbs energy changes by differential values
)  * − &)  *% = 

(#( *

−&

(#( *%

(10)

From ∆S = ∆H/T and using equation (10)
* &)
=
*% )

−&
−


(#(

(#(

=

∆(#<=
%∆

(11)

where ∆Hdesorption = Hgas – Hadsorbed, ∆V = Vgas – Vadsorbed, and T is the equilibrium temperature. To simplify
Equation (11), the volume of the adsorbed phase is assumed to be negligible as compared to the gas
volume (∆V ≈ Vgas). This assumption holds for pressures below 100 bar and temperatures above 77 K.
Moreover, assuming the ideal gas approximation for Vgas
*:() ∆(#<=
=
*%
$% 

(12)

which is the Clausius-Clapeyron equation. Again, one has to consider the assumptions behind this
equation. Such assumptions are applicable to hydrogen gas at the temperature and pressure ranges set by
the USDOE (Figure 1-10). Generally, ∆Hdesorption values depend strongly on surface coverage but are
almost independent from temperature. Therefore, these values are basically defined along isosteres, which
are constant surface coverages. Such enthalpy values are called isosteric heat of adsorption. The other
limitation of Clausius-Clapeyron equation is its applicability to vapor-liquid equilibrium where there is a
distinct boundary separating the two phases. However, in the gas-adsorbed phase equilibrium, such
discernible boundary is absent (Figure 1-11). This behavior gives rise to the definition of absolute and
excess adsorption, mentioned previously. Since the excess adsorption amount is the quantity that is
measured experimentally, excess isosteric heats are typically reported for both theoretical and
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experimental studies. These values usually lie between 4-20 kJ/mol, indicative of weak binding strength
in these materials.

Figure 1-10. Ideal and real gas density versus pressure at 77 K and room temperature [27].

Figure 1-11. Schematic representation of phase boundaries in vapor-liquid and gas-adsorbed phase equilibriums [26].

The other model generally used for describing the heat of adsorption is the Henry’s law, which is
applicable to very low surface coverages. In this condition, there is no competition between adsorbate
molecules to fill the adsorption sites. Moreover the interaction between the molecules in the adsorbed
phase is absent. In such a situation, one can correlate the amount adsorbed on the surface with gas phase
pressure or concentration in a linear manner,
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lim

<→

*
=C
*B

(13)

where na is the amount adsorbed, p is the partial pressure of adsorbate in the gas phase, and K is the
Henry’s law constant. Since the Henry’s constant is a thermodynamic equilibrium constant for adsorption
process, the temperature dependence should obey the van’t Hoff rule
∆6

C = C D EF0

(14)

where ∆H represents the enthalpy change for the adsorption process from the gas phase. This equation is
equivalent to
∆ = −$% 

*(C)
*%

(15)

and this is the equal to isosteric heat of adsorption at zero surface coverage. At higher surface coverages,
the interactions between the adsorbed molecules are not negligible anymore and also there is competition
for adsorption sites. Both these effects translate into adsorption isotherm curvature and deviation from
linearity. This further translates into variation in the heat of adsorption with loading.
The hydrogen binding energy spans a wide range from weak, non-dissociative physisorption caused by
Van der Waals forces (starting at ~ 4 kJ/mol H2), to a strong C-H chemical bond as in methane with an
energy around 400 kJ/mol. Between these two limits, there exists three important classes with an
intermediate binding energy. These include: (i) porous materials with stronger binding energy due to
enhanced Van der Waals forces (e.g., boron-doped carbon), (ii) Sigma dihydrogen complexes exhibiting
Kubas interaction, (iii) and reversible chemisorption of atomic spilt-over hydrogen onto support materials.
According to analysis from Bhatia and Myers, for ambient temperature systems operating between 1.5
and 30 bar, the optimal adsorption enthalpy should be close to 15 kJ/mol [28].
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1.4.3

Determining the storage capacity

For light adsorbates like hydrogen, volumetric methods work the best for uptake capacity measurements.
Volumetric methods consist of measuring the pressure change upon expansion of the gas from a known
volume to a space containing the sample. Sample holder volume is measured using helium gas expansion.
Although these techniques seem very simple, there are many difficulties associated with them. One major
problem is evaluating the volume of sample holder by helium gas expansion. Malbrunot and coworkers
have demonstrated such measurements can lead to erroneous values due to non-negligible He adsorption
[29]. Other errors arise from temperature fluctuations as a result of either gas expansion or due to external
thermal fluctuations. This translates into major errors when limited amounts of sample are used for
experimentation. In such cases, the error in hydrogen capacity evaluation is of the same order of
magnitude as the capacity [30].

1.5
1.5.1

Kubas binding
General properties of Kubas compounds

When H2 molecule approaches a coordinatively unsaturated transition metal center, four possible
situations might happen (Figure 1-12): (i) There is no interaction between H2 and the metal center. (ii)
Almost intact H2 molecule binds to the metal center. (iii) The dihydrogen homolytically cleaves on the
metal center and forms a dihydride complex. (iv) The dihydrogen heterolytically cleaves on the metal
center and forms a metal hydride with loss of H+. The first step in any activation process, either
heterolytic or homolytic, is dihydrogen formation (shown as η2-H2) [31].
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Figure 1-12. Possible outcomes of H2-metal interaction in a metal complex [31].

Dihydrogen complexes generally contain one (and rarely more than one) dihydrogen molecule chemically
bounded to a transition metal center. Dihydrogen complexation in these compounds is through a side-on
(η2) interaction, shown in Figure 1-13. Upon complexation, the formal oxidation state of the metal center
or charge on the molecule does not change. The bonding in dihydrogen complexes is described by
similarity to Dewar-Chatt-Duncanson (DCD) model for π complexation. In DCD model, the π electrons
of alkene double bond are partially donated to an empty d-orbital of a metal center. Then backdonation
from the filled d-orbital to the π* orbital of the alkene prevents the bond rupture and stabilizes the alkenemetal complexation. In a similar fashion, in dihydrogen complexes electron donation from the σ bonding
orbital of H2 molecule to an empty d-orbital of the metal center and backdonation from the filled d-orbital
to the σ* orbital of dihydrogen molecule gives rise to the formation of a dihydrogen complex. In this case,
unlike π complexes, donation takes place by sharing main bonding electrons and if either of donation or
backdonation processes occurs strongly, it will lead to molecular rupture. The more backdonation
happens, the higher hydridic character we observe in the synthesized complex. This could be an effect of
excessive electron density on the metal center tunable by both changing the metal center and/or ligands
connected to it [32-35].
The formation and stability of dihydrogen complexes depend on different parameters including the nature
of the metal center, the other coordinating ligands and the total charge on the complex. In this regard, first
row transition metals, electron withdrawing ligands and also overall positive charge favor less
backdonation, and so molecular H2 binding. Either reduced donation or backdonation favor dihydrogen
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sigma interaction. Therefore, in the periodic table from the left to the right, and from the top to the
bottom, the backdonation ability increases and the sigma bond cleaves to form a hydridic complex. The
trans ligand has a profound effect; for instance, strong π-acceptors like CO reduce the backdonation and
favor shorter H-H distance. Strong σ-donors like hydride, also favor shorter H-H distance since they
reduce σ donation by the H2 molecule. The effect of cis ligand is less profound as the orbitals are
independent. Finally, positive charges on the metal center favor side on dihydrogen binding while
negative charges promote bond rupture through oxidative addition [36].

Figure 1-13. Sigma dihydrogen bonding [35].

1.5.2

Dihydrogen bond characterization

In this section we will briefly describe the techniques mostly used for characterizing the degree of H-H
bond activation [31].
(i)

Neutron diffraction: Single crystal x-ray diffraction and single crystal neutron diffraction are the

two major methods used in characterizing the three-dimensional structure of molecules. X-ray diffraction
generally requires smaller crystals and is more available. Hence, it is generally used for the
characterization of three-dimensional structures of most compounds. However, this technique relies on
the way x-ray is diffracted by the electron clouds of constituent atoms. Since hydrogen atoms have only a
single electron it is not easy to locate them by x-ray diffraction. Neutrons are scattered by nuclei and
hydrogen atoms have the largest neutron diffraction cross-section amongst all the elements. Therefore,
single crystal neutron diffraction is the method used to locate hydrogen atoms.
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(ii)

1

H solid-state NMR studies: The NMR coupling constant between two different atoms A and B,

JAB, is related to the extent of interaction between those atoms (Figure 1-14). Non-interacting atoms have
JAB values close to 0 Hz. The maximum value of JAB is associated by chemically bonded atoms. Similarly,
JHD coupling constant is a measure of hydrogen-deuterium (H-D) interaction in η2-HD complexes. The
JHD value for HD gas is 43.2 Hz. The weakening of H-D bond induced by binding to a metal center gives
rise to lower JHD values. Maltby introduced a relationship correlating this value with H-H bond length,
dHH:
/66 = 1.42 − 0.0167H6I

(16)

where dHH is the H-H bond distance in Å and JHD is in Hz [37].

Figure 1-14. Schematic NMR spectra for (a) dihydrogen complex with a broad peak (b) HD substitution with three equal
sharp peaks. JHD, the HD coupling constant, is proportional to the negative of hydrogen-hydrogen distance and is absent
in the absence of dihydrogen bonding [26].

(iii)

Infra-red spectroscopy: In infra-red (IR) spectroscopy, the changes in molecular dipole moment

as the atoms are vibrating in a molecule are considered. This is in fact the criterion of IR activity in a
molecule. Essentially, molecular dipole moment depends on the magnitude of charge difference and the
distance between the two charge centers. Free H2 molecules vibrate with no change in their dipole
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moment. However, when H2 molecules are situated close to a surface they become polarized and
molecular vibration leads to oscillating dipole moment. Thus, by measuring the IR spectra of perturbed
H2 adsorbed onto a surface, one can obtain valuable information about different binding sites. Moreover,
the binding energy of each site can be measured from isobaric temperature dependence of the
corresponding IR bands. Studies on metal organic frameworks and Cu(I)-exchanged zeolites show a redshift as large as 1000 cm-1 when Kubas interaction is present as compared to systems where hydrogen
interacts thorough pure physisorption. Generally, for stronger interaction one observes larger
bathochromic shift (Figure 1-15) [36, 38].

Figure 1-15. IR spectra of H2 adsorbed on Cu(I)-ZSM-5 (right) and Na-ZSM-5 (left) (previously outgassed for 1 h at 773
K) as a function of the temperature at nearly constant gas phase equilibrium pressure (3 kPa) [38].

(iv)

Raman spectroscopy: Another powerful tool for probing adsorbate-adsorbent interactions is

Raman spectroscopy. To discriminate the nature of interaction, one has to detect the changes in the
vibrational and rotational transition energies of the adsorbed hydrogen compared to free standing H2
molecules. For example, Centrone and coworkers found that on MOF-5 Raman spectra of adsorbed H2
red-shifts compared to free H2 spectra (Figure 1-16) [39]. As with IR spectroscopy, the magnitudes of
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these shifts correlate with the interaction strength. Therefore, weakly bound dihydrogen molecules exhibit
slighter shifts in their peak position as compared to strongly bound molecules.

Figure 1-16. Raman spectra of hydrogen as a free gas and in the presence of MOF-5 at room temperature and 30.3 bar
pressure [39].

1.5.3

Kubas interaction in hydrogen storage

Although known for rather long time, Kubas interaction was only recently identified as a possible route
for hydrogen storage. The first instances included MOFs and Prussian blue analogs with unsaturated
metal centers. These materials had an isosteric heat of adsorption higher by roughly 2 kJ/mol H2,
compared with that of similar materials without unsaturated metal centers. The nature of interaction is an
arrested absorption which leads to an optimum thermodynamics exhibited by these systems. In Kubas
materials we have both advantages from physisorption materials including fast kinetics and good cycling
behavior associated with sorptive materials, and high enough heat of interaction (up to ~ 50 kJ/mol H2)
associated with chemisorption materials. These properties are further tunable by changing the metal
center and/or the ligands.
To improve physisorption in porous sorbent materials, both total surface area and binding enthalpy has to
be increased compared to ordinary materials like porous carbons. However, recent work on metal organic
frameworks and attaining surface areas beyond 5000 m2/g has shown that not only such high specific
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surface areas are not enough for improving the storage capacity near ambient temperatures, but they even
do not have as much adsorption capacity as some carbon materials with nearly half the specific surface
area. For instance templated porous carbon materials with a specific surface area of around 3000 m2/g
have shown a gravimetric density of 8 wt. % at cryogenic temperatures. On the other hand, MOF-177
with twice the surface area only accommodates 7.5 wt. % of hydrogen at the same temperature [40]. This
implies the importance of binding enthalpy. Application of partially coordinated light metal complexes
associated within the structure of nanoporous materials is a promising way to enhance the hydrogen
binding energy. However, experimental works on such systems are almost absent in the literature. Here,
we summarize some of the experimental work on nanoconfined metal systems intended for Kubas type
hydrogen storage and also attempts to prepare metal decorated carbon nanostructures. Systems based on
polymeric metal organic frameworks with exposed metal sites are summarized in section 1-7.


Zhang and coworkers prepared nanotubes decorated with transition metals by vapor deposition.

However, they were not tested for hydrogen storage. Using this technique, nanowires of Ti, Ni and Pd
were successfully fabricated. These had a diameter of < 10 nm and lengths of up to several microns.
Metals were decorated onto the nanotubes to enhance their conduction properties or coated onto the
nanotubes structure to fabricate a thin metallic layer. Due to weak interaction between the nanotubes
surface and metal atoms, this technique tends to create discrete metallic nanoclusters rather than separated
metal atoms. This reduces the available metallic surface for hydrogen sorption [41].


Tast and coworkers synthesized fullerenes doped with titanium, vanadium, niobium, and tantalum

using laser-assisted vaporization of metals. While they found that titanium and vanadium doped structures
are stable, niobium, and tantalum doping destabilizes the fullerene structure. These materials are
considered as possible hydrogen storage candidates; however no data is yet available [42].


Titanium oxide nanotubes were synthesized by different groups and their hydrogen storage

properties were investigated. These materials exhibit adsorption capacities of up to 3.8 wt. % at 77 K and
6 bar. However, large hysteresis was observed which was attributed to clatharate formation in the

27

structure. The complete desorption of hydrogen does not happen unless above 200 ◦C and the kinetics of
the system was very slow [43-45].


Hu and coworkers prepared and tested microporous and mesoporous titanium oxides with pore

sizes between 12 to 26 Å. In pristine micro and mesoporous samples, the titanate has empty d-orbitals and
thus it is not able to form a stable interaction with dihydrogen molecules. Nonetheless, when metal
centers are reduced using alkali metals or bis(toluene), a Kubas type interaction with dihydrogen sigma
bond becomes possible. This is due to facilitated π backdonation from the filled d-shell to the σ* orbital of
the dihydrogen molecule. They showed that reducing the pristine titanate by bis(toluene) titanium leads to
smaller surface area compared to those by lithium and sodium naphthalene. However, the hydrogen
uptake capacity of the former is higher indicating that surface area is not the only determinant factor in
uptake capacity. They showed that pristine samples exhibit pure physisorption indicated by low heat of
sorption that decreases with hydrogen loading. On the other hand, the reduced samples exhibited odd
behavior and their enthalpy of sorption increased with surface coverage. This suggests contribution from
other mechanisms other than pure physisorption, possibly Kubas binding. Further, they demonstrated that
decreasing the oxidation state of metal centers leads to increased adsorption enthalpy (8 kJ/mol for
bis(toluene)) [46]. In another study, it was found that microporous titanate treated by early transition
metal organometallic sandwich compounds stores hydrogen much more than pristine samples. It turns out
that the binding sites in these materials is a mixture of deposited metal fragments and reduced Ti metal
centers (mixture of Ti(III) and Ti(IV) determined by XPS) [47]. The increasing trend of adsorption
enthalpy was also seen in mesoporous titanate reduced by lithium and sodium fulleride [48]. As indicated
by Antonelli the reason behind such increase in adsorption enthalpy is not clear [49]. However,
calculations by Yildirim show that in Kubas materials adsorption enthalpy increases with dihydrogen
ligation [50]. One of the major problems with porous titanium oxides is the presence of un-reduced Ti
centers that are unable to bind hydrogen through Kubas interaction. Also there is the possibility that
reduced metal centers lie beneath the surface and are not able to interact with hydrogen. To overcome
these barriers, one can use silica as a lightweight support for Ti. By preparing tetrabenzyletitanium
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anchored on silica surface and outgassing at elevated temperatures under vacuum, undercoordinated
Ti(III) metal centers for Kubas interaction were prepared. They measured a storage capacity of 2.02 wt. %
at 77 K and 60 atm for 5 wt. % Ti doped silica, compared to 1.21 wt. % H2 for undoped silica. One of the
problems with these Ti systems is, they do not saturate at reasonable pressures and require even higher
pressure to reach their maximum capability. Again, the investigators observed a rising trend in adsorption
enthalpy to values around 20 kJ/mol compared to 3.5 kJ/mol for undoped silica [51-53].


Hoang and coworkers introduced nanocomposites based on mesoporous silica and

bis(cyclopentadienyl) chromium, bis(cyclopentadienyl) vanadium, and bis(benzene) vanadium. They
measured hydrogen uptake at 77 and 87 K and found the same trend of increasing isosteric heat of
adsorption observed previously in similar samples. They calculated a maximum heat of adsorption equal
to 18.43 kJ/mol for bis(cyclopentadienyl) chromium treated silica. However unlike benzyltitanium grafted
silicas which decompose over several weeks under inert atmosphere to finally lose their storage capacity,
chromium grafted samples retain their adsorption capacity even after 3 month under the same conditions
[54].


Hamaed and coworkers prepared mesoporous silica grafted with titanium, vanadium, and

chromium organometallic fragments. The metal center had an oxidation states between (II) and (IV).
They assessed the excess hydrogen uptake in these samples and found titanium shows superior behavior
in hydrogen adsorption. They reported benzyl titanium(III) and bis(naphthalene) titanium fragments
grafted onto silica can accommodate up to 4.85 and 4.74 H2 per Ti metal center, respectively [53].


Mai and coworkers prepared cyclopentadienyl chromium hydrazide gels. The amorphous product

has undercoordinated chromium metal centers in its structure; hence it could be utilized as a substrate for
Kubas binding. They measured the enthalpies of interaction ranging from 10 to 45 kJ/mol. They also
showed a reversible linear isotherm that does not show saturation even at 80 bar. Such distinct behavior
makes them unique and different from both chemisorption and physisorption materials. In this regard,
they are considered as weak chemisorption materials. They also found optimized values of 0.4 and 0.97
H2 adsorbed per metal center at 298 and 77 K, respectively. In conclusion, they suggested the rising
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adsorption enthalpy and linear behavior of adsorption isotherms is indicative of a different sorption
mechanism. Such rising enthalpy of adsorption was already observed in other systems where transition
metal binding sites are suspected to be major binding sites. However the reason behind such rising
behavior is not clear yet [55].

1.6

Nanosizing and nanoconfinement

While nanoporous materials present promising hydrogen storage materials in their own right, they can
also be used as lightweight supports to stabilize metals for Kubas interaction or enhance hydrogen storage
properties of hydrides [56-60].
Size and interface effects may alter both kinetics and thermodynamics of the system. However, such
alterations are mainly observed at a few nanometer ranges (< 10 nm). Dispersion of storage material onto
a nanoporous support is a reasonable way toward this goal. A major reason behind this phenomenon is the
fact that such small nanoparticles in contact with the support surface have a different surface energy. One
of the downsides of scaffolding technique is that, it lowers the total energy content due to the inert
support. A major barrier toward realizing the supported Kubas materials is the metal dispersion and its
accessibility [61].
Nanoconfinment concept is mainly studied in chemical and complex hydride systems. In fact, the effect
of confinement in porous scaffolds for the case of metal complexes is absent in literature. Thus, here we
present an overview on the effects of confinement in hydridic systems relevant to our current work.
Unconfined chemical and complex hydrides have relatively high activation energy when interacting with
hydrogen. One of the methods for improving such kinetic limitation is confinement in nanoporous
scaffolds. This technique exploits shorter diffusion lengths and confined reaction environments necessary
for this enhancement. This improvement could be lost by aggregation of nanoparticles during hydrogen
cycling. Here, we present a couple of examples that well represent nanoconfinment concept in hydridic
systems:
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Gross and coworkers used nanoporous carbon scaffolds as a medium preventing particle growth

during cycling. They observed enhanced kinetics in LiBH4 confined within the pores of carbon materials
(average pore sizes < 2, 13 nm, and 25 nm). Their group reported dehydrogenation rates up to 50 times
faster than that of bulk materials. They measured lower dehydrogenation temperature by ~ 75◦C, due to
shorter diffusion length and lower melting point compared to the bulk material. Regarding the effect of
pore size, as the pores get smaller, the dehydrogenation temperature and activation energy becomes
smaller. This suggests in addition to shorter H2 diffusion length, scaffolding introduces a lower energy
pathway for the dehydrogenation reaction [62].


Balde and coworkers prepared NaAlH4/carbon nanofiber (CNF) nanocomposites by using a wet

impregnation technique and compared that to physical mixture of these two. They found unlike the
physical mixture, the XRD diffraction pattern of nanocomposite shows no peaks except for that of CNF.
Thus, they proposed that NaAlH4 exists as a highly dispersed and/or amorphous phase when incorporated
into the nanopores of CNF. The diffractogram of desorbed NaAlH4 shows a similar behavior. By TPD
measurements they demonstrated that the NaAlH4/CNF nanocomposite can store hydrogen in a partially
reversible manner under relatively mild conditions. They attributed this reversibility to limited phase
segregation occurring while hydrogen is being desorbed [63].


Zhao-Karger and coworkers targeted two important issues with MgH2; its poor thermodynamics

and, kinetics. The high temperature necessary for H2 desorption is due to its high thermodynamic stability
with enthalpy of formation equal to -75 kJ/mol H2. Also the slow kinetics is attributable to poor hydrogen
diffusion through the hydride and metal structure. Nanostructuring can alter the system kinetics by
shortening the diffusion length. It has also been shown that such an approach could result in an altered
thermodynamics. For example, it was confirmed computationally that for Mg/MgH2 system, reduction of
particle size to 1-2 nm range alters the system thermodynamics significantly [64].


Comanescu and coworkers incorporated Ca(BH)4 into the pores of mesoporous carbon by

incipient wetness impregnation method. They demonstrated by thermal programmed desorption (TPD)
that nanoconfinement improves hydride reversibility. They also showed hydrogen desorption starts at a
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much lower temperature (~ 100◦C) with a faster kinetics compared to the bulk material. Finally, they
reported a lower rehydrogenation pressure for supported borohydride. Again, the XRD pattern exhibited
no peaks attributable to different hydride phases both in the adsorbed and desorbed states [65].
Zheng and coworkers studied sodium aluminum hydride (NaAlH4) confined in the porous



structure of mesoporous silica. They experimentally proved that nanoconfined hydride dehydrogenates
faster and at lower temperatures compared to the bulk material. They also showed even without a catalyst
the rehydrogenation process can be conducted under rather mild conditions, i.e. 125-150◦C and hydrogen
pressures of 35-55 bar, if nanosized particles are used. Another interesting result is obvious in their XRD
measurements. Peaks belonging to the hydride are not observed in the NaAlH4/silica nanocomposite in
contrast to physically mixed sample (Figure 1-17) [66].

Figure 1-17. XRD patterns belonging to different samples: (a) NaAlH4/OMS, (b) OMS, (c) OMS/NaAlH4 (physically
mixed), (d) NaAlH4/OMS after dehydrogenation, and (e) OMS/NaAlH4 (physically mixed) after dehydrogenation [66].

1.7

Thesis goals and their implementation

As it was mentioned previously, dihydrogen complexes are well known for their ability to reversibly
interact with hydrogen molecules. Transition metal complexes with unsaturated metal centers are among
such compounds interacting with hydrogen through the so called Kubas interaction. This kind of
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interaction involves the side on donation of hydrogen σ bond electrons to an empty d-orbital of the metal
center, subsequently stabilized by backdonation from the filled d-orbitals to the σ* orbital of H2. This
gives a continuous span of compounds shown in Figure 1-18. Such materials attract hydrogen with an
enthalpy intermediate between that of physical and chemical sorption (ca. 60-85 kJ/mol for stable
transition metal complexes and 15-40 kJ/mol for the weakly bound dihydrogen systems at high pressure).
The major downside of such systems is the redundant weight imposed by co-ligands which are necessary
to arrest the dihydrogen structure and prevent bond rupture. This in turn, adds to system weight which
reduces the overall uptake capacity [34].

Figure 1-18. Different types of metal-dihydrogen interaction [32].

Dihydrogen complexation is the first step in hydrogen activation process by metal complexes (Figure 119) [33]. In other words, any hydrogenation catalyst potentially forms dihydrogen complexes. Pioneering
works on hydrogen activation by Halpern and coworkers introduced Cu(II) complexes (e.g. cupric
acetate) as active catalysts able to heterolytically break dihydrogen via homogeneous mechanism [67-68].
These complexes were able to reduce the more reactive materials such as Cr2O72- or para-benzoquinone,
but not less reactive compounds such as olefins. Halpern deduced, in the latter case the reverse reaction
producing the initial complex and dihydrogen defeats hydrogen transfer from the hydride to the substrate
[69]. Furthermore, as will be discussed more in chapter 4, our initial experiments showed that the bulk
solid forms of these metal complexes are inactive in hydrogen adsorption and their uptake capacity was
negligible even at 100◦C. Therefore, the purpose of this thesis was to find a way to render these materials
active in hydrogen adsorption and at the same time prevent their excess binding interaction with hydrogen
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molecules (Figures 1-20 and 1-21). This is sought for as they are much lighter than conventional Kubas
compounds, which makes them promising options for hydrogen storage applications [32]. Moreover, such
nanocomposites are great candidates for room temperature hydrogen activation as will be discussed more
in chapter 4.

Figure 1-19. Different modes of hydrogen activation.

Recently, researchers have come up with a novel technique called nanoconfinement to alter
thermodynamics and/or kinetics of chemical hydrides. Based on this method, reducing the size of storage
medium to nm range via its confinement in porous scaffolds could alter its behavior. This is mainly due to
increased surface energy induced by decreasing the particle size rendering molecules more reactive
(Figure 1-20) [20]. This technique has improved storage properties of a number of chemical storage
media. The smaller the size of nanoparticles, the more altered the storage properties will be [34, 56, 58,
66].
In the case of late transition metal carboxylates which were the topic of this study, shorter diffusion length
scales and having higher number of molecules on the nanoparticle surface with an unquenched
coordination sphere can make these materials active in hydrogen binding (Figure 1-20). Moreover,
nanoconfinement could arrest dihydrogen structure by steric hindrance as it does not let proton and
hydride separate enough in case of hydrogen cleavage (Figure 1-21).
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All in all, the aim of the current study was to employ nanoporous carbon scaffolds as a host for nanosized,
lightweight, partially coordinated copper(II) and silver ccarboxylates to tailor their behavior so that they
reversibly interact with H2 at ambient ttemperature.
emperature. This novel class of storage media offers benefits from
both ordinary chemisorption and physisorption systems at the same time. Also, some discussion has been
presented in chapter 4 regarding the high temperature behavior of these nanocomposites which can be
important from a scientific point of view.

Figure 1-20.. A schematic of disordered surface molecules with unquenched reactivity. The Smaller the particle size is, the
more reactive the surface molecules will be.

Figure 1-21.. Effects of nanoconfinement on H2 interaction with copper(II) acetate (White: H; Green: O; Gray: C; Red:
Cu).

In addition to the rationalization behind using copper complexes presented in the previous paragraphs,
recent studies have shown the activity of copper(II) in adsorbing hydrogen with enhanced interaction as
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detailed below. In some cases the exact nature of interaction has been confirmed to be Kubas interaction.
These evidences give complementary reasons for selecting copper as the metal center.
In this study, firstly, copper(II) acetate (Cu(OAc)2) was chosen as the starting point for the following
reasons:


It is inexpensive, safe and has low toxicity. In addition, it is not sensitive to moisture or air.



It has relatively low molar mass (181 g/mol) which is a crucial parameter for dopant materials.

Secondly, we studied cupric formate and propionate to assess the effect of ligand basicity. Increased
basicity enhances the proton stabilization ability of the co-ligand and probably favors bond rupture.
Finally, we investigated silver acetate to assess the effect of metal center.
As we mentioned, there are several reports on highly active copper(II) metal sites in metal organic
frameworks (MOFs), reviewed briefly here. These are good evidences for copper(II) activity in hydrogen
adsorption.


Dinca et al. worked on Cu2+–H2 interactions in a desolvated metal–organic framework based on

copper. In an earlier work they prepared the similar compound with Mn2+ metal sites. In the Mn based
MOF they showed a high initial heat of adsorption (10.1 kJ/mol) which was shown to be due to binding
on unsaturated metal sites. However, this material retained major amounts of methanol which limited the
number of hydrogen binding sites. Replacing Mn2+ with Cu2+ rendered these binding sites available by
giving the possibility of fully desolvating the material. They measured an excess storage capacity of 4.2
wt. % at 77 K and 30 bar. They also calculated the zero coverage isosteric heat of adsorption to be 9.5
kJ/mol [70].


Chen et al. studied H2 adsorption on a microporous metal organic framework with open metal

sites. In their study, Chen and coworkers synthesized MOF-505 formulated as Cu2(bptc)(H2O)(dmf)3H2O
(bptc = biphenyl-3,3',4,4'-tetracarboxylate; dmf = Dimethylformamide). They conducted a three-stage
outgassing process during which non-coordinated and coordinated molecules were removed stepwise.
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Removal of non-coordinated molecules during the first two stages has a dual effect; reducing the sample
weight and also opening pore volume and surface area. On the other hand, removal of coordinated water
molecules during the third stage has the same advantage and also provides an open metal site for
hydrogen interaction. In their study, Chen and colleagues measured a hydrogen storage capacity of 2.47
wt. % at 77 K and 750 torr [71].


Prestipino et al. studied local structure of framework Cu(II) in HKUST-1 metal organic

framework. In this study they used several characterization techniques to show that the removal of
hydration water molecules coordinated to Cu2+ metal centers in HKUST-1 MOF preserves the crystalline
nature of the material and only leads to pore structure shrinkage. This dehydration process makes the
metal sites undercoordinated and available for interaction with guest hydrogen molecules. They have
further investigated the dihydrogen-metal interaction using IR spectroscopy of adsorbed dihydrogen
molecules and observed a signal attributable to dihydrogen-metal complexation [72].


Hartman et al. studied neutron diffraction and neutron vibrational spectroscopy of hydrogen

adsorption in the Prussian blue analogues including Cu3[Co(CN)6]2. They found two different adsorption
sites within the structure. The more prominent site was the interstitial zone within the structure. The other
adsorption site was on undercoordinated metal centers in which there was [Co(CN)6]3- vacancies [73].


Kaye and Long studied hydrogen storage in dehydrated Prussian blue analogues M3[Co(CN)6]2

(M = Mn, Fe, Co, Ni, Cu, Zn). In this paper, it was demonstrated that binding to the cyanide ligands and
unsaturated metal centers gives rise to elevated adsorption enthalpies. They also reported that outgassing
at temperatures in excess of 95◦C results in structure collapse and lower gas storage capacity.
Furthermore, using x-ray diffraction they showed the dehydration process preserves the frameworks.
Among the metal centers, copper(II) has the highest gravimetric and volumetric capacity. By fitting the
data to Langmuir-Freundlich equation they found a maximum uptake of 2.1 wt. % for both
Mn3[Co(CN)6]2 and Cu3[Co(CN)6]2. Moreover, they reported that there was no correlation between the
hydrogen uptake capacity and material surface area. Regarding the isosteric heats of adsorption, all the
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analogues have a narrow distribution of interaction enthalpy with Ni3[Co(CN)6]2 having the highest
values due to small crystallite size (6.9-7.4 kJ/mol) [74].


Dinca and Long investigated enthalpy of hydrogen adsorption in cation-exchanged metal-organic

frameworks of Mn. In their study, they examined hydrogen adsorption by ion-exchanged MOF
Mn3[(Mn4Cl)3(BTT)8(CH3OH)10]2 (BTT = 1,3,5- benzenetristetrazolate) in which Mn was replaced with
Li+, Cu+, Fe2+, Co2+, Ni2+, Cu2+, and Zn2+. Similar to the initial porous material based on Mn, all the MOFs
preserved their porosity upon dehydration and exhibited high adsorption capacities with the highest value
of 2.29 wt. % for nickel exchanged MOF measured at 77 K and 900 torr. They also calculated the
isosteric heats of adsorption and attributed the observed range to the difference in the undercoordinated
metal center. Cobalt exchanged MOF shows the highest adsorption enthalpy amongst the investigated
porous materials with a value of 10.5 kJ/mol [75].


Peterson et al. conducted neutron powder diffraction studies on D2 adsorption in a copper based

metal organic framework. In this study Peterson and colleagues reported on the preparation of Cu3(BTC)2
(BTC = 1,3,5-benzenetricarboxylate) using hydrothermal method and the neutron diffraction studies of D2
sorption on this porous material. In their study they found that D2 fills the MOF structure progressively in
six sites, first of which was the coordinatively unsaturated copper metal center. They showed the other
sites fill respectively from the smallest to the largest [76].
We will conclude this chapter by a brief discussion on the support material necessary for
nanoconfinement. The porous support material has the effect of limiting particle aggregation and growth
which is due to confined environment provided by the pore walls. Carbon materials have several merits
for such application as they are light weight, low cost, and possess high surface area and pore volume
allowing high dopant loadings. Moreover, their surface is not reactive toward active dopant material and
hence, do not alter the chemical nature of the dopant material unlike other supports such as porous silica
[56].
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In the next chapters, we will first present detailed procedures for nanocomposite preparation and
characterization. Then, we will present all the results in chapter 3 and then discuss them in detail in
chapter 4. Concluding remarks and future works are presented in chapter 5.
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2 Materials and methods
In the previous chapter we introduced some basics of hydrogen adsorption and the necessity for
investigating a new class of hydrogen storage material with enhanced hydrogen adsorption enthalpy. We
also presented our hypothesis and the steps necessary to implement it. In this chapter, we will give details
on the preparation of our targeted storage medium and elaborate on the reasons behind choosing each
material as either the support or dopant. We will also describe the methods used to evaluate and
characterize the proposed storage material.

2.1
2.1.1

Materials
The support material

The support material used in this study was a commercial nanoporous carbon material provided by ACS
Material Co. (called ACS hereafter) with a surface area around 2000 m2/g. The properties of this carbon
are summarized in table 2-1.
Table 2-1. Properties of ACS carbon.

Property

Value

Density (g/cm3)

≈ 0.3

Particle Size (µm) (D50)

5 or 8

Ash Content (%)

≤ 0.5%

pH Value

6.5-7.5

Surface Area (m2/g)

~ 2000

Cl (ppm)

< 20

Organic Capacitance (F/g)

140-160

Organic Capacitance (F/cc)

60-70

Pore Size (nm)

2.0-2.2
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On the one hand, pristine carbon surface is hydrophobic. On the other hand, metal complexes used in this
work are barely soluble in solvents other than water (acetone and different alcohols form C1 to C3 were
tested and the solubility was pretty low). Therefore, a procedure has to be employed to enhance
hyrophilicity of carbon surface. This could be achieved by functionalizing the carbon surface using acidic
solutions. For this purpose, we chose concentrated nitric acid. Each gram of ACS was treated with 15 mL
of 70% nitric acid diluted by 5 mL distilled water for 24 h at 60◦C. Then, it was washed by copious
amount of water until the filtrate showed no more change in pH (we call this treated carbon, Acid ACS).
It is worth mentioning that pristine ACS carbon is also to some extent hydrophilic as disperses in water
easily (probably the carbon has been treated previously by the producer). Hence, it might not be necessary
to functionalize the surface as it has the drawback of reducing surface area and pore volume.
Acid functionalization by an acid solution increases the concentration of surface oxygen groups (Figure 21). These groups help better dispersion of precipitated nanoparticles through enhancing the surface
hydrophilicity necessary for drawing the precursor solution into the pores of carbon material (for a
complete discussion on the effects of surface functionalization, please refer to sections 3-3).

Figure 2-1. Oxygenic functionalities of carbon surface: (a) carboxyl groups, (b) lactone, (c) hydroxyl, (d) carbonyl, (e)
quinone, (f) ether, (g) pyrone, (h) carboxylic anhydride, (i) chromene, (j) lactol, and (k) π electron density on carbon basal
planes [77].
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2.1.2

The dopant materials

Copper(II) acetate monohydrate (98%) was purchased from Sigma Aldrich. Copper(II) formate
tetrahydrate (98%) and silver acetate anhydrous (99%) were also purchased from Alfa Aesar. Copper(II)
propionate monohydrate was purchased from Pfaltz&Bauer Company. All of the chemicals were used as
received. Distilled water was used as the solvent in all the experiments.

2.2

Nanocomposite preparation

We used wet impregnation followed by filtration and drying as a simple and efficient technique for
nanocomposite preparation. Upon wet impregnation of porous support with the desired solution of metal
complex at 60◦C for 24 h, the solid was filtered off and it was washed with 250 mL distilled water to
remove unadsorbed complexes. Then it was dried slowly at 100◦C to prevent aggregation of metal
complex molecules due to solvent evaporation [78].
Simply mixing carbon with cupric acetate using ball-mill (either rotary mill which is a low energy process
or shaker mill which is a high energy process) could also lead to interesting results as elaborated on in
chapter 4. However, due to limited time we did not investigate such mixtures systematically. Simple
mixing of the two materials using a mortar and pestle is also possible and some related results are
presented in chapter 4.

2.3
2.3.1

Material evaluation and characterization
Hydrogen adsorption

Generally, for adsorption measurements two different methods are employed; gravimetric and volumetric
methods. Gravimetric methods use a magnetic suspension micro-balance to directly measure the weight
changes during the adsorption process. On the other hand, volumetric techniques rely on measuring the
pressure change upon expansion of the gas from a known volume into an empty volume. One of the major
drawbacks of gravimetric techniques is, for very light adsorbates such as hydrogen they have major errors
in adsorption measurement if not sufficient amounts of adsorbent is used. Hydrogen adsorption
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measurements at elevated pressures show that volumetric systems are more accurate for small quantities
of adsorbent [79].
The accuracy of a volumetric adsorption measurement system is proportional to the accuracy of pressure
transducer used in that apparatus. On the other hand, the range of pressure transducers expands at the
expense of their accuracy. To resolve this shortcoming one can use a differential design. In such a design,
the empty reference manifold and the sample containing manifold are charged simultaneously and the
difference in their pressure is measured by a differential pressure transducer. This way, the accuracy of
measurements could be enhanced appreciably. Figure 2-2 depicts schematically the differential pressure
system used in the current study. In each step adsorbate gas is dosed into manifolds C and D. After
equilibration, the pressure is measured using the absolute and differential pressure transducer. Then, the
gas is expanded into the sample and reference cells. The difference in pressure in the two manifolds is
again measured using the differential pressure transducer. By writing the mass balance in the two legs we
can calculate the amount adsorbed at each step. The details of adsorption apparatus is explained elsewhere
[80-81].
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Figure 2-2. A schematic of high pressure differential adsorption system, A & B: Charging Manifolds, C: Reference
Manifold, D: Sample Manifold, E: Reference cell, F: Sample cell, C+E: Reference leg, D+F: Sample leg [80-81].

2.3.2

Nitrogen physisorption

Nitrogen physisorption was done using a Micromeritics ASAP 2020 adsorption instrument. Samples were
outgassed prior to characterization under dynamic vacuum at 100◦C until no appreciable weight loss was
observed. Micropore volume was calculated using t-plot method. This value corresponds to pore sizes
smaller than 2 nm which are categorized as micropores based on IUPAC classification. Moreover,
Moreover the
total uptake at P/P0 = 0.99 was used to calculate the total pore volume [83].
For the BET surface area analysis, we use
used the linearized BET equation
 ⁄
1
L1 


.
 [1
1  ⁄ 1 K L
K L 

1

in which P and P0 are the equilibrium pressure and the saturation pressure at a specific temperature (for
nitrogen P0 = 724.928 torr),, respectively, Va is the adsorbed volume at STP conditions,
condition Vm, is the
monolayer volume at STP condition
conditions, and C is a constant indicative of adsorbent-adsorbate
adsorbate interactions.
This equation is originally applicable to mesoporous and macroporous materials. However, Emmet and
44

Teller found that different adsorbents give linear BET plot in the range of P/P0 = 0.05 – 0.3. For
microporous materials Rouquerol and colleagues suggest that (i) C must be positive. Negative values are
not physically meaningful and indicate that the range selected is out of valid BET range. (ii) BET theory
is only applicable to data ranges where the term [na(1- P/P0)] increases monotonically with P/P0.
Lippens and de Boer proposed a standard method for the determination of micropore volume and
micropore surface area called t-plot method, the details of which are described elsewhere [84]. The
volume of mesopores is then calculated by subtracting this value from the total pore volume calculated by
Gurvitsch rule at a relative pressure where all the pores are filled (P/P0 > 0.95). Gurvitsch rule states that
pores are filled with a bulk-like homogeneous liquid phase. This allows for converting between the
amounts adsorbed and pore volume. Finally, pore size distributions were derived using Density
Functional Theory with nitrogen adsorption at 77 K on slit pore shaped carbon as the model. The method
was non-negative regularization and no smoothing was applied.
2.3.3

Thermogravimetric analysis (TGA-MS)

TGA-MS profiles were collected on a TGA Q50 with a Pfeiffer Vacuum Mass Spectrometer. Helium gas
was used as the carrier gas. The data were used to assess the thermal stability of nanocomposite and the
temperature range in which different fragments desorb.
2.3.4

X-ray diffraction analysis

All the x-ray diffraction patterns were collected on a PANalytical Xpert Pro MPD instrument. The step
size used for the measurements was 0.03◦. Measurements were done for 5<2θ<70. The wavelength used
for the measurements was 1.5412 Å.
2.3.5

Electron microscopy

Scanning electron microscope (SEM) images were collected using a FESEM NanoSEM 630 instrument.
Transmission electron microscope images were also collected utilizing a Field-emission 2010F
transmission electron microscope.
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3 Results
In the chapter 1 we gave a background about hydrogen adsorption and the general goal of the current
study. At the end of chapter 1, we elaborated on the hypothesis behind this research and then, in chapter
2, we discussed details of materials and methods necessary for implementing the hypothesis and its
testing.
In this chapter we will discuss the details of results we collected in our investigations. Further discussion
on the results and possible reasons behind each observation are presented in chapter 4.

3.1

Hydrogen adsorption isotherms and the heat of adsorption

We started our experiments by conducting adsorption measurements at temperatures in excess of 80◦C,
which is the temperature originally used by Jack Halpern in his homogeneous hydrogenation experiments
[67]. At temperatures higher than ~ 50◦C copper(II) acetate interacts with hydrogen through
chemisorption. Hence, the kinetics of this system is very slow and it takes 5 days for each data point to
equilibrate (Figure 3-1). Furthermore, the adsorption is irreversible and desorption at elevated temperature
leads to a structure collapse as proven by a reduction in adsorption capacity.

Figure 3-1. Adsorption kinetics at 80◦C and 10 psi H2.
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Adsorption isotherms at temperatures higher than 50◦C are shown in Figure 3-2. All the isotherms almost
saturate at pressures as low as 15 bar except for bare functionalized support. At temperatures lower than
80◦C measurement of adsorption isotherm is impractical as the equilibration takes several days. It should
be mentioned that the uptake amount by bare support is negligible compared to that of supported metal
complex. Comparing metal complex supported on functionalized and pristine carbon, the total uptake is
more in the case of functionalized carbon, although it has lower total surface area (refer to Table 3-1). It
has to be mentioned that at room temperature, where the nature of interaction is not chemisorption
anymore, application of surface functionalized carbon leads to considerable uptake drop due to
significantly lower surface area.

Figure 3-2. Adsorption isotherms at elevated temperatures.

Adsorption isotherms at room temperature are shown in Figures 3-3. Here, we do not observe any
saturation even at 100 bar pressure. Silver acetate shows the highest uptake due to a little drop in surface
area and also a constant moderate heat of adsorption (Table 3-1 and Figure 3-4). Copper(II) propionate
has also the second highest uptake after silver acetate, as it has lower surface area and pore volume.
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Copper(II) formate outgassed at 50◦C shows almost equal capacity as that of copper(II) propionate, as it
has higher surface area although lower heat of adsorption.

Figure 3-3. Adsorption isotherms at 20◦C for different metal complexes doped into ACS carbon along with bare ACS
support.

The last point that has to be noticed in Figure 3-3 is the uptake by copper(II) formate doped ACS
outgassed at different temperatures. It was previously shown by Gunter that bulk copper(II) formate
dehydrates at 50◦C [85]. Hence, when it is outgassed at 100◦C, uptake drops due to partial evaporation of
dopant. However, as can be seen in Figure 3-4, the heat of adsorption is exactly the same in both cases
since the nature of dopant is not different.
To introduce a similar basis for uptake capacities one can convert the maximum adsorption capacities into
per specific surface area basis (mmol/m2). By doing this, a consistent platform for comparing the uptake
capacities could be implemented. In this respect, the uptake capacities decrease in the following order:
silver acetate/ACS = cupric propionate/ACS > cupric acetate/ACS > cupric formate/ACS. Cupric formate
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shows 45% increase compared to bare ACS while silver acetate/ACS and cupric propionate/ACS
nanocomposites show 90% enhancement.
In order to calculate the heat of adsorption based on adsorption isotherms at two different temperatures
and applying the Clausius-Clapeyron equation, one has to model the adsorption isotherm data using
mathematical functions. For this purpose, there have been a couple of common models in the context of
hydrogen storage systems, discussed briefly here.


Langmuir model: This model was first developed by Irving Langmuir in 1916. The equation is

stated as:
M


K 1 + M

(1.2)

where nm is the monolayer coverage, k is a constant and P is the gas equilibrium pressure. Langmuir
equation is applicable to non-competitive adsorption on homogeneous surfaces. Langmuir equation
reduces to Henry’s law at low surface coverages but fails to predict the maximum uptake values
accurately.


Freundlich model: This model is represented by the following equation
O

N = C

≥1

(2.2)

where K and n are constants given for an adsorbent-adsorbate pair at specific temperature. This model
fails at both low and high pressure since it neither reduces to Henry’s law at very low pressures, nor
saturates at very high pressures according to what happens experimentally.


Sips (Langmuir-Freundlich) model: Sips presented an equation that combines Freundlich and

Langmuir isotherms as given by the following equation

=
K

O

(M)K

O

1 + (M)K

(3.2)

where n is again the adsorbed amount, nm is the number of moles adsorbed at saturation, P is pressure,
and, k and m are constants. The constant m is a figure of surface heterogeneity, with values greater than
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or equal to 1 (m = 1 for a homogeneous system, which reduces to Langmuir equation). Although this
equation has the benefit of giving more accurate fit over wider ranges and also forecasts saturation value
more precisely than Langmuir and Freundlich equations, it suffers from the same shortcoming as
Freundlich model, i.e. it does not reduce to Henry’s law in the limit of very low pressures [82].


Toth model: This model works well for both P → 0 and P → ∞ limits. In other words, beside

applicability to high pressure data it reduces to the Henry’s law at very low pressures. This model is given
by
M K O


)K
1 + (M)K
K

(4.2)

Here, the parameters and variables are the same as in equation (3.2) except for m which is less than or
equal to 1. The value m = 1 applies to a homogeneous surfaces [82]. Due to the wide range of
applicability, this equation can be one of the best options for fitting isotherm data.
In this study exponential fit according to Hamaed and coworkers has been used for consistency of
comparisons [36].
Figure 3-4 shows the trend of isosteric heat of adsorption versus uptake. The increasing heat of adsorption
(versus uptake) for Kubas materials presented here is in line with previous experimental and
computational results [46, 48-50]. Also it has to be mentioned that the trend observed for ACS carbon is
typical of porous carbon materials [82, 86-87].
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Figure 3-4. Heat of adsorption for different metal complexes doped into ACS carbon along with that of bare ACS.

3.2

TGA-MS

From the TGA results we find that below 100◦C the supported cupric acetate is stable. At this temperature
hydration water is desorbed. This temperature was also used for outgassing other nanocomposites (cupric
formate was further outgassed at 50◦C, the bulk dehydration temperature). At temperatures around 200◦C
the ligands decompose in the form of majorly CO2 fragments and also CO (Figure 3-7). From Figure 3-6,
up to ~ 280◦C surface oxygen groups are almost stable as confirmed by commencement of CO and CO2
fragments. Oxygen groups on the surface of pristine ACS carbon are much more stable as they consist of
possibly oxygen groups produced by gas phase activation methods (Figure 3-5). In other words oxygen
groups induced by liquid-phase treatment are less stable than those formed by gas-phase activation [67].
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Figure 3-5. TGA and TGA-MS of ACS carbon.

Figure 3-6. TGA and TGA-MS of Acid ACS.
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Figure 3-7. TGA and TGA-MS of copper(II) acetate/Acid ACS nanocomposite.

3.3

Nitrogen physisorption

Textural properties of different samples studied in this research are presented in Table 3-1. As it is
obvious, acid treatment majorly functionalizes the external surface area. Initially, 53% of total surface
area is external surface area. However, after functionalization and complex deposition (on Acid ACS) the
external surface area reduces to 35 % and 31 % of the total surface area, respectively. This is obvious as
the external surface area is more accessible for the treating agent. Furthermore, during the drying process
solvent evaporation draws the metal complex toward the external surface area [84]. Additionally, the
dopant binds more to those spots with higher concentration of surface groups. In this regard, surface
functionalization has a destructive effect in this case as it does not help better dispersion over the entire
surface area. On the other hand, bare ACS support could give an excellent dispersion over the entire
support surface if suitable dopant is selected. For cupric acetate/ACS upon doping the external surface
area becomes 62% of the total surface area which is even slightly more than the initial 52% fraction. This
indicates that the internal surface area has been efficiently used by the dopant molecules. This is also
important as it can lead to smaller nanoparticles, which are more favorable for hydrogen storage purposes.
The same trend can be seen by comparing the average pore size values for different samples. In all the
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samples where acid treatment has not been employed, the average pore size increases upon doping which
means that smaller pores have been occupied efficiently. On the other hand, in Acid ACS and copper(II)
acetate supported on Acid ACS the mean pore size drops which means that the treatment and doping
mainly affect the external surface area in these cases. Overall, regarding the data in Table 3-1 it is worth
mentioning that the drop in pore volume and total surface area depends on several parameters including
dopant loading, dopant molecule size, its dispersion, and finally the presence of surface groups.
Figure 3-8 to 3-14 show cumulative and differential pore size distribution graphs for different samples. It
can be seen that both acid treatment (either with or without dopant) and doping with metal complexes that
do not disperse well on the surface (cupric formate and silver acetate, as discussed more in the next
section) lead to a drop in peak pore width. However, doping cupric acetate and cupric propionate does not
alter the peak pore width.
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Table 3-1. Textural properties of different materials used in the current study.

Sample

Dopant wt.
% (wet
basis)

N2 BET
Surface
area (m2/g)

t-Plot
Micropore
Surface
Area (m2/g)

Total pore
volume
(P/Po =
0.99)
(cm3/g)

t-plot
micropore
volume
(cm3/g)

Adsorption
average
pore width
by BET
method (Å)

ACS

0

1907.2

901.6

1.00

0.44

21.0

ACS+Cu
(II) Acetate

17.81

1097.9

417.9

0.58

0.21

21.1

ACS+Cu
(II)
Propionate

23.63

1313

457

0.73

0.27

22.3

ACS+Cu
(II)
Formate

6.85

1660.4

660.5

0.92

0.38

22.1

ACS+Ag
Acetate

20

1533.2

607.9

0.84

0.35

21.9

Acid ACS

0

1196.7

773.3

0.62

0.38

20.8

Acid
ACS+Cu
(II) Acetate

13

624.03

430.83

0.32

0.21

20.3

55

Figure 3-8. Cumulative and differential (inset) pore size distribution of ACS.

Figure 3-9. Cumulative and differential (inset) pore size distribution of Acid ACS.
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Figure 3-10. Cumulative and differential (inset) pore size distribution of Acid ACS/copper(II) acetate nanocomposite.

Figure 3-11. Cumulative and differential (inset) pore size distribution of ACS/copper(II) formate nanocomposite.
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Figure 3-12. Cumulative and differential (inset) pore size distribution of ACS/copper(II) acetate nanocomposite.

Figure 3-13. Cumulative and differential (inset) pore size distribution of ACS/copper(II) propionate nanocomposite.
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Figure 3-14. Cumulative and differential (inset) pore size distribution of ACS/silver acetate nanocomposite.

3.4

X-ray diffraction analysis (XRD)

XRD patterns for different materials studied in this research are displayed in Figures 3-15 to 3-26 (the
XRD pattern of every dopant is also shown for reference). In all of the patterns showing materials
consisting carbon, we observe two broad peaks around 26◦ and 43◦. In none of the supported copper(II)
acetate samples we observe peaks attributable to the metal complex even after outgassing or hydrogen
adsorption which indicates a good cycling behavior of supported material (Figures 3-19 and 3-20).
Regarding the diffractograms representing silver acetate/carbon and copper(II) formate/carbon
nanocomposites the peaks that belong to dopant are discernible. In contrast, in the case of copper(II)
acetate and copper(II) propionate peaks belonging to the dopant are not distinguishable in all
nanocomposites. In the latter case, the interaction between the surface and dopant is strong enough so that
it does not allow for aggregation of particles. However, in copper(II) formate and silver acetate the
interaction is less strong. Formate is a smaller ligand compared to acetate and propionate and hence
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interacts weakly with the surface. Additionally, silver acetate has only one ligand which results in weak
interactions with the surface.
It is noticeable that in cases where the peaks are sharp (viz., cupric formate and silver acetate dopants) the
position of peaks is different from that of bulk dopant. In other words, the nature of surface copper and
silver is different from what we have in the bulk phase.
The last point about the XRD patterns is, after functionalization, since nitric acid removes part of the
amorphous carbon (which is meta-stable) the peaks belonging to carbon material become sharper (26 and
43◦) [88-89].

Figure 3-15. XRD Pattern of copper(II) acetate.
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Figure 3-16. XRD Pattern of ACS commercial carbon.

Figure 3-17. XRD pattern of acid treated ACS.
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Figure 3-18. XRD pattern of copper(II) acetate supported on acid treated ACS.

Figure 3-19. XRD pattern of copper(II) acetate supported on pristine ACS before outgassing.
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Figure 3-20 XRD pattern of copper(II) acetate supported on pristine ACS after outgassing at 100◦C and hydrogen
adsorption.

Figure 3-21. XRD pattern of copper(II) propionate.
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Figure 3-22. XRD pattern of copper(II) propionate supported on pristine ACS.

Figure 3-23. XRD pattern of copper(II) formate.
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Figure 3-24. XRD pattern of copper(II) formate supported on pristine ACS.

Figure 3-25. XRD pattern of silver acetate.
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Figure 3-26. XRD pattern of silver acetate supported on pristine ACS.

3.5

Electron microscopy and energy dispersive spectroscopy

Figures 3-27 thorough 3-30 show SEM micrographs of supported copper(II) acetate on carbon in different
magnifications. Carbon particles are 5 or 8 µm in size and do not have any specific shape. However, their
surface is smooth indicating that probably they have been ball-milled.
In Figure 3-31 the energy dispersive x-ray spectroscopy (EDS, EDX or EDXS) of copper(II) acetate
supported on both pristine and surface functionalized carbon are shown. As mentioned previously, in the
XRD patterns there was no difference between the functionalized and pristine carbon regarding the
dopant. However, in the EDS patterns, as indicated by the red circle when we use unfunctionalized carbon
we will observe somewhat less dispersion (shiny spot indicates some aggregation). Nonetheless, this does
not mean a better dispersion over the entire surface as was discussed extensively in section 3-3.
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Figure 3-27. Low magnification SEM image of copper(II) acetate supported on ACS.

Figure 3-28. Medium magnification SEM image of copper(II) acetate supported on ACS.
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Figure 3-29. High magnification SEM image of copper(II) acetate supported on ACS.

Figure 3-30. High magnification SEM image of copper(II) acetate supported on Acid ACS.
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Figure 3-31. Copper EDS map of ACS (left) and Acid ACS (right) supported copper(II) acetate.

TEM micrographs of copper(II) acetate supported onto carbon are depicted in Figure 3-32 thorough 3-34.
As it is obvious from low magnification image the metal complex particles are of different sizes, ranging
from around 1 nm to 10 nm. From Figure 3-35, the selected area (electron) diffraction (SAED) pattern
shows that the material is crystalline in contrast to XRD results. In this respect, there are two points that
has to be mentioned. First, XRD is not capable of detecting crystalline particles smaller than around 10
nm. Second, the high energy beam used in SAED and the intensive vacuum applied can lead to ligand
decomposition and the formation of metallic nanoparticles. Latter is confirmed in Figure 3-36, where the
SAED pattern is shown to correspond exactly to pure metallic copper. Therefore, SAED technique fails in
characterizing this system and the nanoparticles detected by TEM characterization are crystalline copper
nanoparticles.
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Figure 3-32. Low magnification TEM image of copper(II) acetate supported on ACS.

Figure 3-33. Medium magnification TEM image of copper(II) acetate supported on ACS.
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Figure 3-34. High magnification TEM image of copper(II) acetate supported on ACS.

Figure 3-35. SAED image of copper(II) acetate supported on ACS.
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Figure 3-36. Overlay of copper diffraction pattern to SAED pattern of copper(II) acetate supported on ACS.

72

4 Discussion and concluding remarks
In this chapter we will further discuss the results presented in chapter 3 and propose possible explanations
for each observation made there. Each section corresponds to relevant section in chapter 3 for
consistency. At the end of this chapter we will present some concluding remarks. Outlook and future
work is presented in the next chapter. Before proceeding to the next section it is necessary to have an
estimate of the number of metal complex molecules on the surface of dopant nanoparticles. For this
purpose, we assume a nanoparticle size of 2 nm based on TEM images (assuming that nanoparticles
shown are metal complexes). Using the Solvent accessible surface area of cupric acetate which is 96.71
Å2, the radius of each metal complex molecule can be estimated as 2.8 Å. Then, assuming the highest
packing density of molecules inside the nanosphere (0.74), we find that there are 34 molecules per
nanoparticle. Of these molecules, 31 are on the surface (again using the same packing density). Such large
number of surface molecules sounds reasonable since otherwise we will not observe any activity in
hydrogen adsorption or cleavage, as witnessed in the case of homogeneous hydrogen activation
experiments.

4.1

Hydrogen adsorption isotherms and the heat of adsorption

As it was mentioned in section 3.1, at temperatures in excess of 50◦C the nature of interaction is an
irreversible chemisorption taking place with a very slow kinetics. It takes around 4-5 days for the
equilibration process. Since we observe a structure collapse after the first absorption/desorption cycle, we
propose that we have had a hydrogen activation reaction. Assuming the negligible uptake by the bare
support material one can attribute the total uptake at 100◦C to the dopant metal complex. The following
stoichiometric calculations show the number of hydrogen molecules absorbed per metal center:
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%ℎD RSTUDV WX  BDV TDYZ [DYDV


2.6 × 10E] TW 
17.81 ^ LS(ab[) .  a
1 TW LS(ab[) .  a
1 TW LS
1 ^ ZW[WTBW_`YD × 100 ^ RZW[WTBW_`YD
×
×
199.65 ^ LS(ab[) .  a 1 TW LS(ab[) .  a

= 2.9


LS

(1)

If we only consider those metal centers on the outer nanoparticle surface, then the number H2 molecules
per metal center will be
%ℎD RSTUDV WX  BDV _SVXZ[D TDYZ [DYDV =

34
× 2.9 = 3.2
31

(2)

Of these 3 hydrogen molecules, one has replaced ejected hydration water molecule and the other two have
been activated to form a hydride and proton. Therefore, one molecule adsorbs through Kubas binding and
the other two ligate to the metal center in a hydridic form upon loss of a proton that binds into the basic
ligand. Based on this argument, we can propose the following mechanism:
LS(L] Laa) + 3 → 2L] Laa + LS ( ) (3)
where the H2 in parenthesis indicates an almost intact dihydrogen bounded to copper metal center and the
other hydrogens are hydridic. Upon outgassing, we end up with metallic copper according to the
following equation (keep in mind that metastable copper hydride is an intermediate in the following
reaction, hence we cannot divide stoichiometric coefficients by 2):
∆

(
c K
#

2LS ( ) deeeeeeeeef 2LS + 4 

(4)

Metallic copper is inactive in adsorbing hydrogen and this is the reason behind poor cycling behavior
observed at high temperatures. Now, let us consider the rate at which liquid acetic acid evaporates using
gas kinetic theory and compare the time necessary for complete evaporation of acetic formed upon
hydrogen activation. After that, we compare his number to the equilibration time necessary for each data
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point. If the two numbers are comparable, then we can deduce that the rate limiting step is acetic acid
evaporation upon its formation. Otherwise, it is the acetic acid formation that is the limiting step. From
gas kinetic theory
Φc

<# =

= 3.513 × 10 ×

c

<

√%

(5)

in which Pvap is the liquid vapor pressure, M is its molecular weight and T is absolute temperature. The
Φevaporation is evaporation flux in molecules/cm2.second. For acetic acid at 373 K

Φc

 3.513 × 10 ×

<# =

424.67

√60 × 373

= 9.97 × 10

TWD[SD_
[T . _D[

(6)

In order to calculate the number of nanoparticles in 1g of nanocomposite, we take 34 molecules per
nanoparticle and divide the total number of molecules by this number. Then, we multiply that by the
surface area of a 2 nm particle to find the total evaporation surface area. For 400 mg nanocomposite used
in adsorption measurement experiment:
%WYZ DiZBWVZY`W _SVXZ[D ZVDZ
0.1781 ^ LS(ab[) .  a
1 TW LS(ab[) .  a
6.022 × 10] TWD[SD_ LS(ab[) .  a
× 0.4 ^ ZW[WTBW_`YD ×
×
1 ^ ZW[WTBW_`YD
199.65 ^ LS(ab[) .  a
1 TW LS(ab[) .  a
=
34
× 4j × (10Ek ) = 794193 [T

(7)

Now, we divide the number of surface acetate ligands by total evaporation rate of acetic acid formed to
get a rough estimate of the time necessary for such evaporation:
%WYZ Y`TD XWV Z[DY`[ Z[`/ DiZBWVZY`W
0.1781 ^ LS(ab[) .  a
1 TW LS(ab[) .  a
× 0.4 ^ ZW[WTBW_`YD ×
1 ^ ZW[WTBW_`YD
199.65 ^ LS(ab[) .  a
=
TWD[SD_
9.97 × 10
[T . _D[

6.022 × 10] TWD[SD_ LS(ab[) .  a
2 ab[
31
×
×
1 TW LS(ab[) .  a
1 TWD[SD LS(ab[) .  a 34
×
794193 [T
= 4.9 ZW _D[W/_

(8)
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This is much smaller than 4-5 days for such equilibration. Hence, the limiting step is hydrogen activation
or acetic acid formation. It seems reasonable as the solid-state hydrogen binding is a very slow process
due to limited pace of ligand rearrangement.
In section 3.1 we discussed the trend for total uptakes in different nanocomposites. As it was implied, the
total uptake is a compromise between five factors: loss of pore volume and surface area upon doping, the
amount of doped metal complex, heat of adsorption, the number of hydration water molecules, and finally
the extent of metal complex dispersion (which affects the number of accessible metal sites). In this
regards, the trend for the future research should be finding an optimum metal complex with high loading,
high dispersion on the support, high enough heat of interaction, large number of readily removable
hydration molecules, and the lowest possible drop in surface area as well as pore volume.
Again, in the same section (section 3.1), it was mentioned that all of the metal complexes are capable of
interacting with hydrogen through Kubas interaction. Copper(II) propionate shows the highest heat of
adsorption due to high basicity of its ligands which elongates the H-H bond length. Between copper(II)
acetate and copper(II) formate there is a competition arising from two effects, each of which is more
pronounced in a different metal complex. The former has ligands with higher basicity, while the latter has
more hydration water molecules removed. At lower pressures where those sites vacated upon hydration
molecule removal are more accessible, the copper formate shows higher heat of adsorption as it has
higher number of such sites. However, when these sites saturate, other Kubas binding sites come into the
picture and here the effect of ligand basicity shows up. Silver acetate also shows an intermediate heat of
adsorption compared to copper complexes. It has a metal center that lies below copper in periodic table
and favors longer bond lengths. Nonetheless, since silver acetate has no hydration water molecules before
outgassing it lacks binding sites that give rise to significantly increasing heat of adsorption. The overall
effects of these two variables lead to an almost constant heat of adsorption intermediate with respect to
cupric acetate. In other words, it can be proposed that silver acetate probably forms an enhanced
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physisorption (weak Kubas binding). Therefore, it can be deduced that the presence of hydration water
molecules in the initial complex is necessary for a significantly rising heat of adsorption.
A final note in this section is, upon simple mixing ACS carbon and cupric acetate using a mortar and
pestle we cannot make a mixture that is active in hydrogen binding. Nonetheless, using both of the ballmilling techniques mentioned in section 2.2, either shaker milling or rotary milling, one can prepare an
active mixture. Further study on such mixtures was left as a future work.

4.2

X-ray diffraction analysis (XRD) and transmission electron microscopy

The absence of XRD peaks means that either the sizes of particles are very small or they are amorphous.
As confirmed by TEM the particle size falls in the range below the detection capability of XRD technique
(less than 10 nm). Therefore, it sounds reasonable to deduce that the sizes of crystallites are smaller than
the XRD detectable range [56, 63, 65-66]. One has to also note that particle aggregation may happen
during TEM imaging due to the application of high energy beam. Moreover, applied vacuum helps ligand
decomposition when coupled with high energy beam. Therefore, particle size might be still smaller. When
XRD cannot detect crystallinity, one can resort to selected area electron diffraction (SAED). SAED
pattern shows crystallinity. Nevertheless, as it was discussed in the previous chapter, the pattern
corresponds to metallic copper which is due to the ligand decomposition under vacuum and high energy
beam effect. Therefore, our current samples are not even characterizable by SAED technique. Less
energetic techniques such as FTIR or Raman spectroscopy could be used to find out the exact nature of
metal complex on the surface. This requires specialty sample holders as discussed more in the next
chapter.
As it was mentioned, the XRD peak positions do not correspond to that of bulk material. It might be
possible that during the drying process the metal center loses its ligands and ligates to the surface of
carbon, more probably by ligating to surface oxygen groups. The other possibility is a phase
transformation, similar to different crystallographic forms of a unique compound. A phase transformation
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from crystalline to amorphous has been reported several times for hydrides doped into different porous
support materials [for example look at Ref. 63]. Since there are no discernible peaks in other cases, we
cannot detect such changes. Nevertheless, it has to be stressed that upon doping cupric acetate into a
mesoporous carbon support, we observed a discrepancy between the peak positions in the doped and bulk
cupric acetate (results are not shown). The peak positions were not even compatible with those of
different copper oxides and metallic copper. Hence, we have totally new phase upon doping. To further
distinguish the exact nature of surface metal complex, XPS and Raman characterizations would be useful
(but they are out of the scope of current research due to limited time). It should also be stressed that these
changes are not traceable by TGA-MS studies as the rate at which we increase the temperature is high
compared to that required for such transformations. To summarize, we should say that, there are
transformations occurring in these cases but the nature of surface metal complexes has to be characterized
by further investigation.
The final note is regarding XRD patterns for simply mixed cupric acetate/ACS carbon (using mortar and
pestle) and ball-milled mixtures. Former shows XRD peaks corresponding to that of bulk cupric acetate
while latter lacks any peaks attributable to copper based phase. From this observation, we can reason that
probably there is no reaction between carbon surface and dopant upon doping. Otherwise, we should have
seen the same peak inconsistency between different forms of cupric acetate, even in the case of simple
mixture. For the ball-milled cases, the reason behind the lack of XRD peaks is not clear and it requires
further investigation.

4.3

Summary and conclusions

In this study we investigated hydrogen adsorption by late transition metal complexes confined in
nanoporous carbon materials. These compounds in bulk form do not interact with hydrogen even at
elevated temperatures. However, upon doping, the thermodynamics and/or kinetics of the system changes
in a way that they interact with hydrogen molecules through chemisorption at higher temperatures and
Kubas binding at room temperature. We demonstrated the presence of hydration water molecules in the
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initial compound helps enhance hydrogen adsorption properties upon outgassing at suitable temperature
as it vacates binding sites with optimum heat of interaction. This further gives rise to an increasing heat of
adsorption in the case of cupric complexes. On the other hand, silver acetate shows an almost constant
heat of adsorption indicating weak Kubas interaction. More important is the fact that adsorption enthalpy
values majorly lie in the optimum range of 15-40 kJ/mol. We showed that the heat of interaction depends
on several parameters, including the nature of metal center and its ligands (e.g., ligand basicity), and the
number of hydration water molecules. XRD patterns confirmed the absence of large nanoparticles in
copper(II) acetate and copper(II) propionate doped samples. However, as discussed earlier, this is not the
case for any dopant. The dispersion is strongly dependent on dopant-surface interactions. If enough
dispersion is provided, particles might become smaller than XRD detectable capability upon doping. We
also observed that for silver acetate and cupric formate, doping changes the peak position relevant to the
bulk material. The reason behind this phenomenon is not clear yet but it can be rationalized that there has
been a crystallographic phase change or otherwise the nature of metal complex has changed during the
drying process. As simple mixing of the dopant with support material does not show such peak
inconsistency, a crystallographic phase change is more probable. We also conducted SAED investigations
to assess the particle size upon doping. Nevertheless, we showed that this technique leads to ligand
decomposition and the formation of metallic nanoparticles. Therefore, we suggested the application of
other characterization techniques such as XPS, IR spectroscopy and Raman spectroscopy. All in all, much
more investigation is necessary to exactly characterize the nature of dopant and also the interaction
present in hydrogen binding. Such knowledge helps development of optimum nanocomposites for storage
and catalytic applications.
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5 Outlook and Future Work
In this study we focused on hydrogen storage applications of a specific class of metal complexes that have
been previously investigated as homogeneous hydrogenation catalysts in unsupported form. We showed
nanoconfinment could lower the active temperature of cupric acetate from around 85◦C (in homogeneous
phase) to room temperature and even lower, when exposed to hydrogen (lower active temperatures were
tested but not reported here). Very low temperature adsorption studies are necessary to find the threshold
below which the nature of interaction becomes pure physisorption. In our investigations we showed a
transition from reversible Kubas interaction to irreversible chemisorption. We detected signs of Kubas
interaction between hydrogen molecules and metal centers such as the increasing heat of adsorption
(versus uptake). Nevertheless, more strong evidence might be necessary for such inference as described in
the following paragraph. In this study we did not focus on optimizing hydrogen storage capacity. Rather,
we devoted our effort to show that simple metal complexes capable of activating hydrogen in a reversible
manner can be used efficiently as hydrogen storage mediums. Here, the key is nanoconfinement inside the
pores of a porous support that alters the kinetics and thermodynamics of dopant material in the desired
direction. We found that adsorption enthalpy values were in the optimum range but uptake capacities
were way lower than DOE’s targets. Hence, more research is necessary to optimize these systems.
Moreover, we characterized the nanocomposites, prepared by wet impregnation of support material using
saturated solutions of metal complexes. Results were consistent with previous reports. The XRD
characterizations showed that well dispersed dopant nanoparticles can be prepared. Additionally, we
found that SAED characterization fails to determine nanoparticle size as the high energy beam and strong
vacuum decomposes the metal complex and enhances aggregation. In all the cases, doping led to surface
area and pore volume drop, according to nitrogen physisorption experiments. This in turn significantly
reduces total uptake. Due to limited time, we have only studied a very specific application of such
systems and even this need much more investigation. Also, there are other potential applications for these
nanocomposites which are detailed in the following paragraphs.
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The first step as a follow up to this study would be characterizing the exact nature of interaction between
hydrogen molecules and the metal complex. This could be done using several techniques described in
chapter 1. However, there are some barriers against such investigation. For example, neutron diffraction
studies are generally very expensive and intricate. NMR characterizations also suffer from the same
drawback. On the other hand, Raman spectroscopy and IR spectroscopy are much less expensive, but
require specialty sample holders that can be evacuated and filled with pure hydrogen at desired
temperature and pressure. Detailed procedures for such characterizations were presented in section 1.5.2.
One is also referred to the references therein.
Another part of future work includes investigation of the effect of pore size and its optimization using
templated carbogenic supports that have very narrow pore size distribution. For the synthesis methods of
such support materials one is referred to relevant review papers [90-92]. One of the interesting results we
reported on only briefly was that, upon doping cupric acetate into support material with larger pores we
would be able to fabricate larger nanoparticles detectable by XRD technique. More on this can be found
in chapter 4.
Regarding the support materials, an alternative is using porous polymers. These supports can be prepared
at room temperatures [93]. Hence, one can embed the metal complex inside the pore structure during the
synthesis procedure and hence enhance the metal complex dispersion and prevent subsequent aggregation
while keeping the loading high. This technique was previously applied in our group for embedding
platinum inside the porous carbon and it was shown that the new supported catalyst was much more
stable against sintering [94]. The same technique is suggested for metal complex doping especially for
early transition metal complexes that are more prone to aggregation. For complete reviews on porous
polymer materials one is referred to manuscripts in the literature [95-96].
The other path for future investigation would be studying the effect of other metal centers and ligands.
For instance metal complexes with metal centers from other groups in the periodic table might show
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similar behavior in hydrogen adsorption (i.e., Kubas interaction). Most of the studies done so far in this
area have been conducted by David Antonelli’s group at The University of Windsor and Tanner
Yildirim’s group at The University of Pennsylvania [36, 51, 52, 54, 55]. They have majorly investigated
early and middle transition metal complexes (Ti, V, Cr,) grafted onto silica supports or as porous
transition metal oxides. These transition metal complexes have the advantage of having higher extent of
undercoordination, hence higher potential uptake capacity. However, they have the disadvantage of lower
stability against aggregation, especially upon hydrogen adsorption/desorption and cycling [47, 49].
Moreover, they have the problem of inefficient metal center reduction for group 4 metals due to
inaccessibility of some of the metal centers [50]. On the other extreme, we have late transition metal
complexes studied in this thesis. To advance the study on these compounds, it is suggested to study
copper(II) pyruvate and copper(II) trifluoroacetate. These ligands are the two extremes with respect to
ligand electron donation capability which affects H-H bond elongation upon adsorption. Another group of
ligands that are worth studying are non-coordinating ligands such as tetrafluoroborate ([BF4]−),
hexafluorophosphate ([PF6]−), and perchlorate ([ClO4]−) [97]. These anions give rise to metal
undercoordination and in turn improved hydrogen adsorption. Larger non-coordinating ligands introduce
excessive weight to the storage medium and are not suggested for hydrogen storage applications.
However, such studies are recommended in the field of catalysis as described below. All in all, the study
of metal complexes in the context of hydrogen storage, should be limited to those compounds that have
low molar mass (say, less than 300 g/mol). Otherwise, they may not be viable options for storage
purposes.
A parallel field of study related to current thesis is catalytic application of such supported metal
complexes in the field of heterogenized catalysis or even as low temperature alternatives for
heterogeneous catalysis. These systems may be promising options in hydrogen activation catalysis.
Catalytic counterparts of these nanocomposites, which are capable of activating hydrogen at room
temperature, are frustrated Lewis pairs (FLPs) – introduced by Douglas Stephan at The University of
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Toronto- that can be utilized in several catalytic systems including hydrogenation of functional groups
such as imines, nitriles, aziridines, enamines, and silylenolethers [98-99]. Similarly these nanoconfined
metal complexes can be tested as catalysts for these reactions where H-H bond activation is a necessary
step. The other catalytic application of these systems is their use as immobilized organometallic catalysts.
Immobilized catalysts are readily separable from the reaction medium by filtration which reduces process
expenses significantly [100]. To best take advantage of these nanocomposite systems, it is better to graft
the metal complex onto the support material. This might alter the reactivity of metal center towards
hydrogen and needs further investigation depending on the specific system. Oftentimes, such grafting
should be done after surface functionalization with suitable surface groups. These groups might just work
as a tether to hold the metal complex on the surface (hinder its leaching to the solvent) or work both as a
tether and a ligand that has a role in catalytic reactions such as that exhibited in the case of encapsulated
metal complexes by basic ligands.
Finally, it has to be mentioned that there might be even other applications for such systems such as gas
sensing, catalytic activation of other small molecules, etc. Exploring these possibilities might take several
years but could definitely guide scientist towards more sustainable alternatives for different chemical
processes.
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