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Abstract 

 

The interaction between MgH2 and LiBH4 was studied to determine the resultant effects on 

hydrogen desorption and absorption kinetics for potential use as a hydrogen storage material. 

It is found that the addition of LiBH4 in small molar ratios results in improved kinetics of the 

same order as those observed for mechanically milled magnesium. The mixture of MgH2 + 

LiBH4 in ratios at and below 4:1, once reacted, is a highly reversible material at 300°C and it 

is observed that the kinetics improve upon the process of hydrogen cycling. This 

improvement is partially attributed to a refinement in microstructure that results in highly 

porous particle agglomerates and it is this feature that is likely to have a large effect on the 

kinetics of hydrogenation due to the rate limiting step of the reaction being hydrogen 

diffusion into the particles of Mg which can be coated in MgH2 phase, through which H2 does 

not diffuse easily. Additionally it is observed via Raman spectroscopy that a new bonding 

structure exists in the H2 cycled and reacted mixture upon desorption which might also 

improve the rehydrogenation of the sample and reduce the enthalpy of decomposition by 

providing an intermediate pathway that has a lower energy barrier. This intermediate possibly 

has its origins in the decomposition intermediates of LiBH4, recently reported to be Li2B12H12 

and Li2B10H10, that are formed above 150°C once LiBH4 begins to partially dehydride.  

 

Thermodynamic measurements were conducted in a variety of methods that determined that 

there was either no change in the enthalpy of formation or a very slight reduction that might 

indicate that the mixture is less stable than standard MgH2. DSC measurements show that 

MgH2 + LiBH4 (90:10) absorb hydrogen faster than MgH2 and Mg and that it has a complex 

desorption exothermic reaction that is as-yet unidentified. 

 

Finally, multiple samples were exposed to suspected contamination from the IGA 

measurement apparatus. While their kinetics are slower than uncontaminated samples with 

the same stoichiometry, they are still kinetically improved over as-received MgH2 and perhaps 

point to a good resistance to contamination for the mixture. 
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1. Introduction 

In the latter part of the 20th century two topics central to the current stability of our 

civilisation were brought to the fore by researchers, politicians and the media: energy 

reserves and climate change. Both issues potentially affect all levels of human behaviour on 

the planet from individual lives to the actions and profitability of multinational corporations. 

1.1 Climate change 

Climate change is a broad term that covers many effects and processes within the ecosphere. 

Global warming is arguably the most politically-charged environmental process that has an 

influence on all aspects of nature and has been shown to be directly impacted by human 

activity.  Part of the controversy surrounding this phenomenon is due to the fact that the 

average temperature of the Earth fluctuates naturally over short periods, though trends of 

long-term temperature increase and decrease can be in the region of thousands of years[1]. 

This leads some to conclude that the recent observed increase in average global temperature 

over the last 100 years is merely a facet of this natural variation. 

There are several factors affecting global temperature trends but the three main contributors 

are solar activity, aerosol levels and climatic activity. Solar variation has a large impact on the 

climate though it can be heavily limited by the amount of reflection from the atmosphere[2] 

and the Earth itself. The amount of solar variance can be estimated from ground temperature 

measurements[3] and short wave irradiance measurements[4], although this data is restricted 

to the last century or so. Inferring the solar activity over longer periods of history can be 

achieved by analysing the 14C and 10B content of ice cores and tree rings[5], however, there is 

a level of uncertainty in the accuracy of the relationship between these isotope 

concentrations and solar activity. Crucial to being able to understand the relative effect of 

solar variation on global temperature fluctuations has been space exploration whereby the 

magnitude and overall trends of solar radiative variability can now come to be understood[6] 

and applied to modelling programmes that attempt to address their impact on global warming 
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and the interactive forces on other processes that affect global temperatures[7]. Work is still 

on-going in this field as models are constantly refined to better reflect available data and 

understanding of the processes involved[8]. 

Aerosol levels are important when considering global temperature variations due to the fact 

that their presence in the atmosphere affects solar radiation penetration as well as preventing 

radiation from the Earth escaping into space. The coefficients of absorption for terrestrial and 

solar radiation for a particular particle, along with possible reflection and scattering of light 

due to particle size, will determine whether there is a net increase, decrease or no change in 

radiation reaching the Earth when that particle interacts with radiation[9]. This means that 

effects from global warming via other mechanisms can be masked if there is a cooling effect 

from particle build-up in the upper atmosphere – specifically the stratosphere. It has been 

shown that particle build up from volcanic eruptions can reduce ground temperature during 

the day and increase it in the night over the short term directly after an eruption[10] and that 

volcanic particles can take from 1 to 3 years to reach the troposphere where their descent is 

expedited by winds and precipitation[9].  

Greenhouse gases affect the mean temperature of the planet in a similar fashion to aerosols 

– they absorb infrared wavelengths emitted by the Earth’s surface and in turn emit their own 

long wavelength radiation, effectively reducing the amount of heat lost through the 

atmosphere. There are several naturally occurring greenhouse gases including CO2, CH4 and 

N2O which have helped stabilise global temperatures in the past, however, anthropogenic 

influences on the concentration of these[11] and artificial greenhouse gases such as 

chlorofluorocarbons(CFCs), perfluorocarbons (PFCs) and hydrofluorocarbons (HFCs) have 

lead to an enhanced greenhouse effect[12]. The impact of these gases is determined by their 

relative concentrations in the atmosphere, radiative efficiency, atmospheric lifetimes and the 

impact of the gas molecules on atmospheric chemistry. Naturally occurring greenhouse gases 

have quite short atmospheric lifetimes in comparison to halogenated species that have been 

introduced into the atmosphere by human activity[13] as shown in Table 1. As such, their 

effect on global temperatures is lower for the same concentration.  
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Gas Species Radiative efficiency 

(Wm-2 ppb-1) 

Lifetime  

(years) 

CO2 0.01548 N/A 

CH4 3.7x10-4 12 

N2O 3.1x10-3 114 

CCl3F 0.25 45 

CClF3 0.25 640 

CHClF2 0.20 11.9 

CHF3 0.16 260 

C2F6 0.26 10000 

CF4 0.08 50000 

Table 1 : Greenhouse gas species and their radiative efficiency and lifetime 
relative to carbon dioxide(13) 

Certain greenhouse gases (e.g. CH4 and CO) also have a secondary effect on global warming 

by reacting with other molecules in the atmosphere, reducing the amount of stratospheric 

ozone and increasing the concentrations of CO2, stratospheric H2O and tropospheric O3 – all 

of which contribute a warming effect. There is also an observed decrease in OH radicals 

which are a decomposition pathway for CH4 and other hydrocarbons in the atmosphere – 

leading to the exacerbated effect of compounds with even longer lifetimes[13].  

Nitrogen compounds, N2O, NOx and NH3 also play an important role in the atmospheric 

chemistry surrounding global warming[14]. N2O has a long atmospheric lifetime and is a large 

contributor to positive radiative forcing (increasing retention of heat) while NOx gases (NO 

and NO2) have lifetimes of hours to days. However, the main effect of these oxides is in the 

production of tropospheric ozone which is also a large contributor to positive radiative 
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forcing. They also contribute to the decomposition of CH4 leading to shortened atmospheric 

lifetimes for this compound[15]. NH3 contributes an indirect negative radiative forcing effect 

(cooling effect) due to the formation of nitrate aerosols[11] which have been shown, along 

with other aerosols, to increase cloud lifetimes and thus increase the amount of reflected 

solar radiation by their presence[16].  

 

1.2 Feedback Effects 

While the above contributions to global warming are the primary factors involved, there are 

various sinks of greenhouse gases that can be released with increased temperature along 

with process feedback loops resulting from the above effects. 

Increased water vapour content in the upper troposphere can result from a rise in 

temperature resulting in increased radiative forcing effect. If the water vapour is in an area at 

a temperature that is lower than the ground temperature, then the emitted long-wave 

radiation from the ground is blocked from escaping the atmosphere. Increasing this 

temperature gradient will also increase the blocking effect of the water vapour[17].  

Clouds absorb and emit both solar and emitted long-wave radiation from the ground 

providing both positive and negative radiative feedback effects in the atmosphere. The 

strengths of these depend on the cloud height and thickness as well as the radiative 

properties of the clouds. These features depend on the amount of water vapour, ice particles 

and aerosols as well as water droplet size within the clouds. With a higher overall humidity 

from raised global temperatures, more clouds would form and so could potentially radiate 

more energy back towards the earth – but could also deflect more solar radiation, meaning 

that at the moment there is no definitive answer as to the feedback effects of increasing 

cloud coverage[17]. 

Oceans provide sinks for heat and also radiative gases such as CO2, they also transport the 

stored heat around the globe via large-scale flows. The majority of these flows head towards 
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the poles, decreasing the temperature gradient between the equatorial regions and the poles, 

though there is one exception to this rule in the Atlantic ocean. Due to the large volume of 

water and the related capacity for storing heat, oceans provide a time delay to climatic 

changes in heat and can mask heating and cooling trends over short periods (decades) in this 

manner. Carbon dioxide is water soluble but the uptake of this gas is dependent on the 

vertical mixing rate of the body of water and also the temperature of the water. Deep vertical 

mixing takes place on a seasonal timescale, with a maximum during winter months and a 

minimum during summer months where the shallow mixing near the surface effectively 

isolates deeper water from the atmosphere[18]. The deep vertical mixing during winter months 

is aided by ice-melt and precipitation meaning that, in the short term, as the global 

temperature increases ice melt will also increase throughout the year leading to a larger 

effect on deep convection mixing, however, as available ice at the poles is reduced along with 

the ocean temperature gradient it is possible that less convection will take place. A reduction 

in convection could result in less nutrient supply to the surface where various photosynthetic 

marine life forms help sequester CO2
[11]. This would affect both carbon sequestering and also 

the surface reflectance and absorption of solar radiation from the presence of these biota. 

Increased CO2 in the atmosphere can result in increasingly acidic oceanic conditions due to 

an increase of the CO2 concentration gradient forcing transfer from the atmosphere to the 

sea[19]. An increase in global temperature would result in less carbon being sequestered in the 

ocean and after a certain temperature boundary there lies a possibility of emission of CO2, 

leading to a global increase in CO2 concentration and thus accelerated global warming.  

These changes could lead to ecosystem structure further reinforcing a negative or positive 

effect on CO2 sequestration or emission.  

Land masses also affect global warming feedback through several processes. An increased 

amount of CO2 in the atmosphere is predicted to also increase the uptake of CO2 by plants[20] 

though the extent of this uptake with increasing CO2 concentration is unknown and the ability 

of plants to take advantage of a larger source of carbon tends to be limited by nutrients[21]. 

This could provide a small stabilising effect on atmospheric carbon dioxide levels. However, 
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global temperature rises could lead to an overall increased chance of naturally occurring wild 

fires – releasing CO2 into the atmosphere[22]. Deforestation also contributes to the release of 

and reduction in ability to sequester CO2. Counter to this effect is the re-coverage and growth 

of plant mass – specifically forests[23] – which have a greater ability to sequester carbon than 

grasslands or croplands. These factors have been greatly aided by human endeavours to 

replenish previously exploited woodlands during the latter half of the 20th century, though the 

effects of these projects will only be realised over the mid-to-long term.  

A further feedback effect is the albedo of the surface of the earth – i.e. the reflectance of 

received radiation. As the temperature of the planet increases, areas that are normally 

covered by highly reflective ice or snow will decrease leading to increased absorption of 

radiation by the ground and biomass and to increased global warming. Forested areas have a 

low surface albedo due to the higher absorption of radiation by the canopy and even snowfall 

tends to have little effect in comparison with open ground[24]. It has been observed that, in 

general, agricultural areas have only a slightly higher albedo than forested areas and thus 

little is gained or lost in reflectance when considering only this aspect. Further factoring into 

the albedo effects of snow or other lighter landscapes are soot particles from human activities 

which have been shown to reduce the reflectance of the materials[25]. 

 

1.3 Effects of global warming on society 

Regardless of the causes of global temperature trends, these temperature rises have an 

effect on the stability of the economies and societies of the various countries in the world. 

One way global warming is likely to affect society is through diseases and vermin. If the 

mean temperature of the latitudes nearer the poles grows warmer then there will be a 

change and probable migration of the ecosystem from equatorial latitudes. Already disease-

spreading vermin such as cockroaches and mosquitoes are being observed at higher latitudes 

in Europe in increasing quantities due to the relatively small rises in temperature. 
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Along with this migration of disease vectors, it has been predicted that animal/human 

diseases will spread throughout areas where they were previously absent[26, 27] due to their 

hosts surviving for longer periods at elevated latitudes. The potential effects on societies 

previously unused to dealing with these maladies could be highly disruptive and expensive in 

terms of treatment and education. 

Plant populations will also shift or expand as local climates that were previously unsuitable 

(for example frosts during early spring and late autumn) for growth become available. One 

repercussion is that if a certain degree of warming is achieved then crop species may become 

viable at higher latitudes but unsustainable nearer the equator or more arid regions[28]. Water 

availability near the equator may also cause a shift in farming preferences to alternate crop 

varieties. These factors will place pressure on the availability of certain varieties of ‘staple’ 

crops and while intensification and improvement in productivity of northern crops may take 

place due to increased atmospheric CO2
[29] content and the ability to provide the crops with 

sufficient nitrate for nutrition, reduced productivity in Mediterranean areas could lead to more 

land being used to alleviate crop shortages resulting in possible increased feedback effects on 

local soil moisture content due to evaporation and nutrient depletion from over-farming[30]. 

Changes in plant physiology and morphology from increased CO2 levels can cause disease 

epidemiology to be affected which, in some cases, can result in increased disease potency[31]. 

It was also observed that increased amounts of fungicide would be required in certain 

circumstances due to improved environments for fungal growth, leading to escalating costs to 

produce certain crops. These factors all impact the economic viability of crops due to 

increased crop failure[32] though the effects can be mitigated somewhat with improved 

bioengineering of crop strains and crop management policies. 

 

Effects of extreme events on society have been recorded with increasing frequency over 

recent years[33, 34]. While average temperatures and rainfall are slowly increasing, the upper 

and lower limits of these scales are increasingly further apart. However, the effects of climate 
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change are not universal – with some areas of Europe expected to record higher levels of 

precipitation and heat-waves but other areas expecting less both during winter and summer 

though those countries will still experience higher average temperatures. Computer modelling 

studies show that, in the Mediterranean, daily maximum and minimum temperatures will 

increase throughout the year with the maximum values increasing by a greater amount than 

the minimum values[35]. Thus the average temperature in the equatorial regions is predicted 

to increase slightly and decreased precipitation is also expected in the Mediterranean area. 

These predictions contrast with latitudes that are further from the equator where there would 

be a decrease in snow cover and sea ice and as a consequence, the temperatures in the 

northern hemisphere are predicted to increase more than in the southern hemisphere[36]. 

These effects also increase the cost of producing crops as well as placing pressure on social 

structure with increased costs for living through electricity, food/water and heating. 

 

1.4 Alternative energy supplies 

EIA (Energy Information Administration) studies predict that energy demand will increase by 

up to 44% over the period 2006-2030[37] and that fossil fuels will still cover the majority of 

this requirement. These studies predict that by 2020 the percentage of the total global 

energy requirement for oil will drop slightly while dependence on natural gas and coal will 

remain about the same (Figure 1.1). Overall, nuclear and renewable resources are expected 

to replace the reduction in oil usage in their percentage of the total energy fulfilment. The 

cost per barrel of oil is uncertain over this period: best-case scenarios predict that by 2015 

barrel prices will have stabilised at around $50 until 2030, whereas worst-case scenarios 

reach $200 per barrel by 2030 with these prices being heavily affected by demand for use in 

the transport sector. While estimates in the total remaining oil reserves have increased 

slightly and production is predicted to increase over the period until 2030, alternative fuel 

sources are expected to become viable as the price of petroleum increases. Linked into these 
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estimates is the fact that there is a more limited amount of oil and natural gas than coal in 

developing countries; whose energy demand is expected to more than double. 
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Figure 1.1 : Chart displaying percentage energy usage by resource for 2006 
and predicted usage in 2030(37) 

 

In order to reduce our dependence on fossil fuels for power, various alternate energy 

resources have been researched and piloted to differing degrees. Solar, wind, hydro, 

geothermal and biomass/biocrops are all alternate, renewable resources available to be 

utilised. Most of these technologies rely on solar energy to operate either directly, such as 

solar cells, or indirectly as in the case of wind- or wave- powered turbines - even fossil fuels 

are derived indirectly from solar energy, being formed from plant matter over millions of 

years.  

Non-renewable resources such as nuclear fission and fusion are also championed as being 

the solution to the world’s potential energy crisis due to their relatively high energy 

production. However, the solutions to various problems such as disposal of radioactive waste 
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and, in the case of fusion, the ability to maintain and harness the energy output are currently 

insurmountable in a near timeframe[38]. Whichever energy source provides the solution to our 

future energy requirements there is a broad consensus that moving away from an over-

reliance fossil fuels is in the best interests of the human race[39, 40].  

Geothermal energy is another viable alternative but its application is also severely limited due 

to reliance on the thickness of the Earth’s crust at the point of use and thus cannot be 

considered as an alternative global energy resource. 

Biomass technologies have been present and in use since the early 1800s in the form of 

gasifiers[41] to produce usable methane and hydrogen from crops and other waste. These 

were primarily in use in rural areas were there was ease of access to these materials. Other 

biomass technologies rely on bacteria in a process called anaerobic digestion (AD)[42]. While 

useful energy is derived from these processing techniques there are some downsides to the 

widespread adoption of biomass. Gasifiers require energy to function – reducing the overall 

energy output – and produce waste such as CO2, tar and ash, all of which have to be 

scrubbed from the produced gas in order to be more efficient when combusted in an engine. 

The design of a gasifier also determines which materials can be converted due to tar and ash 

amounts. Some digesters also require energy input to increase the efficiency of the bacteria 

during decomposition of the materials along with ‘feed’ – solutions of sugar or analogous 

chemicals – to allow the bacteria to function. Digesters are also vulnerable to changes in pH 

and contamination by other bacteria strains.  

Further complications with a move to widespread biomass use is the source of these 

materials. While biogas production on a small scale is easily maintained from waste materials 

on site, larger scale production and distribution of the gas/energy obtained is more difficult 

due to siting of conversion plants and farms[43]. The use of land to produce the required 

amount of crops in the form of plantations is also a worry if a reduction of usable arable land 

takes place with global warming and competition with food crops begins to take place[44]. All 
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of these factors diminish the appeal of biomass as a widespread solution to global energy 

demands.  

Solar technologies cover broad segments of the energy market from simple water heaters, 

complex mirror and lens arrays that can drive steam turbines, to direct solar collection 

through photovoltaic cells[45]. Though these technologies tend to be expensive to implement, 

the implementation and operation costs of solar technology are lowering constantly[46]. One 

of the problems for photovoltaic technology is the lifetime of the cells depending on the 

particular cell type – for example, amorphous Si-based cells are prone to degradation. Taking 

these into consideration along with the general efficiency of a photovoltaic cell being quite 

low outside of laboratory conditions (<50%), photovoltaic technology remains promising but 

falls short of current requirements for large-scale energy production but is almost guaranteed 

to fulfil a major role in the future energy landscape once it has matured[47]. However, the 

greatest roadblock to widespread solar technology adoption is availability of solar radiation. 

Wind power generation also suffers from this caveat. While wind turbine farms are similarly 

expensive to install in comparison with solar plants[46] the areas where these farms can 

efficiently be placed is limited. There are also environmental and military impacts to be 

considered when installing wind farms as there has been some evidence that their placement 

can affect bird migratory patterns and radar equipment[48, 49].  

By comparison with most renewable resources, hydroelectric power plants are well-

established throughout the world. Developing countries such as China are increasing the 

amount of energy generated by hydroelectric projects and as of 2007 hydroelectric energy 

accounted for 6% of the world’s total energy consumption[50] which, though small in 

comparison with 35% for oil, is a larger portion than other renewables. 

It is likely that the energy sources mentioned above will all find widespread use throughout 

the world depending on which application is appropriate for the area in question in the 

coming decades, however, there are some problems with implementing some of these 

solutions in the short term besides costs and efficiencies of conversion. Global warming is 
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predicted to change the weather patterns of the world and will therefore affect any 

technology that is dependent on these natural patterns. It is predicted that there will be 

possible reductions in wind availability for wind turbine farms if global warming passes a 

certain point[51] resulting in reduced power output from these systems and if cloud coverage 

is affected by climate change then solar powered solutions may also be placed in sub-optimal 

positions. The difficulty lies in the fact that if these solutions are not implemented, it is 

possible that we will hasten and increase in magnitude any climate change we are already 

facing. 

 

1.5 Energy storage 

Production of electricity via renewable resources is already a reality even if the efficiencies of 

the current technologies are below expectations and ideal values, however, matching this 

production to the demand of communities and countries is incredibly difficult thus storage of 

this energy is needed so that when production outstrips demand the extra energy is not 

wasted and can be used to cover the gap when demand outstrips production[52]. Currently, 

the only large-scale storage of energy is achieved through pumped-water hydroelectric plants 

that lift water to an upper reservoir to store the energy and then when the energy is required 

sluice gates are opened and the water flows through the turbines to the lower reservoir. This 

technique is severely limited in availability and total storage amount and as such cannot be 

applied across all energy markets[53]. Instead, it is suggested that smaller scale local storage 

is the more viable route which also bypasses the problems of having all renewable resources 

and related energy stores connected to the national power grid. 

Battery technology is one of the options available for storage of energy from fluctuating 

resources and these are routinely used in conjunction with wind and solar arrays[52]. There 

are two types of commercially viable large-scale batteries: lead-acid and alkaline. Both are 

well established forms of energy storage though alkaline batteries are less cost effective while 

lead-acid batteries tend to suffer from the need to occasionally refill them with water. They 
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are also already used extensively in nuclear power plants as a means of ensuring safe 

operation[54]. One problematic aspect of battery technology is currently the storage limits, 

efficiencies of conversion and also operational lifetimes,[55] which tend to be shorter than 

predicted when implemented in conjunction with renewables[56]. However, battery technology 

is improving steadily and is continually being implemented in new developments. 

An alternative energy storage option is hydrogen. Hydrogen is a versatile energy storage 

medium and its level of implementation can be tailored to the specific application. It can be 

formed from water on-site and recombined with oxygen to reclaim the stored energy. 

Notably, this stored hydrogen can also be transferred from the site of production which can 

result in little energy lost (via transportation) as opposed to battery technologies which are 

considered stationary and hydrogen is also appealing due to the fact that there is no energy 

loss over the period spent in storage – unlike in battery-based systems. 

 

1.6 The hydrogen economy 

The backing for a hydrogen economy began in the 1970s when the International Association 

for Hydrogen Energy was formed[57]. Since that time many technological advancements in the 

fields of hydrogen production, storage and conversion have taken place, however, 

widespread hydrogen adoption is still a fair way off.  

Hydrogen has been used as a fuel for many years in the space industry as well as the 

petrochemicals industry and is considered a ‘clean’ fuel in comparison with the hydrocarbon 

alternative, the only product of combustion being water. It can be obtained via various 

sources whether from electrolytic splitting of water[58, 59], steam reformation from methane 

and methanol[52] or evolution of hydrogen from biomass reactors[60], and can be used in 

combustion engines or to generate electricity by direct combination with O2 in fuel cells.  

Taking these facts into account, hydrogen has the potential to play a major part in energy 

systems from future electricity grids to vehicular fuels[61, 62]. However, hydrogen has some 
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major hurdles to clear in relation to its implementation in the transport sector. The relative 

immaturity of many hydrogen technologies and the expense in comparison with intermediate 

fuel technologies (e.g. hybrid vehicles) are limiting factors along with the cost of 

implementing a unified nation-wide infrastructure to support the change from petroleum- to 

hydrogen-powered machinery[63]. In fact, there is no one hydrogen delivery system to be 

considered for integration into the current energy infrastructure and as such any possible 

progress towards including hydrogen is hindered by lack of a clear vision - though some 

potential roadmaps have been laid out[63, 64].  

 

1.7 Storage of hydrogen 

The major obstacle to uptake of hydrogen as an energy carrier is storage[60, 65, 66]. Due to 

hydrogen being gaseous at standard temperatures and pressures, a way for it to become 

more energy dense must be determined. Traditionally there have been two methods of doing 

this: 

- High pressure compressed hydrogen gas cylinders 

- Liquid hydrogen 

Both of these techniques are energy intensive, specifically the liquefaction of hydrogen which 

requires a substantial amount of energy to cool the gas down to 20 K. Liquid hydrogen has a 

very low critical temperature (33 K) and so boil-off is inevitable, resulting in loss of stored 

energy. The size of the containers and the energy density contained therein is a major issue 

for the viability of these storage techniques: liquid H2 has a volumetric density of 70.8 kg/m3 

while compressed gas cylinders are available in 20 and 80 MPa varieties which have 

volumetric densities of 9 and 36 kg/m3, respectively[66]. In comparison, the volumetric density 

of petroleum is 737 kg/m3[67]. The hydrogen content of petrol is 17.3 wt%[65] which gives a 

total H2 volumetric density of 127 kg/m3
 for petrol. These storage methods are currently 

employed by the major car manufacturers in their hydrogen powered cars but unfortunately 
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come at a cost of space within the cars – either seating or luggage space - due to their 

relatively large volumes. 

To overcome the problem of volumetric storage of hydrogen various political entities have 

laid out requirements for storage that, if fulfilled, would allow commercial use of hydrogen for 

the transport sectors. The US Department of Energy (DoE) has five requirements that are 

predicted to enable the use of hydrogen technologies to be officially adopted as a fuel for 

transport[65] and these are good benchmarks for any endeavours in this area of research: 

• A minimum 6.5 wt% or 65 kg/m3 H2 capacity  

• Temperature of operation between 60-120 °C with a plateau pressure of a few bar in 

this range 

• Reversible – to facilitate recharging with H2  

• Low cost 

• Low toxicity and non-explosive 

Comparing liquid and compressed stores of hydrogen to this list shows that they will most 

likely never be adopted on a large scale. However, there is a third option for storage of 

hydrogen: solid state storage. 
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2. Solid state hydrogen storage methods 

2.1 Properties of solid state hydrogen storage 

Unlike compressed gas and liquid storage, solid state storage is not reliant solely on the 

properties of hydrogen gas. Instead the principle of utilising materials to ‘sequester’ hydrogen 

by chemical reaction or van der Waals forces is applied. This approach can have several 

advantages: a high percentage weight of H2, high volumetric density of H2, and stable forms 

of storage – allaying fears of safety and providing the ability to easily control the evolution of 

hydrogen as and when it is needed. It is important to note that no known compound satisfies 

the five requirements set out in the introduction but it is equally important to acknowledge 

that those five criteria are guidelines to a best-case scenario. Economic and social pressures 

would allow the use of materials that fell short of these guidelines and as such, research has 

continued in earnest on improving these materials in parallel with the search for the ideal 

solid state storage medium. 

There are two methods for storing hydrogen in solid state materials: physisorption and via 

chemical interaction. Physisorption is the process of attracting and holding a molecule to a 

surface through van der Waals interactions. These weak, intermolecular forces are caused by 

electrostatic interactions and result from both permanent and induced poles in the electronic 

field of an atom or molecule. This force is composed of both an attractive and repulsive 

component which diminish from an atom or surface by r-6 and r-12 respectively, resulting in a 

potential energy minimum at a distance of about one molecular radius of the adsorbed 

species[1] from the surface. Once a surface has been completely covered by a layer of the 

adsorbed phase (a monolayer) any further adsorption of the species must interact with the 

adsorbed phase and not the surface itself and therefore the binding energy is similar in 

magnitude to the heat of sublimation/vaporisation of the adsorbed species. Thus, at any 

given pressure, if the temperature is equal to or greater than that of the boiling point the 

adsorbed phase is effectively limited to a monolayer[2].  
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Hydrogen has two electrons and as such has a very low polarisability which results in weak 

induced dipole moments[3]. Adding to the weak van der Waals forces, H2 is supercritical past 

33 K[4] which means that it behaves as a gas at all temperatures greater than this (Figure 

2.1) and thus will always form a monolayer at these higher temperatures.  

 

Figure 2.1 : A simple phase diagram for H2. Liquid H2 exists between 21.2 
and 32 K, beyond which hydrogen is supercritical (67) 

 

In contrast, chemical interaction consists of two processes: chemisorption and chemical 

reaction. Chemical reaction is the process of bonding hydrogen to another element, forming a 

new compound with a recognisably different crystal structure, and is defined as absorption 

through ionic or covalent interactions with the host material. The absorbed hydrogen is 

largely immobile due to the strength of the bond that is formed and therefore hydrogen can 

only be reclaimed by breaking the bond through the input of energy – usually in the form of 

heat. Chemisorption is the process whereby a compound binds hydrogen at interstitial sites 

throughout the crystal lattice, incorporating the hydrogen in vacant sites without largely 

altering the overall structure of the compound.   
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2.2 Porous materials 

It is possible to increase the binding energy for hydrogen at a site on a surface by having a 

second (or multiple) surfaces near the adsorption site – offering increased interaction. 

Alternatively, a similar method may be used to trap H2 molecules by forcing them into nano-

sized pores and then encasing them in the structure by lowering the temperature[3, 4], 

effectively ignoring the low binding energies for the H2 molecule. This has resulted in the low-

temperature (≥ 77 K) study of several types of porous material for the storage of hydrogen. 

 

2.2.1 Zeolites 

Zeolites are hydrophilic porous materials that consist of an alumino-silcate framework derived 

from corner-linked [SiO4]4- and [AlO4]5- polyhedra[5, 6]. This framework consists of tunnels and 

cavities of sufficient size for molecules to enter. The zeolite framework is anionic due to a 

charge imbalance upon substitution of Si4+ with Al3+ and is stabilised by cations which are 

loosely bound and have a high degree of mobility in the tunnels and cavities[7] (Figure 2.2). 

Zeolites can have various configurations based on some simple building blocks and will vary 

depending on the Si to Al ratio and the cation present. This allows for effective tailoring of 

the material to store the maximum amount of hydrogen possible. It has been noted that 

zeolites could be used to encapsulate other gases once degassed[8-10] and as such they were 

considered to be good candidates for hydrogen storage[11, 12].  

Fraenkel et al. established that an ion-exchanged zeolite A would adsorb and encapsulate 

hydrogen from pressures of 24 bar at elevated temperatures[11]. However, hydrogen 

encapsulation capacity was low: 0.6 wt% at 917 bar for a partially exchanged Cs-A (Cs ions 

per cage = 5.4). It was observed that the radii of the ions determined the efficiency of 

encapsulation by blocking hydrogen release at room temperature and pressure; smaller ions 

allowed higher and easier inclusion of hydrogen into the framework but larger ions retained 

more of this H2 content once the pressure and temperature were returned to RTP.  
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Low temperature studies on adsorbed hydrogen were first performed to determine its 

interaction with the surface as a means to better understand the electrostatic forces for solid-

state catalysts and other surface-driven mechanisms[13]. Later it was discovered that, in 

zeolites, hydrogen formed a stronger affiliation with the cations present and was used to 

determine the positions of sodium in zeolite X[14, 15]. Kazansky et al. reported that although 

the particular cation present at the adsorption site was important, at low temperatures 

isothermal data showed the uptake of H2 for LiX, NaX and CsX to be almost identical leading 

them to suggest that the framework also had an effect on H2 adsorption[16, 17]. Hydrogen 

adsorption in zeolites had also been utilised for applications in gas purification and 

separation[18, 19] though no direct link to storage of hydrogen was made from the research. 

A study by Langmi et al. which focused purely on the storage aspects of zeolitic materials 

reported a slightly higher wt% H2 uptake to Kazansky (1.2 wt% at 77K, 0.2 bar H2
[16]) with 

an observed 1.79 wt% at 77K, 15 bar H2 for NaX[20]. Of the numerous zeolites studied NaY 

adsorbed the highest amount of H2 with an observed 1.81 wt% at 77K, 15 bar H2. Elevated 

and room temperatures yielded very poor results for all materials involved. It was also noted 

that increased BET N2 surface area measurements correlated with H2 uptake as observed by 

Figure 2.2 : Diagram depicting the structure of a) Zeolite X/Y and b) Zeolite 
A with cation sites highlighted(74) 

a b
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Nijkamp et al. – though this trend does not apply to materials with pore sizes that are too 

small to be ‘seen’ by the N2 molecule but that will allow passage of H2.[20, 21].  

In an attempt to increase the hydrogen storage potential of zeolites a broad range of ion 

exchanges has been investigated. Exchange of Na with other alkali and alkaline metals 

resulted in mixed results; Na, K and Ca ion-exchanged zeolites proved to have the highest 

hydrogen storage potential for zeolites X and Y, with CaX achieving 2.19 wt% H2 uptake at 

77K[22]. An alternative route is to replace the metal ions with organic ‘ions’ to promote 

hydrogen adsorption at higher temperatures[23]. Bae et al. substituted the cations for pyridine 

complexes in NaY and HY. This resulted in H2 uptake of 0.29 (± 0.05) wt% for a pyridinium 

chlorochromate exchanged NaY and 0.34 (±0.08) wt% for the equivalent HY exchanged 

sample at 298K under 10 bar H2. Earlier literature suggests that no significant H2 uptake is 

observed for NaY[12, 20] and so the authors’ attempts to synthesise an ‘organic-inorganic 

hybrid-zeolite’ provide an interesting addition to potential zeolite hydrogen stores. 

Overall, there are aspects that make zeolites appealing for non-mobile storage of hydrogen: 

- they are not flammable in hydrogen or air 

- their synthesis has a low carbon footprint and they are cheap to produce 

- potentially operate at near-room temperature conditions 

However, there are problems with zeolitic hydrogen stores that make them unlikely to 

achieve widespread acceptance:  

– they are sensitive to atmospheric water content – though this can be 

reversed 

– they have very low gravimetric densities 

– low heat of adsorption for H2 in most cases 
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2.2.2 Nano-structured carbon 

Nano-structured carbon materials are a diverse collection of non-planar carbon structures 

ranging from single- and multi-walled carbon nanotubes (SWNT/MWNT) to nanofibers and 

nanohorns. MWNTs were discovered first during fullerene synthesis[24] and consist of multiple 

concentric layers of graphite sheets. SWNTs are similar, in that they are formed from graphite 

sheets[25] though they also have the ability to self-arrange into ropes via van der Waals 

forces[26]. Graphite sheets are themselves not ideal hydrogen adsorbents as the ΔHads for H2 

is small, however, due to the curvature and the diameter of the SWNTs or the area between 

graphene layers in MWNTs being small, the potential fields of the surfaces overlap providing 

a stronger binding energy than that of a flat surface. This is due to the reduced overlap of 

the π electrons in the double bonds resulting in localised fields[3].  

Despite the increased surface area and electrostatic interactions between H2 molecules and 

carbon nanotubes over graphite sheets, there is little evidence that substantial amounts of 

adsorption can take place. At 1 bar and 77K, unaltered SWNTs have been reported to take up 

between 0 - 2.5 wt%[21, 27] H2 whereas unaltered MWNTs take up between 0 - 0.25 wt%[28]. 

These values are of the same order as steam activated carbons at 77K, 1 bar H2, which range 

from 0 - 1.5 wt% although one particular activated carbon achieved 2 wt%[21]. Increasing the 

H2 pressure results in increased wt% value at the same temperatures, as observed by Chen 

et al.[29] with 2.9 wt% H2 at 50 bar and 77 K. 

There are two processes for uptake of hydrogen in carbon materials – physisorption of 

hydrogen molecules onto the surface or cavities of the material or chemisorption on the 

carbon to form C-H bonds (Figure 2.3)[30]. 

As with zeolitic materials, the potential adsorption of hydrogen on carbon materials is directly 

linked to the surface area[21, 27] and as such, much research has concentrated on the 

production of carbons with this aspect. However, carbon materials can also chemisorb 

hydrogen through bonding to ‘dangling’ carbon atoms at defect sites after partially damaging  
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Figure 2.3 : A diagram depicting a) clean carbon SWNT, and various 
sorption mechanisms: b) arch type (H atoms chemisorbed on the exterior), 
c) zigzag type, (H atoms chemisorbed on both the interior and exterior), d) 
molecular hydrogen situated within the nanotube(97) 

 

the nanotubes through acid treatments that are used to remove metals[31]; excessive washing 

with acid can potentially decompose the nanotubes and form hydrocarbons. Acid-treated 

SWNTs exhibit higher surface areas and thus higher hydrogen adsorbing properties, 

achieving 1.8 wt% H2 at 1 bar, 77 K in comparison to the same sample before acid-treatment 

which had an uptake of 0.8 wt% at the same temperature and pressure[32]. 

Mechanical milling of graphite has been shown to introduce defects[33] and thus increase 

surface area for nano-structured carbon. It has also been shown that if milling is performed 

under a pressure of hydrogen that absorbed (bonded) hydrogen will form[34] with desorption 
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occurring at ~600 and 950 K[35]. This technique saw an uptake of 7.4 wt% H2 though it was 

determined that this was primarily from C-H bonding rather than physisorption and after 

treatment at high temperatures the authors were unable to re-hydrogenate the sample. 

Residual metals that are incorporated into carbon nanotubes, while able to block access to 

inner surface areas, can also have a positive effect on hydrogen uptake. Yang investigated 

the effects of doping Li and K onto MWNTs and discovered that their adsorption properties 

were increased to 2.5 and 1.8 wt% under 1 atm H2 and 500°C, respectively[36]. This work 

was in response to erroneous data from Chen et al. who observed higher wt% values due to 

contamination of the sample by water vapour from the high pressure cylinder supplying the 

hydrogen[37].  

Zhong et al. doped Ni and Co into amorphous carbon via an electric arc method – 

successfully increasing the H2 storage capacity to 2.3 wt% for a 20 wt% Ni-containing sample 

at 35 bar and 500°C which decreased upon subsequent hydriding / dehydriding cycles to 

1.6 wt% due to migration of the Ni atoms out of the carbon matrix[38]. Co-containing samples 

exhibited similar behaviour, absorbing 1.6 wt% H2 at the same temperature and pressure. C-

H bond stretches were observed with IR spectroscopy and as such the authors attributed the 

high temperature H2 uptake to chemisorption – aided by the presence of Ni and Co. The 

same Ni-containing sample was also investigated at 77K and it was observed that H2 uptake 

increased with pressure – with a maximum measured value of 2.7 wt% at 70 bar and 77K 

though this is not attributed directly to the presence of Ni. 

The mechanism of hydrogen transport from metal centres onto nearby carbon was coined the 

‘spillover effect’ by Boudart et al.[39, 40] though the effect was studied before[41, 42]. Pt metal 

centres doped in carbon were observed to ease diffusion of hydrogen atoms onto the surface 

of the carbon through a process of migration from the Pt interstitial sites to the carbon 

surface – increasing the maximum uptake above the un-doped carbon and Pt – though this 

effect was not observed for other materials such as alumina[41]. Sancier et al. also reported a 

diffusion of H2 from Pt and Pd metal centres in alumina, silica and Na/Ca zeolite Y – observed 
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during ESR experiments[42] – through a reduction mechanism involving iron oxide. Lueking et 

al. have since utilised this effect to increase the hydriding potential of MWNTs by providing 

diffusion sites from a Ni0.4Mg0.6O catalyst[43]. It was found that the highest H2 uptake was 

observed when synthesising the MWNTs in situ with the catalyst (0.65 wt% 1 bar H2, 25°C) 

and was determined to promote more linkages between the catalyst and the carbon 

nanotubes. It is important to note that the Ni0.4Mg0.6O catalyst is commonly used to 

decompose methane for the production of MWNTs and the spillover effect could potentially 

have affected H2 uptake results gained from this synthetic process[36, 37]. In subsequent 

experiments it was found that MWNTs with catalytic Ni0.4Mg0.6O could adsorb up to 3.7 wt% 

H2 with 1.3 wt% absorbed by the catalyst to form a hydride of the form HxNiyMg1-yO at 69 

bar, 298°C[44] and that carbon nanotubes benefited the most from spillover when compared 

to nanofibers and activated carbons[45].  

Carbon materials are a promising area of research, however they suffer from similar 

drawbacks to zeolitic materials: namely the volumetric density of the hydrogen incorporated 

within and the low temperatures for physisorption to take place. Their dependence on 

extremely high pressures of H2 gas to operate efficiently is also a drawback especially when 

considering compressed gas storage has a higher volumetric density under these conditions. 
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2.2.3 Metal organic frameworks (MOFs) 

In an attempt to obtain large surface area materials specifically designed to adsorb hydrogen 

at low temperatures, a bottom-up approach (using known starting structures to direct the 

assembly of larger structures that maintain similar properties) has been undertaken to 

discover the attributes required for direct synthesis of these ideal materials. There are some 

attributes that are preferred for a MOF[46]: 

- Geometric rigidity 

- Chemical functionality 

- Simple and cheap scalable syntheses with high yields 

- Lightweight composition 

- High surface area 

MOFs utilise polymerisation techniques to form ordered structures from relatively simple 

building units comprised of metal centres and organic linking units. These units define the 

structure of the resulting compound (e.g. width of channels or pores for adsorption) and thus 

a certain amount of prediction is involved in the selection of and reaction between these 

building blocks. This process is termed ‘reticular synthesis’ by Yaghi et al.[47]. 

The most attractive feature of MOFs is their generally high surface area of >1000 m2/g [48]. 

However, the geometry of this internal surface is also important in the physisorption of 

hydrogen and unlike zeolites or carbon, a higher surface area does not necessarily equate to 

increased H2 sorption. For example, MOF-177 has a surface area of 4526 m2/g and an H2 

uptake of ~1.2 wt% in comparison with IRMOF-11 with an area of 1911 m2/g and uptake of 

~1.6 wt% at 77 K[49]. Uptake of H2 can be affected by the polarities of the surface area from 

the linking units and metal centres and occupancy of the binding sites by solvents[46]. It is 

therefore possible to discern favourable H2 binding sites and then tailor the properties of the 
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surfaces of a MOF to more effectively physisorb H2 molecules and release solvent molecules 

by varying the organic linking units[50]. 

 

One problem for the formation of MOFs is interpenetration of the crystal lattice of the 

product(s) which takes place when the reagents polymerise around each other[51]. This can 

reduce the available internal pore volume but increase the overall surface area per m3 though 

the result of these effects on hydrogen sorption within the materials cannot be predicted 

beforehand when designing a MOF system. Interweaving of frameworks is a similar process 

that also can occur during MOF synthesis[52], however, in this case the frameworks are 

identical – one encased in the other – and there is little loss of pore or channel volume 

(Figure 2.4). An attractive effect of this process is that the structure is strengthened – 

resisting decomposition at higher temperatures as well as dissolution in solvents.  

Impregnation or intercalation of a different compound – such as a carbon structure - is 

another method that can increase the potential surface area interactions for H2 sorption and 

thus improve the uptake capacity of the material[53]. However, all three of these methods 

decrease the gravimetric density of H2 storage in these frameworks due to the incorporation 

of a larger number of heavier elements within the same volume. 

It is possible to produce MOFs with metal centres that have free metal coordination sites after 

removal of ligands (such as water) at temperature. In certain compounds these ligands 

provide structural integrity and removal results in collapse. However, it is possible to select 

metal centres which form frameworks that retain their porosity once de-ligated[54]. These 

metal centres are attractive due to the possibility of direct interaction with H2 molecules or 

atoms – thus increasing binding energies from charge interactions or through chemisorption. 

Typically, only a fraction of these metal centres are occupied when at full capacity. 
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Figure 2.4 : A schematic of two interwoven MOF-14 frameworks – the red 
and blue structures are identical but formed one inside the other and 
rotated 90 degrees. The lines and dots are simplified structures 
representing linked square ‘paddle-wheel’ and triangular BTB building 
units linked by copper ions. 
The yellow structure is a virtual P-minimal surface that defines the 
separation between them – a partition that neither structure crosses(52) 

 

MOFs hold some promise as possible stores for hydrogen: they are cheap and easy to 

produce with high yields and they have high surface areas and numerous options for the 

organic linkers, allowing customisation towards H2 sorption[50]. There are some barriers to 

overcome in the form of low gravimetric and volumetric densities as well as operational 

temperatures – though their H2 uptakes at room temperature are more promising than those 

of zeolites and on a par with carbon. 
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2.2.4 Microporous polymers  

With MOFs providing low gravimetric density for hydrogen storage due to their inclusion of 

metal centres several research initiatives have removed metals and their ions from a 

synthetic standpoint and instead have concentrated on the polymerisation of organic 

compounds. These polymers of intrinsic microposity, PIMs, are designed to be tailored 

towards optimum hydrogen uptake by incorporating the maximum number of micropores per 

unit volume for H2 physisorption[55]. 

Most polymers are not suited as hydrogen storage mediums as, due to their flexibility and 

space-filling tendencies, little to no microporosity is observed. PIMs, however, are rigid 

macromolecules synthesised from two monomers composed of fused-ring components that 

are unable to contort into different configurations, ensuring that inefficient packing takes 

place[56]. For microporosity to be achieved there must be at least one site of contortion in a 

monomer’s structure that will not allow free rotation of part of the molecule. These can take 

the forms of spiro-centres and non-planar rigid molecules (Figure 2.5). This inefficient 

packing results in an amorphous material that has a porous microstructure that is not 

reduced over time by relaxation/minimisation of the structure.  

 

Figure 2.5 : Molecular structures of PIMs 1, 7 and a triptycene-based PIM 
showing spiro and rigid non-planar structural elements that are vital to 
micropore formation(55) 
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Inclusion of π-bonded aromatic components can also encourage favourable van der Waals 

interactions through partial polarisation of the H2 molecule and it has been shown that H2 is 

preferentially adsorbed where the contortion sites are situated[56, 57]. Due to the amorphous 

nature of PIMs there is no defined porous structure, however pore size measurements have 

shown that the smallest pores range from 0.5 to 1.5 nm across a range of polymer 

materials[55] with 1.4 to 3 wt% hydrogen sorption observed at 15 bar H2, 77K. PIMs 1, 7 and 

the triptycene-based PIM adsorbed H2 in accordance with their calculated relative surface 

areas in the same fashion as carbon materials: 1.5, 1.4 and 2.8 wt% respectively at the same 

temperature and pressure. 

Similar results have been reported for polymers featuring multiple cross-links between the 

monomers[58, 59] created by first forming the polymer then swelling it by occluding a suitable 

solvent within the structure. This swelled structure is then cross-linked via a Friedel-Crafts 

reaction, creating a nanoporous structure. In this manner, materials with surface areas 

greater than 1000 m2/g are achievable; displaying H2 uptakes equal to and exceeding those 

of the currently reported PIMs: Lee et al. synthesised a cross-linked polymer with a surface 

area of 1466 m2/g and an H2 uptake of 3 wt% at 15 bar, 77K[59]. 

Polymer materials designed for the storage of hydrogen are interesting possible storage 

solutions and benefit from being relatively undeveloped when compared with the alternatives. 

They display the same relationship between increasing surface area and H2 adsorption as 

carbons while retaining a relatively lightweight composition when compared to metal-

containing frameworks and the possibility of much higher surface areas combined with nano-

porous structure which facilitates H2 uptake could result in even higher adsorption values. 

However, their development can be difficult and though self-forming units are useful in 

theory, in practice the structure that is formed is highly dependent on more that just the 

reactants present in the mixture[51]: small changes in reaction conditions such as interactions 

with solvent molecules and counterions can result in various alternative structures being 

formed as well as defects and malformations that affect and reduce the porous nature and 

stability of the structures.  
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2.2.5 Porous materials conclusions 

While development of porous materials as potential hydrogen storage materials has increased 

in recent years resulting in increased storage capacity per unit volume, their viability has not 

improved appreciably. 

Low temperatures are still required to store and maintain storage of hydrogen as well as 

constant high pressures. While some porous materials display H2 uptake values approaching 

the DoE requirements, these are at hundreds of bars of pressure. The materials are also 

vulnerable to atmospheric interference as many are hygroscopic or will preferentially adsorb 

other molecules within their structures meaning that stores must be kept in a sealed state at 

all times. These factors increase the cost of building and maintaining stores based on these 

materials and at the present time it is unlikely that any of these particular solutions will be 

adopted on any scale. 

 

2.3 Metal hydrides and alloys 

The premise of using metals and alloys as hydrogen storage materials is a relatively recent 

development considering when the knowledge of hydrogen combining with metals was 

discovered. During the initial phase of the ‘hydrogen movement’ in the 60s and early 70s 

metal hydrides and their alloys were targeted as a possible solution to the problems of liquid 

and pressure containment, especially for applications in the transport sector[60]. While still 

requiring energy to effectively add and remove H2 from each solid state store, depending on 

the compounds used, the risk of fire and explosion is greatly reduced in comparison to both 

liquid and compressed gas stores. 

In contrast, the process of alloying metals has been known for many centuries – dating back, 

at least, to the Bronze Age. Traditionally, this alloying process is conducted by melting the 

constituents together to facilitate mixing and thus the formation of a new phase, though 

more recently reactive mechanical milling techniques have been developed that also yield 
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alloys through less demanding syntheses[61]. In fact, due to the forces present in mechanical 

milling syntheses, it is possible to form phases and compounds that are unachievable through 

melting under non-reactive atmospheres[62].  

2.3.1 Transition metal alloys 

The storage of hydrogen in transition metal alloys has been well documented[63-65]. There are 

different known combinations of metals that produce hydrogen storage materials of the forms 

AB, AB2 and AB5 (where A and B represent different metallic elements, though partial 

substitution with one or more transition metals is also possible). Hydrogen is generally stored 

in an interstitial manner[66] (Figure 2.6) in these crystalline structures rather than through 

direct insertion into a crystal structure which results in a lower threshold for absorbing and 

desorbing H2.  

 

Figure 2.6 : Depiction of the octahedral and tetrahedral interstitial sites in 
a face-centred-cubic crystal structure(131) 

 

One of the main drawbacks to the use of transition metal alloys (TM) alloys is the cost of the 

materials: many are composed of expensive elements such as the lanthanides and actinides. 

(for example pure La costs ~$233 per 100g[67]). On top of this cost, most TM alloys usually 

require activation to allow storage of hydrogen to take place due to ‘dirty’ surfaces through 
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which hydrogen is unable to pass through – which usually takes the form of oxide or 

hydroxide layers of the compound in question. This problem can be alleviated through 

mechanical milling techniques which reduce the overall particle size and increase the defects 

along grain boundaries which provide a clean surface for H2 interaction with the alloy[68, 69].  

Decrepitation – caused by repeated hydrogenation and dehydrogenation – also results in 

reduced particle size which increases the kinetics of those two processes. A further aspect of 

using TM elements is the reduction in percentage weight of H2 stored in the alloy which is a 

consideration for small and mobile applications with many TM alloys (FeTi, Mg2Ni, LaNi5, 

MmNi5 and TiCr2) capable of storing less than 3-4 wt% H2 at temperatures below 300°C. It 

has been shown that kinetics of hydrogenation and dehydrogenation can be improved by 

addition of impurities through alternative synthetic routes and composition through addition 

of selected elements[70, 71].  

Unlike most of the porous and basic metal hydride materials TM alloys can be resistant to the 

effects of poisoning from the atmosphere and can be relatively easily regenerated via the 

same high temperature annealing processes used to activate them[72-74], though usually at a 

loss of total H2 capacity. However, gases such as CO and H2S are highly poisonous to the 

materials even at low concentrations[75].  

Transition metal alloys are unlikely to be widely adopted for storage of hydrogen due to their 

expense and weight (and low weight percent H2 storage), though specific application of these 

materials might become established due to their reliability and low operating temperatures. 
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2.3.2 Metal hydrides 

In comparison to the complex transition metal alloys and their hydrides, metal hydrides 

consist primarily of chemical compounds that are ionic- and covalently-bonded with their 

hydrogen content rather than storing the hydrogen interstitially[53]. There are two types of 

metal hydride: those that are reversible at relatively low temperatures and pressures and 

those that are more stable and thus require more extreme conditions in order to re- or 

dehydride. In long term applications of metal hydride stores irreversible or unfavourably 

reversible compounds and processes such as hydrolytic generation of H2 can be ruled out due 

to the high cost of maintaining these systems[76]. Reversible hydrides must also have a high 

weight percent and volumetric content of H2, fast de/hydrogenation kinetics at reasonably 

low pressures (<50 bar) and low cost with preferably a 1 bar equilibrium pressure at 25°C. 

These requirements reduce the available elements for storing hydrogen to the light weight 

alkali metals, alkali earth metals, transition metals and non-metals. Of this list of desirable 

elements three main elements can be picked out as targets for prospective hydrogen storage 

compounds: lithium, sodium and magnesium. 

 

2.3.3 Lithium compounds 

Lithium is the lightest metal and as such is desirable as a component in a solid state 

hydrogen store from a gravimetric viewpoint. Prospective lithium compounds for use as a 

storage material are LiH, LiNH2, LiBH4 and LiAlH4 corresponding to 12.7, 8.8, 18.5 and 10.6 

wt% H2 content respectively. However, due to its highly ionic nature lithium tends to form 

strong bonds with hydrogen that are not easily dissociated and these four compounds all 

have relatively high decomposition temperatures: 720, 374, 380 and 180°C, respectively[53, 

77].  
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a) Lithium aluminium hydride 

Despite the low decomposition temperature of LiAlH4, the compound is not practically 

reversible, requiring high temperatures and pressures of H2 to be successfully reconstituted. 

However, following on from work performed by Bogdanović at al. on doping sodium 

aluminium hydrides with compounds containing Ti and Fe[78, 79], Chen J. et al. demonstrated 

that doping with TiCl3/AlCl3 greatly enhanced the kinetics of the decomposition and 

reformation of LiAlH4
[80] via the following pathway: 

2634 323 HAlAlHLiLiAlH ++⎯→⎯  

263 2
33 HAlLiHAlHLi ++⎯→⎯  

22
333 HLiLiH +⎯→⎯  

The TiCl3 is reduced by LiAlH4 resulting in Ti acting as an electron donor and acceptor – as 

had been predicted by density functional band calculations[81] – though the total amount of 

H2 stored each cycle reduced with time. 

b) Lithium amide 

LiNH2 is also an unfavourable hydrogen store due to its decomposition products including 

ammonia and lithium nitride[82] which result in reduced H2 storage capacity through loss of 

nitrogen and borderline irreversibility due to the thermodynamic stability of Li3N. Similarly, 

LiH is also thermodynamically stable: requiring above 600°C to completely dissociate making 

the compound unattractive as a hydrogen storage material. Chen et al. discovered that the 

presence of LiH during the decomposition of LiNH2 greatly reduced the evolution of NH3 in 

favour of increased H2 desorption[77, 83]. It was observed that the onset temperature of 

desorption was decreased to ~ 100°C for a 1:1 mixture, from ~ 200°C for pure LiNH2, with a 

mass loss of 6 wt% at 200°C under dynamic vacuum. A 1:2 LiNH2, LiH mixture showed more 

promising results with ~ 6.5 wt% produced at ~190°C under vacuum with full decomposition 
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at ~430°C resulting in 9.6 wt% mass loss. Analysis of the products at each of these two 

stages showed LixNH3-x (with some unreacted LiH) and Li3N respectively. Furthermore, it was 

shown that this reaction was reversible above 150°C under a pressure of H2
[77, 84] and Chen et 

al. and proposed the following reaction scheme: 

232212 2)2(2 HNLiLiHxxHNHLiLiHLiNH xx +⎯→←−++⎯→←+ −+  

It was shown by Hu and Ruckenstein that the reaction proceeded via the interaction of NH3, 

released from LiNH2, and LiH to form LiNH2 and H2
[85] which is thought to be near 

instantaneous upon contact at 300°C[86]. This diffusion of NH3 has been determined to be the 

rate limiting step for dehydriding and that the overall surface contact between LiH and 

LiNH2/Li2NH is important for continued reversibility of the reaction[87]. The combined possible 

H2 stored in this system is ~ 10.4 wt%. However, due to a lower negative enthalpy change, it 

is thermodynamically easier (and thus more energy efficient) to store hydrogen in the 

amide/imide part of the system, which equates to 6.5 wt% H2, than proceed to full 

desorption of H2 to form the nitride. It is also kinetically faster to hydride Li2NH to form LiNH2 

than it is to hydride Li3N to form Li2NH due to the porous nature of the Li2NH compound 

which allows diffusion of hydrogen and ammonia during absorption and desorption[87]. 

c) Lithium borohydride 

Lithium borohydride has the highest H2 content by weight though only begins to desorb well 

above its melting point (~275°C) at around 600°C to produce H2, LiH and B under 10 bar H2. 

The process is reversible under extreme conditions: 600°C, 350 bar[88] H2 – both of which are 

undesirable for hydrogen storage compounds for use in commercial and non-commercial 

applications. At room temperature LiBH4 has orthorhombic symmetry (space group Pnma) 

with the tetrahedral anions, which are aligned in two orthogonal directions, under strong 

distortion with respect to their B-H bond lengths and angles (Figure 2.7)[89]. Each Li is 

coordinated to nine H atoms: three pairs from three of the four surrounding BH4
− units with 

the last three bonded to the fourth BH4
−

 unit.  The compound undergoes a structural phase 

transition at ~108°C to a hexagonal symmetry (space group P63mc) that is closely related to 
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Figure 2.7 : Diagram showing the coordination of a) boron and b) lithium in 
orthorhombic LiBH4 at room temperature(89). Boron is the large light gray 
balls and lithium is the large dark gray balls with the remainder being 
hydrogen atoms 

 

the orthorhombic room temperature polymorph. The transformation of the unit cell retains 

the arrangement of the Li+ and BH4
− units with a contraction of the orthorhombic a axis and 

an associated expansion of the orthorhombic b and c axes which results in a density increase 

for the compound. This high temperature phase has less distortion with respect to the B-H 

bond lengths and angles. These bonds are no longer orthogonal but point in the same 

direction, changing the hydrogen coordination for each Li atom; thirteen H atoms: three 

triplets of three H atoms from the nearest BH4
− units and one from a fifth, more distant BH4

− 

unit[89]. It has also been shown that this high temperature phase evidences rapid lithium ion 

diffusion throughout the structure whereas H atom diffusion is very slow[90, 91]. The diffusion 

of hydrogen throughout the structure is limited by their association in the BH4
− unit, however, 

it has been calculated that the main process for H diffusion might proceed via the formation 

of interstitial H2 in low concentrations which can move through channels in the LiBH4 lattice. 

These interstitial H2 molecules would slowly exchange with other BH4
− units[92]. 

Although LiBH4 requires >400°C to desorb H2, theoretical calculations have suggested that 

destabilisation of the compound through donation of an electron to a surface-doped catalyst 
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could reduce the temperature for dehydrogenation by lowering the activation barrier[93]. It 

was also suggested that such a catalyst might support the formation of the theorised 

orthorhombic phase LiBH (space group Pnma) during dehydrogenation that would liberate 

13.1 wt% H2 and that this phase would enable relatively facile rehydrogenation. Mosegaard 

et al. observed two intermediate phases during decomposition of LiBH4 via a constant heating 

rate of 5°C in synchrotron radiation powder XRD experiments[94]. The first phase (I) evolved 

between 200-300°C was indexed to a hexagonal unit cell and appeared to be marginally 

more stable than the high temperature hexagonal LiBH4 phase which is seen to melt at 

275°C. The second new phase (II) was observed between 300-400°C which was indexed to 

an orthorhombic unit cell. These phases were synthesised in lab conditions by heating 

samples of LiBH4 to between 245-265°C in sealed quartz tubes: with longer annealing times 

(of the order of 5 hours) leading to the formation of phase II presumably through the 

transformation or evolution of phase I during extended exposure to elevated temperatures. 

Both phases were stable at room temperature and it was suggested that they were partially 

dehydrided forms of LiBH4 with phase I desorbing H2 to form phase II. 

Orimo et al have reported the presence of monoclinic Li2B12H12 during the decomposition of 

LiBH4 between 427-457°C as determined by Raman spectroscopy and thermogravimetric 

analysis and in agreement with theoretical calculations that predicted its formation[95]. The 

decomposition follows the following reaction scheme: 

22121224 2
3

12
13

6
5

12
1 HBLiHHLiHHBLiLiBH ++⎯→←++⎯→←  

The first step corresponds to a loss of 10 mass% whilst the second step corresponds to a loss 

of 4 mass%. Li2B12H12 displayed additional and altered B-H bending and stretching modes 

between 600-1000 cm-1 and 2500 cm-1 though no XRD diffraction peaks which implies a lack 

of long-range order at elevated temperatures. Building on this, Friedrichs et al. reported 

Li2B12H12 was formed above 150°C via the reaction of LiBH4 with diborane (B2H6); the reaction 

also produced an amorphous phase, Li2B10H10 which was formed above 200°C, discovered via 
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NMR and identified via comparison with the similar phase K2B10H10
[96]. Li2B10H10 is thought to 

form through the following reaction scheme: 

210102624 2
11

2
12 HHBLiHBLiBH +⎯→⎯+  

The authors postulate that desorption of LiBH4 at elevated temperatures (>600°C) leads to 

the release of diborane. Diborane decomposes at temperatures higher than 400°C to B and 

H2 though some of the diborane gas (or speculated higher borane species) react with LiBH4 

to form the two compounds reported above. This process is also thermodynamically more 

favourable than the decomposition to LiH, B and H2: approximately 20 kJmol-1 smaller[95]. 

However, the rehydrogenation process in a hydrogen environment would not carry this 

benefit and this perhaps explains why such high pressures (155-350 bar H2) must be used. If 

such a process did occur then the LiBH4 would not be completely rehydrided as reaction of 

LiH with B2H6 and other analogous boranes results in a passivation layer of LiBH4 on the 

surface of each LiH grain, hindering diffusion to the centre[97]. 

The rehydrogenation reaction between LiH and B proceeds slowly, even at elevated 

temperatures and pressures. However, Remhof et al. observed that the hydrogenation of pre-

annealed LiB (using atomic Li and B at 327°C for 60 hours) to form LiBH4 proceeds at much 

lower temperatures and pressures (150 bar H2). LiB was observed to partially decompose 

above 200°C, forming LiH in the presence of H2, which then reacted with B and H2 above 

350°C to form LiBH4
[98]. 

In 1980, Muller et al. demonstrated that the desorption temperature of LiBH4 could be 

reduced to as low as 200°C by the addition of 10% aluminium powder[99]. This method, while 

producing pure H2 with no gaseous boron compounds, was only reversible at high 

temperature and pressure (>300°C, >100 bar) and was therefore also impractical as a H2 

storage method. Various other additives have been tested to reduce the absorption and 

desorption conditions though most result in irreversible reactions or required high 

temperature and pressure to proceed. Zuttel et al. observed that with the addition of SiO2 the 
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desorption temperature was reduced to 200°C[100], while Orimo noted that addition of 10% 

Mg resulted in a 30°C reduction to desorption and absorption temperatures[88], though these 

experiments were carried out at 600°C and pressures of 350 bar H2 upon rehydriding.  

Au et al. observed that addition of transition metal oxides (TiO2, ZrO2, V2O3, SnO2) and 

chlorides (MgCl2, TiCl3) through mechanical milling reduced the hydrogen abs/desorption 

temperatures of LiBH4
[101]. However these compounds react with the LiBH4 to produce TiB, 

LiCl and Li3BO3 resulting in reduced storage capacity over successive hydrogenation cycles. 

Yu et al. also observed improved H2 absorption and desorption temperatures with the 

addition of Fe2O3, V2O5, Nb2O5 and TiO2 via mechanical milling, with hydrogen evolution 

starting below 100°C and reaching a total of 6 wt% by 200°C for the sample containing 

Fe2O3
[102]. It was suggested that the improvement in dehydrogenation was due to a redox 

reaction between the metal oxide and LiBH4.  

It has also been reported that addition of aluminium to LiBH4  in a ratio of 1:2 also results in 

improved desorption properties with operating temperatures and pressures of 400°C, 100 bar 

for absorption and 450°C, 10 mbar for desorption of H2
[103]. However, it was observed that 

the total H2 capacity (theoretical 8.5 wt%, observed 7.2 wt% 1st absorption, 3 wt% 4th 

absorption) during hydrogen cycling diminished as a function of each cycle which was 

thought to be due to loss of boron-containing species during dehydrogenation. Further 

analysis showed that at these low temperatures the reaction was not complete and that the 

formation of LiH and AlB2 via the decomposition of LiBH4 with Al continues above 450°C 

where LiH and Al react to form LiAl, releasing H2
[104]. Friedrichs et al. reported that the 

hydrogenation reaction between LiH and AlB2 can proceed at pressures as low as 13 bar H2 at 

450°C[105] though loss of H2 capacity was still a problem. This loss of capacity was also 

observed for mixtures of LiBH4 and silica-gel and was attributed to the production of diborane 

that accompanied H2 evolution[106]. The addition of silica to LiBH4 reduced the H2 desorption 

temperature under vacuum from 170°C to a maximum around the melting point at 275°C – a 

second desorption was also observed between 350-500°C.  
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Various groups have also reported that LiBH4 is destabilised by the introduction of carbon, 

specifically carbon nanotubes[107, 108]. Superior desorption capabilities compared to LiBH4 were 

observed when carbon nanotubes were added via mechanical milling. Absorption of H2 took 

place at 400°C, 100 bar H2 whilst desorption occurred between 250-600°C under 1 bar Ar 

though the kinetics of the system were very poor[107]. Fang et al. reported improved kinetics 

with SWNTs (Single-walled carbon Nanotubes) for LiBH4 milled with 30 wt% SWNT for 1h, 

with 11.4 wt% H2 desorbed within 50 minutes at 450°C, 10 mbar H2. 6 wt% H2 was 

rehydrided at 400°C, 100 bar H2 over a period of 10 hours though H2 capacity was also 

decreased over successive dehydrogenation and hydrogenation cycles[108]. Addition of 

10 wt% carbon-supported Pt catalyst to the LiBH4 system via milling was also reported to 

improve hydrogenation and dehydrogenation kinetics[109]. While capacity reduction is also 

observed, it stabilised at ~4 wt% after successive H2 cycling. 

 

Vajo et al. noted that the reaction of MgH2 with LiBH4 resulted in a partial dehydrogenation to 

form MgB2 under static vacuum conditions whereby the sample was desorbed into a 

previously evacuated chamber whilst undergoing heating at a rate of 2°C/min to 450°C and 

which resulted in the production of 8-10 wt% H2
[110] in the presence of 2-3 mol% TiCl3 via the 

following reaction: 

2224 2
2
1

2
1 HMgBLiHMgHLiBH ++⎯→⎯+  

The reverse reaction can be achieved at 350°C at 100 bar H2 with relatively fast kinetics – the 

reaction and its reverse complete within a few hours – which improve with subsequent 

hydrogen cycles. It was noted that, on dehydrogenation, a pressure of H2 was required for 

the formation of MgB2 otherwise Mg metal formed and there was a subsequent loss of H2 

capacity upon rehydriding. This was possibly due to the loss of boron-containing gases 

though these were not observed through residual gas analysis (RGA). Wan et al. confirmed 

that 8.3 wt% H2 was absorbed over a period of 7 hours for a 120h milled mixture of LiH and 
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MgB2 to form LiBH4 under similar conditions (265°C, 90 bar H2) though desorption proceeded 

very slowly at this temperature, only achieving 2 wt% H2 in 7 hours under a vacuum of 10-3 

bar [111]. Shaw et al. elucidated the hydrogenation mechanism at 265°C and observed that it 

was driven primarily by rehydriding the Mg phase[112]. It was also observed that the use of 

liquid nitrogen temperature mechanical milling reduced the presence of particle ‘caking’ which 

reduces hydrogen diffusion into the particles of the material through a process of cold 

welding LiBH4 onto the surface of MgH2 particles during the normal room temperature 

mechanical milling procedure. Caking was removed altogether via the addition of 5 vol% 

graphite and was presumed to control the process due to its inherent lubricating 

properties[113]. The addition of 5 vol% C greatly improved the dehydriding kinetics, releasing 

4 wt% H2 in 7 hours at 10mbar H2, 265°C compared to a sample of 2LiBH4 + MgH2 that 

released 0.5 wt% in the same time period. However, samples containing the graphite were 

observed to kinetically degrade over subsequent hydrogen cycles; this was attributed to grain 

and particle growth and loss of defects in the microstructure while held at constant 

temperature. 

The stoichiometric effects of combining LiBH4 and MgH2 were investigated by Price et al. who 

reported that a ratio of 03:1 had faster kinetic properties than for the previously reported 2:1 

under dynamic vacuum for desorption and 100 bar H2 for absorption at a heating rate of 

1°C/min from room temperature to 550°C[114]. It was observed that the 0.3:1 ratio system 

decomposed via the formation of Mg-Li alloys[115, 116] whereas the 2:1 system decomposed via 

a proposed intermediate species similar to that observed by Orimo et al. during the 

decomposition of LiBH4
[95]. 

The LiBH4-rich system pioneered by Vajo et al. has also been modified by the addition of TM 

dopants. Crosby et al. noted that the addition of 0.05 mol% vanadium via mechanical milling 

improved the desorption kinetics of the 2LiBH4+MgH2 system though it had no effect on the 

absorption kinetics of the sample, which has a lower overall H2 capacity upon H2 cycling than 

the unmodified mixture of LiBH4 and MgH2
[117]. It was also observed that addition of 0.05 

mol% Mn resulted in faster absorption kinetics of the same system but that it had no effect 
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on the desorption kinetics. This was explained through Mn promoting lattice distortion in the 

decomposition product, MgB2 which improved the diffusion of Mg vacancies allowing more 

facile uptake of H2. In comparison, addition of V improved dehydrogenation due to the 

formation of VH0.81 which promotes formation of H2. Other groups have also had success 

improving the kinetics of the 2LiBH4-MgH2 system through addition of TiF3 and Pd – both of 

which reduced desorption temperatures. 0.01 mol% TiF3 was observed to reduce the 

desorption peaks observed by DSC for the system to 309°C and 388°C which are reduced 

from the unaltered mixture by 56°C and 106°C respectively[118]. This improvement was 

observed to occur due to the reaction of LiH with TiF3 to form TiH2 and LiF though the exact 

mechanism was unclear. This sample also had superior hydriding kinetics, completing 

hydrogenation within 4 hours at 350°C – three times faster than the unaltered 2LiBH4+MgH2 

mixture. Weng et al. improved the dehydrogenation of 2LiBH4+MgH2 through the addition of 

10 wt% Pd nanoparticles which reduced the desorption temperature from 350°C to 

260°C[119]. The addition of Pd results in the formation of the Mg6Pd alloy through reaction 

with Mg which appeared to catalyse the reaction between LiBH4 and MgH2 to form MgB2 at 

below 400°C. 

 

It has also been shown that LiBH4 can be destabilised through the reaction with LiNH2
[120]. 

Aoki et al. predicted through first principle calculations that the mixture would have a much 

lower enthalpy of dehydrogenation than pure LiBH4. It was shown that a mixture of the ratio 

1:2 resulted in the production of 7.8 wt% H2 at 250°C under vacuum and was predicted to 

proceed via the following reaction pathway: 

22324 42 HBNLiLiNHLiBH +⎯→⎯+  

However, after mechanical milling for 1 hour and after heat treatment at 100 bar H2 at 250°C 

a new, unidentified cubic phase was observed via X-ray diffraction that was indexed with a 

lattice parameter a = 10.67 Å, with no trace of the starting materials. This phase 

decomposed to a Li3N•BN complex (possibly related to Li3N•3BN[121]) and Li3BN2 and was 
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determined to be Li3BN2H8 by Pinkerton et al. who also observed its formation with a lattice 

parameter of a = 10.76 Å under similar conditions, though they observed the production of 

~11.5 wt% H2 along with some mass loss due to evolution of NH3
[122]. Later, Chater et al. 

provided a detailed structural analysis of this phase and determined that the actual 

composition was Li4BN3H10
[123]. Though this compound achieves a high hydrogen content, 

thus far it does not appear to be reversible under reasonable conditions. 

It has been shown that lithium containing compounds could be used as hydrogen storage 

materials at moderately high temperatures and reasonable pressures. However their reactive 

nature with atmospheric components such as oxygen and water and the need to reduce the 

pressures and temperatures at which these compounds are able to quickly absorb and desorb 

hydrogen means that they are unlikely to be used outside of the more complex 

multicomponent systems mentioned above and those yet to be discovered. 

 

2.3.4 Magnesium compounds 

Magnesium is a relatively abundant element, making up approximately 2.09% of the Earth’s 

crust, meaning that it is also fairly cheap to acquire. It is also relatively light and is known to 

form alloys with many of the metallic elements and is therefore ideal for using in a hydrogen 

storage material. Prospective compounds for use as a storage material are MgH2, Mg(AlH4)2, 

Mg(NH2)2 and Mg(BH4)2 which provide 7.8, 9.3, 7.1 and 14.9 wt% H2 respectively. All of 

these compounds are reactive with the atmosphere though MgH2 has the least vigorous 

reaction and although the aluminium hydride and borohydride have desirably high hydrogen 

content neither are easily synthesised or purified, with samples from both usually containing 

NaCl or LiCl as a by-product of their syntheses.  

a) Magnesium borohydride 

Mg(BH4)2 was synthesised by Wiberg et al. in 1950 and found to have a decomposition 

temperature of between 260 – 280°C though this included some bound solvent[124]. More 
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recent work has shown that the decomposition is a two step process resulting in the 

formation of MgH2 and B in the first step and Mg in the second step[125]. The first step was 

found to be irreversible at temperatures up to 350°C and 100 bar and therefore the use of 

magnesium borohydride as a reversible hydrogen store would appear to be redundant in 

favour of the lighter MgH2 system, though Mg(BH4)2 would be ideal for single-use disposable 

systems which utilise thermodynamically favourable reactions between compounds with a 

high density of H2. 

b) Magnesium aluminium hydride 

Mg(AlH4)2 was also first synthesised by Wiberg et al., however it was only recently that a 

more accurate decomposition temperature was found[126]. Magnesium aluminium hydride 

decomposes via two steps: the first at 115 – 150°C corresponding to formation of MgH2, Al 

and H2 and the second at 240 – 290°C which corresponds to the breakdown of MgH2 to form 

Al3Mg2 which explains the significantly lower desorption temperature for MgH2. Similarly to 

Mg(BH4)2, Mg(AlH4)2 does not easily recombine and thus is not currently suitable for 

reversible storage solutions. However, thin films of Mg(AlH4)2 with a Ti catalyst layer have 

been shown to be reversible at temperatures below 100°C[127].  

c) Magnesium amide 

Magnesium amide decomposes via loss of ammonia until ~500°C through the following 

reaction pathway[128]: 

323
500

3
320

22 33)(3 NHNMgNHMgNHNHMg CC oo

+⎯⎯ →←+⎯⎯ →←  

Leng et al. showed that, through a similar process to the reaction between LiNH2 and LiH, it 

was also possible to reversibly react Mg(NH2)2 and LiH which proceeds via the reaction 

pathway: 

222322 848)(3 HNHLiNMgLiHNHMg ++⎯→←+  
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This leads to almost exclusively H2 desorption – though a small amount of NH3 is observed – 

beginning at 140°C with a peak at 190°C and completing by 300°C which resulted in 

production of ~7 wt%. Leng et al. also observed that MgH2 could be substituted for LiH in 

this reaction[129] reducing the onset temperature of desorption to 80°C though increasing the 

completion temperature to 450°C, with a peak at 415°C which resulted in 7.3 wt% H2. The 

reason given for this is the difference in enthalpy of formation between LiNH2 and Mg(NH2)2 

(and thus their relative stability), which form on the surface of LiH and MgH2 particles 

respectively from the reaction with NH3 before further decomposing to the imide. 

It has also been observed that, due to the relatively similar size of Mg and Li, mixtures of 

MgH2 + LiNH2 and Mg(NH2)2 + LiH can result in Mg-Li phases due to substitution within one 

or other lattice[130-132], and these phases possibly provide a lower energy pathway to the 

formation of the fully hydrided and dehydrided products by allowing an intermediate phase 

whereby the H2 can be easily absorbed and transferred. This Li-Mg-N-H phase has a relatively 

high H2 plateau pressure (above 10 bar) but relatively slow kinetics at 180°C, and thus 

desirably the operating temperature and pressure for this system would need to be above 

this range for absorption[133]. 

d) Magnesium hydride 

MgH2 is one of the promising possible hydrogen storage compounds. While having a high H2 

content it is also easily reversible at temperatures around 300°C and has a plateau pressure 

of 1 bar at 280°C. Thermodynamically, hydride formation is favoured with the enthalpy of 

formation being -75 kJmol-1 H2 which denotes that the formation of MgH2 is exothermic[134]. 

The kinetics of hydrogenation and dehydrogenation are relatively slow and they are highly 

dependent on the overall surface area with which the H2 can react as well as the diffusion 

into the inner material of each particle. Oxide layer formation can also impede hydrogen 

diffusion into the grains and particles and to reduce this effect MgH2 must be cycled at 

temperatures above 400°C at vacuum and pressures up to 30 bar[135]. However, it has been 

shown that thin oxide layers can actually improve the kinetics of hydrogenation by providing 
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nucleation points for the MgH2 phase[136]. The pressure of H2 also affects the kinetics of 

absorption and desorption – increasing pressure leads to an increase in kinetics up to ~30 

bar above which the kinetics are reduced due to over-saturation of the outermost layer of a 

given Mg particle leading to a shell of MgH2, blocking access to the inner core of Mg[137]. 

These factors result in the fact that it is very difficult to completely hydride magnesium and 

often there will be residual, unreacted metal in a given sample. 

At room temperature MgH2 has a tetragonal crystal structure (Rutile type, Figure 2.7), which 

is referred to as the β-phase (labelled α in the crystallographic nonmenclature), with 

hydrogen bound to magnesium atoms via a primarily ionic bond. Noritake et al. have shown 

through synchrotron experiments that the hydrogen atoms also have a weak covalent nature 

to their bonding between both their Mg and H neighbours and suggest that one route to 

improvement of the dehydrogenation performance of MgH2 is through the weakening of the  

 

Figure 2.8 : Diagram depicting the crystal structure of MgH2: Tetragonal, 
Rutile type (Space group P42/mnm)(138) 

 

 ionic interactions between Mg and H atoms[138]. MgH2 can also form various high 

temperature and/or pressure phases[139] though only the orthorhombic (space group Pbcn) 

phase is observed to be formed through the process of high energy mechanical milling. This 

γ-phase of MgH2 is metastable at room temperatures and pressures and is usually formed 
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between 5.5 – 9.5 GPa at 25°C. The α- and γ-phases of MgH2 are structurally similar due to 

the Mg atoms forming edge-linked octahedral in one direction and via corners in the other 

two directions – possessing the same packing type and coordination number. However, these 

octahedral are strongly distorted in the γ-MgH2 phase compared to the α-MgH2 phase due to 

the structural rearrangement caused by the α→γ phase transition[140]. γ-MgH2 is observed to 

reconvert to α-MgH2 at ~300°C under 1 bar H2 and will not reform under relatively low 

temperatures and pressures (300°C, ≤ 50,000 bar/5 GPa) upon hydrogenation if first 

dehydrided to Mg. 

d) (i) Mechanical milling 

One method of increasing the kinetics of hydrogenation and dehydrogenation is via 

mechanical milling. It has been discovered that hydride layers > 50 μm cannot be penetrated 

by H2
[137] and as such, ideally, Mg particles would have to have a radius less than 50 μm. 

Zaluska et al. discovered that milling has several converging effects that improve the overall 

kinetics of a sample:  

• A reduction in particle size 

• A reduction in grain size  

• An increase in defects via strain mechanisms 

These three factors allow for hydrogen diffusion into a particle along defects and grain 

boundaries – of which there are more in a given particle. The reported kinetic improvement 

was quite large and extended milling times resulted in further improvements with times 

below 60 minutes for full absorption and desorption at 300°C and 10 bar in comparison to 

hours for unmilled MgH2
[134]. Zaluska also states that there is no observed grain growth up to 

400°C meaning that this microstructure is left intact and that the kinetics will not reduce with 

successive hydrogen cycling as there is little to no grain agglomeration. It should be noted 

that changing particle and grain size has no effect on the thermodynamics of the system[141] 
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and, while small grain and particle sizes result in fast kinetics, a large variation in particle size 

can result in ‘dual’ desorption peaks or ‘shoulders’ as reported by Varin et al.[142], and this 

feature is purely a result of some particles being relatively kinetically efficient at diffusing H2 

molecules and others constrained by the diffusion of H2. 

The exact effects and magnitudes of a reduction in particle and/or grain size have long been 

studied and contested. Zaluska et al. reported that reduction in grain size via mechanical 

milling, whilst keeping particle size relatively the same, resulted in improved hydrogen 

absorption kinetics[134] – their results confirming that hydrogen mainly diffuses through the 

grain boundaries or imperfections inside the hydride phase[137]. However, it was also reported 

by Varin et al. and other authors that the reduction in particle size is the more important 

factor regarding kinetic improvements in MgH2 as this reduction can facilitate diffusion of H2 

through very small particles, bypassing the rate-limiting step caused by diffusion of H2 though 

a surface layer of MgH2
[143-145]. It was observed that, while grain size is reduced very quickly 

with short milling times (~10nm for 10-20 hours of milling[143, 146, 147]) and then plateaus, 

longer milling times are required to attain a more homogenous particle size (< 1μm at ≥ 50 

hours milling time). This reported behaviour determined that the onset temperature (Tonset) of 

desorption during a DSC measurement was reduced further as a function of particle size 

reduction than grain size reduction[143, 146]. However, in both studies there appeared to be a 

large reduction in particle size between 10 and 20 hours milling time which then experienced 

a plateau until after 50 hours milling time. The improvement of the 1st desorption properties 

during these milling times was suggested to be due to not only the reduction in particle size 

but also the formation of the γ-MgH2 phase of which the smaller particles primarily consisted. 

As noted above, mechanical milling of MgH2 can result in the formation of the metastable 

orthorhombic γ-MgH2 phase; possible at lower pressures and temperatures due to the high 

energy impact of the balls to create deformations and structural defects in the sample which 

overcome the activation energy to form the phase[141]. γ-MgH2 can be formed in as little as 2 

hours of milling time, though this can take longer depending on the synthetic route[146, 148]. 
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Varin et al. reported that formation of γ-MgH2 from elemental Mg under a pressure of 7 bar 

did not take place until ~150 hours of milling time[146] and that combination with a sufficient 

quantity of other metallic elements could also suppress its formation[149]. 

During dehydrogenation, γ-MgH2 is observed to desorb H2 at slightly lower temperatures than 

β-MgH2, resulting in a double peak during DSC measurements[141, 148]. It is also speculated 

that the gamma phase has a synergetic effect on the desorption of the alpha phase whereby 

desorption of γ-MgH2 results in volume contraction, causing stress within the attached β-

MgH2 clusters, that facilitates β-MgH2 decomposition[148]. This introduction of strain through 

interaction with the metastable γ-MgH2 helps destabilise β-MgH2 and highlights the 

importance of introducing structural impurities into the system in order to improve the 

properties of hydrogenation and dehydrogenation. Though it should be noted again that γ-

MgH2 does not reform upon hydrogen cycling of the material at lower pressures and 

temperatures and the improved sorption characteristics for the onset temperature trend 

towards the as-received material for pure MgH2
[143]. It is also observed that the H2 cycling 

procedure (MgH2 → Mg → MgH2) reduces the stresses and anneals defects introduced during 

mechanical milling because the whole sample undergoes a phase transition. Since the kinetic 

improvement of milled MgH2 is retained in subsequent H2 cycles this also suggests that the 

reduction in particle size is more important than the reduction in grain size[145]. 

 

MgH2 is sensitive to atmospheric gases such as O2 and H2O and will degrade if exposed to 

either one. Impurities introduced from the milling process can also have a negative effect on 

the kinetics of the material as well. Ares et al. discovered that impurities such as Fe or Zr can 

increase particle agglomeration, which in turn reduces overall surface area and increases H2 

diffusion distances[150]. However, there has been much research into introducing beneficial 

impurities in the form of potential additives or catalysts.  
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Various catalysts that have been linked with improving H2 sorption kinetics for MgH2 include 

Pd[134], V[151] and Ni[152]. Transition metal (TM) oxides have also been widely tested with 

mechanically milled MgH2 such as Nb2O5
[152, 153], Cr2O3

[154], Fe2O3 and Fe3O4
[155],  and almost 

all show some improvement in the base kinetics of MgH2
 milled for an identical time, with the 

exception of a Mo catalyst additive which resulted in slower kinetics[156]. It is difficult to 

differentiate between different mechanisms taking place in previous research and thus derive 

which factors are the most important. Factors that can affect hydrogenation and 

dehydrogenation in compounds include exposure to atmosphere/oxygen or addition of 

impurities during the milling process. There are also instances where the additive oxide has 

been reduced, as is the case with niobium and iron oxides, and the effect of the additive in 

these cases can be difficult to separate from the effect of adding in a small amount of oxide 

that might increase nucleation sites by reducing the Ea or conversely, over-oxidise an already 

partially oxidised sample, reducing H2 diffusion kinetics. Borgschulte et al. have reported that 

addition of TM oxides during the milling process (including Fe2O3, ZrO2 and Nb2O5) results in 

the formation of a destabilised intermediate and slightly hydrogen deficient phase of MgH2 

that has a larger unit cell and through which hydrogen diffusion and desorption at the MgH2 

grain boundary takes place[157]. Zaluska et al. reported that various transition metals milled 

with an electronegative compound created surprisingly effective catalysts that displayed none 

of the expected structure from the initial compounds[158]. The catalysts were briefly milled 

with Mg and then exposed to 10 bar H2 pressure at room temperature ~25°C which resulted 

in 6.5 wt% H2 absorption; 3.3 wt% of this was absorbed within 15 minutes. Hanada et al. 

also reported H2 absorption at room temperatures (~20°C) and 10 bar H2 pressure from 

milling 1mol% Nb2O5 with MgH2 which experienced rapid absorption; 4.5 wt% in 15 

seconds[159]. This reaction appeared to be catalysed by a form of Nb that had been reduced 

to NbO by MgH2 during milling[160]. In comparison, H2 desorption of this material required 

elevated temperatures (~160°C) under a helium flow, therefore a zero hydrogen partial 

pressure existed. It was observed that this ultrafast material had improved kinetics at lower 

temperatures due to a localised temperature effect of the exothermic formation of MgH2 at 

elevated reaction conditions (>150°C) that increased the local temperature of MgH2 to 
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approach 400°C, which is the equilibrium pressure of this material at 10 bar[161]. An increase 

in H2 pressure from 10 to 30 bar at ~20°C resulted in both improved absorption kinetics and 

H2 capacity from 4.5 wt% to 5 wt% in 15s. Reactions carried out at 0°C showed similar 

effects and it has been suggested that this material could be utilised in H2 capture of boil-off 

from liquid and other sub-273K H2 stores. 

One further effect is of the addition to the MgH2 itself. Some researchers note that addition of 

a suitably harder substance to the milling mixture will result in drastically smaller particle 

sizes for a set milling time and regime and also affect surface defects. Interestingly, MgO has 

been reported to provide an improvement of the same order as some of the above catalysts 

and oxides[162], which might suggest that the majority of effects could be down to a smaller, 

more homogenous particle size. 

d) (ii) Chemical modification 

Due to the close atomic size of magnesium to lithium, it is possible to not only react these 

compounds to form new chemical phases but to also substitute Mg atoms for Li in their 

respective compounds and vice versa. This has the added benefit of possibly reducing the 

ΔHformation of a given compound and can decrease the thermodynamic barrier. It is also 

possible to increase kinetics for a given temperature through this doping method, forming 

defect sites within the crystal lattice of the host compound and allowing propagation of H2 

within a grain or particle. 

In 2004, Vajo described the destabilisation of MgH2 with Si via reaction to form Mg2Si[163]. The 

relatively stable magnesium silicon alloy drives the reaction at temperatures as low as 150°C 

and the system has a plateau pressure of 7.5 bar at that temperature for small samples in 

contrast with the plateau pressure for MgH2 being 1 bar at ~ 280°C. However, as Vajo points 

out, rehydriding is a problem as any temperature above 150°C would require a very high 

pressure H2 environment to force the reformation of MgH2 and at temperatures below 150°C 

the reaction kinetics are so slow that it is impractical to use this system as a reversible 

storage solution. Other systems that rely on chemical modification of the initial hydride 
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system include reactions that provide a stable alloy phase to drive the reaction. MgH2 was 

shown to be destabilised by reaction with MgCu2 to reversibly form Mg2Cu[164]. 

Johnson et al. reported that MgH2 chemically reacted with 10% LiBH4 at 300°C, 10 bar H2 

resulted in absorption kinetics that were of the same order as 15hr milled MgH2: the mixture 

also improved upon successive cycling[165]. Interestingly, while absorption kinetics were 

equivalent to the milled material, the desorption kinetics were faster at 300°C, 10 mbar H2. X-

ray diffraction, NMR and IR techniques could not detect the presence of LiBH4 after reaction 

and hydrogen cycling when the sample was hydrided thus it is not known what happens to 

the LiBH4
 species. The microstructure also evolved with hydrogen cycling, becoming finer with 

each successive cycle. Walker et al. expanded on this system and reported that a sample of 

MgH2 + 25% LiBH4 desorbed H2 in three steps: at 360, 405 and is completed by 580°C which 

correspond to decomposition of MgH2, LiBH4 and LiH, respectively[115]. He posits that alloys 

Li0.184Mg0.816 and Li0.30Mg0.7 are formed at those higher temperatures and that the whole 

system provides 8.5 wt% H2 in comparison with the 6.5 wt% of Johnson’s system.  

Mao et al. verified the enhanced kinetics in the MgH2 + 10% LiBH4 system and also reported 

that the similar MgH2 + 10% LiH system also had improvements over standard milled MgH2 at 

300°C[166], though these experiments were carried out at 30 bar. It was postulated that since 

there is no evidence from X-ray diffraction for Li or B doping in the Mg or MgH2 lattices that 

either Li+ or H- ions from LiH or LiBH4, were catalysing the de- and re-hydrogenation of MgH2. 

However, reflections for an unidentified phase were observed at 24.7° and 26.1° 2θ that are 

thought to be indicative of oxidation of the LiBH4 though it is possible that this phase could 

be indicative of oxidation of LiBH4. 

Chemical modification remains a viable way to improve and adjust chemical systems that lie 

outside of the desired properties of hydrogen stores for applications within the hydrogen 

industry. While most of these chemical systems are currently too sensitive to the effects of 

environmental factors (such as exposure to oxygen), expensive to implement on a large scale 

(due to engineering solutions required to allow heat and gas transfer throughout a H2 store) 
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or too energy or time intensive (either through high thermodynamic stability or kinetic 

stability), there lies the hope of discovering a revolutionary compound or system of 

compounds that could change the status quo and start the hydrogen economy. 
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3. Experimental 

3.1 Sample preparation 

3.1.1 Solid state reaction 

All samples were prepared and handled in an argon-filled glove box with a typical oxygen 

content of less than 5-10 ppm; water content was also very low. Reagents were weighed out 

and mixed together in a mortar and pestle with thorough mixing for at least 5 minutes with 

the notable exception of Mg powder which was mixed lightly with any other pre-crushed 

reagent(s) due to its propensity to smear in the pestle reducing the accuracy of intended Mg 

content. The required reagent quantities were determined from molar ratios and then worked 

out from the compound’s relative molecular mass. 

Samples that were heated under static vacuum were carefully inserted into a quartz tube of 

approximately 10 mm internal diameter and typically 200 mm in length which had a piece of 

clean (and evacuated to remove physisorbed water and oxygen molecules) printer paper 

rolled around the length to avoid the sample sticking to the inside of tube and reacting when 

sealed, potentially breaking the tube. Once the paper was removed the tube was fitted to a 

Young’s tap via a Swagelok Ultra-Torr fitting with rubber seals to stop mixing with 

atmosphere when removed from the glovebox (Figure 3.1.1). The assembly was then 

attached to vacuum equipment – usually an oil-based diffusion or turbo pump backed with a 

rotary pump – which allowed careful evacuation to pressures of approximately 1 x 10-6 bar 

near the sample. Once the required vacuum level was achieved the assembly was removed 

from the vacuum equipment and sealed off with a gas torch and this sealed tube placed in a 

furnace for heat treatment of the sample. If dynamic vacuum was required for the 

experiment then the assembly was left attached to the vacuum equipment and heated in situ. 

For experiments where a flow of gas was required a specialist piece of glassware was used in 

conjunction with the Ultra-Torr fittings (Figure 3.1.1) which allowed connection to a gas line  
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Figure 3.1.1 : Schematic of a) static vacuum and b) flowing gas sample 
assemblies 

a b

 

fitted with acid- or oil-based bubblers and which was flushed into a well-ventillated fume 

cupboard. 

3.1.1 (a) Heat treatment of MgH2 + 10% LiBH4 under static vacuum 

Aldrich magnesium hydride (90% MgH2, 10% Mg) was mixed together by hand, via the 

process outlined in section 3.1.1, with an added 10mol% LiBH4 (Acros Organics, 95%) for a 

total of 110mol% (overall percentage LiBH4 in the mixture was 9.09%). Once the sample had 

been prepared through evacuation in a quartz tube and sealed, the tube containing the 

sample was placed in a programmable muffle furnace and heated up to 300°C at a ramp rate 

of 50°C/hour. The sample was then held at 300°C for 12 hours and then allowed to cool back 

down to room temperature. The quartz tube was then returned to the glove box where it was 

split open with glass cutting tools and the sample recovered into a storage vial.  
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The length of time, reagents and the ratio of reactants was altered as seen fit. A typical 

sample would weigh approximately 0.33 g. 

3.1.1 (b) Heat treatment of MgH2 + 10% LiBH4 under flowing gas 

Magnesium hydride (MgH2) and lithium borohydride (LiBH4) were measured out in the 

required amounts and mixed together and placed in a quartz tube as per section 3.1.1 (a). 

The quartz tube was then fitted with a Swagelok Ultra-Torr fitting to which was connected a 

specialised piece of glassware consisting of two rotating taps sealed with vacuum grease. 

This apparatus was closed off and then removed from the glove box and placed in a fume 

cupboard - held in a horizontal position via a clamp stand.  

The valve on the cylinder containing the gas supply to be used was opened slightly and the 

system was purged for a minute to reduce the possibility of unwanted reactions of 

atmosphere with the sample. A plastic tube, connected to an acid bubbler (to scrub the gas 

of any unwanted impurities) which was in turn connected to the desired gas supply, was 

attached to one of the glass taps on the apparatus. A slight positive pressure of gas was 

allowed to build up in the tube as a second, exhaust tube that fed into a second acid bubbler 

which then vented into the fume cupboard system, was attached to the other tap. The 

exhaust tap was opened simultaneously with the admittance tap in order for the gas flow to 

begin immediately in order to limit the amount of oxygen and moisture entering the quartz 

tube. The gas flow was increased to a steady rate for 5 minutes to purge the apparatus of 

any except the desired gas(es). The flow rate was then reduced and the sample slotted into 

the hot zone of a tube furnace. 

The tube furnace was programmed in the same manner as the muffle furnace and a heating 

rate of 50°C/hour was used to raise the temperature to the desired setting. Once the reaction 

was complete and the sample had cooled sufficiently, the quartz tube was removed from the 

tube furnace and the exhaust gas tap on the apparatus closed before stopping the flow of the 

gas from the cylinder. A slight positive pressure was allowed to build before the inlet tap was 
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also closed. The apparatus was removed from the clamp and plastic tubing and returned to 

the glove box for sample recovery. 

 

3.1.2 Mechanical milling 

The process of mechanical milling or high velocity ball milling (HVBM) is used to reduce the 

overall particle size of a powder, to reduce grain size and introduce defects into the surface 

structure of grains and particles. A Retsch PM400 planetary mill was used to synthesise the 

required powders for testing. The sample powder (20g, MgH2 90%) and stainless steel milling 

balls (200g) were sealed inside a 250 ml stainless steel (89.5% Fe, 13% Cr) milling pot under 

argon atmosphere inside a glovebox. The pot was then removed and clamped inside the 

planetary mill and offset by a counterweight. The milling proceeded at 300 rpm for the 

required time with 15 minutes cooling for every 30 minutes of milling due to the build-up of  

 

Figure 3.1.2 : Schematic showing a top-down view of the action of the ball 
mill 
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heat from the milling action of the stainless steel balls which can exceed temperatures of 

300°C. The pots were removed to the glovebox for every three hours of milling time to avoid 

possible build-up of a large pressure of H2 and to also allow for the re-mixing of the sample 

powder which can become attached to the pot and balls through the process of cold-welding. 

This reduces the impact of the balls on reducing the powder and also allows particle 

agglomeration to occur. 

 

3.2 Intelligent gravimetric analyser (IGA) 

The IGA is provided by Hiden Isochema and is a gravimetric system designed to accurately 

measure the mass change of a given sample over a range of temperatures and pressures: 

from -196 to 500°C and dynamic vacuum and 10 mbar to 20 bar. The IGA is a modular 

system allowing for inert loading of samples, varying gas mixtures via mass flow controllers 

as well as analysis of exhaust gases through a mass spectrometer and also a static pressure 

mode depending on the installed features of the system.  

The IGA was used in two separate modes – isothermal and kinetic. Kinetic mode allows the 

user to monitor the change in mass for a temperature and/or pressure: the software will 

regulate both to a set value or will also run a programme that will allow changes in pressure 

and/or temperature. This mode was used to observe the reaction kinetics at a given 

temperature for samples of Mg/MgH2 while pressure was changed to allow hydrogen 

absorption/desorption. Isothermal mode allows the user to determine thermodynamic 

information of the loaded sample through a succession of isotherms which can result in the 

heat of formation, ΔHf. 

The use of the IGA changed over the period of research as new features were installed. 

Importantly, the loading procedure was changed between early and more recent samples: 

earlier samples were loaded in atmosphere with effort made to minimise exposure of the 
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sample while later samples were loaded in an argon or nitrogen environment using a specially 

designed ‘glovebox’ that fit over the IGA reactor chamber. 

Unless otherwise stated, hydrogen absorption was performed at 10 bar H2, 300°C and 

desorption was performed at 10 mbar H2, 300°C. A liquid nitrogen gas trap was also used on 

the H2 inlet pipe during each experiment. This caught and liquefied O2 and H2O before they 

were admitted into the sample chamber. The quality of the H2 gas was 99.999% so the level 

of contamination should have been very small, however, it has been shown that, below a 

certain cylinder pressure ~10-20 bar, liquefied water trapped in the cylinder over successive 

uses will begin to vaporise and enter the pipeline so there is a risk of sample contamination 

and reaction with undesired molecules. 

 

3.3 HTP1-S Thermal desorption analyser 

The HTP is a volumetric system provided by Hiden Isochema based around the Sieverts 

method[2] that is designed to accurately measure the change in pressure or the change in gas 

flow in a known volume for a given sample. The system is able to analyse very small sample 

amounts accurately and can operate from -196 to 500°C and from dynamic vacuum to 200 

bar pressure. The system is very versatile, being able to perform kinetic, isothermal and 

temperature programmed desorption measurements (TPD) which can also be linked to a 

mass spectrometer for analysis of the products via a flow of helium.  

Due to the HTP’s sensitivity it is important to properly calibrate the equipment before each 

sample run to eliminate any experimental errors. This is a problem because the volume within 

the reactor is very small so even a slight miscalculation or blockage can result in wildly 

incorrect results. 
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3.4.1 Fourier transform infrared spectroscopy (FTIR) 

Infrared absorption spectroscopy is a widely used technique that can help determine the 

types of chemical groups within a compound. It relies on the fact that molecules vibrate and 

rotate at specific frequencies corresponding to specific energy levels or vibrational modes. 

These energy levels are specific to each chemical group and depend heavily on the masses of 

the atoms involved. The technique passes infrared light (over a range of wavelengths) 

through the sample to excite the chemical groups within a molecule. The transmitted light is 

then analysed to determine how much was absorbed by the sample at a given wavelength 

which in turn indicates which type chemical group is likely to be present. A Fourier transform 

performs a mathematical function within the equipment’s software that allows simultaneous 

analysis over all desired wavelengths instead of measuring the absorption of each wavelength 

individually. 

During this investigation transmission FTIR was performed on a Thermo Nicolet Magna-IR on 

samples contained in a sealed diamond anvil cell which allows samples to be prepared under 

inert conditions and then transferred to the spectrometer. The cell lightly compresses the 

sample between two diamond surfaces which reflect the light transmitted through the sample 

onto a detector. 

 

3.4.2 Raman spectroscopy 

This is a technique that relies upon the inelastic scattering of monochromatic light from the 

interaction with phonons of a crystal lattice – giving information on vibrational and rotational 

modes in a sample. Raman scattering is weaker than Rayleigh scattering and this is removed 

or ignored from the obtained data when scanning the samples via a CCD. 

Raman spectroscopy works by exciting an electron into a virtual energy state – at which point 

the electron relaxes back to an excited vibrational state which produces Stokes scattering. 
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Anti-stokes scattering is generated when an electron in an excited vibrational state is 

promoted to a virtual energy state and then relaxes back to a vibrational state (Figure 3.4.1). 

Not all molecules exhibit Raman scattering as it is dependent on the variation in polarisability 

of a molecule during vibration. i.e. The electron cloud must exhibit deformation during the 

stretch or bend (Figure 3.4.2). The intensity of the Raman scattering depends on the amount 

of polarisability change while the Raman shift is equal to the vibrational level that is involved. 

In this work, a Renishaw confocal dispersive Raman spectrometer with three lasers (488, 633 

and 785 nm) available for use was utilised to track the change in LiBH4 over the process of 

 

Figure 3.4.1 : Diagram showing the transitions between energy levels to 
produce Raman scattering compared with infra red spectroscopy and 
Rayleigh scattering 

 

hydrogen cycling. The 488 nm laser was picked for the MgH2 + LiBH4 samples and a sealed, 

pressure cell was used to ensure that oxidation of the sample did not occur; samples were  

 88



 

Figure 3.4.2 : Depiction of the change in electron cloud during the CO2 
symmetrical stretch  

loaded in the pressure cell in an argon-filled glovebox. 

 

3.5.1 X-ray Diffraction (XRD) 

X-rays are generated by firing electrons at a metal target (usually Cu or Co) from a tungsten 

filament: these electrons provide enough energy to promote electrons from the 1s orbital. 

Electrons from the outer shells of the metal atom then fall back to the 1s orbital, producing 

radiation. For a copper anode the electrons that make the transition from the 2p to 1s 

orbitals produce a doublet of radiation named Kα 1 and Kα 2, electrons that make the 

transition from the 3p to 1s orbitals produce Kβ 1 radiation[3]. 

X-ray diffraction techniques utilise Bragg’s law, stating that crystals consist of layers with an 

interplanar distance, d (Figure 3.5.1). X-rays will penetrate a crystal lattice until they 

encounter an atom on a lattice plane at which point they will be reflected at a certain 

angle, θ.  
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Figure 3.5.1 : Representation of the reflection of an incident X-ray with a 
crystal lattice plane 

 

Therefore the d-spacing can be derived (using trigonometric principles) to be: 

θθθ sin2)sinsin()( hklhklhkl dddBCAB =+=+  

For constructive interference to occur A-›B-›C has to be an integer multiple of the wavelength 

of the incident light; therefore the equation can be written as: 

θλ sin2 hkldn =  

This can be applied to any crystal lattice and once d is known can be used to determine the 

dimensions and geometry of the orthogonal unit cells by the following formula: 
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and which, for a cubic unit cell can be simplified to: 
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Once the X-ray has been reflected, its angle is detected through the use of a position 

sensitive detector (PSD) which depends on the X-ray to ionise the gas within the detector and 
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give a signal. This method gives us information on θ and λ from which we can derive the unit 

cell parameters and assign observed peaks to their Miller indices using the above equations. 

This was accomplished by using the programme CELL which uses a non-linear least squares 

refinement: 

222 )sin(sin calcobshkl wF θθ −= ∑  

where w is a weighting factor were a unit weight is used for each reflection, θobs is the angle 

at which the experimental reflection occurs and θcalc is initially the ideal or known position of 

that reflection according to the space group and associated unit cell parameters.  

Five refinement cycles were performed for each analysis which also calculates standard errors 

and a mean square deviation according to: 
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where N is the number of unknown values and M is the number of observed values from the 

unit cell parameters, a, b, c, α, β, γ. CELL is no longer widely used or supported, however, 

new programmes such as Checkcell and Celref have been built on the foundations of this 

programme and despite a different graphical interface they produce the same results. 

 

It is also possible to infer relative grain size from X-ray data according to the relation 

between the observed peak width at half the peak height (Full Width Half Maxima) with grain 

size: 

FWHM
L 1
∝  

Numerical values for grain size can be determined by the Scherrer equation 

 91



hklhkl
hkl L

KB
θ

λ
cos

=  

Where B is the width at half the peak height (FWHM) in radians and is determined by 

subtracting the lower limit of the peak from the upper limit of the peak at half the peak 

height. K is a constant (where 0.89<K<1) dependent on the method of taking the FWHM and 

L is the crystallite length and is volume averaged. During this investigation, K was taken to be 

0.9 as the observed particles were of undefined shapes whereas 0.89 corresponds to 

completely spherical particles and 0.94 for cubic particles. 

A Siemens D5000 diffractometer was used to analyse samples in the lab. This model strips 

out the unwanted Kα 2 and Kβ 1 radiation through the use of a monochromator leaving only 

the Kα 1 radiation which has a wavelength of 1.5406 Å and is configured for transmission 

diffraction rather than reflective diffraction which results in an improved signal to noise ratio 

as well as a lack of signal from the sample holder. However this experimental set up requires 

the use of tape to keep the sample in the target zone. Scotch Magic™ tape produced by 3M 

allows minimal, amorphous signal at low angles and was used on both sides of the metal 

place sample holder to keep the sample in position.  

Samples were prepared under an argon atmosphere inside a glovebox by first placing Magic 

tape across the underside of the metal sample plate’s aperture. The sample was loaded 

uniformly across the tape and filled to the extent of the sample holder’s thickness ~1.5 mm. 

A second strip of Magic tape was then adhered to the top of the plate to avoid any movement 

or spillage of the sample. The sample holder was then transferred from the glovebox to the 

diffractometer and immediately measured. The act of using the Magic tape to enclose the 

sample was proven to successfully protect the sample from oxidation or hydration. One test 

showed minimal difference in the presence of an oxide or hydroxide phase on a protected 

sample of MgH2 over a 48 hour period from the point it was removed from the glovebox 

compared to an unprotected sample exposed to atmosphere. 
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3.5.2 Synchrotron sourced X-rays – ESRF, Grenoble 

Synchrotron source X-rays are generated by accelerating electrons or positrons to near the 

speed of light around an evacuated, magnetised ring. These particles produce 

electromagnetic radiation when under the influence of an accelerating field – the wavelength 

and energy of which is proportional to the velocity of the particles.  

Samples were measured in the ESRF beamline ID31. The beam is monochromated by a 

cryogenically cooled double-crystal monochromator containing Si 111 and Si 311 crystals - 

the former for normal operation and the latter for high energy resolution). The Si 111 crystal 

was used in the experiments in this study and is cooled by liquid nitrogen flowing through 

copper heat exchangers. Water-cooled slits control the size of the beam that is incident on 

the monochromator and from the monochromator to the sample. The measurement 

technique was powder diffraction which requires a relatively large beam to illuminate a large 

portion of sample to allow for the averaging of the diffraction from crystals in different 

orientations so no focusing was required. 

The diffractometer itself is composed of a sample holder – capable of accepting capillaries or 

flat plate specimens – and a bank of nine detectors that scan vertically to measure the 

diffracted intensity as a function of 2θ (Figure 3.5.2)[4]. There is also a bank of Si 111 crystals 

in between the sample and the detectors which allow for the simultaneous scanning of 

multiple angles of 2θ. This means that, for dynamic measurements, the detector arm only 

need move no more than 2.3° to measure an angular range of 18° in 2θ. The crystals are 

mounted on a rotation stage that allows one calibration to be made for all the detectors when 

the wavelength is altered. 
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Figure 3.5.2 : Diagram of the diffracted X-ray detector for the ID31 
beamline[1] 

 

To be able to combine the data collected by the different detectors the offset between the 

detector channels (which is 2° at ID31) must be accurately calibrated to allow the differences 

in offsets and channel effiencies to be corrected and combined by computer so that the 

signals can be superimposed as closely as possible[5]. The set-up of the analyser results in 

precise, sharp reflections from the compounds in a given sample due to the mechanical 

accuracy of the diffractometer (± 1 arcsec, 0.003° 2θ instrumental linewidth broadening) and 

high collimation of the beam and is immune to problems such as specimen transparency and 

sample misalignment in the diffractometer as can be experienced for PSD arrangements (e.g. 

D5000). This allows observation of any minority phases that may have formed or unit cell 

distortions due to possible intercalation or doping of different elements and ionic units.  

This study used spinning capillary measurements on the ID31 beamline to reduce preferred 

orientation effects on peak intensities for the compounds measured (needle-like samples can 

align with the axis of the capillary). The available energy range of the beam combined with 

the selection of capillary diameter means that absorption of the X-rays can be minimised – 

even for heavy elements. ID31 is also equipped with an automatic sample changer which can 

change up to 50 samples in capillaries in one measurement period. 
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The samples to be measured were ground and loaded into glass capillaries within a glove bag 

or glove box containing argon and then sealed with wax or vacuum grease. These capillaries 

were then mounted onto a multi-sample loading stage that was placed on the automatic 

robot sample changer. The samples were the measured across a range of 2θ – usually from 

3-100° 2θ though some samples were measured from 3-60° 2θ due to limited equipment 

time. The wavelengths of the beamline changed over multiple visits, however all samples 

were wavelength corrected and have been displayed at a wavelength of 1.5406 Å for direct 

comparison with powder diffraction patterns obtained from the D5000. The step size used for 

the measurements was 0.00499° 2θ and the averaged step time was 3 seconds per step. 

 

3.6 Differential scanning calorimetry (DSC) 

Differential scanning calorimetry is an analytical technique used to determine the work done 

on a given sample to initiate phase changes and decompositions. The software monitors the 

sample pan as well as an empty pan for reference and compares the difference in energy 

required to raise the temperature of each. This method can be used to determine the 

enthalpy of transition for a given process (e.g. phase formation, decomposition) from the 

area under the curve from the following equation: 

kAH =Δ  

where k is the calorimetric constant (which is different for each set of equipment) and A is 

the area under the curve. 

A DSC 204 HP Phoenix was used inside an argon-filled glovebox so as to load samples 

without exposing them to atmosphere. Sample pans were aluminium and a heating rate of 

2°C per minute was used for each experiment. The equipment was capable of measuring 

from atmospheric pressure to 150 bar in argon or hydrogen. 
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3.7.1 Scanning electron microscopy (SEM) 

Scanning Electron Microscopy is an analytical method used to indirectly observe the surface 

of a material at the nano- to micrometer scale by interpreting the electrical signal generated 

from electrons emitted from the sample. The electrons are generated in a similar manner to 

those in X-ray diffraction: from a heated tungsten filament under vacuum. These are then 

accelerated through a magnetic field to the target sample where they interact to release X-

rays and visible light with secondary (emitted) electrons being a by-product. However not all 

of the electrons interact in this fashion and the remaining electrons will be scattered or 

absorbed (Figure 3.7.1).  

The emitted electrons are collected via a detector but each electron will only provide 

information on an individual point on the surface. To build up an image of an area the sample 

is scanned via the raster method which is achieved by accurately altering the pathway of the 

electrons via a scan coil without having to realign the beam for each point in the area. This 

information is then able to be displayed in real-time and recorded, allowing study of the 

surface to be undertaken and points of interest to be captured.  

 

In this work a JOEL 7000 and a JOEL 6060 microscope were used. The samples were fixed to 

a sticky carbon disc and placed on a loading plate in an argon-filled glovebox then 

transported under an argon environment in a Kilner jar. The plate was then loaded under 

atmospheric conditions before being evacuated and placed under the electron beam because 

there were no inert loading facilities available for either microscope. 
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Figure 3.7.1 : Representation of the interaction between the incident 
electrons and the sample  

 

3.7.2 Energy dispersive X-ray spectroscopy (EDX) 

EDX is a method that allows the qualitative and quantitative determination of the composition 

of a point or area on a sample. This composition is determined via analysis of the observed X-

rays derived from the interaction of an electron with an atom as described in section 3.5 (a) 

from the area being analysed. Each element has unique photon energies for the generated X-

rays and can therefore be identified qualitatively from other elements present: the collected 

X-ray spectrum from the sample shows the relative amounts present by the height and 

breadth of the observed peaks. To determine the amounts of each element quantitatively a 

standard must first be analysed before the experimental session – usually a highly stable and 

crystalline material or the pure element. 

Samples that were analysed via EDX were prepared in an argon-filled glovebox and 

suspended in a Cu-based polymer mixture (Technovik). These moulds were then ground on 

three grades of silicon carbide papers (400, 800 and 1200) to expose the sample before 
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further polishing on a cloth impregnated with diamond paste. The samples were lubricated 

and washed with cyclohexane during the grinding and polishing process. This procedure 

allowed a smooth sample surface to be analysed via EDX and for minimal reaction of the 

present, air sensitive chemicals to take place. 

 

3.7.3 Wavelength dispersive X-ray spectroscopy (WDX) 

WDX is used to count the number of emitted X-rays at a specific wavelength from a sample 

undergoing analysis from electron microscopy. This method relies on the fact that for a well-

defined crystal lattice an incident X-ray of a specific single wavelength will produce 

constructive interference – effectively amplifying the ‘signal’ at the X-ray detector for this 

wavelength if present. Each element emits a unique X-ray spectrum when bombarded with 

electrons and so by selecting an appropriate crystal to diffract the emitted X-rays from a 

sample it is possible to determine if a specific element is present. This allows for detection of 

elements which have a low electron scattering potential and is often utilised in conjunction 

with EDX to more accurately determine the content of a given sample. 

Samples analysed by wavelength dispersive X-ray spectroscopy were done so in the JOEL 

7000 and prepared in the same manner as that used for EDX analysis (section 2.7 (b)). Due 

to the available diffracting crystals being limited, WDX was only carried out for the analysis of 

the presence of boron within a sample. 

 

3.8 Flowing TPD system 

To meet the requirement of being able to synthesise activated MgH2 in larger quantities a 

flowing rig with temperature and pressure control was designed and built to allow both small 

and large sample synthesis. The system allowed isolation of the reaction chamber via two 

plug valves which sealed the sample environment from the two halves of the flowing 
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apparatus (Figure 3.9.1 a)). The Swagelok fittings on the outer side of the plug valves could 

be unscrewed, allowing the central reaction chamber to be removed and loaded into a glove 

box for removal or loading of the sample under an inert atmosphere.   

Contamination via oxygen or moisture was avoided by evacuating and flushing the system 

with inert gas (argon or nitrogen) for the pipe work before the sample and by flushing out 

the exhaust with a positive pressure of inert gas once the sample chamber was reconnected 

to the middle part of the rig.  

a)

Figure 3.9.1 : Schematic of the flowing TPD system with, a), a 
representation of the sample chamber removed from the main rig 

 

Temperatures of ~500°C are possible through use of a band heater that could be fitted to 

the outside of the reaction chamber and pressures of up to 10 bar can be monitored through 

the pressure transducer. The pressure release valve was configured to 12 bar so, in the case 

of an unwanted build-up of pressure, the system would safely dispose of the excess gas. 
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The mass flow controller that is before the sample (MFC1) controls the flow rate into the 

main part of the rig – where the sample chamber is located. It can be bypassed by opening 

the plug valve connected below the pressure transducer – this function is utilised to evacuate 

the pipeline to where the sample reactor unit is joined onto the rig, allowing for the removal 

of O2 and moisture. The second mass flow controller controls the back pressure regulation 

when it is active and is linked in the software to the pressure transducer so that a change in 

pressure will either allow gas to flow out through the exhaust or into the system via MFC1 

whilst keeping MFC2 closed. This functionality enables simple volumetric measurement of 

samples to be undertaken and thus allows a measure of how much a sample is absorbing and 

when it begins and stops absorbing. Both mass flow controllers are calibrated to work with 

the molecular size of hydrogen but the software has a gas conversion variable that can be 

changed so  

The temperature at the sample is measured by a thermocouple that is placed through a 

compression fitting in the top of the reactor unit and can be replaced through removal of this  

The software monitors the temperature, the pressure and the flow rate as well as controlling 

the heating rate and temperature of the band heater and can be made to record all inputs to 

a CSV file. 

The system could be operated at a static pressure, flowing at atmospheric pressure or flowing 

at controlled pressure by changing which of the exhaust valves were open. The mass flow 

controllers were calibrated for hydrogen but the software allowed the input of a conversion 

factor to enable accurate controlling of pressure and flow rates of large gas molecules such 

as N2 or Ar. 

The TPD system also allowed gas to flow to a mass spectrometer so that evolved gases could 

be monitored. 
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4.1 Sorption properties of magnesium hydride 

Experimental technique 4.1 

Sample handling 

All samples were handled in an inert atmosphere as much as was possible. MgH2 powder (Aldrich, 90% 

purity, 10% Mg) was stored in an argon-circulating positive pressure glove box fitted with oxygen and 

moisture scrubbers. When samples had to be removed from the glove box, e.g. for measurement they 

were done so in glass vials sealed with a plastic stopper and wrapped with cellulose tape to form an air 

tight seal around the joint. For trips that required longer times the vials were placed within kilner jars 

within the glove box, sealing a protective pocket of argon around the sample vial. 

IGA – Intelligent Gravimetric Analyser 

The IGA was set up in kinetic measurement mode. A quartz sample holder was calibrated against the 

counter weight on the microbalance and the initialisation of the experiment begun. The quartz sample 

holder bulb was loaded onto the platinum wire hook with a piece of glass wool inside it and the sample 

reaction chamber fitted to the IGA to reduce air flow around the sample holder as it would affect the 

accuracy of the reading of the balance. The weight of the bulb was ‘zeroed’ – i.e. the mass of the 

sample holder was taken into consideration for the measurement. The buoyancy correction factor, used 

to offset the effect of the density imbalance between the counterweight and the sample holder and 

sample and the resultant effect of the measurement gas on the recorded mass of the sample during 

measurement, was set at the density of magnesium, 1.74 g/cm3. The reaction chamber was detached 

and the quartz sample holder removed from the hook. The sample was loaded into the sample holder 

from a sealed vial (as described above), the sample was kept inside the quartz bulb by placing the glass 

wool inside the opening. This also served to ensure that the sample powder would not exit the bulb 

during the measurement – giving a false reading. The bulb was replaced on the hook and the reaction 

chamber replaced to reduce air currents. If the sample was within the centre of the limits of 

measurement then the reaction chamber would be sealed with bolts and a copper flange. If the sample 

was not heavy enough, or was too heavy the bulb would be removed and sample added to or removed 

from the bulb. The typical sample size was ~100mg. 
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Once the chamber was sealed and the balance had settled to give an accurate weight for the sample 

the experiment was started in the IGAS software. The sample chamber would then be evacuated via the 

rotary or vane pump attached to the IGA system and once this reached a few millibar a valve to a wide 

bore (1/2 inch) evacuation pipe was slowly opened, allowing the turbomolecular pump to act on the 

sample chamber. The sample was monitored via a chart on the computer controlling the IGA, the chart 

could be set to monitor pressure, temperature, weight and the time of the experiment. Each chart could 

be saved to the experiment file or discarded – once an experiment was started the experiment file was 

saved automatically to the IGAS software log but charts in progress would not be saved in the event of 

a computer crash or power outage. The pressure would be monitored until it reached ~1x10-6 at which 

point the valve to the turbomolecular pump was closed.  

Before the measurements took place a dewer of liquid nitrogen was placed over an oxygen and 

moisture trap in the H2 pipeline connected to the IGA to ensure the least amount of sample 

contamination from the hydrogen source. The dewer was refilled during the experiment to maintain the 

trap’s effectiveness. The hydrogen was supplied from a cylinder of high purity grade hydrogen 

(99.999% H2) that was set at a pressure of 20 bar from the regulator to provide a pressure overhead 

during experiments. 

For samples that were considered to be in a fully hydrided state, the pressure was set to 10 bar H2 

under pressure control (this setting was used to keep the pressure at a constant level as opposed to 

inputting a static volume of gas) at a ramp rate of 0.5 or 1 bar/min. Once this was reached, the sample 

was heated to the required temperature at a rate of 5°C/minute whilst monitoring the chart recording 

for any absorption. If no absorption occurred a new chart recording was started and the pressure was 

lowered to the required setting at a rate of 1 bar/min for large pressure changes and 200 mbar/min or 

lower for smaller changes. This was the start of the measurement. 

For samples that were considered to be in a fully dehydrided state, the pressure was increased to 

10mbar H2 under pressure control. When the pressure had settled, a new chart was started and the 

temperature was set to the required value at a rate of 5°C/minute and this was denoted as the start of 

the measurement. 

Completion of a H2 absorption or desorption measurement was determined by monitoring the chart in 

the IGAS software and judging when a plateau in mass had been achieved. This was a visual judgement 

based on the provided on-screen graph as there was no way to export the information in a chart while 
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it was still in use for more detailed analysis. As such, the completion of hydrogenation or 

dehydrogenation can sometimes be difficult for experiments that proceed over a long period of time as 

a gradual slope will appear as a straight line. In later software versions the IGAS software a feature was 

implemented that allowed the user to zoom in on a portion of the graphics on screen, however, at the 

time of these measurements it was not implemented and in the period of research where it was 

implemented (Chapter 4.3 onwards) it would regularly crash the IGAS software, causing loss of any on-

screen and current chart data and as such the feature was not utilised. 

After the first H2 absorption or desorption step was completed, the chart data was saved and a new 

chart was created. This was because the IGAS software culls data for longer periods of time, reducing 

the amount of fine-detailed information available during lengthy sorption measurements. The next step 

was then started with a change in pressure (10 bar H2 for absorption and 10 mbar H2 for desorption) 

with the temperature kept at a constant unless otherwise stated for the specific sample. This process 

was repeated for all subsequent hydrogenations and dehydrogenations. 

Once the experiment was concluded, the reaction chamber was cooled to room temperature and then 

evacuated as per the previous evacuation technique listed above by first using the rotary pump and 

then switching to the turbomolecular pump. This was to ensure no hydrogen was released into the 

laboratory. The valve to the turbomolecular pump was closed and the evacuation process in the 

pressure control system in the IGAS software stopped and the experiment ended in the software. The 

air admittance valve was then carefully opened allowing a slow equalisation of pressure between the 

laboratory and the reaction chamber. Once the pressure was equilibrated, the sample was removed and 

placed in a new glass vial in a glove box for storage until subsequent analysis was performed. 

Determination of the weight percent of H2 absorbed 

Using the data collected via the IGAS software the weight percent of hydrogen absorbed and desorbed 

was determined. To do this a simple equation was used: 

100% ×⎟
⎟
⎠

⎞
⎜
⎜
⎝

⎛ ∂
=

hydW
Wwt  

Where Whyd is the weight of the fully hydrided phase of the sample and δW is the change in weight of 

the sample from Whyd. The start point of the measurement was used as the point at which the gas was 

admitted or removed from the reaction chamber. During the change in pressure (within the first ten 
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minutes of a measurement) the sample was greatly affected by currents and buoyancy effects due to 

the large pressure difference between 10 mbar and high pressure and as such many graphs begin with 

featureless undulations in weight and therefore weight percent that do not give any accurate or relevant 

information and may, at the very beginning of the data result in small negative values. Once the flow 

effects caused by such rapid (de)pressurisation have passed (within a few minutes) the ‘true’ result is 

once again observed. 

The kinetic measurements often displayed variability in capacity and kinetics from sample to sample and 

from different absorption and desorption measurements for the same sample. There are several factors 

that can influence this behaviour:  

• Incomplete H2 desorption and absorption 

• Sublimation of Mg at near vacuum pressures and temperatures around 300°C 

• Reaction with contaminants in the system such as O2 or H2O 

• Restricted hydrogen diffusion pathways in the sample particles during measurements 

Typically, the variation in H2 capacity within a sample across multiple measurements would 

be a maximum of 10% of the wt%. Variation in total H2 capacity between samples could be 

as high as 20-30% of the wt% value.  

Kinetic variation is more complex and is highly dependent on the diffusion of hydrogen which 

is linked to the evolution of microstructure upon sequential hydrogen cycling. There is a small 

amount of decrepitation (the process of a particle breaking apart) over the course of an 

absorption and desorption. For milled materials this is not a concern due to their altered 

microstructure and, while samples milled for shorter times will see a large increase in sorption 

kinetics over the course of the 6 H2 cycles typically run for the samples measured, samples 

milled for longer periods of time (>10 hrs) saw very little kinetic improvement upon H2 

cycling. As-received Mg, MgH2 and other variants on these two reagents saw a large variation 

in sorption kinetics as a function of increased hydrogen cycling and it is apparent from SEM 

images in sections 4.1 and 4.2 that there is an amount of refinement of microstructure which 
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definitely improves the sorption kinetics. However, this is not a guaranteed improvement and 

thus even the same sample measured twice will not necessarily display the exact same kinetic 

features upon successive H2 cycles. 

XRD – X-ray diffraction 

X-ray diffraction was performed on a Brüker D5000 as described in section 3.5.1. Samples were 

prepared under an argon atmosphere inside a glovebox by thoroughly grinding in a mortar and pestle. 

Then Magic tape™ was placed across the underside of the metal sample plate’s aperture. The sample 

was loaded uniformly across the tape and filled to the extent of the sample holder’s thickness ~1.5 mm. 

A second strip of Magic tape™ was then adhered to the top of the plate to avoid any movement or 

spillage of the sample. The sample holder was then transferred from the glovebox to the diffractometer. 

It was clamped within a spring-loaded loading plate which was attached magnetically to the equipment 

that was aligned in the axis of the diffractometer and immediately measured. The act of using the Magic 

tape to enclose the sample was proven to successfully protect the sample from oxidation or hydration. 

The samples were measured over a range of 20 – 100° 2θ with a step size of 0.02027° and a step time 

of 0.35s and observed peaks were identified using the crystallographic database software EVA. The 

width of a peak at half the height (FWHM) was calculated after a background subtraction had been 

performed on the diffraction pattern. 

SEM – Scanning Electron Microscopy 

The samples were mounted onto an adhesive-lined carbon disc which was then loaded in air onto the 

mounting mechanism for the microscope before the chamber was evacuated and the sample inserted 

into the electron beam. A voltage of 20 kV was used so as not to decompose the sample when it was 

under the beam and a distance of 16mm was kept from the sample. Pictures were taken of various 

points on the surface of the sample at x200 and x400 magnification. Particle sizes were measured using 

the scale on the micrographs. 

Mechanical Milling 

A range of milling times was decided upon for this study based on literature showing the evolution of 

microstructure within samples. 5, 15 and 60 hours of milling time were used to process MgH2 powder as 

described in section 3.1.2. 
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Grain size determination 

The grain size (L) was determined using the Scherrer equation: 

hklhkl
hkl B

KL
θ

λ
cos

=  

B, the FWHM (Full Width Half Maxima), was calculated through analysis of the powder XRD patterns in 

degrees 2θ and had to be converted to radians from degrees. K, the shape factor of the crystallite, was 

taken as 0.9 as this averages out the differences in grain shape. λ, the wavelength in angstroms, was 

1.5406Å for the experiments performed on the D5000 diffractometer. θ, the peak position of the peak 

being used to generate the FWHM, was halfed and converted to radians from the observed 2θ value on 

the diffraction pattern. 

Due to instrumental line broadening inherent in the X-ray equipment set up and the various sizes and 

orientation of crystallite in the sample, highly crystalline standards of SiO2 and Al2O3 were measured on 

the X-ray diffractometer. The FWHM of these samples from reflections at or near the same 2θ values as 

the reflections being analysed to determine the grain size were measured and were subtracted from the 

measured FWHM of the MgH2 reflections being used. This approximation was used to remove the 

instrumental line-broadening and is able to be used because of the high crystallinity of the SiO2 and 

Al2O3 samples creates a reflection that is essentially as close to the reflectance line as possible and 

therefore all observed broadening is assumed to be caused by the instrumental set up. 

4.1 (a) MgH2 

Magnesium hydride is a promising hydrogen storage medium due to its relatively high 

percentage H2 content. In comparison with alternative hydrogen storage materials, 

magnesium is cheap to produce and is widely available in large quantities from various 

chemical suppliers. The compound is reversible according to equation 4.1.1 at temperatures 

around 300°C and the plateau pressure at this temperature is approximately 1 bar. Re-

hydriding conditions are usually carried out under an excess of pressure at 300°C but 

hydrogen sorption kinetics tend to be slow even at this elevated temperature. 

Mg + H2  MgH2    Eq. 4.1.1 →
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Though some fuel cells operate at temperatures above 300°C[1] and various methods can be 

employed in the construction of the hydrogen store to reduce the energy required to sustain 

hydrogen evolution - such as re-routing waste heat from the fuel cell - these operating 

conditions are not favourable in many applications and much of any stored energy is lost due 

to this inefficiency.  

Improving the hydrogen sorption kinetics or decreasing the onset temperature of both 

dehydrogenation and rehydrogenation are two ways in which MgH2 can be made to be more 

desirable for use in commercial applications.  

 

The hydrogen sorption kinetics of MgH2, sourced from Aldrich (90% MgH2, remainder Mg, 

<1% MgO), were measured at 300°C under a hydrogen atmosphere. Dehydrogenation was 

carried out under 10 mbar H2 while hydrogenation steps were carried out at 10 bar H2. To 

simulate the charging and discharging of a hydrogen store in a real world application, 

successive hydrogenation and dehydrogenation steps were performed on the sample 

(hydrogen cycling) to determine the effect that this process has on MgH2. The samples were 

loaded under atmosphere and then degassed before being heated and exposed to hydrogen. 

Figure 4.1.1 shows the effect of hydrogen cycling on the kinetics of absorption for the Aldrich 

MgH2. After six cycles the formation of the MgH2 phase occurred at a slightly slower rate with 

the first cycle completing in around 350 minutes whilst the sixth completed in around 450 

minutes. The total hydrogen capacity was also slightly reduced indicating either partial 

oxidation of the sample from a contaminated gas supply – MgH2 is quite sensitive to oxygen 

and water – or agglomeration of the particles resulting in a reduced surface area and thus 

reducing H2 penetrat ion into the material which results in reduced uptake within a certain 

time period. 
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Figure 4.1.1 : Kinetic traces showing hydrogen absorption at 300°C for 
MgH2 cycled 6 times on an IGA  

Figure 4.1.2 shows that upon cycling, desorption kinetics improved. The first desorption had 

to be carried out at 350°C and so is not directly comparable to the subsequent desorptions. 

No loss of mass was observed at 300°C for this initial desorption which is attributed to 

formation of an oxide layer on the particles during sample loading which blocks hydrogen 

diffusion into the particles. Heating to 350°C allows the oxide layer to be broken down and 

hydrogen diffusion into the particles to take place. 

The second desorption was performed at 300°C and so direct comparison can be performed 

on the time to complete desorption. This completed in 1200 minutes whereas the sixth 

desorption was complete in 900 minutes. 
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Figure 4.1.2 : Desorption kinetic traces for MgH2 at 300°C cycled 6 times on 
an IGA  

 

Figure 4.1.3 depicts SEM images obtained for Aldrich MgH2 as-received and after six 

hydrogen cycles on an IGA. The particle size was observed to be 50 – 100 μm for the initial 

material while the cycled material was less well defined: decrepitation had occurred which 

resulted in ‘furring’ and agglomeration of the particles. The estimated particle size for the 

cycled material was 30 – 110 μm but since the particles are more porous in structure there is 

a higher surface area for the hydrogen to react with.  
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Figure 4.1.4 depicts the diffraction patterns of MgH2 before and after cycling on an IGA. The 

samples had a fine grain size both before and after the cycling process – with no change in 

lattice parameters – though there was a slightly larger magnesium oxide peak at 42.8° 2θ 

after cycling, which is due to exposure to air during the loading and unloading procedure on 

the IGA. 

Figure 4.1.3 : SEM images of Aldrich MgH2 (a) before and (b) after cycling on 
an IGA at 150 times magnification 

a b
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Figure 4.1.4 : X-ray diffraction patterns showing Aldrich MgH2 before and 
after hydrogen cycling on an IGA 

 

 

4.1 (b) Mechanical Milling 

To improve the reaction kinetics of magnesium with hydrogen, samples of Aldrich MgH2 were 

refined by high velocity ball milling. Milling has been shown to increase the reactive surface 

area of materials by introducing strain and defects into the crystal lattice. The process also 

reduces the average particle and grain size and this allows the hydrogen molecules to 

propagate deeper into the structure. 

MgH2 powder was milled for 5 hours in a planetary ball mill and the resulting sample was 

analysed via XRD and SEM. Figure 4.1.5 shows the diffraction patterns for Aldrich MgH2 

before and after milling. A substantial increase in peak width is observed for the milled 

sample, indicating a loss of long-range order of the crystal structure. The Scherrer equation 

(Eq. 4.1.2) describes the relationship between the peak width and grain size and shows that 
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they are inversely proportional. Using this method it is apparent that an increase in peak 

width corresponds to a decrease in grain size. 

θβ
λ
coshkl

hkl
KL =        Eq. 4.1.2 

Other groups have reported the appearance of the γ-phase of MgH2 after milling however this 

phase was not observed in our study. 

Figure 4.1.5 : X-ray diffraction patterns comparing Aldrich MgH2 both 
before and after mechanical milling for 5 hours 

 

Figure 4.1.6 shows an SEM image for MgH2 milled for 5 hours. The image shows that 

although the minimum particle size had been reduced by the milling process, the sample was 

not homogenous – displaying a large range of particle sizes from 1 – 30 μm.  
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Figure 4.1.6 : SEM image showing MgH2 milled for 5 hours in a planetary mill 
at 1000 times magnification 

 

The hydrogen sorption properties of the milled MgH2 sample were investigated using 

gravimetric analysis under the same conditions as the pre-milled Aldrich MgH2 sample. Figure 

4.1.7 shows the fourth, fifth and sixth desorption kinetics traces. The initial desorption was 

carried out at 350°C as per the original MgH2 sample though this was completed in 72 

minutes compared with 150 for the received reagent. Subsequent desorptions at 300°C were 

also quicker to complete when compared with the pre-milled MgH2 sample - the sixth 

desorption completed in 790 minutes for the milled material, compared with 900 minutes for 

the pre-milled material. However, the majority of the hydrogen was desorbed much quicker 

when compared to the pre-milled material: the time to reach 90% completion was 190 and 

740 minutes for the milled and pre-milled samples, respectively. 
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Figure 4.1.7 : Kinetic traces performed on an IGA showing desorption times 
at 300 °C for MgH2 milled for 5 hours 

Figure 4.1.8 shows absorption kinetics traces for the 5 hour milled sample. There is a vast 

improvement over pre-milled MgH2 with the initial absorption completing in around 100 

minutes and 90% of the hydrogen uptake achieved within 20 minutes. Subsequent 

absorptions were completed in similar times although there was a slight loss of capacity from 

6.4 wt% for the 1st absorption to 5.8 wt% for the 6th absorption over the cycling process. 
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Figure 4.1.8 : Kinetic traces performed on an IGA showing absorption times 
at 300°C for MgH2 milled for 5 hours 

 

The effect of hydrogen cycling on the milled material was investigated via XRD and SEM.  

Figure 4.1.9 shows the diffraction patterns after the 1st desorption and the 1st and 6th 

absorptions. The peak widths of the reflections for MgH2 and Mg were very small, even after 

the first desorption, which indicates that grain growth of the forming Mg and MgH2 phases 

occurs. This is not unexpected behaviour due to the fact that each absorption and desorption 

results in the renucleation and growth of the hydrided and dehydrided phase and the 

consequent loss of grain size information. 

Table 4.1.1 shows the full width half maximum (FWHM) values for MgH2 milled for 5 hours, 

after the 1st desorption and absorption and the 6th absorption. This shows that, upon cycling, 

the FWHM of the first peak was reduced by more than half after the first cycle and remained 
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at around that value, indicating that some of the reduction in grain size after refinement of 

the microstructure by milling, is lost during grain growth through hydrogen cycling. 

Figure 4.1.9 : Powder X-ray diffraction patterns showing the Mg and MgH2 
phases after desorption and absorption steps for MgH2 milled for 5 hours 

 

FWHM (o 2θ) Grain size (nm) 5 hr Milled MgH2 

Un-cycled 0.252(±0.01) 60(±2) 

1st absorption 0.106(±0.01) 77(±2) 

2nd absorption 0.108(±0.01) 75(±2) 

6th absorption 0.097(±0.01) 84(±2) 

 

Table 4.1.1 : Full width at half the maximum peak height values for the first 
reflection of MgH2 milled for 5 hours and cycled on the IGA with associate 
grain size as determined from the Scherrer equation 

Figure 4.1.10 shows SEM images for MgH2 milled for 5 hours before and after hydrogen 

cycling. The average particle size after cycling the sample in a hydrogen environment had 
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decreased but the sample was still not homogenous, with a range of particle sizes (1 - 10 

μm) present. 

Figure 4.1.10 : SEM images showing the range of particle sizes in MgH2 after 
(a) 5 hours milling and then (b) 6 cycles on the IGA at x1000 magnification 

a b

 

This agrees with the SEM images obtained for the unmilled material which show a slight 

decrease of particle size on cycling, though for the milled material the particles themselves 

remain fairly well defined in structure when compared to the large amount of ‘furring’ on the 

surface of each particle caused by decrepitation in the larger particles (30 – 110 μm) of 

unmilled MgH2 observed in figure 4.1.3. 

 

4.1 (c) Effect of milling time on hydrogen sorption kinetics 

To determine the effect of increased milling time on the hydrogen sorption kinetics of 

magnesium hydride, samples of Aldrich MgH2 were ball milled for 15 and 60 hours. 

Gravimetric measurements were performed to characterise the kinetic properties while SEM 

and XRD were used to analyse the particle and grain sizes.  

Figure 4.1.11 shows the powder X-ray diffraction patterns for MgH2 before milling and after 

the three different milling times. Increased milling time results in increased peak width for 
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each sample indicating a decrease in grain size, which is in agreement with observations from 

previous groups[2, 3]. 

 

 

Figure 4.1.11 : Powder X-ray diffraction patterns comparing Aldrich MgH2 
milled for different lengths of time 

Hours milled Average grain size (nm) 

0 (as-received) 125(±2)  

5 41(±2) 

15 13(±2) 

60 10(±2) 

 

Table 4.1.2 : MgH2 grain size averaged over the peaks at 27.8, 35.6 and 39.72 
and 54.59 2θ 
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Figure 4.1.12 : Graph showing the relation between increased milling time 
and average grain size (data from Table 4.1.2) 

 

Table 4.1.2 and Figure 4.1.12 show the effect of milling on the average grain size. While 

short periods of milling decrease the grain size considerably, with longer periods there is little 

further reduction in grain size. After 15 hours of milling the average grain size is similar to 

that found at 60 hours of milling and so would suggest that the optimum milling time is closer 

to 15 hours than 60. 

Figure 4.1.13 displays SEM images for MgH2 ball milled for 15 and 60 hours and the same 

samples after hydrogen cycling. The majority of particle sizes ranged from 0.5 – 7 μm for 

both the 15 and 60 hour milled samples however there are still particles up to 20 μm even 

after 60 hours though these larger particle sizes were more prevalent in the 15 hour milled 

sample.  

After 6 dehydrogenations and hydrogenations the particle size for the 15 hour milled sample 

ranges from 0.5 - 6 μm. Particle formation is fairly discrete in comparison with the furred 

 120



surface of the cycled Aldrich sample with little growth on the surface of the particles. The 60 

hour milled material displayed the same features but is more homogeneous in particle size 

with the majority of particles being less than 5 μm; the largest particles reached 

approximately 10 μm. 

 

Gravimetric analysis was performed on the 15 and 60 hour milled samples. Similar results to 

the 5 hour milled material were obtained with quick uptake of hydrogen during absorption 

measurements but with little improvement with successive hydrogen cycling. 

Figure 4.1.14 shows the absorption kinetics of the samples milled for 5, 15 and 60 hours on 

the 6th hydrogen absorption. Near the start of the traces the process of admitting gas at a 

high rate affected the buoyancy of the sample and therefore measurement of the true weight 

Figure 4.1.13 : SEM images showing the range of particle sizes in MgH2: (a)  
after 15 hours milling, (b) after 60 hours milling (c) 15 hours milled after 6 
cycles on the IGA and (d) 60 hours milled after 6 cycles on the IGA at 1000 
times magnification 

b

c 

a 

d
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of the sample, though, once enough gas had been admitted and convection was no longer a 

strong force acting on the sample holder, this effect was reduced at higher pressures. This 

resulted in slightly negative values for the weight at the very start of each absorption 

experiment.  The data indicate that the kinetic barrier for reaction between magnesium and 

hydrogen is reduced upon increased milling time. The samples reached full absorption in 100, 

40 and 30 minutes for 5, 15 and 60 hour milled samples respectively - 90% of each of those 

total absorptions was attained in 18, 15 and 10 minutes, respectively. 

0 10 20 30 40 50 60
0

1

2

3

4

5

6

7

w
ei

gh
t %

 H
2

Time /min

 MgH2 milled 5 hrs
 MgH2 milled 15 hrs
 MgH2 milled 60 hrs

Figure 4.1.14 : Absorption kinetics for Aldrich MgH2 samples after various 
milling times and after 6 hydrogen cycles on an IGA at 300°C 

 

Figure 4.1.15 shows the desorption kinetics for the milled materials on the 6th hydrogen 

desorption measurement. Kinetics improved with increased milling time with full desorption 

reached in 790, 214 and 50 minutes for 5, 15 and 60 hour milled samples, respectively. The 

time to reach 90% of this desorption was 190, 143 and 37 minutes, respectively, for the 

three samples. 
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Interestingly, the desorption kinetics for the 60 hour milled sample were much improved 

when compared to the 5 and 15 hour milled samples and also in comparison to the relative 

improvement to absorption kinetics over six successive hydrogen cycles for these samples. 
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Figure 4.1.15 : Desorption kinetics for Aldrich MgH2 samples after various 
milling times and after 6 hydrogen cycles on an IGA at 300°C 

 

These results suggest that particle size has a large effect on hydrogen sorption kinetics. 

Although average grain sizes were similar for samples milled for 15 and 60 hours (Table 

4.1.3), average particle size had been reduced for the 60 hours milled MgH2 sample (Fig. 

4.1.13). The observed improvement in desorption kinetics for the 60 hour milled material can 

be attributed to this change in morphology and as such it is possible to suggest that, with 

increased milling time and therefore grain and particle reduction, as the particle size 

approaches the grain size, diffusion of hydrogen occurs with comparative ease during the 

desorption process. The more comparable absorption times for all three milled samples could 
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be explained by seeding of crystal growth. If the magnesium grain boundaries that border the 

surface of a particle are hydrogenated first then diffusion of hydrogen through the MgH2 

phase into the core of a particle will be the limiting step.  

It has previously been shown that the milling process itself introduces impurities from the 

milling tools. Ares et al. reported inclusion of Fe impurities in milled MgH2 from steel milling 

tools during the milling process[4]. These impurities reached 1 wt% within 100 hours milling 

time and it was shown that the presence of these impurities facilitated particle agglomeration 

and cold-welding of the particles in the sample. These two processes hinder particle size 

reduction and the associated improvement in kinetics that comes with increased surface area. 

Fe impurities have been shown to reduce the total H2 capacity of magnesium hydrides[5] and 

this could have an effect in the present study – though it is likely that any effect is very small 

as none of the observed capacities for samples that were milled longer were diminished in 

comparison with those samples milled for shorter times and the longest milling time was 60 

hours at which point less than 1 wt% of Fe impurity would be predicted in the sample. 

Table 4.1.3 shows the effect of hydrogen cycling on particle size in the as-received and milled 

samples of MgH2. As observed in Table 4.1.1 there is grain growth occurring during hydriding 

and dehydriding process. Interestingly, there appears to be less grain growth in the milled 

samples than in as-received MgH2 suggesting that the microstructure gained from the 

mechanical milling process is retained to a degree.  

 

Table 4.1.3 : MgH2 grain size averaged over the peaks at 27.8, 35.6 and 39.72 
and 54.59 2θ for samples before and after H2 cycling on an IGA (data for the 
60 hr milled sample was not obtained) 

Average grain size (nm) (±2)  

Before H2 cycling After 6 H2 cycles 

MgH2 as-received 125 357 

MgH2 milled 5 hrs 41 89 

MgH2 milled 15 hrs 13 83 

MgH2 milled 60 hrs 10 N/A 
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Paik et al. studied the effects of milling on MgH2 particle and grain size and reported that, 

while use of the Scherrer equation could yield approximations of the trends in grain size it is 

not accurate for larger grain sizes (>200nm), electron microscopy techniques are more 

accurate at determining grain size[6]. It was also shown that, because the Scherrer equation 

does not take into account the effect of strain within the material, the techniques utilising 

XRD to determine grain size will underestimate the actual size distribution of grains within the 

sample.  

Paik et al.’s findings mirror the trends seen in the results reported in this study and others[7-

9]; a sharp decrease in grain and particle size within a few hours of milling time followed by a 

levelling-off in the reduction of the two parameters towards 30 hours of milling. However, 

they report a further reduction towards 60 hours of milling time – roughly half that of the 

grain size at 30 hours and approximately 200nm reduction for particle size over the same 

period. The effect of hydrogen cycling on MgH2 and its milled forms’ particle and grain sizes 

was also reported, with grain growth on the first H2 cycle resulting in similar grain size for 

MgH2 for all milled powders that were analysed, which is in broad agreement with the results 

in table 4.1.3. 

 

1. Grochala W. and Edwards P.P., Thermal Decomposition of the Non-Interstitial 
Hydrides for the Storage and Production of Hydrogen. Chem. Rev., 2004. 104: p. 
1283. 

Range of particle size (μm)  

Before H2 cycling After 6 H2 cycles 

MgH2 as-received 50-100 30-110 

MgH2 milled 5 hrs 1-30 1-10 

MgH2 milled 15 hrs 0.5-7 0.5-6 

MgH2 milled 60 hrs 0.5-7 <5 

Table 4.1.4 : Observed range of majority MgH2 particle sizes for samples 
before and after H2 cycling on an IGA as observed via SEM 
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4.2 Sorption properties of MgH2 + LiBH4  

Experimental technique 4.2 

Sample preparation and heating under static vacuum 

Magnesium hydride (Aldrich, 90% MgH2, 10% Mg) was mixed together by hand with an agate mortar 

and pestle with LiBH4 (Acros Organics, 95%) in an argon-circulating glove box for 5 minutes until a fine 

powder remained. The ground mixture was carefully inserted into a quartz tube of approximately 

10 mm internal diameter and typically 200 mm in length which had a piece of clean (and evacuated to 

remove physisorbed water and oxygen molecules) printer paper rolled around the length to avoid the 

sample sticking to the inside of tube and reacting when sealed, potentially breaking the tube. Once the 

paper was removed the tube was fitted to a Young’s tap via a Swagelok Ultra-Torr fitting with rubber 

seals to stop mixing with atmosphere when removed from the glove box (Figure 3.1.1). The assembly 

was then attached to vacuum equipment which allowed careful evacuation to pressures of 

approximately 1 x 10-6 bar near the sample.  

Once the required vacuum level was achieved, the assembly was removed from the vacuum equipment 

and sealed off with a gas torch and this sealed tube containing the sample was placed in a 

programmable muffle furnace and heated up to 300°C at a ramp rate of 50°C/hour. The sample was 

then held at 300°C for 12 hours and then allowed to cool back down to room temperature. The quartz 

tube was then returned to the glove box where it was split open with glass cutting tools and the sample 

was ground again in a mortar and pestle and then placed in a storage vial.  

The quartz tube was observed to be discoloured by reaction with the liquid LiBH4 at temperatures above 

the melting point, Mg and MgH2 had a minimal effect on the quartz tube after heating. The length of 

time, reagents and the ratio of reactants was altered as seen fit. A typical sample would weigh 

approximately 0.33 g. Due to the equilibrium pressure of MgH2 being approximately 1 bar H2 at 300°C 

the reaction between MgH2 and LiBH4 would have taken place under a hydrogen environment from H2 

desorbed from both compounds. 
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Heating in flowing gas environment 

Magnesium hydride (MgH2 - 90%, 10% Mg) and lithium borohydride (LiBH4, Acros Organics, 95%) were 

measured out in the required amounts, mixed together and placed in a quartz tube, as above. The 

quartz tube was then fitted with a Swagelok Ultra-Torr fitting to which was connected a specialised 

piece of glassware consisting of two rotating taps sealed with vacuum grease (Figure 3.1.1). This 

apparatus was closed off and then removed from the glove box and placed into a fume cupboard - held 

in a horizontal position via a clamp stand.  

The valve on the cylinder containing the gas supply to be used was opened slightly and the system was 

purged for a minute to reduce the possibility of unwanted reactions of atmosphere with the sample. A 

plastic tube, connected to an acid bubbler (to scrub the gas of any unwanted impurities) which was, in 

turn, connected to the desired gas supply, was attached to one of the glass taps on the apparatus. A 

slight positive pressure of gas was allowed to build up in the tube as a second, exhaust tube that fed 

into a second acid bubbler which then vented into the fume cupboard system, was attached to the 

other tap. The exhaust tap was opened simultaneously with the admittance tap in order for the gas flow 

to begin immediately in order to limit the amount of oxygen and moisture entering the quartz tube. The 

gas flow was increased to a steady rate for 5 minutes to purge the apparatus of any except the desired 

gas(es). The flow rate was then reduced and the sample slotted into the hot zone of a tube furnace. 

The tube furnace was programmed in the same manner as the muffle furnace and a heating 

rate of 50°C/hour was used to raise the temperature to the desired setting. Once the reaction 

was complete and the sample had cooled sufficiently, the quartz tube was removed from the 

tube furnace and the exhaust gas tap on the apparatus closed before stopping the flow of the 

gas from the cylinder. A slight positive pressure was allowed to build before the inlet tap was 

also closed. The apparatus was removed from the clamp and plastic tubing and returned to 

the glove box for sample recovery. Gases of Argon (99%) and H2/N2 (10:90, 98%) from BOC 

were used. 
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Aluminium foil 

The preparation of the sample was carried out as above however, once ground in a mortar and pestle 

the sample was then transferred onto a thin sheet of aluminium foil that was then folded into a packet 

around the sample to stop it reacting with the quartz tube. The sample was then sealed in an evacuated 

quartz tube as above and heated in a muffle furnace. Once the aluminium packet was recovered from 

the quartz tube after heating the sample was separated from it and stored in the glove box. The 

aluminium foil was observed to be blackened by reaction with the LiBH4 during heat treatment. 

 

Synchrotron X-ray experiments 

The equipment used was at the European Synchrotron Radiation Facility in Grenoble, France. The 

beamline was ID31 and its operation is outlined more thoroughly in section 3.5.2. 

The samples to be measured were ground and loaded into glass capillaries within a glove bag or glove 

box containing argon and then sealed with wax or vacuum grease. These capillaries were then mounted 

onto a multi-sample loading stage that was placed on the automatic robot sample changer. The samples 

were the measured across a range of 2θ – usually from 3-100° 2θ though some samples were 

measured from 3-60° 2θ due to limited equipment time. The wavelengths of the beamline changed over 

multiple visits, however all samples were wavelength corrected and have been displayed at a 

wavelength of 1.5406 Å for direct comparison with powder diffraction patterns obtained from the 

D5000. The step size used for the measurements was 0.00499° 2θ and the averaged step time was 3 

seconds per step. 

 

General experimental techniques 

The milling procedure of MgH2 + LiBH4 was performed as described for MgH2 in section 3.1.2. Milling 

times of 10 and 40 hours were performed. XRD on the D5000, IGA and SEM measurements and wt% 

calculations were performed as described in the Experimental Technique 4.1 section. 
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4.2 (a) Chemical Modification 

It has been established that MgH2 has slow kinetics unless mechanically modified and also 

suffers from a high heat of formation. However, there have been many attempts to reduce 

the heat of formation of the hydride through alloying[1, 2] or provide a catalytic pathway to 

reduce the onset temperature of formation of the hydrided and dehydrided phases[3-6] via 

introduction of chemical additives to improve the sorption kinetics by improving H2 diffusion 

and splitting of molecular H2. This area of research is dominated by studies that introduce 

new additives through mechanical milling – there are relatively few studies that chemically 

react two or more compounds. While the energies involved in mechanical milling can facilitate 

chemical reaction, the results are not always analogous to a thermal reaction between the 

same materials, therefore it is important that conventional chemical routes are explored as 

well. 

The targets set by governments for a storage medium and discussed in section 1 (e.g. D.O.E. 

in the US) led us investigate the combination of light elements or their compounds with 

MgH2. Hydrides, and specifically light element borohydrides, were attractive additives due to 

their relatively light weight and high percentage of hydrogen. Lithium was immediately 

selected as a potentially beneficial dopant due to its known alloying properties with 

magnesium[7, 8]. Out of the prospective Li and H containing compounds (covered in section 

2.3.3) LiBH4 was selected due to its high weight% H2 content and similar dissociation 

temperature to MgH2. 

LiBH4 (Acros Organics 95%) was heated with MgH2 (Aldrich 90%) in the ratio of 1:10, as 

described in the experimental section, at 300°C in static vacuum (1x10-6 bar) for 12 hours; 

heated (MgH2 + 10% LiBH4). When mixing the reactants it was noted that the MgH2 exhibited 

static-like properties and stuck to particles of LiBH4 and formed small balls within the test 

tube. It was also noted that after reaction in the furnace, the quartz tube was stained an off-
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orange colour which was attributed to reaction of LiBH4 with the glass after studying the 

effect of both MgH2 and LiBH4 on quartz. 

Powder XRD analysis of the reacted sample detected no LiBH4 (Figure 4.2.1) in contrast to 

mixed/ground and unreacted samples in which LiBH4 was clearly observed. This could point 

towards partial incorporation of the LiBH4 into the Mg or MgH2 lattice or possibly the phase 

becoming amorphous due to the heat treatment and subsequent melting at 300°C. 

Figure 4.2.1 : Powder XRD trace showing Aldrich MgH2 + 10% LiBH4, after 
heat treatment at 300°C under static vacuum 

 

The kinetics of hydriding and dehydriding were then measured on an IGA: desorption kinetics 

(Figure 4.2.2) were vastly improved over the original, as-received MgH2 material shown in 

section 4.1. It was not possible to desorb the sample at 300°C initially and the first 

desorption was carried out at 350°C which resulted in complete desorption in under 150 

minutes. The rest of the desorption steps were carried out at 300°C and, remarkably, shared 

similar times to desorb. As with the as-received material the kinetics were again improved 
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slightly through cycling, though some variation for the final total H2 capacity and time to 

completion for this capacity was noted from cycle to cycle. 
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Figure 4.2.2 : Kinetic traces showing desorption characteristics of MgH2 +  
10% LiBH4, at 300°C, 10 mbar performed on an IGA 

 

Absorption kinetics for the heated (MgH2 + 10% LiBH4) sample were slow to begin with 

(Figure 4.2.3) as the initial hydrogenation took 1300 minutes to near completion but had not 

reached a steady state. The improvement over subsequent absorption cycles was substantial, 

with the sample reaching saturation in 225 minutes in the second and around 80 minutes in 

the final absorption. This was in stark contrast to results from the as-received MgH2 material 

where absorption kinetics became slower on cycling though a more consistent hydrogenation 

time between 600 and 1000 minutes was observed for all cycles. 

The total weight % absorbed for each cycle of heated (MgH2 + 10% LiBH4)varied slightly 

depending on the previous desorption step, the first gaining 5.2 wt% and the 6th about 5.6 

wt% H2, which is comparable with the end points for the as-received MgH2 sample. 
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Figure 4.2.3 : Kinetic traces showing absorption characteristics of MgH2 +  
10% LiBH4, at 300°C, 10 bar performed on an IGA 

 

Figures 4.2.4 and 4.2.5 compare the absorption kinetics for MgH2, heated (MgH2 + 10% 

LiBH4) and milled material. These show that although the initial absorption step is much 

slower than MgH2 material, by the sixth cycle the MgH2 + LiBH4 sample was comparable with 

the material that had been milled for 5 hours and much quicker than the MgH2 sample, albeit 

with a slightly lower weight percent capacity for hydrogen. The graph is not corrected for 

LiBH4 content since the remaining amount and form of this compound is unknown. Possible 

reasons for the slow kinetics on the first absorption will be discussed in chapter 5. 

Desorption kinetics are also interesting: all samples were initially desorbed at 350°C, though 

as certain samples were desorbed at 10 mbar and others at 1 bar, these are not directly 

comparable. The second desorption sample conditions were much more consistent and thus 

these have been used for comparison with the sixth desorption (Figures 4.2.6 and 4.2.7). 

 133



Figure 4.2.4 : Kinetic traces comparing the 1st absorptions at 300°C of 
samples after three different types of treatment 

 

Figure 4.2.5 : Kinetic traces comparing the 6th absorptions at 300°C of 
samples after three different types of treatment 
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Figure 4.2.6 : Kinetic traces comparing the 2nd desorptions at 300°C of 
samples after three different types of treatment  
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Figure 4.2.7 : Kinetic traces comparing the 6th desorptions at 300°C of 
samples after three different types of treatment 
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Although Aldrich MgH2 desorption kinetics improve significantly with cycling, the milled MgH2 

and LiBH4 doped materials do not show the same trend. Instead, a slight variation was 

observed for the total desorption time over each cycle. While the completion of the last 10% 

of H2 capacity varies widely for each cycle of a sample the main change per desorption (i.e. 

90% of H2 capacity) lies within a much narrower range and is perhaps a better indicator of 

the actual improvements in kinetics of a sample as this would ignore much of the effect of 

poor H2 diffusion through hydride layers of >50 nm[9] (Table 4.2.1). 

 Time to 90% completion /mins 

2nd cycle Desorption Absorption 

Aldrich 847 n/a 
MgH2 + 10% LiBH4 54 84 
MgH2 milled 5 hours 195 23 
MgH2 milled 60 hours 57 12 

6th cycle  

Aldrich 738 170 
MgH2 + 10% LiBH4 56 24 
MgH2 milled 5 hours 189 23 
MgH2 milled 60 hours 32 11 

Table 4.2.1 : 90% completion times for absorption and desorption kinetics 
in the 2nd and 6th cycles at 300°C 

 

It is possible that the observed variation for a particular sample could be partially attributed 

to particle or grain agglomeration, which would change over the course of cycling, with some 

cycles being slightly slower due to hydrogen diffusion becoming more difficult and others 

slightly faster, resulting in absorption and desorption of the majority of the hydrogen more 

quickly. Vigeholm et al. reported seeing increased particle agglomeration through sintering 

upon repeated H2 cycles that resulted in increased porosity for a sample of MgH2
[10].  

It could also result from poor hydrogen diffusion to the centre of larger particles due to the 

nucleation of the hydrided phase around the circumference of the particles (Figure 4.2.8). 

This behaviour featuring nucleation and growth of the MgH2 phase and the resultant 

hinderance in hydrogenation is well understood in literature[9, 11]. It was observed that (at 
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constant temperature) upon increasing the hydrogen pressure above the equilibrium point for 

MgH2 formation the total H2 capacity was reduced and the kinetics of absorption varied 

greatly but in no general trend[10]. This might correlate with the observed variations in 

kinetics and H2 uptake of each hydrogen cycle for individual samples measured on the IGA 

(Figure 4.1.8). 

The effect of this mechanism on hydrogen absorption kinetics and capacity could easily be 

tested for a sample by repeating the experiments of Vigeholm et al.; selecting a temperature 

and then performing numerous hydrogenation measurements at increasing pressures from 

the equilibrium pressure. It was also reported by Vigeholm et al. that, at 300°C, pressures 

below 20 bar H2 were required to reach complete hydrogenation for particles between 5–75 

μm – above 20 bar incomplete hydrogenation was observed – and as such, measurements 

around and above this pressure would help elucidate any effect of this mechanism in the 

sample. 

 

Figure 4.2.8 : Diagram depicting H2 diffusion pathways into an magnesium 
particle: 1) Obscured diffusion, 2) Blocked diffusion 
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X-ray diffraction of heated (MgH2 + 10% LiBH4) after cycling on the IGA showed no evidence 

of LiBH4, only MgH2, Mg and MgO (Figure 4.2.9). The increased presence of magnesium oxide 

Figure 4.2.9 : Powder XRD traces comparing heated (MgH2 + 10% LiBH4) 
samples before and after 6 H2 cycles on an IGA at 300°C, 10 mbar on 
desorption and 10 bar on absorption

 

was due in part to the loading and unloading procedure when using the IGA, both of which 

exposed the sample to air for short durations of time. Further contamination from any 

impurities in the hydrogen source during the experiments at 300°C could also have occurred.  

SEM images taken before and after hydrogen treatment on an IGA showed interesting 

morphological changes (Figure 4.2.10). It can be seen that the particle shape and size after 

sample reaction but before hydrogen cycling was coarse and large. In comparison, after 6 

cycles on the IGA (and in a hydrided state) the particle size and shape is much smaller: the 

structure has become finer and looks ‘coral-like’ in form. Undoubtedly, this morphological 

change has a strong effect on the sorption kinetics, facilitating hydrogen diffusion and crystal 

growth during hydrogenation. Vigeholm et al. observed similar structural evolution in unmilled 

MgH2 over the course of 31 H2 cycles and described it as a porous agglomerate[10]. It is 

 138



interesting that this structural refinement is more enhanced after 6 H2 cycles for MgH2 + 10% 

LiBH4 than that of pure MgH2 after 31 H2 cycles and suggests that the interaction of LiBH4 

with MgH2 promotes decrepitation on release of H2 of each particle to form agglomerations of 

smaller particles with a higher surface area. This process is seen to occur for pure MgH2 but 

over longer H2 cycling periods[9] and is reported to have a greater effect on the H2 absorption 

kinetics due to the diffusion of hydrogen being the rate-limiting step. 

a  b

 

c  d

 

Figure 4.2.10 : SEM images of heated (MgH2 + 10% LiBH4) at 300°C, under 
static vacuum (1x10-6 bar) at a) x150 and b) x430 magnification and 
heated (MgH2 + 10% LiBH4) after after 6 H2 cycles on the IGA at c) x150 
and d) x430 magnification 

 

After observing the improvement when MgH2 was heated with LiBH4, it was decided to 

combine this method with milling to determine whether further improvements could be 

applied to milled MgH2. Two different ways of combining the methods were tried: firstly, 

milled MgH2 was heated with LiBH4 at 300°C under static vacuum; secondly, a mixture of 

MgH2 and LiBH4 was milled for 10 and then 40 hours.  
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The 6th absorptions of these materials were compared with 60 hr milled MgH2 (Figure 4.2.11) 

and showed that the addition of LiBH4 to milled material did not appreciably improve the 

kinetics of the system as the results are comparable to milled samples. The sample of MgH2 

and LiBH4 milled for 40 hours was slightly faster than the rest though it is difficult to 

determine whether this small improvement is due to a refinement of the microstructure as 

discussed in section 2.3.4. as LiBH4 is a relatively soft compound[3]. 
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Figure 4.2.11 : Kinetic traces comparing the 6th absorption of various milled 
samples  

 

 

4.2 (b) Reaction conditions 

Reacting MgH2 and LiBH4 for 12 hours was shown to be beneficial to the kinetics of 

hydrogenation/dehydrogenation of the system. Therefore, it was decided to explore both 
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shorter and longer reaction times. Samples were heated for 6 and 60 hrs and then measured 

on an IGA. 

After cycling 6 times, desorption kinetics showed a similar improvement (Figure 4.2.12), 

however, times to completion varied significantly. The 6 hour sample finished desorbing in 

around 500 minutes with the 12 and 60 hour samples completing in around 250 and 100 

minutes, respectively. The 12 hour heated sample has a lower total weight percent due to 

being only partially hydrided on the previous absorption. Also, due to effects similar to those 

postulated in figure 4.2.8 the final 10% of H2 capacity can vary between hydrogen cycles for 
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Figure 4.2.12 : Kinetic traces showing the 6th desorption performed on an 
IGA for heated (MgH2 + 10% LiBH4), heated for 6, 12 and 60 hours, 
respectively 

the same sample and between similar samples. To reduce this inaccuracy, times to reach 

90% of estimated H2 saturation are compared. Though these results would suggest that the 

effect occurring between MgH2 and LiBH4 is slow and happens over a long period of time, the 

times taken to desorb 90% of the total weight% loss were much closer: 81, 56 and 59 
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minutes for 6, 12 and 60 hrs, respectively. This potentially shows that the refinement of the 

microstructure caused by the interaction of MgH2 and LiBH4 is almost complete after 12 hours 

with further improvement of the remaining material bringing a diminishing increase in 

desorption kinetics. 

Absorption kinetics were more similar for the three samples (Figure 4.2.13) though the end 

point of each absorption trace was more difficult to ascertain since the relative change in 

mass was very small over a long period of time after about 98% completion. The 

experimenter must ultimately decide at which point to stop the experiment.  
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Figure 4.2.13 : Kinetic traces showing the 6th absorption performed on an 
IGA for heated (MgH2 + 10% LiBH4) heated for 6, 12 and 60 hours 
respectively 

 

All three had an end point of between 821 and 850 minutes which, considering the above 

observation on the difficulty of determining when the compound is saturated at a given 

pressure, are indistinguishable within the limits of error. 
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The point of 90% of total absorption was calculated and the 6, 12 and 60 hr samples all 

achieved 90% saturation at around 30 minutes: 31, 23 and 30 minutes, respectively. 

Although these results are not conclusive, it appears that reaction time may have a small 

effect on the performance of the sample. The 6 hour sample has slightly slower desorption 

kinetics, though this could be due to sample inconsistencies and variations in crystal growth 

during the Mg/MgH2 phase transitions upon cycling in a hydrogen atmosphere. 

Synchrotron powder XRD performed on the samples heated for different times showed no 

difference. However, synchrotron powder XRD showed evidence of an unknown phase in the 

sample heated for 6 hours, with four peaks at 21.3, 30.2, 31.6 and 33.91° 2θ that were not 

observed for the 12 and 60 hour heat-treated samples (Figure 4.2.14). One other aspect of 

XRD for the 6 hour heat-treated sample is that there is a decrease in intensity for all 

 

Figure 4.2.14 : Synchrotron powder XRD patterns for heated (MgH2 + 10% 
LiBH4) heated for 6, 12 and 60 hours. *Unknown phase marked with 
asterisks 
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observed peaks, including MgH2 and Mg. These features might suggest that there is less 

long-range crystallinity within the sample. Other groups have observed intermediate phases 

during the decomposition of LiBH4 above 150°C – Li2B12H12 and Li2B10H10
[12, 13] – and thus it is 

possible that being held at 300°C for a number of hours results in the evolution of these or 

similar intermediate phases. Interestingly, the samples held at 300°C for 12 and 60 hours 

show no signs of new phases or impurities. Indeed, they show fully crystalline MgH2, Mg and 

LiBH4. The observed peaks were not able to be matched to any known lithium oxides or 

hydroxides though these compounds would not account for the reduction in reflection 

intensities for the sample. The synchrotron experimental data was performed very late in the 

study and therefore there was no further experimental time available to perform follow-up 

studies on short heat-treatment times for MgH2 + LiBH4 mixtures.  

Figure 4.2.15 : Synchrotron powder XRD pattern for heated (MgH2 + 10% 
LiBH4) heated for 6 hours not corrected for background. *Unknown phase 
marked with asterisks 
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To determine whether reaction environment had an effect on the performance of 

hydrogenation/dehydrogenation kinetics, some samples were prepared under different gas 

atmospheres. Argon and a H2/N2 (10:90) mixed gas were chosen and experiments were 

performed under flowing conditions as described in the experimental section.  

Absorption traces show that the sample kinetics are similar in performance to the vacuum-

treated sample (Figures 4.2.16 and 4.2.17). The time to reach 90% completion of hydrogen 

uptake is 23 and 26 minutes for the H2/N2 and Ar gas atmospheres respectively, which is in 

line with the results observed above, though there is one notable difference in the 

progression of the kinetics of these samples. The first absorptions of the samples took similar 

times to reach completion as the previous samples, however the subsequent absorption 

cycles were much quicker and uniform in their times to completion in comparison with figure 

4.2.3 – a behaviour which was previously only seen with milled samples of MgH2. It is 

possible that this trend was caused by desorbing the materials under dynamic vacuum at 

300°C or that treatment under a gas atmosphere provided superior protection from oxygen  

 

Figure 4.2.16 : Kinetic traces showing the 6 absorption cycles of (MgH2 + 
10% LiBH4) (heated under a flowing H2/N2 gas mixture) on an IGA 
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Figure 4.2.17 : Kinetic traces showing the 6 absorption cycles of heated 
(MgH2 + 10% LiBH4) (heated under flowing argon) on an IGA  

and water that a relatively short evacuation did not. 

During the gravimetric testing of these materials, desorption traces were carried out under 

dynamic vacuum as per previous research[14] due to equipment time constraints. The result 

was significantly faster desorption times but these results cannot be directly compared with 

the previously presented information within this thesis and thus will be left out of the 

discussion.  

Further experiments were carried out to determine if the observed results were due purely to 

the inclusion and reaction of LiBH4 with MgH2, and how much of an effect the amount has on 

the kinetics or if there were other factors during the reaction that were affecting the kinetics.  

The effect of pre-reaction (i.e. the method of reacting the MgH2 and LiBH4 together before 

kinetic analysis) was studied by only mixing the sample and not heating it before performing 

pressure controlled gravimetric analysis (IGA). Absorption kinetics showed that although the 
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initial uptake was completed in 500 minutes, the kinetic improvement levelled off after the 

third absorption cycle (Figure 4.2.18).  
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Figure 4.2.18 : Kinetic traces showing the 6 absorption cycles of (MgH2 + 
10% LiBH4) (not pre-heated before kinetic analysis) on an IGA 

 

The sixth absorption completed in around 120 minutes with the 90% completion point at 64 

minutes, three times that of the pre-heated materials. This indicates that pre-heating is an 

important step in the process which will be discussed in chapter 5. 

The next experiment was carried out to determine the effect that contact with the quartz 

tube had on the reaction: SiO2 has been shown to reduce the decomposition temperature of 

LiBH4
[15]. During reaction at temperatures up to 300°C LiBH4 melts and stains the quartz tube 

an orange colour probably from Li reaction with the SiO2. It has also been shown that Mg will 

alloy with Si to form Mg2Si during the decomposition of MgH2 at 300°C[16]. It should be noted 

that samples measured on an IGA are also contained within a quartz holder and as such 

could provide the same effect. To remove any contact with the quartz, the sample was 
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wrapped in aluminium foil for 12 hours and then measured on an IGA (though still in contact 

with the quartz holder). 

Absorption kinetics showed an improvement over all previously reported samples (Figure 

4.2.19). The 1st absorption was effectively completed within 500 minutes whilst the 6th 

absorption was completed within 20 minutes and the 90% completion point was reached 

around 10 minutes – twice as fast as the analogous sample reacted when in contact with the 

quartz. Desorption kinetics were also much improved (Figure 4.2.20) in comparison with the 

(MgH2 + 10% LiBH4) mixtures reacted for 6, 12 and 60 hours. The 90% completion point was 

reached in around 30 minutes which is approximately half the time of previous samples. 

These results show that reaction with the quartz tube might actually be detrimental to the 

reaction between magnesium hydride and lithium borohydride or conversely, a beneficial 

interaction with aluminium. However, reacting samples in this way is quite cumbersome and 

it is impossible to clean the aluminium foil, which is not reusable. Further experiments were 

not carried out in this manner. 

 

Figure 4.2.19 : Kinetic traces showing the 6 absorption cycles of (MgH2 + 
10% LiBH4) (wrapped in aluminium foil during reaction) on an IGA 
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Figure 4.2.20 : Kinetic traces comparing the 6th desorptions of (MgH2 + 
10% LiBH4) heated for different times under different conditions 

 

At this point our supply of magnesium hydride (from Aldrich) had been depleted and 

unfortunately the line had been discontinued, forcing us to source our MgH2 from elsewhere. 
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4.3 Study of alternative sources of MgH2 

Experimental technique 4.3 

Infrared Spectroscopy 

The infra-red spectra of samples was collected via a diamond anvil reflectance cell on a Nicolet Magna-

IR infrared spectrometer. The diamond anvil cell consisted of a compression clamp that could be 

tightened with a torque wrench-type screw head. This compressed the sample between the diamond 

and an IR transparent surface was. There was a rubber O-ring around the sample window that 

prevented gas from entering the sample compartment and so limited the exposure to air of the 

samples. The samples were loaded in the cell within an argon circulating glove box then taken to the 

spectrometer. The cell was loaded and affixed to the spectrometer and nitrogen gas was flushed 

through the equipment for 5 minutes to purge it of CO2 which has a strong absorption at ~ 2349 cm−1. 

The sample was then measured between 400 and 4000 cm-1 and the sample disposed of. 

Heat treatment of MgH2 + 5 mol% MgB2 

A mixture of MgH2 (Aldrich, 90% MgH2, 10% Mg) and MgB2 (Aldrich, ≥96% 4% Mg) was prepared for 

heat treatment under a static vacuum as described in Experimental Technique 4.2. The sealed quartz 

sample tube was heated to 300°C at a rate of 50°C/hour and held at this temperature for 12 hours and 

then allowed to cool. Very little discolouration of the quartz tube was observed after heat treatment and 

the sample was recovered within an argon circulating glove box.  

IGA measurements carried out on this sample were performed as described in Experimental technique 

4.1 with the exception of the absorption and desorption steps performed at 350°C. The desorption 

steps were performed at 1 bar H2 pressure, 350°C. For 350°C desorption steps preceeded by a 300°C 

absorption step the temperature was raised before the pressure was reduced. The 350°C absorption 

steps preceeded by a desorption at 300°C had their pressure raised to 1 bar before the temperature 

was increased and only once the sample was at 350°C was the pressure increased to 10 bar. 
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Study of the change in unit cell parameters of MgH2 and Mg 

The effect of increasing LiBH4 content during heating on the unit cell parameters of MgH2 and Mg was 

studied: a range of ratios of MgH2 + LiBH4 samples were prepared via heat treatment under static 

vacuum at 300°C for 12 hours as described in Experimental Technique 4.2. Two types of MgH2 were 

used – Avocado  (98%, 2% Mg) and Goldschmidt (95% MgH2, 5% Mg) with LiBH4 (Acros Organics, 

95%). The ratios of MgH2:LiBH4 for Avocado MgH2 were 19:1, 9:1, 8:2, 7:3, 6:4, 5:5, 4:6, 3:7, 2:8 and 

1:9 while the ratios for the Goldschmidt MgH2 samples were 11:1, 10:2, 9:3, 8:4, 7:5, 6:6, 5:7, 4:8, 

3:9, 2:10 and 1:11. The samples were then ground in a mortar and pestle and measured on beam line 

ID31 at the ESRF in Grenoble as described in Experimental Technique 4.2.  

The reflections associated with MgH2 and Mg in the powder XRD patterns were then indexed using the 

program CELL mentioned in section 3.5.1. This was achieved by inputting the unit cell parameters 

(a, b, c, α, β, γ, and the symmetry) from literature and crystal structure databases and then fitting them 

with a non-linear least squares refinement of the observed reflections in the diffraction patterns from 

the synchrotron source. This calculation gave the determined unit cell parameters of the indexed 

reflections and the estimated standard deviations of the unit cell and the reflections.  

General experimental techniques 

XRD performed on the D5000, IGA and SEM measurements and wt% calculations were performed as 

described in the Experimental Technique 4.1 section. Synchrotron source XRD were performed as 

described in Experimental Technique 4.2. 

Evidence of contamination during IGA measurements 

During this study, the laboratory where measurements were performed was refurbished this coincided 

with the move to find an alternative source of MgH2 as per section 4.3 (a). Once everything was back in 

place and measurements were being performed again, there was a discrepancy between the hydrogen 

absorption and desorption kinetics of Aldrich MgH2 + 10% LiBH4 and those for the same ratio of 

Avocado and Goldschmidt MgH2: mainly that they were slower than those samples reported in section 

4.1 (also Table 4.3.2). The IGA was tested with standard samples of Pd/Pt and did not seem to 

evidence any problems during these measurements, so the problem was considered to be with the 

MgH2 source. The possible contamination of the sample during IGA measurement affected all the IGA 
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kinetic measurements in the thesis from this point forward (the thermodynamic experiments were 

performed early in the study) and the problem was not fully appreciated until after the allotted 

experimental period for the research had expired. Towards the end of the thesis the IGA was no longer 

giving accurate results for sensitive samples though samples that were not reactive suffered no loss of 

H2 capacity or kinetics. The problem was eventually discovered to be the seal around the bearing on the 

turbomolecular pump used for evacuating the IGA to pressures of 1x10-6 bar. During a period of 

maintenance where the vane pumps backing the turbomolecular pump were being replaced, the turbo 

pump was taken apart and carbon deposits were discovered inside it and in the stainless steel pipes 

that connected it to the reactor chamber of the IGA. This was corrected by purchasing a new turbo 

pump though there was no time to repeat the lengthy experiments that MgH2 required for H2 cycling. 

While the exact cause of the problems with the samples is unclear – there was no conclusive evidence 

from infrared spectroscopy as might be expected: no sharp peaks between 1000-1500 cm-1 or 3000-

4000 cm-1 that would suggest C–O, O–H or other types of stretches common in organic compounds 

(Figure 4.3.15). Due to the poor starting material from Avocado with a relatively large amount of 

Mg(OH)2 and MgO present the problem was presumed to be with the starting reagent rather than the 

equipment.  

The experiment in section 4.4 (c) that performed the H2 cycling on a specially constructed flowing TPD 

system showed better reaction kinetics when measured on the IGA after first being H2 cycled 5 times 

than the samples performed on the IGA from the first H2 cycle (Figures 4.4.8 and 4.4.9). Strangely, this 

sample absorbed 6.9 wt% on its first H2 absorption on the IGA, though very slowly in around 200 

minutes and then became much quicker ~60 minutes to reach completion, however, the sample’s H2 

capacity was now at ~62% of its H2 capacity the previous absorption (4.3 wt%). Desorption capacity 

was identical though it reached completion within 80 minutes though 90% of this was achieved within 

39 minutes which was equal to Aldrich MgH2 + LiBH4 samples that had been measured before the lab 

was refurbished. X-ray diffraction of samples that were measured in the IGA saw no evidence of carbon 

species or other compounds that might cause degradation in kinetic performance and a loss in H2 

capacity. Comparing the sample for Strem Mg + LiBH4 (90:10, table 4.4.1) to the results obtained for 

the same ratio but cycled on the flowing TPD system in section 4.4 (c) there is a large difference in 

performance: the IGA cycled sample reached 90% absorption in 50 minutes and 90% desorption in 96 

minutes compared to 36 minutes for the absorption and 49 minutes for desorption for the TPD sample. 

All captions that are possibly affected by this have been labelled with a double asterisk. (**) 
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4.3 (a) Reaction of Avocado MgH2 with LiBH4: 

During the course of our investigations it became impossible to acquire further magnesium 

hydride from Aldrich and, as our supply was running low, we decided to investigate 

alternative, more reliable MgH2 sources. Two powdered samples of MgH2 were sourced from 

Avocado and Goldschmidt. At around the same time our lab was extensively refurbished: new 

features were added to the IGAs including the ability to load samples inertly via a bolt-on 

glovebox. It was decided to use this new facility to reduce oxidation that might occur during 

sample loading and as a result, initially samples were loaded in an argon atmosphere. 

Figure 4.3.1 shows X-ray diffraction performed on the MgH2 samples from different sources 

for comparison. 

Figure 4.3.1 : Powder synchrotron X-ray diffraction patterns for MgH2 from 
three sources showing relative amounts of MgO, Mg(OH)2, Mg and MgH2  

 

The diffraction patterns show that both Aldrich and Avocado MgH2 contain larger amounts of 

crystalline magnesium oxide, MgO than Goldschmidt. Avocado also has a large presence of 
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magnesium hydroxide, Mg(OH)2. The product data sheets available with the MgH2 sources 

outline the general wt% of constituents in each reagent: Avocado MgH2 listed 98% MgH2 

with remainder Mg and <1% impurities while Goldschmidt MgH2 listed 95% MgH2 with 

remainder Mg <1% impurities and Aldrich listed (90% MgH2, remainder Mg, <1% MgO). The 

diffraction patters show that Avocado MgH2 is the least pure reagent and that it is has likely 

been contaminated in some way either during transit or via the production method. Alfa 

Aesar, Degussa-Goldschmidt and Aldrich were contacted for more information on their 

production method though only Degussa-Goldschmidt revealed that their reagent was ball-

milled and no further information was gained. Following the halt in production of MgH2 by 

Aldrich and after the completion of this study a new ‘high purity’ MgH2 product was released 

by Aldrich. Compositional data was available for this product where it had not been for the 

previous three and was obtained. The results show minor impurities in the reagent primarily 

consisting of Al, Ca, Fe, K and Mn – all of which had a concentration of between 100-

200ppm. It is reasonable to presume that, since this reagent is listed as being purer that 

there is at least this level of impurity and probably higher in the Aldrich reagent previously 

used in this study. While such minor impurities might serve to catalyse the hydrogenation and 

dehydrogenation of MgH2 most reported improvements from transition metal oxide catalysts 

are reported in fractions of greater than 1wt% and it is unlikely that these would greatly 

affect the sorption kinetics observed in this study. 

While MgH2 is sensitive to the atmosphere, including water and oxygen, it was not known 

how the presence of these compounds would affect the hydrogen sorption kinetics, though 

one might predict that they would result in slower overall kinetics and certainly a lower 

weight percent in H2 storage capacity. Avocado MgH2 was selected as the first newly sourced 

material to be tested. A sample of MgH2 + LiBH4 (90:10) was heated under the same 

conditions used for the Aldrich material in a static vacuum at 300°C, then inertly loaded in an 

Ar atmosphere onto the IGA. 
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Figure 4.3.2 shows desorption kinetic traces for six dehydrogenation/hydrogenation cycles. As 

with the previous Aldrich samples the kinetics improved upon cycling, however, the first 

desorption showed an interesting attribute: while previous samples had required 350°C to 
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Figure 4.3.2 : Kinetic traces showing absorption characteristics for Avocado 
MgH2 + LiBH4 (90:10) at 10 mbar H2, 300°C ** 

 

enable desorption to occur, at 300°C this sample readily desorbed in 2000 minutes. While this 

is much slower than the desorptions previously obtained at 350°C, the equivalent desorption 

for Aldrich samples would not have been complete in this time. 

It is difficult to determine the end-point of the subsequent desorptions due to all of them 

resulting in a constant, linear decrease in mass which may indicate sublimation of magnesium 

metal – as observed in certain previous experiments. The result was that the end point of 

each run had to be manually estimated and the time to completion could not be compared 

directly to other samples. However, it is possible to approximate the time to desorb 90% of 

the total weight% lost per desorption by looking at the curve shapes previously seen. The 
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point at which 90% of the total weight% loss for the sixth desorption had occurred was 

approximately 180 minutes, which is around three times longer than equivalent Aldrich 

samples. Total H2 capacity was much lower than for previous samples at around 4.5 wt% 

which was possibly due to the presence of a relatively large quantity of MgO and Mg(OH)2 

within the starting reagent. 

Figure 4.3.3 shows the absorption kinetic traces for the same sample at 10 bar H2, 300°C. 

Along with the reduced H2 capacity, the hydrogenation kinetics are similarly slower than for 

the equivalent Aldrich samples with the first and sixth absorptions reaching completion in 

2500 and 220 minutes, respectively. The 90% completion point occurred within 70 minutes – 

again, three times that of the equivalent Aldrich sample. 

Figure 4.3.4 shows the comparison of diffraction patterns for Avocado MgH2, Avocado MgH2 

+ LiBH4 (90:10) after reaction at 300 °C under static vacuum and the same sample after six 

successive hydrogenation/dehydrogenation cycles on an IGA. Both oxide and hydroxide peaks  
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Figure 4.3.3 : Kinetic traces showing absorption characteristics for Avocado 
MgH2 + LiBH4 (90:10) at 10 bar H2, 300°C ** 
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are observed before reaction with LiBH4; the relative intensity of the hydroxide peaks is 

significantly reduced after the initial reaction and completely absent in the cycled pattern 

while the oxide content has increased. At the same time, there was an apparent decrease in 

LiBH4 content where the strong reflections can still be observed at angles below 27 °2θ in the 

reacted sample but none are observed in the cycled sample pattern. 

Figure 4.3.4 : Powder synchrotron X-ray diffraction patterns comparing 
Avocado MgH2, Avocado heated with LiBH4 (90:10) and the same sample 
after H2 cycling ** 

 

One likely explanation for these observed trends in MgO, Mg(OH)2 and LiBH4 content could be 

the decomposition of magnesium hydroxide to water and magnesium oxide. This process 

occurs readily past 250 °C according to Equation 3.3.1 and complete decomposition of a 

sample that is 50-150 mg in size can be completed in under 50 minutes at 300 °C[1] – a much 

shorter time than is experienced by the samples in each step from initial reaction to 

successive hydrogenation/dehydrogenation cycles.  

OHMgOOHMg Co

2
250

2)( +⎯⎯ →⎯≥      Equation 4.3.1 
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The evolution of water in the sample from this decomposition could also react with MgH2, Mg 

and LiBH4 (Equations 4.3.2-6). It has been shown that LiBH4 will preferentially react with H2O 

and O2 when in a mixture with MgH2 producing lithium tetrahydroxoborate (LiB(OH)4) 

(Equation 4.3.8) whilst leaving the MgH2 phase relatively untouched[2, 3]. While LiB(OH)4 could 

be formed temporarily, this dehydrogenates at temperatures above 180°C to LiBO2 (Equation 

4.3.7) which is an incredibly stable compound with a melting point at 849°C. This lithium 

borate can also form directly from reaction with water (Equation 4.3.5). 

222 )(2 HOHMgOHMg RT +⎯⎯→⎯+ ≥        Equation 4.3.2 

2222 2)(2 HOHMgOHMgH RT +⎯⎯→⎯+ ≥           Equation 4.3.3 

222 22)( HMgOMgHOHMg +⎯→⎯+         Equation 4.3.4 

2224 42 HLiBOOHLiBH RT +⎯⎯→⎯+ ≥        Equation 4.3.5 

2424 4)(4 HOHLiBOHLiBH RT +⎯⎯→⎯+ ≥           Equation 4.3.6 

OHLiBOOHLiB Co

22
180

4 2)( +⎯⎯ →⎯≥ [4]        Equation 4.3.7 

224
40),(),(

24 4
2
1)(

2
1

22 HMgHOHLiBMgHLiBH CgOgOH o

++⎯⎯⎯⎯⎯⎯ →⎯+  Equation 4.3.8 

 

Thus the reaction and decomposition of Mg(OH)2 could result in a cascade of fast reactions – 

most probably with LiBH4 resulting in the loss of observed reflections in the XRD patterns – 

and is likely to reduce any positive effect LiBH4 has on MgH2 hydrogen sorption kinetics. 
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4.3 (b) Reaction of Goldschmidt MgH2 with LiBH4 

It was decided that due to its slow kinetics and relatively high content of oxide and hydroxide 

that further progress using Avocado MgH2 would not yield the best possible results. Figure 

4.3.1 showed that Goldschmidt contained little or no MgO or Mg(OH)2 and therefore it was 

logical to use this material preferentially. 

Goldschmidt MgH2 was therefore heated with LiBH4 in the ratio 90:10 at 300°C under static 

vacuum as in previous syntheses. Figure 4.3.5 shows an X-ray diffraction pattern comparison 

between all three sources of MgH2 reacted with LiBH4 (90:10 ratio). Although the Goldschmidt 

sample contains some oxide, it is of the same relative magnitude as the Aldrich MgO phase. 

It is also worth noting that both the Aldrich and Goldschmidt diffraction patterns show peaks 

at higher angles for LiBH4 whereas Avocado only exhibits the strongest reflections below 30° 

2θ. Since Avocado has a higher probability of the LiBH4 phase reacting with water due to the  

Figure 4.3.5 : Powder synchrotron X-ray diffraction patterns showing the 
three different MgH2 materials heated with LiBH4 (90:10 ratio) under static 
vacuum at 300°C  
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decomposition of the magnesium hydroxide during the initial static vacuum treatment it is 

possible that this is the reason the reflections are weaker. 

Figure 4.3.6 shows hydrogen desorption kinetic traces for Goldschmidt MgH2+ LiBH4 (90:10). 

The sample was loaded in an Ar atmosphere and the first desorption was carried out at 

350°C to speed up the initial cycle due to machine time restrictions. Interestingly there was 

no improvement upon cycling at 300°C with the sorption kinetics displaying stable times to 

total desorption of around 300 minutes from the second desorption onwards. The time to 

reach 90% of the total weight% loss was approximately 130 minutes for the sixth cycle – 

more than double the 56 minutes for an equivalent Aldrich sample. 

A similar situation is seen for the absorption kinetics traces in figure 4.3.7. The times to 

completely absorb were approximately 1300 and 250 minutes for the first and sixth 

absorptions respectively. By comparison, the sixth cycle on an Aldrich sample was around 80 

minutes. The time to reach 90% of the total weight% gain was 70 minutes – three times that 

of the ~20 minutes for the equivalent Aldrich sample. 
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Figure 4.3.6 : Desorption kinetic traces for Goldschmidt MgH2 + LiBH4 
(90:10) performed at 10 mbar H2, 300°C (except first desorption) **  
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Figure 4.3.7 : Absorption kinetic traces for Goldschmidt MgH2 + LiBH4 
(90:10) performed at 10 bar H2, 300°C ** 
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Though this sample of the Goldschmidt material had a more consistent performance than the 

Avocado sample, both had relatively similar sorption kinetics on the sixth 

hydrogenation/dehydrogenation cycle.  

4.3 (c) Comparison of the effect of oxygen on hydriding kinetics 

The main difference between the current experiments and the previous Aldrich experiments 

was the additional protective step of inertly loading the samples onto the IGA. To investigate 

whether this might have a detrimental effect on the samples, it was decided to compare the 

two loading methods on Goldschmidt samples. Figure 4.3.8 shows the initial desorption 

kinetics for three different samples of Goldschmidt MgH2 + LiBH4 (90:10). The sample 

measured at 350°C was taken from the above data while a second sample was measured at 

300°C to correspond to the Avocado result shown in figures 4.3.2 and 4.3.3. Both of these 

were inertly loaded. A third sample, prepared in exactly the same way was loaded in air.  
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Figure 4.3.8 : 1st desorption kinetic traces comparing different loading 
environments for Goldschmidt MgH2 + LiBH4 (90:10) to determine the 
effect of atmosphere on the sorption properties ** 
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The air-loaded sample was heated to 300°C and then, once it was observed that desorption 

kinetics were very poor, increased to 350°C in the same way as the original Aldrich samples.  

The traces show that the ability of MgH2 to desorb is severely inhibited by reaction with 

atmosphere. Other research groups have shown that oxide layers forming on the surface of 

the sample particles will inhibit hydrogen diffusion throughout the particle and grains[5]. 

The inertly loaded sample measured at 300°C showed some variability in the time to 

complete each desorption during cycling in a similar manner to previous Aldrich samples. 

However, its hydrogen sorption kinetics were relatively similar to current Goldschmidt 

samples. The time to reach saturation was approximately 300 minutes for the sixth 

absorption, with 90% of this reached in 64 minutes. Unfortunately, due to instrumental 

problems, data from the sixth desorption was lost. The fifth desorption took 300 minutes to 

reach completion at 4.3 wt% H2, with 90% of the total mass loss reached in 96 minutes.  

The inertly loaded sample measured at 350°C on the first desorption lost 5.56 wt% H2 in the 

fifth cycle in 500 minutes with 90% of this being reached in 142 minutes and 4.3 wt% 

reached in 111 minutes. The air-loaded sample data was incomplete due to technical failures 

and as such only the first hydrogenation/dehydrogenation cycle was recorded. Due to limited 

equipment time the experiment could not be repeated. Data from the first absorption was 

very poor and showed much slower sorption kinetics in comparison with previous samples. 

In an attempt to gauge the effect that the atmosphere had on MgH2, a sample of MgH2 + 

LiBH4 (90:10) was exposed to atmosphere for an extended amount of time. Figure 4.3.9 

shows the X-ray diffraction patterns for the sample after reaction, after 30 minutes and 28 

hours. 

Interestingly, the MgO phase did not increase over the period of exposure and no Mg(OH)2 

phase appeared with time. Though the environment of this sample was relatively water free, 

this result might suggest that a protective layer of oxide prevented complete oxidation of the 

Mg and MgH2 particles. 
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Figure 4.3.9 : X-ray diffraction patterns from a Brüker D5000 showing 
exposure to air of MgH2 over an extended period. The XRD pattern for 28 
hours exposure was slightly mis-aligned in the sample holder, therefore 
any shift to lower 2θ is an artefact of this experimental error 

 

4.3 (d) Comparison of the microstructure of the MgH2 reagents 

Figure 4.3.10 shows SEM images that illustrate the relative particle size of MgH2 from the 

three sources. Aldrich MgH2 had the smallest observed particle size but the largest 

distribution of particle sizes, ranging from diameters of ~5 - 100 μm. However, even in these 

larger particles the centre is typically no more than 50 μm (which is equivalent to the radius 

of a larger particle) from the nearest edge which is the cut-off point at which H2 can no 

longer easily diffuse through the MgH2 phase[6]. Goldschmidt material was coarser, with 

particle sizes ranging from diameters of ~30 – 150 μm though, once again, the majority of 

the material in a particle is no further than 50 μm from the nearest surface. Avocado had the 

coarsest material with particle sizes ranging from ~10 – 110 μm with the majority of particles 

above 60 μm in diameter and fewer at the lower end of the range compared with 

Goldschmidt. Avocado also had more spherical particles, some of which had centres around 
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or further than 50 μm from the nearest edge which might result in difficulty in reaching full 

H2 capacity. 

These features would affect the H2 diffusion rate into the microstructure which in turn limit 

the kinetics of the samples. This could explain the relative speed of sorption that Aldrich had 

over Avocado and Goldschmidt samples and shows that preparation and selection of reagents  

a d

 

b e

 

c f

 

Figure 4.3.10 : SEM images comparing a) Aldrich, b) Goldschmidt, c) 
Avocado MgH2 as received from the suppliers (magnification x200) and d) 
Aldrich, e) Goldschmidt, f) Avocado MgH2 (magnification x400) 
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can have an important effect on experiments. The average MgH2 crystallite size was 

determined using the Scherrer equation for the first three reflections from synchrotron data: 

Aldrich had the largest at 393 nm, while Avocado and Goldschmidt were approximately equal 

with 319 and 325 nm, respectively. These are larger values than those determined using lab-

based X-ray sources in chapter 4.1 though neither sets have had the instrumental line widths 

subtracted from the value and thus it is likely that the true grain size lies in the 400 and 

500 nm. This shows that Aldrich has the largest grain size whilst having the smallest particle 

size and this possibly explains the kinetic advantage this material has over Avocado and 

Goldschmidt MgH2. 

Enquiries were directed to Aldrich about the production of their reagent, however they 

refused to divulge any information on the process. Goldschmidt also would not divulge how 

the MgH2 was manufactured but did specify that the material was subjected to mechanical 

milling as part of post production. Avocado also did not divulge the process for obtaining their 

reagent so no conclusions can be made regarding the best processing method for obtaining 

MgH2 for hydrogen storage applications. One method of manufacturing MgH2 is via reaction 

of magnesium with organic compounds before being subjected to a pressure of hydrogen in 

the presence of a catalyst[7]. However, these synthetic routes usually result in bound solvent 

complexes which would have been observed. Therefore it is plausible to rule out this type of 

production method. 

4.3 (e) Determination of the fate of LiBH4 

Figure 4.3.11 shows the effect of hydrogen cycling on each of the MgH2 reagents sourced. 

One consistent feature of the three is that LiBH4 is present in the diffraction patterns before 

hydrogen cycling, however, after treatment there is no evidence of crystalline LiBH4 

remaining in the samples after being hydrided at 10 bar H2, 300°C. There are four possible 

explanations as to the state of the borohydride. One is that it has been oxidised by contact 

with the various oxygen sources during treatment and no longer remains. The second 

explanation is that the borohydride has reacted with the magnesium hydride or magnesium in 
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some way and the third possibility is that the LiBH4 has melted during reaction (the melting 

point of LiBH4 is around 275°C) and become very finely dispersed. It is also possible that the 

LiBH4 has been partially dehydrided during the cycling process and is unable to be rehydrided 

under these relatively low temperature and pressure conditions. 

If the lithium borohydride had been oxidised then there would likely be evidence of this 

within the diffraction patterns, however, a thorough check revealed no presence of Li2O 

which has its first three reflections at 20.4°, 32.547° and 35.685° 2θ  or LiOH which has 

reflections at 33.642°, 38.995° and 56.455° 2θ. Despite the lack of evidence for the oxidation 

of lithium, it is interesting to note that MgH2 + LiBH4 samples are more sensitive to oxidation 

than pure MgH2, with large increases in the reflections pertaining to MgO at 42.8° 2θ for both 

Aldrich and Goldschmidt samples. 

Figure 4.3.11 : Powder X-ray diffraction patterns showing a) Aldrich + 
LiBH4 before hydrogen cycling on an IGA, b) after cyling, c) Avocado + 
LiBH4 (90:10) before cycling, d) after cycling, e) Goldschmidt + LiBH4 
before cycling, f) after cycling ** 
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Reaction with the magnesium or its hydride could take place through direct chemical reaction 

to form an alloy[8] or a Li-Mg borohydride complex in an analogous reaction pathway to those 

reported for MgH2 and LiNH2
[9] and these compounds could result in extra reflections on their 

respective diffractograms. 

Figure 4.3.12 shows two samples of MgH2 + LiBH4 (90:10) for Aldrich and Avocado with a 

comparison diffraction pattern of LiBH4. Additional peaks due to minority phases were 

observed in the synchrotron data. These phases were present in a number of Aldrich and 

Avocado samples but were not consistently observed and none were found in Goldschmidt 

samples. Two of the reflections observed have been reported in the literature by Mao et al.[10] 

at 24.7° and 26.1° 2θ and are unidentified, though it was speculated that they might arise 

from oxidation of LiBH4 as previously noted in 4.3 (a).  

Figure 4.3.12 : Powder X-ray diffraction patterns depicting the newly 
observed reflections in two for heat-treated (300°C, svac, 12hrs) MgH2 + 
10% LiBH4 samples from Aldrich and Avocado. Comparison diffraction 
patterns of as-received LiBH4 and Aldrich MgH2 are also included 
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However, none of the peaks observed could be indexed to any of the lithium borates or 

hydroxides identified as the decomposition products in the literature[2, 3]. 

It is also possible that LiBH4 could partially decompose in such a way that Li+ is formed 

substitutes within the MgH2 or Mg lattice – the process of which would not necessarily 

produce new reflections. However, substitution could, in principle, be detected through 

changes in relative peak intensities and analysis of the size of the unit cell. 

 

Figure 4.3.13 shows the result of a study of the change in unit cell volumes over a change in 

composition from pure MgH2 to heated samples where the majority component was LiBH4. 

The samples were heat-treated at 300°C for 12 hours under static vacuum in a sealed quartz 

tube. They were then removed from the quartz tube in a glove box with <10ppm O2 and 

H2O, ground in a motar and pestle and loaded into quartz capillaries sealed with wax. The 

capillaries were then scanned via synchrotron source radiation under the conditions outlined 

in the experimental section. 

As-received reagents for Avocado and Goldschmidt (MgH2) though not heat-treated were also 

included for comparison. Some samples such as Avocado MgH2 + LiBH4 in the ratios of 95:5, 

20:80 and 10:90 did not sit fully within the beam line and so had low intensities for the 

observed reflections which increased the error margins on the calculations.  

If Lithium or boron substituted into the MgH2 lattice, a trend in expansion or contraction 

would be expected, however, analysis of the unit cell volumes shows no trend. The Avocado 

MgH2 samples have slightly larger error margins which place all of the samples’ unit cell 

volumes within 3 standard deviations of each other. Heated Goldschmidt MgH2 + LiBH4 

samples also display a rough agreement within the confines of accepted error margins, 

though the pure MgH2 appears to have a slightly larger unit cell. 
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Figure 4.3.13 : Point plots comparing MgH2 unit cell volumes of Avocado 
MgH2 and Goldschmidt MgH2 as-received and after heating at 300°C under 
static vacuum for 12 hours with LiBH4 in the stated ratios. Error bars show 
the range of 3 standard deviations from each data point. All XRD data was 
obtained from the ESRF synchrotron source at Grenoble. 

 

One interesting aspect of these results is that Avocado MgH2 appears to have a slightly larger 

unit cell throughout the measured samples (mean unit cell volume = 61.64 Å3 ±0.028) 
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compared to Goldschmidt MgH2 heated with LiBH4 samples which had a mean unit cell 

volume of 61.60 Å3 ±0.011. Pure Goldschmidt MgH2 itself had unit cell that was more similar 

to Avocado MgH2 samples at 61.627 Å3. This result might suggest that LiBH4 has affected the 

MgH2 crystal lattice for Goldschmidt but not for Avocado and it’s possible that the presence of 

MgO and Mg(OH)2 hinders any interaction between the two phases. However, this 

discrepancy might also be explained through instrumental error. 

 

Analysis of the magnesium phase present in the starting material from Avocado and 

Goldschmidt showed that this difference might not be due to instrumental error. Figure 

4.3.14 depicts unit cell calculations for Mg from the same samples of Avocado and 

Goldschmidt seen in figure 4.3.13. Once again, with the same exceptions regarding large 

errors for samples that have a low intensity due to poor alignment, most of the samples 

remain within 3 standard deviations of each other – though Goldschmidt MgH2 + LiBH4
 9:3 

(75:25) might have a larger unit cell volume than the other samples – and all samples across 

both sources of MgH2 display a mean unit cell volume of ~ 53.7 Å3 (ESDAvocado= ±0.16, 

ESDGoldschmidt= ±0.08). This result would suggest that the unit cell contraction observed for 

Goldschmit MgH2 is not due to instrumental error or differences as a similar reduction would 

expect to be observed for the Mg unit cell parameters.  
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Figure 4.3.14 : Point plots comparing Mg unit cell volumes of Avocado 
MgH2 and Goldschmidt MgH2 as-received and after heating with LiBH4 in 
the stated ratios. Error bars show the range of 3 standard deviations from 
each data point. All XRD data was obtained from the ESRF synchrotron 
source at Grenoble. 

 

Comparisons with hydrogen cycled MgH2 + LiBH4 (90:10) showed that there was no variation 

outside of 1 standard deviation in unit cell volume after hydrogen treatment at 300°C with 
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Avocado MgH2 and Goldschmidt MgH2 which would suggest that there is no increased 

interaction over successive cycles. The similar reduction in unit cell size over the whole range 

of MgH2:LiBH4 ratios could indicate that any Li or B substitution into the Mg lattice that does 

occur can only do so in very low concentrations. 

 

The hydriding kinetics of Goldschmidt MgH2 + LiBH4 in the ratio 9:3 were investigated after 

the apparent discrepancy in unit cell volume was discovered. It was found that MgH2 + LiBH4 

9:3 completed desorption on the 6th cycle within 145 minutes, with 90% of the total weight 

loss reached within ~ 65 minutes compared to 130 minutes for the sample with a ratio of 

9:1. The 6th cycle absorption completed within 245 minutes, reaching 90% of the total weight 

gain within 45 minutes compared with 70 minutes for the 9:1 ratio sample. 

Infrared spectroscopy was performed on the sample and a comparison of two specimens in 

their hydrided state is shown in figure 4.3.15. It is immediately clear that LiBH4 is present in 

some form after heat treatment and before hydrogen cycling as evidenced by the absorptions 

at 1090 and 1238 cm−1 corresponding to BH2 deformation (and also previous X-ray data). 

However the absorptions at 2181, 2274, 2302 and 2379 cm−1, corresponding to B-H terminal 

stretches, are not clearly visible due to both the low LiBH4 content and also the occluding CO2 

asymmetric stretch occurring at ~ 2349 cm−1 that is a result of atmospheric CO2 in the path 

of the IR beam. 

After hydrogen cycling the LiBH4 absorptions have disappeared or shifted which is in 

agreement with the lack of observed LiBH4 X-ray reflections. There are new absorptions at 

1112, 2318 and 2357 cm−1 though these are very close to LiBH4 absorptions which may result 

from the presence of a modified B-H bonding environment which might suggest that the 

[BH4
−] anion still exists though not in its usual conformation. Due to the relationship between 

wavenumber, bond strength and mass of the atoms involved in the bond, this shift to higher 

wavenumber might correspond to an increase in bond strength which might occur if 

magnesium had a partial bond with the hydrogen. However, this would be offset by increase 
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in the overall mass of atoms involved in bonding with the hydrogen which would result in a 

decrease in wavenumber. The increase in wavenumber might also be observed if the LiBH4 

structure was hydrogen deficient as this would cause the overall mass of atoms in the 

bonding environment to decrease whilst simultaneously strengthening the remaining B-H 

bonds due to the charge imbalance at the boron centre of a [BH3] complex compared to the 

Li+. 
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Figure 4.3.15 : Infrared spectra comparing MgH2 + LiBH4 (9:3) a) after heat 
treatment, b) after 6 H2 cycles, c) pure LiBH4 ** 

 

While this result points to a unique interaction between MgH2 and LiBH4 it does not clarify 

what form this interaction takes. 
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4.3 (f) Investigation into the interaction between MgB2 and MgH2  

Due to the increase in the hydrogen sorption kinetics of MgH2 when heated with LiBH4 and 

the lack of LiBH4 reflections observed during XRD after hydrogen cycling in early 

experimentation, it was thought that MgB2 might be formed in small amounts – perhaps 

microcrystalline and thus difficult to detect through powder XRD – and that the presence of 

this compound might have an important effect on magnesium H2 sorption kinetics. 

MgB2 has recently been discovered to be a superconducting material[11] and it has also been 

shown that hydrogen will react with the compound at high temperatures and moderate 

pressures (600°C, ≤10bar) to form the stable phase MgB2H0.034
[12]. While MgB2 normally is 

not formed below temperatures of 530°C, it has been shown that reduction in Mg particle 

size or reaction with Mg vapour will reduce the temperature requirement for the formation of 

MgB2
[13]. The presence of excess magnesium also seems to encourage the formation of the 

MgB2 phase. 

To test this theory a sample of MgH2 + MgB2 (95:5) (to keep the molar ratio of boron the 

same) was heated at 300°C for 12 hours under static vacuum, as per previous MgH2 + LiBH4 

(90:10) samples, and the hydrogen sorption kinetics were measured. 

Figure 4.3.16 shows the comparison between powder X-ray diffraction patterns performed on 

a Siemens D5000 of the MgH2 + MgB2 (95:5) sample before and after hydrogen cycling. MgB2 

is clearly observed before and after cycling. The large proportion of MgO observed is due to 

its presence in the MgH2 sourced from Avocado. 

Table 4.3.1 shows the unit cell values for MgH2, Mg and MgB2 crystal structures both before 

and after hydrogen cycling. There was no significant change in the unit cell values after 

hydrogen cycling, therefore making it unlikely that MgB2 interacted with either MgH2 or Mg. 
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Figure 4.3.16 : Powder X-ray diffraction patterns for MgH2 + MgB2 (95:5) 
a) before and b) after hydrogen cycling ** 

 

Before H2 
cycling a /Å b /Å c /Å 

4.522(9) 4.522(9) 3.024(9) MgH2 

Mg 3.21(5) 3.21(5) 5.21(5) 

MgB2 3.094(5) 3.094(5) 3.534(5) 

After H2 cycling  

4.521(8) 4.521(8) 3.024(8) MgH2 

Mg 3.218(3) 3.218(3) 5.223(8) 

MgB2 3.094(5) 3.094(5) 3.528(6) 

Table 4.3.1 : Calculated unit cell values from X-ray diffraction data 
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4.3 (g) Investigation into the effect of MgB2 on the H2 kinetics of MgH2 

Figure 4.3.17 shows the absorption kinetics for MgH2 + MgB2 (95:5). The sixth absorption 

achieved 4.9 wt% H2 in 332 minutes with 90% of this reached within 121 minutes. This is in 

comparison with pure MgH2 which achieved 5.0 wt% H2 in 323 minutes, reaching 90% of this 

within 170 minutes – a slight improvement for the majority of the uptake.  
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Figure 4.3.17 : Kinetic traces for MgH2 + MgB2 (95:5) for absorption steps 
under 10 bar H2 at the indicated temperatures ** 

 

Figure 4.3.18 shows desorption kinetics for MgH2 + MgB2 (95:5), with most traces performed 

at 350°C due to time considerations. The sixth desorption achieved 5.2 wt% in 83 minutes 

with 90% of this loss occurring within 53 minutes. Further mass loss was observed for all 

desorption steps due to sublimation of the magnesium; this occured at a constant rate and 

can be disregarded, though it does account for differences in total wt% on each cycle.  
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Figure 4.3.18 : Kinetic traces for MgH2 + MgB2 (95:5) for desorption steps 
under 10 mbar H2 at the indicated temperature ** 

 

These results are interesting: while the kinetics of absorption and desorption are not as fast 

as for LiBH4 containing samples, heating with MgB2 still resulted in an improvement. Table 

4.3.2 lists a comparison of the 90% completion times for absorption and desorption on the 

2nd and 6th cycles. While the second absorption was comparable with a sample of Mg + LiBH4 

(90:10), the sixth absorption is slower than samples containing LiBH4 but faster than pure 

MgH2. Surprisingly, the desorption kinetics did not improve by the same amount. 

Clearly, MgB2 had a slightly beneficial effect on absorption kinetics but this also indicates that 

the kinetic improvements observed for MgH2
 + LiBH4 could not only be caused by the possible 

presence of MgB2 in the sample: Li must have an effect on the absorption kinetics and the 

evidence from IR spectroscopy for the samples heated with LiBH4 suggests that there are still 

B-H bonding units present in the hydrided sample. It is also unlikely that, if formed at these 

low temperatures, MgB2 would contribute towards hydrogen absorption or desorption by 
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facilitating the propagation of hydrogen by becoming partially hydrided as this process usually 

takes place at temperatures above 600°C 

Time to 90% completion /mins  

2nd cycle Desorption Absorption 

Aldrich MgH2 847 n/a 
Aldrich + LiBH4 (90:10) 54 84 

Mg + LiBH4 (90:10)    103**     147** 
    535 (3rd used)** MgH2 + MgB2 (95:5)     149** 

6th cycle  

Aldrich MgH2 38 170 
Aldrich + LiBH4 (90:10) 30 24 

Mg + LiBH4 (90:10) n/a     49** 
MgH2 + MgB2 (95:5)     53**     121** 

Table 4.3.2 : 90% completion times for absorption and desorption kinetics 
in the 2nd and 6th cycles (6th cycle desorption kinetics are performed at 
350°C) ** 

 

 

 

 

 

 

 

 

 

 

 

 

 180



1. Anderson P.J. and Horlock R.F., Thermal decomposition of magnesium hydroxide. T. 
Faraday. Soc., 1962. 58(478): p. 1993. 

2. James Jr. C.W., Tamburello D.A., Brinkman K.S., Gray J.R., Hardy B.J., and Anton 
D.L., Environmental exposure of 2LiBH4+MgH2 using empirical and theoretical 
thermodynamics. Int. J. Hydrogen Energ., 2010. Article in Press. 

3. Brinkman K.S., Gray J.R., Hardy B., and Anton D.L., The hydrolysis and oxidation 
behaviour of lithium borohydride and magnesium hydride (LiBH4 MgH2) determined 
by calorimetry. 2008, Savannah River National Laboratory: 
URL:http://sti.srs.gov/fulltext/WSRC-STI-2008-00155.pdf. 

4. Touboul M. and Bétourné E., Dehydration process of lithium borates. Solid State 
Ionics, 1996. 84: p. 189. 

5. Varin R.A., Czujko T., Chiu Ch., and Wronski Z., Particle size effects on the desorption 
properties of nanostructured magnesium dihydride (MgH2) synthesized by controlled 
reactive mechanical milling (CRMM). 2006. 424(1-2): p. 356. 

6. Vigeholm B., Jensen K., Larsen B., and Schroder-Pedersen A., Elements of hydride 
formation mechanisms in nearly spherical magnesium powder particles. J. Less 
Common Met., 1987. 131: p. 133. 

7. Bogdanovic B., Liao S., Schwicardi M., Sikorsky P., and Spliethoff B., Catalytic 
synthesis of magnesium hydride under mild conditions. Angew. Chem. Int. Ed. Engl., 
1980. 19(10): p. 818. 

8. Nikulin L.V., Lykasova G.L., and Shklyaeva N.M, Structure and properties of binary 
magnesium-lithium alloys subjected to pressure casting. Met. Sci. Heat Treat+, 1986. 
28(10): p. 777. 

9. Chen Y., Wu C., Wang P., and Cheng H., Structure and hydrogen storage property of 
ball-milled LiNH2/MgH2 mixture. 2006. 31(9): p. 1236. 

10. Mao J.F., Wu Z., Chen T.J., Weng B.C., Xu N. X., Huang S., Guo Z.P., Liu H.K., Grant 
G.S., and Yu X.B., Improved hydrogen storage of LiBH4 catalyzed magnesium. J. 
Phys. Chem. C, 2007. 111(33): p. 12496. 

11. Nagamatsu J., Nakagawa N., Zenitani Y., and Akimitsu J., Superconductivity at 39 K 
in magnesium diboride. Nature, 2001. 410(6824): p. 63. 

12. Flambaum V.V., Stewart G.A., Russell G.J., Horvat J., and Dou S.X., The effect of 
hydrogenation on the superconducting transition temperature of MgB2. Physica C, 
2002. 382: p. 213. 

13. Yan S., Lu Y., Liu G., Yan G., and Zhou L., The kinetic analysis of formation behavior 
for the MgB2 phase. J. Alloys Compd., 2007. 443: p. 161. 

 

 

 

 

 

 181

http://sti.srs.gov/fulltext/WSRC-STI-2008-00155.pdf


4.4 Sorption properties of magnesium 

Experimental technique 4.4 

Heat treatment of Mg + LiBH4 

A mixture of Mg (Strem, 99%) and LiBH4 (Acros Organics, 95%) was prepared for heat treatment under 

a static vacuum as described in Experimental Technique 4.2. The sealed quartz sample tube was heated 

to 300°C at a rate of 50°C/hour and held at this temperature for 12 hours and then allowed to cool. 

Very little discolouration of the quartz tube was observed after heat treatment and the sample was 

recovered within an argon circulating glove box. 

A range of mixture ratios were also prepared to study the change in unit cell parameters with increased 

LiBH4 content during heat treatment as described in Experimental Technique 4.3. The ratios of Mg:LiBH4 

prepared were 11:1, 10:2, 9:3, 8:4, 7:5, 6:6, 5:7, 4:8, 3:9, 2:10 and 1:11.  

 

Large sample preparation and processing 

The TPD flowing rig was used to synthesise a larger sample of Mg + LiBH4 (90:10) to assess the ease of 

scaling up the production of the mixture to form the kinetically faster H2 storage material. Section 3.9 

covers the layout and capabilities of the TPD flowing rig.  

4.5 g of Mg (Strem, 99%) and 0.448 g LiBH4 (Acros Organics, 95%) were mixed together (not ground 

in a mortar and pestle) in an argon circulating glove box. The mixture was then transferred to the 

stainless steel reaction chamber which was sealed by connecting the stainless steel T-piece that is 

affixed to the gas inlet and exhaust valves on the TPD rig via a Swagelok compression fitting that is 

sealed with an aluminium or copper gasket. The T-piece’s plug valves were closed off and the whole 

apparatus was removed from the glove box and attached to the inlet and exhaust pipes on the flowing 

TPD system.  

The pipeline leading to the gas inlet of the T-piece and reaction chamber was then evacuated to 1x10-3 

by a rotary pump then filled with 1 bar argon and evacuated again – this process was repeated 3 times 

to remove any O2 or H2O. The inlet pipeline was then filled with a slightly positive pressure of argon and 
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a flow rate of 50 ml/min was programmed into the computer control system for the mass flow 

controllers on the rig. The inlet plug valve to the T-piece was then slowly opened at the same time as 

the exhaust plug valve to prevent back flow or mixing of atmospheric gases into the reaction chamber 

and was left to purge the system for 5 minutes. The thermocouple that sits in the reaction chamber 

through the T-piece was connected up to the monitoring system and the exhaust plug valve to the mass 

spectrometer was closed and the exhaust plug valve to the second mass flow controller was opened. 

This set up allows for pressure control with flow control. The band heater was also slotted over the 

reaction chamber in order to allow for increase in temperature. 

For the absorption steps, the plug valve to the argon gas cylinder was closed off and the plug valve to 

the hydrogen cylinder was opened. A flow rate of 50ml/min was set: this was allowed to purge the 

system of argon for 5 minutes before flow control was turned off and instead pressure control was set 

to 10 bar with the regulator on the H2 cylinder set to 12 bar (the mass flow controllers would vent 

excess pressure but input hydrogen gas if the pressure fell below 10 bar). Once at 10 bar pressure, the 

temperature control was set to ramp up to 300°C at a rate of 10°C/minute. The software on the 

computer was set to record the temperature and pressure changes and the sample was left to heat at 

300°C until gas was no longer being admitted – denoting the point at which hydrogen was no longer 

being absorbed by the sample. The sample was then cooled to room temperature. Then the pipes were 

purged with argon for five minutes before closing all the plug valves, disconnecting the thermocouple 

and removing the band heater. The T-piece was then removed from the TPD rig and replaced in the 

glove box where a spatula was used to mix the sample within the sample chamber and some sample 

was removed and place in a vial for analysis. The T-piece was then refitted with a new gasket and 

removed from the glove box and replaced on the TPD rig which was flushed with argon as above. 

For the desorption steps, the system was purged with argon as noted above and then a flow rate of 

argon was set at 50ml/min (pressure control was set to off). The band heater was fitted over the 

reaction chamber and the thermocouple was connected to the monitoring system. The temperature was 

then set to 300°C at a ramp rate of 10°C/minute. This was then left to desorb over a period of 12 hours 

at which point the sample was cooled, the thermocouple disconnected and band heater removed. The 

T-piece was removed after closing all the plug valves and replaced in the glove box for mixing with a 

spatula and removing some of the sample for further analysis. 
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Raman measurements 

A Renishaw confocal dispersive Raman spectrometer was used to study the Raman shifts in samples 

from the large sample preparation between Mg + LiBH4 in the ratio 90:10. In an argon circulating glove 

box the samples were loaded into a pressure cell that had an Raman inactive window in the lid, which 

was sealed with a rubber O-ring and bolts. The cell also had valves to admit gases though these were 

not used so they were closed off. The pressure cell was then removed from the glove box and placed 

within the Raman spectrometer.  

The 488 nm laser was used to probe the samples for Raman shifts and they were recorded as spectra 

ranging from 80 – 4500 cm-1.  

 

General experimental techniques 

XRD performed on the D5000, IGA and SEM measurements, grain size determination and wt% 

calculations were performed as described in the Experimental Technique 4.1 section. Synchrotron 

source XRD were performed as described in Experimental Technique 4.2. 
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4.4 (a) Reaction of Mg with LiBH4: 

With the various inconsistencies inherent in having to rely on the quality of the sourced 

magnesium hydride and the discontinuation of the preferred source, the decision was made 

to study the amount of hydrogen cycling required and the effect of LiBH4 on hydrogenation 

kinetics when starting from magnesium metal. There are commercial factors that favour 

magnesium as the starting reagent when compared with MgH2: price and production. 

Magnesium is easier and cheaper to produce with fewer processing steps than magnesium 

hydride. There are also a number of different ways to produce a variety of particle sizes from 

gas-phase deposition to nano-cluster formation in organic reactions[1, 2]. Magnesium from the 

supplier Strem was obtained (-325 mesh, 99% Mg, 1% impurity). The mesh size puts a 

maximum value on particle size in the reagent and a -325 mesh corresponds to particles 

44μm and below. The grain size was also determined via the scherrer equation to be 540nm 

±2 which is larger than the previous MgH2 grain sizes in as-received reagent. 

Magnesium (Strem -325 mesh) was heated with LiBH4 in a molar ratio of 90:10 under the 

same conditions as previous MgH2 samples and the hydrogenation kinetics were measured 

gravimetrically. The sample was loaded onto the equipment under an argon atmosphere. 

Figure 4.4.1 shows the absorption kinetic traces over six successive dehydrogenation 

/hydrogenation cycles. On the first hydrogenation 6.1 wt% H2 uptake was observed over 

4000 minutes (66 hours). Though subsequent absorptions did not reach this level of uptake, 

the sixth absorption achieved 5.7 wt% in 170 minutes with the 90% of this hydrogen 

absorption occurring within 50 minutes.  

While the initial hydriding step took far longer than previous MgH2 samples, a true 

comparison cannot be drawn due to the differences in starting composition of the Mg 

(hydrided vs unhydrided) and any beneficial processing effects that LiBH4 has on the 

Mg/MgH2 system during the initial desorption may not occur. What is interesting to note is 

that after the second desorption there is little kinetic improvement and this feature was 
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previously only seen for samples heated under flowing Ar and H2/N2 (10:90) and also the 

sample that was not pre-heated before cycling. 
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Figure 4.4.1 : Absorption traces showing improvement in kinetics upon 
hydrogen cycling for Mg + LiBH4 (90:10) at 10 bar, 300°C ** 

 

Desorption traces in figure 4.4.2 show that there was little or no improvement in kinetics 

upon cycling. The first desorption reached completion within 270 minutes, achieving a loss of 

5.9 wt% H2, while the fifth desorption reached completion within 190 minutes with a loss of 

5.8 wt% H2: 90% of the mass loss occurred before 96 minutes.  

In comparison with the Aldrich MgH2 + LiBH4 (90:10) samples both absorption and desorption 

kinetics are slower, however, kinetic performance for absorption and desorption of the 

majority of the hydrogen capacity lies between that of Goldschmidt samples in the ratio 90:10 

and 9:3 (Table 4.4.1). This would suggest that the LiBH4 content is not the only variable 

affecting the kinetics. A number 325 mesh allows particles of 44 µm or less to pass through 

and it could be this aspect of the microstructure that enables easier H2 diffusion. 
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Time to 90% completion /mins  

2nd cycle Desorption Absorption 

Strem + LiBH4 90:10      103**     147** 
Aldrich + LiBH4 90:10 55 85 

Avocado + LiBH4 90:10     705**     380** 
Goldschmidt + LiBH4 

90:10     163**     161** 
Goldschmidt + LiBH4 9:3     50**     118** 

6th cycle  

Strem + LiBH4 90:10     96**     50** 
Aldrich + LiBH4 90:10 56 24 

Avocado + LiBH4 90:10      180**     70** 
Goldschmidt + LiBH4 

90:10      130**     70** 
Goldschmidt + LiBH4 9:3      65**     45** 

Table 4.4.1 : Comparison of desorption and absorption kinetics for the 2nd 
and 6th H2 cycle (times to reach 90% completion) **  
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Figure 4.4.2 : Desorption traces showing improvement in kinetics upon 
hydrogen cycling for Mg + LiBH4 (90:10) at 10 mbar, 300°C ** 
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Figure 4.4.3 displays the SEM images for the magnesium powder (-325 mesh) sourced from 

Strem. Particle sizes range from lengths of 10 – 90 μm with the majority of the particle 

material lying no more than 30 μm from the nearest edge. These values are lower than for 

the three MgH2 reagents and the improved kinetics over the equivalent 90:10 ratio samples 

may result from this difference. 

a  b

 

Figure 4.4.3 : SEM images showing Strem magnesium as received from the 
suppliers at a) x200 magnification and b) x400 magnification 

 

 

4.4 (b) X-ray diffraction phase analysis 

As with the MgH2 + LiBH4 samples, a range of Mg + LiBH4 compositions were heated at 

300°C for 12 hours under static vacuum in a sealed quartz tube and then studied via 

synchrotron X-ray diffraction. Figures 4.4.4 (a) and 4.4.4 (b) depict the synchrotron powder 

X-ray diffraction patterns for this series. Unfortunately, some ratios are missing from the 

series due to equipment error at the synchrotron facility. However, the most striking aspect 

of this series of experiments is that LiBH4 hydrides the magnesium phase during heating 

under static vacuum. Ratios of 11:1, 10:2, 8:4 and 7:5 showed small amounts of MgH2, ratios 

of 9:3, 5:7 and 2:10 showed a higher MgH2 content but the ratio of 6:6 showed a large 

amount of MgH2 present – though it is unknown why this is the case as there is no indication 
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in any of the unit cell information (Figures 4.4.5 (a) and (b)) that this may be a particularly 

reactive ratio.  

This result might support the observed partial decomposition of LiBH4 to Li2B12H12 and 

Li2B10H10 at temperatures above 150°C over a number of hours[3-5] and might suggest, with 

the evidence of new phases being formed from SPXRD in section 4.3 (e), the formation of an 

intermediate compound being formed and also being instrumental in the kinetic improvement 

observed for mixture of Mg(H2) + 10% LiBH4. 

 

Figure 4.4.4 (a) : Synchrotron PXRD diffraction patterns for various ratios 
of Mg + LiBH4 heat-treated at 300°C for 12 hours under static vacuum 
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Figure 4.4.4 (b) : Synchrotron PXRD diffraction patterns for various ratios 
of Mg + LiBH4 heat-treated at 300°C for 12 hours under static vacuum  

 

Figures 4.4.5 (a) and (b) show a comparison between the calculated unit cell volumes for the 

MgH2 and Mg phases observed for heated combinations of Goldschmidt MgH2 + LiBH4 and 

Strem Mg + LiBH4. There was no MgH2 phase present in the as-received Strem Mg reagent 

and the missing information at ratios 4:8, 3:9 and 1:11 is due to data loss during the 

experiment at the ESRF. Lack of error bars at some ratios – specifically for the hydride phase 

in Strem Mg + LiBH4 series (Figure 4.4.5 (b)) - is due to the limited number of reflections 

available to index and low concentration of MgH2 in the sample – estimated error and thus 

standard deviation could not be calculated by the CELL programme for these ratios, though 

points without error bars would have larger errors than the ones that have been presented. 

While there is a slight downward trend for both Goldschmidt and Strem Mg unit cell values 

with increased LiBH4 concentration, the Mg unit cell volumes are all within three standard 

deviations of as-received Strem and each other. The mean unit cell volume is 53.66 Å3 

 190



±0.022 which is slightly lower than that observed for Goldschmidt (53.7 Å3 ±0.08). This 

might suggest that lithium is being doped into the Mg crystal structure which might cause an 

overall reduction in unit cell size and therefore volume. However, the process of forming 

MgH2 would remove magnesium from the Mg lattice which might also cause a slight 

contraction of unit cell values and thus volume. 

 

Due to the poor quality of the calculated MgH2 unit cell data in figure 4.4.5 (b), no conclusion 

can be drawn other than the observed values appear to be similar to those found in the 

Goldschmidt MgH2 samples. The mean MgH2 unit cell volume is 61.59 Å3 ±0.26 which is 

within three standard deviations of the values for Goldschmidt and avocado MgH2 samples. 
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Figure 4.4.5 (a) : Point plots comparing unit cell volumes for the Mg phase 
for various Strem Mg + LiBH4 and Goldschmidt MgH2 + LiBH4 compositions 
after heating with LiBH4 in the stated ratios. Error bars show the range of 3 
standard deviations from each data point. All data was obtained from the 
ESRF synchrotron source at Grenoble 
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Figure 4.4.5 (b) : Point plots comparing unit cell volumes for the MgH2 
phase for various Strem Mg + LiBH4 and Goldschmidt MgH2 + LiBH4 
compositions after heating with LiBH4 in the stated ratios. Error bars show 
the range of 3 standard deviations from each data point. All data was 
obtained from the ESRF synchrotron source at Grenoble 
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Figure 4.4.6 shows the calculated unit cell volumes for LiBH4. Interestingly, these also seem 

to decrease with increased LiBH4 content as compared with pure LiBH4.  

New phases were observed for Mg + LIBH4 ratios of 11:1, 6:6 and 2:10 – each one with 

unique reflections and all of them at higher angles than those observed for samples of MgH2 

heated with LiBH4 (Figure 4.4.7).  It has been reported that doping of Li into the Mg lattice 

will convert the hexagonal structure to a cubic structure with partial conversion at 5.7 at% 

and complete at 10.7 at%[6] so it is possible that a small amount of Li is being inserted into 

the Mg structure to form a cubic Mg-Li alloy, however, preliminary cell refinements have not 

found an exact fit for the observed phases. 
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Figure 4.4.6 : Column plots depicting unit cell volumes for LiBH4 over 
various Strem Mg + LiBH4 compositions from pure LiBH4 to Mg + LiBH4 
(2:10) after heating in the stated ratios. Error bars show the range of 2 
standard deviations from each data point. All XRD data was obtained from 
the ESRF synchrotron source at Grenoble 
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Figure 4.4.7 : Synchrotron PXRD diffraction patterns for heat-treated Mg + 
LiBH4 samples in the shown ratios highlighting the new reflections that 
were observed. Complete spectra are shown in Figures 4.4.4 (a) and (b) 

 

 

4.4 (c) Large sample preparation and processing: 

A flowing TPD system was designed and built (a description of which can be found in the 

experimental section) to allow synthesis of larger sample amounts as well as direct hydriding 

and dehydriding the sample after synthesis. The system setup also allows the samples to be 

inertly loaded and unloaded to facilitate collection of material at intermediate steps of the 

process. The system is unable to measure absorption or desorption kinetics with accuracy 

and is therefore better suited for production of ‘chemically activated’ (i.e. heated 

combinations of Mg/MgH2 + LiBH4) material rather than analysis of its properties. 

A sample of Mg + LiBH4 (90:10 ratio) was processed using the TPD system: a ‘synthesis’ step 

(heating the sample under a static pressure of argon) was performed before subsequent 

absorption and desorption steps at 300°C under a static pressure of 10 bar H2 and flowing 
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argon respectively. Samples were collected after each step for later analysis. After 

successively hydriding and dehydriding the sample five times the sample was removed and a 

small portion placed on the IGA under an argon atmosphere. 

 

Figure 4.4.8 shows the absorption traces obtained from the IGA under the same conditions as 

previous samples. The sixth absorption (first of the IGA experiment) completed in 200 

minutes with 6.9 wt% H2 uptake achieved with 90% of this total being reached in 110 

minutes – the strange curve of the trace is due to ramping temperature from 25 – 300°C.  

The subsequent absorptions were more uniform in their kinetic performance, completing 

within 60 minutes and achieving 90% of the total uptake within 36 minutes, though they all 

had a reduced maximum H2 capacity. They also showed signs of reduced kinetics: each 

subsequent absorption reached completion over a longer period. 

 

The desorption traces shown in figure 4.4.9 exhibit fast kinetics which agree with the 

improvement seen for the absorption traces. The sixth desorption reached its maximum point 

at 59 minutes (4.3 wt% H2) though there a slight increase in mass after this point possibly 

due to absorption of a contaminant to end at 125 minutes with 4.2 wt%. The point at which 

90% of the total desorption was reached was at 49 minutes.  

There was a large amount of variation for the subsequent desorptions in time to completion 

and behaviour with regard to amount of mass increase. However, the total mass loss at the 

end of each desorption step was consistent with the total mass uptake on the corresponding 

absorption steps. 
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Figure 4.4.8 : Absorption traces for scaled-up Mg + LiBH4 (90:10 ratio) 
synthesis at 10 bar H2, 300 °C after being processed on a flowing rig 

 

 

The seventh desorption reached its maximum in approximately 49 minutes with 4.5 wt% H2 

desorbed with 90% of this loss occurring in 39 minutes. The eighth cycle was chosen for 

comparison with earlier MgH2 + LiBH4 samples due to the consistency of the data in curve 

shape and total weight% of H2. The 8th absorption completed in 77 minutes with an uptake of 

4.7 wt% H2 with 90% of this uptake being achieved in 36 minutes. The 8th desorption 

completed in 89 minutes at 4.4 wt% with 90% of this desorption achieved in 59 minutes. 

All of the times for the 7th and 8th cycles are comparable with samples made from Aldrich 

MgH2 though there is a large difference in total wt% of Hydrogen capacity which could have 

been affected by contamination which, from the performance seen in the desorption traces, 

appears to be introduced from the experimental setup. This is further examined in chapter 5. 
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Figure 4.4.9 : Desorption traces for scaled-up Mg + LiBH4 (90:10 ratio) 
synthesis at 10 mbar H2, 300 °C after being processed on a flowing rig 

 

Figure 4.4.10 shows SEM images for the hydrogen cycled Mg + LiBH4 (90:10). The sample 

shows the same ‘coral-like’ structure observed in previous MgH2 + LiBH4 (90:10) samples 

and, as before, is not comprised of discrete particles that are easily identified. Instead, the 

material’s ‘growths’ form agglomerations which are highly porous and not representative of 

the size of the particles in the agglomeration with respect to hydrogen diffusion distances - as 

in a particle of the same size. From the SEM images it is seen that the agglomerations range 

from ~ 5 μm to ~ 200 μm, with large agglomerations fairly common. 
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a  

 

b  

Figure 4.4.10 : SEM images of hydrided Mg + LiBH4 (90:10) after hydrogen 
cycling at a) x200 and b) x400 magnification 
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4.4 (d) : Raman Spectroscopy Study 

Samples taken from each step of the large sample experiment (both absorption and 

desorption) were analysed using Raman spectroscopy and compared to LiBH4 and MgH2 

spectra obtained on the same apparatus. Figures 4.4.11 to 4.4.13 show selected room 

temperature Raman spectra after hydrogen absorption cycles 1, 3 and 5, respectively. Each 

spectrum of the sample is obtained from a different point on the sample surface. LiBH4 has 

three types of Raman active modes: internal [BH4]− stretching between 2000 and 2500 cm-1 

(corresponding to peaks at 2157, 2176, 2271, 2299, 2316 and 2476 cm-1), internal [BH4]− 

bending between 1000 and 1350 cm-1 (corresponding to peaks at 1097, 1286 and 1316 cm-1) 

and external modes of vibration between 100 and 350 cm-1 (corresponding to a peak at 190 

cm-1)[7].  

MgH2 Stokes scattering is observed throughout the cycling progression at the reported 

Raman shifts of 298, 943 and 1274 cm-1 that correspond to the B1g, Eg and A1g symmetry 

vibrations[8]. In this experiment, however, the first two peaks are observed at 311 and 

949 cm-1. There are other peaks observed in the spectrum for as-received MgH2 that are not 

reported in the literature and that are not observed in either the hydrided or dehydrided 

samples (2749, 3858 and 4032 cm-1) suggesting that they are not due to elemental Mg which 

can give a large background. The peaks are also not due to the presence of MgO which has 

reported Raman shifts at 355 and 617 cm-1 and 595, 719 and 1060 cm-1 though these are 

liable to shift to slightly higher wavenumber as the particles trend towards the bulk material[9, 

10]. Unfortunately, the MgH2 vibrational shift at 1277 cm-1 obscures the shifts corresponding 

with internal bending region for the [BH4]− anion, making it harder to identify any changes in 

the LiBH4 environment. 

The LiBH4 peaks at 2157, at 2271 and 2299 cm−1 are not observed in every spectrum and 

this is perhaps indicative of the sample being inhomogeneous – it’s possible that, due to the 

conditions during reaction on the flowing TPD system and the fact that LiBH4 is melted at the 
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reaction temperature (300°C), the melted LiBH4 moves to the bottom of the sample reactor. 

However, it is apparent that there is a mechanism for LiBH4 to become mobile in the sample  
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Figure 4.4.11 : Raman spectra obtained from Mg + LiBH4 (90:10) after 
absorption cycle 1. Different spots of sample were chosen and scanned 
with the raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 

 

as observed the fifth cycle, every spot of the Mg + LiBH4 (9:1) that was measured had an 

amorphous peak that corresponded to the region that the B-H stretching bands exist.  

The actual observed [BH4]− stretching shift at ~2300 cm-1 lost its definition after heating and 

its appearance is similar to that of LiBH4 once it has melted and transformed to the high-

temperature hexagonal phase[7, 11]. This is interesting because these peaks are reduced in 

sharpness due to the increased symmetry in the [BH4]− anion within the hexagonal unit cell 

and they reappear once the sample is cooled and the LiBH4 returns to its low temperature 

orthorhombic structure. This feature signifies the reduction in B–H bond strength, allowing 

freer movement than at lower temperatures. Therefore it is possible that the observed 
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disappearance of the vibrational peaks could correspond to either partial or full desorption of 

hydrogen from the boron or be indicative of a boron environment which has lowered B–H 

bond energies through a structural alteration. 

There are also a number of unassigned peaks observed: spot 2, after the first absorption, 

displayed a number of broad peaks below 1150 cm-1, whilst spot 1 had a unique peak at 3434 

cm-1. The samples measured after the third absorption displayed new peaks; spot one had 

peaks at 1608 and 3564 cm-1, with the former also observed at spot 3.  

After five absorptions, all measured spots displayed the broad peak at ~2300 cm-1 as well as 

two new peaks at 1630 and 1754 cm-1 though it is not known what the cause of these Raman 

shifts is. 

 

500 1000 1500 2000 2500 3000 3500 4000 4500

0

5000

10000

15000

20000

In
te

ns
ity

 /a
rb

Wavenumber /cm-1

 LiBH4
 MgH2
 Spot 1
 Spot 2
 Spot 3

 

Figure 4.4.12 : Raman spectra obtained from Mg + LiBH4 (90:10) after 
absorption cycle 3. Different spots of sample were chosen and scanned 
with the raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 
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Figure 4.4.13 : Raman spectra obtained from Mg + LiBH4 (90:10) after 
absorption cycle 5. Different spots of sample were chosen and scanned 
with the raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 

 

 

Figures 4.4.14 to 4.4.16 show selected Raman spectra after desorption cycles 1, 3 and 5. The 

measurement after the first desorption displays no evidence of MgH2 being present – none of 

the peaks at 311, 949 or 1274 cm-1 are observed. However, the poorly defined peak at 

~2300 cm-1 that was observed after five hydrogenations and is thought to be associated with 

the B-H internal stretching is present in all spots on the sample. Spots 2 and 3 also exhibit 

small, broad peaks at low wavenumber, below 1000 cm-1 at 199, 384, 579, 759 and 920 cm-1. 

These peaks do not appear to be associated with LiBH4, MgH2 or MgO. However, the 

intermediate phase, Li2B12H12 is known to form from the partial decomposition of LiBH4 above 

temperatures of 150°C[3-5]. The Raman shifts of this compound have also been reported in 
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the literature to be 580, 760, 920 and 2500 cm-1[3, 12]. While the first three bands agree with 

the results observed for spot 2, the strongest Raman band at 2500 cm-1 is not observed. 
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Figure 4.4.14 : Raman spectra depicting Mg + LiBH4 (90:10) after 
desorption cycle 1. Different spots of sample were chosen and scanned 
with the Raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 

 

There is a further intermediate phase that is suggested to be formed through the partial 

decomposition of LiBH4 and Li2B12H12 and that is Li2B10H10
[4]. However, this phase has only 

been identified by proxy (using K2B10H10 as a reference) in 11B NMR and has yet to be 

characterised by Raman or any other spectroscopic technique. Though the possibility of an 

intermediate phase being present in the Mg + LiBH4 system is intriguing, the observed 

Raman bands after three and five desorptions become more complicated. 

In the Raman spectra performed after the third desorption there are numerous, mostly broad 

and ill-defined peaks observed in the sample; Spot 1 displays Raman bands at 256 (sharp), 

345, 951, 1280, 1646 and 2247 (sharp) cm-1. Spot 2 displays Raman bands at 317, 566, 745, 
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939, 1076, 1259, 1389, 1478, 1583, 1747, 2307 and 2504 cm-1. Spot 3 displays Raman bands 

at 199, 392, 751, 930, 1046, 1198, 1343, 2443 and 2792 cm-1 (sharp). 
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Figure 4.4.15 : Raman spectra depicting Mg + LiBH4 (90:10) after 
desorption cycle 3. Different spots of sample were chosen and scanned 
with the raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 

 

The peaks appearing at around 949, 1093 and 1274 cm-1 are possibly related to formation of 

MgH2, however the peaks observed in the spectra of spots 1 and 2 have slightly shifted 

wavenumber that could correspond to strained Mg–H bonds. This might possibly be due to 

incomplete dehydriding, however, given the fact that Mg was hydrided by LiBH4 during static 

vacuum synthesis at 300°C in a quartz tube, and that LiBH4 does not fully decompose at that 

temperature, this might be suggestive of a transfer mechanism between Mg and LiBH4 

through the partial decomposition of LiBH4 to an intermediate phase. The Raman bands 

observed at spot 2 after the third desorption would appear to suggest a compound with a 
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similar symmetry and vibrational movement to Li2B12H12 (580, 760, 920 and 2500 cm-1) with 

peaks appearing at 566, 745, 939 and 2504 cm-1. 

 

The Raman spectra performed after the fifth desorption show further change in vibrational 

modes. Spot 1 displayed weak, ill-defined peaks at 204, 280, 386, 753, 933, 2202 and 2508 

cm-1. Spot 2 displayed well-defined peaks at 222, 314, 755, 932, 1108 and 1243 cm-1. Spot 3 

displayed few peaks: 312, 561, 745 and 929 cm-1. Spot 4 similarly displayed some well-

defined peaks at 234, 390, 747, 924, 1076 and 1213 cm-1 and a sharp doublet at 1279 and 

1289 cm-1.  

Interestingly, desorption cycle 5 had no evidence of a peak at ~2300 cm−1 and even the 

peaks that previously overlapped with those of MgH2 at 949 and 1274 cm-1 have shifted to 
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Figure 4.4.16 : Raman spectra depicting Mg + LiBH4 (90:10) after 
desorption cycle 5. Different spots of sample were chosen and scanned 
with the raman laser (blue spectra) and are compared against as-received 
LiBH4 and MgH2 (black and red spectra respectively) 
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932 and 1243 cm-1 at spot 2 and 924 and 1213 cm-1
 at spot 4. Indeed, there is now no 

evidence of a compound similar to Li2B12H12 either, with very few peaks matching the 

observed Raman shifts for that compound or one like it. There is a possibility that these new 

Raman shifts are indicative of the decomposition of one or more phases within the sample. If 

the sample had been oxidised or formed the decomposition products of Mg + LiBH4 then the 

observed peaks would be quite different. 

Various research groups have reported that 2 LiBH4 + MgH2 would decompose to form 2 LiH 

+MgB2 and 4 H2
[13]. If this pathway were occurring in this instance then the Raman shift of 

MgB2 would be visible at ~600 cm-1[14]. While there are peaks observed between 500 and 

800 cm-1 it is unlikely that MgB2 has formed at 300°C and none of the peaks correspond quite 

closely enough to the required wavenumber. Alternatively if water or oxygen were 

contaminating the system Mg(OH)2 could be formed though at elevated temperatures during 

cycling it is more likely that MgO might be formed. MgO would be observed via Raman shifts 

at 355 and 617 cm-1 and 595, 719 and 1060 cm-1 for small particle sizes[9, 10] and Mg(OH)2 

has peaks at 280, 443, 725 and 810 cm-1. Similarly, LiBH4 could be oxidised to form a lithium 

oxide or hydroxide. LiOH has Raman peaks at 300, 320 and 620 cm-1[15] and both it and 

Mg(OH)2 would display O-H stretching modes at around 3600 cm-1[16]. While there are some 

broad and ill-defined low wavenumber peaks observed in the Raman spectra it does not 

appear that they exist in large quantities in the measured samples. 

The sudden evolution of the sharp, well-defined peaks between 690 and 1350 cm-1 seen at 

spots 2 and 4 would suggest the formation of a new bonding structure – possibly an 

intermediate compound that facilitates hydrogen desorption and absorption in the mixture of 

Mg/MgH2 and LiBH4 as there is no evidence of these Raman shifts after hydrogen absorption. 

If these were decomposition products or products formed via oxidation or hydrolysis then 

different and clearer Raman shifts would be observed. The Raman spectra point to the 

evolution of a new bonding arrangement and symmetry within the sample upon cycling. 

Interestingly, these are primarily observed upon desorption and might indicate that there is 
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greater chemical reaction between the two components in the dehydrided than the hydrided 

state. 

 4.4 (e) Reaction of LiBH4 with an Mg surface: 

To complement the information gained from X-ray diffraction and raman spectroscopy on the 

interaction between Mg and LiBH4, a reaction between bulk magnesium and LiBH4 was 

performed.  

A cylindrical portion of magnesium (5mm x 5mm cylinder) was cut from an Mg rod and 

placed within a quartz tube and surrounded with LiBH4 powder. This tube was evacuated and 

sealed before being heated at 300°C for 12 hours to replicate the reaction conditions used for 

previous samples. The resulting product was mounted then ground and polished before being 

analysed via SEM.  

Figure 4.4.17 shows the edge of the Mg cube and the layer of LiBH4 that forms a shell around 

it. While it was impossible to search for Li content, it was possible to monitor the Mg, O and B 

content of the sample. Figure 4.4.18 shows a zoomed area from figure 4.4.17 where light 

element analysis has been performed in a line of 16 μm across the border from the LiBH4 

shell to the bulk Mg of the cube.  

The composition analysis of the three elements is seen in table 4.4.2. Somewhat surprisingly, 

we see large overlap and penetration of magnesium and boron within the bulk Mg cube and 

the LiBH4 shell. Boron is present up to 10 μm into the bulk Mg from the clear distinction of 

the end of the LiBH4 shell at linescan 4 and, for linescans 6 to 8, appears to have reached a 

distinct content ratio with magnesium (Mg:B of 82:17). Magnesium also reaches a similar 

though inverse ratio in linescans 1 to 3 (Mg:B of 18:81). These results help reinforce the fact 

that diffusion of LiBH4 into Mg is favourable and that a ratio of around 1:5 for either 

compound might result in a stable compositional phase. 
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Figure 4.4.17 : An SEM image of the Mg cube – a layer of LiBH4 can be seen 
as the lighter band across the top of the image with the cube occupying the 
lower portion of the image – taken on a JOEL 7000 instrument. The dashed 
yellow line indicates the interface between the Mg metal and the LiBH4 
coating 

 

Of further interest is the oxygen content. The sample had minimal exposure to oxygen during 

loading onto the SEM apparatus and Mg itself is not strongly reactive towards oxygen though 

LiBH4 is known to be easily oxidised. However, while there is a larger relative amount of 

oxygen in the LiBH4 shell (linescan 1) when compared with that on the bulk Mg (linescan 8), 

it appears that increased Mg content in a boron-rich region (linescans 3 and 4) results in 

drastically increased sensitivity to oxygen. Linescan 3 has a Mg:B ratio of 27:73 whereas 

linescan 4 has a ratio of 42:58 and they have 8.5 and 10.2 times the amount of oxygen 

compared to linescan 1 respectively. This could suggest that the combination of Mg and LiBH4 

results in a more reactive material but may also be indicative of an oxide film being present 

on the surface of the bulk magnesium. 
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Figure 4.4.18 : SEM image showing a zoomed view of a location where the 
Mg cube intersects with the LiBH4 shell 

 

 

Position Mg content 
(wt%) ±0.02 

B content 
(wt%) ±6.77 

O content  
(wt%) ±0.84 

Linescan 1 14.84 65.1 1.98 

Linescan 2 21.66 67.57 4.80 

Linescan 3 19.41 51.46 16.96 

Linescan 4 26.62 37.48 20.19 

Linescan 5 68.48 19.08 0.96 

Linescan 6 73.06 17.74 0.89 

Linescan 7 72.46 18.98 0.65 

Linescan 8 74.43 16.67 0.66 

Table 4.4.2 : Composition report for each linescan point in figure 4.4.18 for 
the relative amount of magnesium, boron and oxygen 
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Figure 4.4.19 shows the information in table 4.4.2 as a function of distance from the outer 

edge of the LiBH4 shell. It illustrates the sudden jump in oxygen content and also the plateau 

in Mg and B content in the bulk LiBH4 and Mg respectively and it would also suggest that a 

region which is Mg-rich is less susceptible to oxidation than one between ratios of 1:1 and 

1:3 (Mg:B). The boundary between LiBH4 and Mg is taken as the point where the dashed 

yellow line lies in figure 4.4.17 and the edge of the LiBH4 coating/shell is measured from the 

point at which the carbon mounting is encountered on the micrograph in a straight line 

extrapolated from the position that the compositional linescan had taken. 

 

Figure 4.4.16 : A comparison of the percentage content of Mg, B and O as a 
function of the depth from the outside of the LiBH4 shell into the bulk Mg 
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4.5 Investigation into the thermodynamic                      

properties of the MgH2–LiBH4 System 

Experimental technique 4.5 

Isothermal IGA measurements 

Isothermal IGA measurements were carried out in a similar manner to the kinetic measurements as 

described in Experimental technique 4.1. The sample (typical mass was the same as for kinetic 

measurements ~100 mg) was loaded in an identical way however the system was set to perform 

isothermal measurements. This setting changes the way the IGA processes an experiment: A 

temperature is chosen and then the user sets up a range of pressure steps for the gas to be admitted 

in. The user also defines the type of material and what sort of gas uptake it is thought or known to 

possess and at what point the programme should move onto the next pressure point. For these 

experiments pressure steps of 200 mbar where used from 10mbar to 8 bar. The type of absorption 

profile was set to metal hydride settings and the programme was set to move on to the next pressure 

point at 98% absorption completion. The programme was also set to time-out if no absorption (or 

increase in absorption) was observed after 1 hour. 

The sample was first desorbed at 300°C, 10 mbar and then the isothermal experiment was begun. At 

each pressure step, the IGAS programme calculates a fit to the weight curve based on the amount of 

weight gained and in the time period it was gained in – this would determine the saturation of H2 

absorption for that pressure at the isothermal temperature. From this it calculates the point at which 

the sample is predicted to reach 98% completion for absorption for that temperature and pressure. If 

the analysis of the real time data did not match the calculated fit then a new fit would be calculated 

from the experiment data. If the analysis did not alter the calculated fit within a certain time frame then 

the programme would assume that the fit was correct and assign the predicted weight and then move 

on to the next pressure point. If there was no absorption within the 1 hour time frame then it would 

move on to the next pressure point.  

From this series of equilibrium points for the sample the H2 plateau pressure for the measured 

temperature can be determined – from which the enthalpy of formation of the hydride phase can be 
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calculated. Once the experiment was ended, the sample was removed from the IGA as described in 

Experimental technique 4.1. 

 

Isothermal HTP measurements 

The HTP uses the same software that the IGA but is a volumetric system and uses the sieverts method 

instead of gravimetric analysis. The sample was first weighed and then loaded in the sample chamber 

within an argon circulating glove box. The typical sample mass was ~100 mg. This was then sealed in a 

transfer vessel and removed from the glove box and placed in a small bolt-on glove box that fitted onto 

the top of the HTP system. This was purged with argon for an hour, at which point the flow rate was 

reduced and the sample was loaded into the reactor. The reactor was sealed via a compression joint 

and a copper gasket and the small flowing glove box was removed. The thermocouples were attached 

and the HTP lid was closed over, allowing the experiment to be started.  

The HTP software requires the density and weight of the sample to be inputted and requires the same 

range of pressure steps to be chosen for a given temperature. 200 mbar pressure steps from 10 mbar 

to 8 bar were set and a cut off of point of 1 hour in the case of no absorption or desorption taking place 

and an absorption or desorption 98% completion cut off was also selected. The HTP software has to 

perform both an absorption and desorption isotherm in the same experiment – compared to the IGA 

which can perform either one independently. Before the isotherm was started the sample was desorbed 

at 10 mbar and 300°C. The HTP controls pressure by filling a known volume with a known pressure of 

gas. This chamber is sealed and the gas is released into the sample chamber and the pressure equalises 

between the two volumes. The change in pressure is then recorded and this is what is used to perform 

the calculation of the equilibrium point for that pressure and temperature. 

During the isotherm, the HTP software calculates at what point the absorption or desorption will reach 

completion based on the current gain or loss of pressure in the sample chamber. Similar to the method 

used by the IGAS software it will move onto the next pressure point if no change is detected after 1 

hour and will re-calculate the completion point if the absorption or desorption proceeds at a slower or 

faster rate than it has predicted. The HTP software will also move onto the nest pressure point if the 

prediction is being met for a certain time frame. 
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Once the sample has had an isotherm performed for both absorption and desorption it can be removed 

or left to perform another isotherm at a different temperature.  

The sample can be removed with the use of the glove box, however this was not the case for this 

experiment – the sample was removed in air and disposed of. 

 

DSC measurements 

The DSC measurements were performed using a DSC 204 HP Phoenix inside an argon-filled glovebox. 

This allowed the loading of samples without exposing them to atmosphere. The sample pans were 

made of aluminium. DSC was connected to a low pressure and high pressure H2 pipeline (20 bar max 

and 150 bar max respectively) as well as an argon pipeline of 10 bar. The conditions of experiment 

were chosen – the temperature ramp rate, maximum temperature, how long to hold the temperature 

and also the pressure setting. Using this information blank calibration measurements were performed so 

that the heat change of the equipment would be taken into account during the actual experiments. 

Pressures of 5, 10, 15, 20 and 25 bar H2 were chosen and a heating rate of 2°C from 25°C to 500°C 

and from 500°C to 25°C also at a cooling rate of 2°C: there was no temperature  plateau at 500°C. 

Once the relevant calibration measurements had been completed a sample was weighed and loaded 

into the DSC in an aluminium pan. The weight of the sample was typically ~5 mg. The reactor chamber 

was sealed and then purged with a flow of hydrogen gas for 30 minutes. At this point the pressure 

control was set and the pressure increase to the desired level and a flow rate of 100 ml was set. The 

calibration file was loaded to act as a background against the experimental measurement. 

Once the measurement was finished the next pressure measurement was performed until all five had 

been completed. The sample chamber was then purged with argon and the pressure reduced to 1 bar, 

at which point the sample was removed and disposed of. 
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4.5 (a) IGA Study 

The thermodynamic properties of magnesium hydride have been extensively studied by many 

groups. The heat of formation of MgH2 is reported to be around −75 kJmol−1[2], however, 

there are a relatively broad range of values reported in the literature for ΔHf[MgH2][1, 3-5]. This 

means that, for the sake of reliable comparison, any observed value for the enthalpy of 

hydriding (ΔHhyd) after alloying or chemical reaction should be compared to the base value for 

MgH2 measured under similar conditions on the same piece of equipment.  

The Van’t Hoff equation (Eq. 4.5.3) is derived from combining the equations 4.5.1 and 4.51 – 

for the Gibbs free energy. From this equation it is possible to relate change in temperature to 

a change in the equilibrium constant for a given temperature which in this case is the plateau 

pressure for hydrogen evolution. Plotting the natural log of plateau pressure against the 

reciprocal of temperature results in a straight line whose gradient is equal to ΔH (the heat of 

formation) divided by R (the ideal gas constant) which allows the determination of ΔH. ΔS 

(the standard entropy change of a system) can be determined from the y-intercept which is 

equal to ΔS divided by R. T is the temperature and K is the equilibrium constant. ΔG is the 

Gibbs free energy of the system. 

STHG Δ−Δ=Δ         Eq. 4.5.1 

KRTG ln−=Δ         Eq. 4.5.2 

R
S

RT
HK Δ

+
Δ

−=⇒ ln    Eq. 4.5.3 

Figure 4.5.1 depicts isotherm measurements performed on an IGA for Aldrich MgH2. 

Traditionally (and correctly) the central point of the plateau in pressure is used to determine 

ΔH. However, the observed plateaux were found to deviate significantly from the vertical, in 

particular at lower temperatures. This results from slow kinetics and leads to inaccurate 

values for the plateau pressure. Under these circumstances the onset pressure of the plateau 

is a more reliable indicator of the thermodynamic properties of the sample and may be used 
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instead. In fact, the true ΔH lies between the values obtained by using the onset 

temperatures of absorption and desorption[1]. Unfortunately, desorption measurements were 

not obtained due to restrictions on equipment time. 
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Figure 4.5.1 : Isothermal absorption traces performed on an IGA for MgH2 
(Aldrich) 

 

Figure 4.5.2 shows the isotherm measurements performed on a sample of MgH2 + LiBH4 

(90:10) under similar conditions.  Although the kinetics of this sample were quicker the 

plateau pressures were still not vertical and, for direct comparison with the method used for 

as-received MgH2, the onset pressure of each plateau was again used.  

Interestingly, the onset pressure for MgH2 + LiBH4 was higher at each temperature point, 

except for 347°C, than for pure MgH2 (figure 4.5.3) which would suggest that addition of 

LiBH4 increases the H2 plateau pressure at temperatures around 300°C and thus destabilises 

MgH2 at these temperatures. 
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Figure 4.5.2 : Isothermal absorption traces performed on an IGA for  
MgH2 + LiBH4 (90:10) 

 

Figure 4.5.3 : Absorption onset pressures plotted against temperature for 
MgH2 and MgH2 + LiBH4 during isotherm measurements  

 218



Figure 4.5.4 shows Van’t Hoff plots for MgH2 and MgH2 + LiBH4 (90:10). The gradients of the 

fitted lines give ΔHf[MgH2] = −75.3 (±5.1) kJmol−1 and ΔHf[MgH2 + LiBH4 (90:10)] = 

−71.9 (±2.1) kJmol−1.  Unfortunately, the observed difference was within the margins of 

error. 

y = -7.94226x + 21.273 

y = -8.49405x +22.252 

Figure 4.5.4 : Van’t Hoff plot for MgH2 and MgH2 + LiBH4 (90:10) isotherms 
performed on an IGA 

 

4.5 (b) HTP Study 

In an attempt to corroborate the data from the IGA, a sample was investigated using a 

volumetric system (HTP – described in chapter 3). Instead of measuring the mass change, 

the system takes note of the gas absorbed by the sample at a static pressure. A sample of 

Aldrich MgH2 + LiBH4 (90:10) was loaded inertly onto the HTP system and cycling of the 

material was performed under a hydrogen atmosphere – absorption cycles were performed at 

300°C and 10 bar H2, while desorption cycles were performed at 300°C and 10 mbar H2 – to 
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simulate the processing on an IGA that led to improved hydrogen sorption kinetics. 

Isothermal absorptions and desorptions were then performed on the sample. 

Figure 4.5.5 shows the obtained isotherms for hydrogen cycled Aldrich MgH2 + LiBH4 (90:10). 

The mid-point of each pressure plateau was used to determine the heat of formation for 

absorption and desorption. 
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Figure 4.5.5 : Desorption and absorption isothermal traces for MgH2 
(Aldrich) + LiBH4 (90:10) performed on an HTP apparatus 

 

Figure 4.5.6 shows the Van’t Hoff plot for Aldrich MgH2 + LiBH4 (90:10). The gradient of the 

line for the absorption isotherms gives ΔHf[MgH2 + LiBH4 (90:10)] = −77.2 (± 1) kJmol−1 and 

−77.5 (± 1) kJmol−1 for the desorption isotherms. This result lies within the range of values 

reported in literature for MgH2
[3]. 

 220



y = -9.2911x + 23.413 

y = -9.3215x + 23.427 

Figure 4.5.6 : Van’t Hoff plot for MgH2 + LiBH4 (90:10) desorption and 
absorption isotherms performed on a HTP 

 

 

4.5 (c) DSC Study 

Differential scanning calorimetry is one of the most common techniques used to obtain the 

heat of formation for compounds. This can be done by performing isobar measurements 

against a standard of known heat capacitance. For most structural changes in compounds, 

ΔH is derived from the integrated area under the curve for the specific transition 

corresponding to the work done (ΔQ) from the equilibrium temperature (Teq). However, due 

to the slow kinetics of hydrogen absorption and desorption for magnesium-based systems, 

the equilibrium temperature is difficult to obtain accurately from the DSC trace due to the 

difference in onset temperatures for the two changes in phase (Figure 4.5.7). 

Rongeat et al. reported that it was possible to use kinetic measurements to obtain an 

accurate ΔH by approximating the Teq
abs and Teq

des using the onset temperatures over 
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multiple isobar measurements in an analogous way to isotherms[1]. As stated by Rongeat, the 

true ΔHf lies between the two values obtained for ΔHabs and ΔHdes; this method is a quick way 

of determining ΔH for compounds where kinetic factors outweigh thermodynamic in limiting 

the rate of reaction. 

Figure 4.5.7 : Diagram showing the difficulty in obtaining equilibrium 
temperatures for hydrogen desorption and absorption[1] 

 

Using the method described by Rongeat et al. samples of Goldschmidt MgH2, 5 hour ball 

milled Goldschmidt MgH2 and Strem Mg were analysed via DSC: samples were heated from 

room temperature to 500°C at a rate of 2°C/min under a flow of hydrogen held at constant 

pressure.  

Figures 4.5.8 – 10 show the observed endothermic peaks during desorption of hydrogen 

performed in a sequential manner (absorption traces are shown in Figures 4.5.12 – 14). The 

shape of the desorption traces of Goldschmidt MgH2, milled MgH2 and hydrided magnesium 

are well understood and reported in the literature[6, 7]. Single, well defined peaks correspond 

with the decomposition of a single phase of MgH2 and indicate an even particle size. The 

double peak, or peaks with a shoulder, are attributed to a distribution in particle size[7]
 and 

the resultant increase in kinetics and a reduction in activation energy. Metastable phases, 

such as γ-MgH2, can also result in multiple peaks and lowered onset temperatures[7] though  
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a) 

b) 

Figure 4.5.8 : DSC traces showing desorption endotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at a) 3 bar and b) 10 bar H2 

 

none of these were observed during X-ray diffraction and are unlikely to be a consideration in 

this study. The sharp peak at 449°C is an impurity on the measurement plate and is not part 

of the sample itself. 

 223



In comparison, the MgH2 + 10% LiBH4 phase has a more interesting evolution in peak shape 

and number with the change in pressure. In every isothermal desorption trace there is a 

small exothermic peak that possibly corresponds to the phase transition of LiBH4 (~120°C)[8]  

a) 

b) 

Figure 4.5.9 : DSC traces showing desorption endotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at a) 15 bar and b) 20 bar H2 
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Figure 4.5.10 : DSC traces showing desorption endotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at 25 bar H2  

 

Figure 4.5.11 : DSC isothermal traces showing the phase transformation 
indicative of LiBH4 for a sample of hydrogen cycled MgH2 + 10% LiBH4 (5 
absorption cycles) at various pressures 
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which is observed at approximately 116°C (Fig. 4.5.11) despite no LiBH4 phase being 

observed in powder synchrotron X-ray diffraction after hydrogen cycling. However, there was 

no peak which would correspond to the melting point of LiBH4 as observed by Bösenberg et 

al. at approximately 270°C[8]. There are various observed[9] and theoretical[10] intermediate 

compounds during the heating and decomposition of LiBH4 no conclusive evidence was seen 

via XRD that any of these were formed during the reaction with MgH2 – though the 

exothermic peak might be indicative of such a transition or reaction of one of those phases 

with MgH2. 

The MgH2 + 10% LiBH4 DSC isothermal traces showed a series of complex endothermic 

events depending on pressure. Two dominant peaks (one of which corresponds to the MgH2 

desorption and overlaps the other samples’ peaks) were observed and, as pressure was 

increased, the relative intensity of the two peaks became reversed. Table 4.5.1 lists the onset 

temperatures observed for all endothermic events. The 3 bar trace shows the first had an 

onset temperature of ~380°C which corresponds to the comparable decomposition of MgH2 

as observed in the other samples, though there was also a small secondary peak that had an 

onset temperature of ~425°C. This second peak possibly corresponds to decomposition of 

LiBH4 which is reported to occur between approximately 327°C and 427°C[11] for pure LiBH4 

under 1 bar H2. Orimo et al. also reported the dehydriding process starting at 427°C with a 

peak at 577°C during thermal gravimetric analysis at atmospheric pressure. They also 

observed a 30°C reduction in desorption temperature in the presence of 10 at% of Mg to Li 

content which demonstrates the destabilisation that can be caused by additives. 

Two endothermic peaks were also observed in the 10 bar trace, however, at 15 bar and 

above three endothermic peaks were observed; the first peak at 25 bar was ill-defined and so 

it is difficult to determine the onset temperature for that event. It remains unknown what 

causes these secondary peaks to appear, though at higher pressures, the third peak became 

the largest. Due to the experiments being performed under a hydrogen environment there is 

no associated mass spectrum data to determine whether hydrogen is released during the two  
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Goldschmidt 
MgH2 

5hr milled 
Goldschmidt 

Magnesium MgH2 + 10% 
LiBH4 

 

extra endothermic events or if they are phase transitions or chemical reactions that do not 

result in the evolution of hydrogen. What is apparent is that the known hydrogen desorption 

event for the MgH2 + 10% LiBH4 sample coincides within error with those of the Goldschmidt 

MgH2, milled Goldschmidt and Magnesium samples. It is seen that at lower pressures (3 and 

10 bar) kinetic effects have a larger influence on the onset temperature with Goldschmidt 

having the largest particle size: <100μm compared with <90μm for the Strem Mg sample and 

<30μm for the milled sample. At higher pressures kinetic effects become less important and 

the known hydrogen desorption endothermic events overlap across the four samples.  

Figures 4.5.12 – 14 show the exothermic events for absorption over a range of temperatures; 

3, 10, 15, 20 and 25 bar. The large peaks at ~441°C are due to an impurity on the 

measurement place and do not affect the samples measured. Interestingly, there was only  

 

(5 H2 cycles) 
*380-421*     

3 bar 395-430 381-436 384-421 
425-455 

*390-429*     
10 bar 406-437 404-445 393-436 

440-480 

390-407     

*413-435* 
    

15 bar 415-442 405-439 409-439 

441-473 

395-409     

*419-443* 
    

20 bar 420-446 414-450 419-444 

448-475 

n/a     

*427-445* 
    

25 bar 427-446 430-461 427-450 

452-477 

Table 4.5.1 : Onset temperatures (±2°C) and end-point temperatures (±5°C) 
for endothermic events during desorption isotherms for various samples 
performed via DSC. Known endothermic events that produce hydrogen for the 
MgH2 + 10% LiBH4 are marked with asterisks 
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a) 

b) 

Figure 4.5.12 : DSC traces showing absorption exotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at a) 3 bar and b) 10 bar H2 whilst 
undergoing cooling 

 

one exothermic event at each pressure for each sample that was associated with hydrogen 

absorption. This implies that the LiBH4 is either reformed or partially rehydrided at the same 

time as MgH2. It was also seen that each exothermic event corresponding to the absorption 
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of hydrogen in the MgH2 + 10% LiBH4 was much sharper and covered a shorter temperature 

range than those in the samples containing MgH2 only. This would imply that the presence of 

LiBH4 (whether fully or partially hydrided) increases the uptake of H2 in MgH2 significantly.  

An interesting feature of the 5hr milled MgH2 sample is that, at 20 and 25 bar, the 

exothermic event has an unusual shape that is not reflected by the other samples. Though it 

is unknown what the cause of this feature is, the relative inhomogeneity of particle size in the 

sample might account for it (Figure 4.1.10). 
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Figure 4.5.13 : DSC traces showing absorption exotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at 15 bar H2 whilst undergoing 
cooling 
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a) 

b) 

Figure 4.5.14 : DSC traces showing absorption exotherms for samples of 
Goldschmidt, milled Goldschmidt (5hrs), magnesium and hydrogen cycled 
MgH2 + 10% LiBH4 (5 absorption cycles) at a) 20 bar and b) 25 bar H2 
whilst undergoing cooling 
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Figure 4.5.15 displays the Van’t Hoff plots obtained using the onset temperatures of 

absorption. The gradients of the fitted lines give values of ΔHf[MgH2] = -76.1 (±0.6) kJmol-1, 

-78.8 (±1.9) kJmol-1 and -80.0 (±0.5) kJmol-1 for the Goldschmidt, milled Goldschmidt and 

Strem samples respectively. Due to this method being affected by kinetic considerations, 

larger particle size is likely to play a part in determining the heat of formation. However, the 

observed results are within error. 

A heated sample of Strem Mg + LiBH4 (90:10) was also measured via this method and 

yielded a value of ΔHf[MgH2 + LiBH4 (90:10)] = -83.2 (±0.2) kJmol-1. Although this value is 

larger than previous samples, it is in line with the value observed for pure Strem Mg material. 

 
MgH2 + 10% 

LiBH4 
Goldschmidt 

MgH2 
5hr milled 

Goldschmidt 
Magnesium 

(5 H2 cycles) 
     

3 bar 320-236 324-187 318-222 327-219 

     
10 bar 365-263 365-275 364-263 369-333 

     
15 bar 380-300 385-333 381-304 388-367 

     
20 bar 395-330 398-310 395-344 400-386 

     
25 bar 409-360 408-360 408-371 409-393 

Table 4.5.2 : Onset temperatures (±2°C) and end-point temperatures (±5°C) 
for exothermic events during desorption isotherms for various samples 
performed via DSC 
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Figure 4.5.15 : Van’t Hoff plots comparing desorption kinetic data for a) 
Goldschmidt MgH2, b) Goldschmidt MgH2 milled 5 hrs, c) Strem Mg and d) 
pre-heated Strem Mg + LiBH4 (90:10)  

 

This result reinforces the previous indication that LiBH4 has little or no effect on the heat of 

formation of MgH2. 

 

4.4 (d) Thermodynamic Overview 

The thermodynamic stability of MgH2 is one of the reasons for its relatively high requirements 

for reversibility. However, this stability can be reduced through careful manipulation of the 

compound through it’s reactions and interactions with other species and compounds[12-14]. 

MgH2 is formed via an enthalpy of formation according to Eq. 4.5.4 and LiBH4 is formed 

through the reaction detailed in Eq. 4.5.5. 

22 MgHHMg →+       Equation 4.5.4 2
175 HkJmolH f
−−=Δ

422
3 LiBHHBLiH →++                    Equation 4.5.5 2

169 HkJmolH f
−=Δ
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For the MgH2 + LiBH4 system there are a number of possible reported ways for the two to 

interact. First the decomposition via: 

2224 422 HMgBLiHMgHLiBH ++⎯→←+   [14]Equation 4.5.6 2
146 HkJmolH f

−=Δ

This path provides a much lower thermodynamic route for the decomposition of both 

reagents. Fang et al. have also reported a further decomposition between Mg(BH4)2 and 

LiBH4 through the decomposition of both products via production of diborane (B2H6): 

2
2

212122
1

4 2
3

12
13

6
5

12
1 HBLiHHLiHHBLiLiBH ++⎯→←++⎯→← [15]    Equation 4.5.6 

2
156 HkJmolH f

−=Δ  

Since Mg(BH4)2 can be formed via reaction of B2H6, it seems logical that the formation of the 

Li2B12H12 and Li2B10H10 phases reported in the literature[16] via the decomposition of LiBH4 

through loss of B2H6 (reacting with itself) that there are many possibilities for the reduction of 

the heat of decomposition for the combination of MgH2 and LiBH4. Further study is needed on 

these compounds before all the possible reaction pathways between the two are found. 
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5. Discussion and Conclusions 

 

It has been seen that addition of LiBH4 to MgH2 and Mg improves the hydrogen absorption 

and desorption kinetics, though the exact nature of the interaction between the two is still 

unknown. It is clear that more than one effect is at play in the MgH2/LiBH4 system and it has 

been the subject of this investigation to examine the extent of those effects. 

 

5 (a) The effect of contamination on the H2 sorption kinetics of the MgH2/LiBH4 

system 

Shortly after the time allotted for experimentation had expired it was discovered that the oil 

seal around the bearing in the turbomolecular pump on the IGA had failed, allowing 

hydrocarbons to back-flush through the vacuum system into the main reactor chamber. The 

degradation of the seal happened slowly, over a long period of time, though we speculate 

that this started around the time that we switched to alternate sources of MgH2 with their 

apparently slower kinetic properties. Evidence of the impact that this has had on reactive 

compounds such as MgH2 and LiBH4 can be seen in chapter 4.4. Although the chemical 

composition is identical to MgH2 samples sourced from Aldrich, the performance of the Strem 

Mg + LiBH4 (90:10) sample that had been hydrogen cycled independently before kinetic 

measurements were undertaken was much improved over the Strem Mg + LiBH4 (90:10) 

sample cycled on the IGA. The final absorption for the sample processed on the TPD system 

was 2.8 times faster and the final desorption is 2.5 times faster than the sample processed 

on the IGA, and both values were almost equal to those obtained using Aldrich MgH2.  

 

While it would be incorrect to presume that all samples performed since the change of 

reagent should perform at least 2.5 times as fast as observed, the relative slowness of 

kinetics can, at least in part, be explained by this sample contamination. The IGA 
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experiments were performed with a liquid nitrogen trap on the H2 pipeline inlet so, in theory, 

any contamination from O2 or H2O in the H2 gas itself could be ruled out. It would also be 

unlikely that the poor kinetics, observed over a large number of samples and over a long 

period of time would have been consistently poor when combined with the fact that 

replacement of H2 cylinders was a relatively common occurrence (every couple of months). 

So, if one sample had been contaminated due to bad management of the liquid N2 trap or 

contamination from excessive impurities in a gas supply it would be quite apparent in 

comparison to the slight reduction in sorption kinetics for the MgH2 + LiBH4 samples. Other 

samples on other pieces of equipment were not reported to be adversely affected and that 

would indicate that the problem was not from the gas source.  

 

 

It has also been observed that the combination of MgH2 and LiBH4 results in a mixture that is 

far more susceptible to oxidation. Section 4.3 (c) showed the difference between loading a 

sample under atmospheric conditions and loading it under an inert atmosphere such as 

argon. As reported elsewhere[1] oxide formation on the surface of the Mg/MgH2 particles 

hinders hydrogen diffusion and this effect results in significantly reduced kinetics for the first 

absorption and desorption. It was found that inertly loading a sample of MgH2 + LiBH4 

(90:10) allowed 4.7 wt% H2 to be desorbed at 300°C in under 1000 minutes for the first 

hydrogen cycle whereas a sample loaded in atmosphere only desorbed 0.4 wt% H2 in 2100 

minutes at 300°C; this was achieved within 121 minutes for the inertly loaded sample which 

is an improvement of over 17 times.  

It should be noted that some of the observed variation in the H2 storage capacity between 

different samples could be, at least partially, explained by the introduction of contaminants to 

the mixture. This effect could be determined through measurement on a different set of 

apparatus or via a different gas supply. 

The samples that are affected by this still exhibit faster kinetics than their non-reacted forms 

(i.e. pure MgH2) which would suggest that there is still some benefit to be had from adding 
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LiBH4 in situations where sample degradation might be a problem. It’s possible that the 

reaction between MgH2 + LiBH4 is resistant to contaminants. 

 

5 (b) Effect of particle size on the H2 sorption kinetics of the MgH2/LiBH4 system 

 

It is known that one of the main limiting factors governing the storage of hydrogen in the 

magnesium system is the diffusion of H2 through MgH2 regions of a particle[2]. While a 

reduction in particle size has no effect on the thermodynamics of the system[3], a smaller 

particle and grain size will result in faster diffusion of H2. This aspect can manifest itself in the 

reduction of onset temperatures for hydrogen absorption and desorption (Tonset) resulting in a 

kinetically faster material for smaller grain and particle sizes as observed through the process 

of mechanical milling of Mg and MgH2
[4]. As the particle size becomes homogenous there is a 

single, fine desorption/absorption peak observed, however, if the particle size lies over a wide 

range (from the micrometer to nanometer scale) this peak will broaden or even split into 

several peaks whose bases overlap depending on the particle size distribution and their 

relative H2 diffusion coefficients. Varin et al. noted that a reduction in grain/crystallite size is 

not as important as a reduction in particle size[4] and this has been confirmed by other 

research groups[3, 5, 6]. This also agrees with work carried out in this investigation where it has 

been noted that grain size increases during the formation of the Mg and MgH2 phases upon 

hydrogen cycling (section 4.1, figure 4.1.9), but there is no observed reduction in the rate of 

hydrogen sorption, which in fact, tends to improve with hydrogen cycling due to decrepitation 

of particles, leading to a convergence in grain and particle size. 

 

For the MgH2/LiBH4 system this reduction in particle size is an important aspect of the 

increase in kinetics. It can be seen that the interaction between MgH2 and LiBH4 results in an 

increased surface area with a very fine microstructure (Figure 4.2.10) which possibly results 

from an increased rate of decrepitation. Certainly, the propagation of the [BH4]− complex and 

homogenisation of the sample over successive hydrogen cycles, as observed during Raman 

spectroscopy after successive absorption measurements had been taken (section 4.4 (d)), 
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and the observed diffusion of boron into the bulk magnesium ‘cube’ (section 4.4 (e)) might 

be linked to an improved or increased decrepitation process which results in the observed 

refinement of a highly porous microstructure of MgH2 and the break-down of larger particles 

for samples of MgH2 + LiBH4 (90:10) (Figures 4.2.10 and 4.4.7). 

 

 

5 (c) The interaction of LiBH4 with MgH2 

 

The MgH2/LiBH4 system has been investigated by a number of research groups, however the 

majority of studies have been performed on LiBH4-rich ratios and/or at high temperature[7-12]. 

Studies by Vajo et al. showed that formation of MgB2 and LiH at temperatures above 400°C 

destabilises MgH2 and LiBH4, thus providing a favourable decomposition product which 

effectively lowers the overall energy required to dissociate hydrogen from both Mg and the 

LiBH4
[10, 11]. Yu et al. reported the formation of two Li–Mg alloy phases above 440°C from the 

decomposition of LiH in the presence of Mg[8]. However, as discovered in this investigation 

(and confirmed by Mao et al.[9]) MgB2 and LiH are not formed at temperatures between 300 

and 350°C, and the presence of MgB2 in a mixture with MgH2 does not appreciably increase 

the reaction kinetics over pure MgH2 over numerous hydrogen cycles at these temperatures. 

 

While the refinement of the microstructure of MgH2 is easily observed via SEM for MgH2 + 

LiBH4 samples (Figures 4.2.10, 4.4.10), the nature of the chemical interaction between the 

two compounds remains elusive. Vigeholm et al. observed a similar structural refinement over 

31 H2 cycles though it was much less pronounced[13]. The fact that a better structural 

refinement was achieved in only 6 H2 cycles suggests that the improvement is definitely 

attributable to the interaction of LiBH4 with MgH2.  Powder XRD data showed a slight 

reduction in MgH2, Mg and LiBH4 lattice structure over a range of Mg/MgH2:LiBH4 mixture 

ratios from Mg-rich to Li-rich. However, Goldschmidt unit cell volumes for heated samples 

were significantly smaller than those observed for Avocado, which might indicate a very small 

substitution of Li or B into the MgH2 lattice – presumably not observed in the Avocado 
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samples due to the presence of magnesium oxide and hydroxide which might preferentially 

react with LiBH4 as shown in section 4.3 (a). LiBH4 reflections were visible after heating in the 

presence of MgH2 under static vacuum but not after hydrogen cycling and additional peaks 

were observed both after heating and after hydrogen cycling but not with any consistency. 

Thermodynamic data suggests that if there is a reduction in the enthalpy of formation for 

MgH2, then it is very small: ~5 kJmol−1. This reduction – if a real effect – could give the 

appearance of faster desorption kinetics as it would mean that the formation of MgH2 is 

destabilised slightly. However, the absorption kinetics are equally improved after reaction 

with LiBH4 – this might be explained through the refinement in microstructure as diffusion of 

H2 during absorption is the rate limiting step for materials with larger microstructure[2]. 

 

Mao et al. suggested that it is Li+ in the form of LiBH4 or LiH which catalyses the reaction of 

H2 with Mg[9]. However, there is some evidence that LiBH4 does have a chemical interaction 

with Mg. Infrared analysis shows a shift in absorptions from 1090 and 2302 cm-1 to higher 

wavenumber values: 1118 and 2357 cm-1 respectively. This might correspond to a 

strengthened B-H bonding arrangement from the interaction of Mg with LiBH4 (Figure 

4.3.15). This could result from the formation of an Mg–Li borohydride –analogous to Mg–Li–

N–H compounds[14] – or through the transfer of hydrogen atoms between LiBH4 and Mg (Eq. 

5.1).  

 

−+ −⎯→←− MgHLiBHMgHLiBH LL 33   Equation 5.1 

−− +⎯→←− 323 LiBHMgHBLiHHHMg L   Equation 5.2 

BLiHHLiBHBLiHLiBH 3343 LLL ⎯→←+  Equation 5.3 

−− ⎯→←+ ][ 3343 LiBHHBLiHLiBHLiBH LL    Equation 5.4 
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There is some evidence to support this process though it is unlikely that this process is 

happening due to the unfavourable nature of several of the species: No LiBH4 is observed via 

XRD after H2 cycling though both Li and B are known to be present from previous XPS 

studies[15]. Secondly, for mixtures of Mg + LiBH4 heated at 300°C under static vacuum, MgH2 

was seen to be formed after heating for 12 hours and as LiBH4 is a known reducing agent, 

direct transfer of hydrogen from the boron to the metal could be an obvious answer to the 

question of why the kinetics improve as much as they do with so few hydrogen cycles. This 

mechanism could possibly facilitate the porous microstructure growth of the material with 

LiBH4 acting as a nucleation point for new MgH2 particulates and phases. There is also the 

indication of a strengthened B–H bonding interaction seen via IR which might result from a 

slight hydrogen deficiency in the LiBH4 lattice. Lastly, there was more evidence of a new 

bonding arrangement from Raman spectroscopy which was only observed for dehydrided 

samples after the cycling process had occurred (section 4.4 (d), figure 4.4.13). There was no 

evidence of LiBH4 vibrational peaks at 1288 and 2296 cm–1, instead new peaks at 757, 934, 

1111, 1246 and 2493 cm–1 were observed, however, for the equivalent hydrided sample only 

MgH2 and LiBH4 vibrational stretches were seen.  

 

Johnson et al. reported that 11B NMR showed a single peak before hydrogen cycling but, after 

MgH2 and LiBH4 were heated together this changed to having multiple peaks after the first 

desorption and subsequent absorptions and desorptions[15] which would suggest that the 

boron environment had become more complex. Four separate 11B NMR peaks were observed, 

one corresponding to a slightly down-shifted LiBH4 environment (–43 ppm) and three up-

shifted peaks at 12.7, 0.9 and –16 ppm. An up-shift in ppm usually corresponds to a change 

in the bonding around the boron atom: BR4 has a higher ppm than BH4, where R is any alkyl 

group, usually around –15 to –22 ppm. Partially dehydrided LiBH4 phases or new bonding 

arrangements with Mg might be the cause some of these aspects of the Raman, IR and NMR 

results. 
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However there is also another possible theory on the nature of the interaction between MgH2 

and LiBH4. The reported compounds, Li2B12H12 and Li2B10H10, formed from the partial 

decomposition of LiBH4 when held at temperatures above 150°C, might play a role in the fast 

kinetics of MgH2
[16-18]. The Raman shifts reported in literature by Orimo et al. and Reed et al. 

correspond closely to those observed for dehydrided samples of MgH2 + LiBH4 (90:10)[16, 19]. 

The Raman peaks for Li2B12H12 are observed at 580, 760, 920 and 2500 cm-1 while in the 

Raman study of MgH2 + LiBH4 in section 4.4 (d), peaks at 566, 745, 939 and 2504 cm-1 were 

observed after the third desorption. Furthermore, after the fifth desorption previously unseen 

Raman shifts were observed, suggesting that there is a chemical evolution occurring upon 

sequential H2 cycling. Interestingly, the Raman spectra obtained after absorption were 

relatively uninteresting – mainly being composed of MgH2 (as would be expected). However, 

the disparity between the features observed after desorption and not observed after 

absorption might point to the interaction between LiBH4 and Mg being more important than 

that of the hydrided phase. It might also lend more credence to the idea that LiBH4 lowers 

the enthalpy of formation for MgH2 as this decomposition is more thermodynamically stable 

than the direct decomposition of LiBH4 to LiH and B (Eq.5.5) by 20 kJmol-1[16](Eq. 5.6). 

 

24 2
3 HBLiHLiBH ++⎯→←    Equation 5.5 

2
2

212122
1

4 2
3

12
13

6
5

12
1 HBLiHHLiHHBLiLiBH ++⎯→←++⎯→←  ΔH1=56kJmol-1, 

Equation 5.6 

 

Considering the lower enthalpy for the first step in Eq. 5.6 and the Raman evidence that 

there is still a large possibility of a partially hydrided Li-complex within the sample it might be 
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possible to propose a different reaction scheme to the one outlined in Eq.s 5.1 – 5.4 centred 

around a stabilisation reaction of Li2B12H12 or Li2B10H10 with Mg. Especially because Li2B12H12 

takes the form of 2{Li+[B12H12]−}, it would not be unlikely that Mg2+ was able to substitute for 

2Li+. In fact, Fang et al. reported that a dual-cation borohydride was formed through 

mechanical milling of Mg(BH4)2 with LiBH4 through the decomposition of both compounds 

through release of diborane[Fang Z.-Z., 2010 #21] – the same route that is suggested for the 

formation of both Li2B12H12 and Li2B10H10. There is also the suggestion of the reverse reaction 

being true during H2 absorption measurements for samples of MgH2 + LiBH4 as the [BH4]− 

unit appears to be reformed (Figure 4.4.13) as usually LiBH4 is not reversible at temperatures 

of 300°C and 10 bar. 

If LiBH4 is a nucleation site for the formation of MgH2 then the observed inhomogeneity 

during early hydrogen cycles in the Raman samples may be the reason why successive 

hydrogen cycles are required to propagate the LiBH4 and activate the MgH2 samples. Indeed, 

the importance of the initial heating step before cycling (Figure 4.2.16) suggests that being 

held at 300°C allows the dispersal of the LiBH4 throughout the Mg/MgH2 material which 

otherwise must be achieved during hydrogen cycling.  

 

Whether or not the above proposed mechanism is taking place, what seems to be certain 

from the available information is that LiBH4 interacts primarily with Mg and not MgH2 and that 

hydriding may be catalysed by the reduction of Mg by LiBH4. Indeed, while DSC desorption 

events were similar to those of Goldschmidt MgH2, 5hr milled Goldschmidt MgH2 and Strem 

Mg (though there were unknown extra endothermic events observed at temperatures below 

and above the main H2 desorption peak) were seen for Mg + LiBH4 (section 4.5 (c)) the 

absorption peaks occurred at higher temperatures and had a smaller area under the curve 

due to the narrowness of the event – suggesting the absorption reaction was completed 

much more quickly (and therefore with faster kinetics) than for MgH2. 
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5 (d) The effect of increased LiBH4 content on the sorption kinetics of MgH2 

 

It has also been observed that an increase in LiBH4 content results in an associated 

improvement in hydrogen sorption kinetics over samples with a lower MgH2:LiBH4 ratio. A 

sample of MgH2 + LiBH4 (9:3) performed 1.6 times faster on absorption than a sample with a 

ratio of 9:1 and 2.1 times faster on desorption (section 4.3 (e)). This result suggests that the 

optimum ratio of Mg:LiBH4 for an Mg-rich mixture lies at somewhere between a MgH2:LiBH4 

ratio of 1:1 and 9:1. 

 

The observation of new phases arising in samples of various ratios for heated samples of Mg 

and LiBH4 between the ratios of 1:1 and 9:1 (section 4.4 (b)) also points to this conclusion. It 

might be important to note that LiBH4 unit cell volumes appear to increase on increasing 

content of Mg towards the unit cell volume of pure LiBH4 – a small amount of Mg present in a 

sample of LiBH4 appears to slightly reduce the unit cell size (Figure 4.4.5). 
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6 Further work and experimentation 

 

A new reaction mechanism has been proposed for the interaction of Mg and LiBH4 at 

temperatures of 300–350°C under 10 mbar of H2 via the reduction of Mg to possibly form an 

Mg-Li complex. While it is still unclear what form this interaction ultimately takes, it is 

possible that the decomposition of LiBH4 to one of its stable intermediates, Li2B12H12 or 

Li2B10H10 might be an important step towards a lowered enthalpy for the combined system. 

MgH2 and LiBH4 have been combined to produce samples that have vastly improved H2 

sorption kinetics, however, the optimum reaction ratio is not yet known. Several 

investigations to understand the exact interaction can be undertaken: 

 

• Perform the reaction of Mg + LiBH4 at 300°C under flowing argon and monitor the 

exhaust with a residual gas analyser. This would help determine whether H2 is 

desorbed from the LiBH4 at lower temperatures than usual through interaction with 

Mg (as proposed for the interaction between the lone pair of electrons from NH3 and 

LiH for the LiNH2/LiH system) or if the hydrogen is donated to the Mg directly. 

• X-ray diffraction studies on hydrogen cycled-Mg/MgH2 + LiBH4 in its dehydrided 

state. This would show any new phases resulting from the interaction of LiBH4 and 

Mg over successive H2 cycles – as observed through Raman spectroscopy. 

• Perform a thorough 11B NMR analysis over the full range of Mg/MgH2 + LiBH4 ratios 

after heating and after hydrogen cycling. Further clarification of the boron 

environment at each step of the process might lead to a better understanding of the 

reaction mechanism. 

• Exploration of the effects of pressure on the possible hindrance of nucleation for 

MgH2 and whether the highly porous agglomeration of particles observed for samples 

of H2 cycled MgH2 + LiBH4 are resistant to this reported effect. 

 244



• Re-analysis of Avocado and Goldschmidt MgH2 + 10% LiBH4 with refurbished 

equipment or through H2 cycling on the flowing TPD system and then transferring the 

sample to the IGA for gravimetric analysis. 

• Determine if Li2B12H12 can be formed in the presence of MgH2 by mirroring the 

reaction conditions that are shown to generate the compound[16, 17]. 

• Perform SEM on a range of H2 cycled Mg + LiBH4 ratios to observe if the 

microstructure is altered by different concentrations of LiBH4 in the sample. 

• DSC experiments on cycled Mg + LiBH4 under a flow of argon to determine whether 

the same variety of endothermic peaks are observed during desorption coupled with 

a mass spectrum analysis to look for the evolution of H2 and diborane at those 

events. 
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