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Abstract
Magnesium hydroxide, Mg(OH)2, has great potential for CO2 capture and storage (CCS) as it can capture CO2 in aqueous and solid systems. However, the utilisation of Mg(OH)2 for CCS has been hindered due to its rare occurrence in mineral deposits, and Mg silicate minerals, despite their slow kinetics of carbonation, have been the prime focus of the investigations for CO2 sequestration owing to their abundance in nature. 
In the present study, the extraction of Mg(OH)2 from Mg silicate minerals was investigated in NaOH aqueous and solid systems. The effective extraction of Mg(OH)2 from Mg silicate minerals is beneficial because it would offer not only a large CO2 storage capability but also a faster kinetics of carbonation. The direct alkaline-based extraction of Mg(OH)2 is also beneficial, as the acidic extraction commonly used requires the addition of an alkaline reactant to favour the precipitation of Mg(OH)2 and successive carbonation process. 
81% yield of Mg(OH)2 extraction was achieved from dunite, an ultramafic rock mainly composed of Mg silicate minerals, reacted with NaOH aqueous systems. Despite the high efficiency of extraction, the large amount of NaOH consumed was identified as a potential obstacle for the implementation of the process.
Dunite was reacted with NaOH solid systems aiming the reduction of NaOH usage. The consumption of NaOH in solid systems was effectively reduced by 94.5 – 97% respect to the aqueous systems, maintaining significant rates of Mg(OH)2 extraction (65 – 73%). The H2O consumption was also reduced or avoided. 
Mg(OH)2 carbonation was investigated in aqueous and solid systems. A significant fraction of Mg(OH)2 was converted into hydromagnesite Mg5(CO3)4(OH)2·4H2O when reacted with added H2O under supercritical CO2. The dissolution of Mg in the products from Mg(OH)2 extraction significantly improved respect to Mg silicate minerals previously tested without alkaline pre-treatment. CO2 was captured from a gas mixture of CO2 and N2 at ambient conditions using an aqueous slurry of Mg(OH)2. Mg(OH)2 and CO2 dissolved in H2O and reacted by forming soluble Mg(HCO3)2 which remained in solution under controlled pH.
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1. Introduction
1.1. Carbon Capture and Storage (CCS) 
Carbon Capture and Storage (CCS) is a portfolio of technologies developed for the abatement of anthropogenic CO2 emissions via permanent isolation of CO2 from the atmosphere. CCS includes the separation of CO2 from exhaust flue gases and its storage either underground (geological storage), in seawater (ocean storage), or through the fixation into stable mineral carbonates via mineral carbonation [1]. The existing capture technologies are based on the chemisorption of CO2, mostly with amine solvents, to obtain a concentrated stream of gaseous CO2 ready to be stored [1]. Despite the large sequestration potential of geological and ocean storage, the leakage of CO2 is a potential environmental risk associated with these technologies [1]. CO2 mineralisation via chemical reaction with Ca- or Mg-bearing materials is considered to be the only storage technology currently available which assures the safe and permanent sequestration of CO2 [1]. The preferred feedstock materials have been Mg silicate minerals owing to their wide availability in nature. Although, the slow kinetics of carbonation are deemed not suitable for large scale applications and have been limiting the implementation of mineral carbonation technologies. 
1.2. Mg(OH)2 for CCS 
Ultramafic rocks such as dunite and serpentinite provide large potential for CO2 sequestration as they contain a high wt% of Mg and are widely available in natural deposits [2]. The main components of dunite and serpentinite are forsterite, Mg2SiO4, and the polymorphs of the serpentine group, Mg3Si2O5(OH)4 [2]. Although the carbonation of these minerals is energetically favoured, the kinetics of reaction of such Mg silicate minerals are too slow to be applied for large scale operations, and thus, Mg component is usually extracted via chemical pre-treatment to accelerate the reaction [1]. Mg can be extracted as Mg(OH)2 with the following advantages: 
(1) Mg(OH)2 has a faster kinetics of carbonation reaction compared with the original Mg silicate minerals [1]; 
(2) Mg(OH)2 is a rare compound in nature, and the effective extraction from Mg silicate minerals offers a large potential access to the material [1]; 
(3) Mg(OH)2 has already been used for flue gases desulphurisation and it could be potentially applied for CO2 capture without an expensive CO2 pre-separation from other flue gas components and pre-compression operations [3, 4, 5]. 
1.3. Alkaline extraction of Mg(OH)2  
Mg(OH)2 can be extracted from Mg silicate minerals via reaction with acidic solutions or salts [6, 7]. These processes involve a second step to increase the pH of the system and favour the formation of Mg(OH)2, and thus an alkaline reactant is also consumed [6, 7]. The direct alkaline-based extraction of Mg(OH)2 is interesting because it would not require the secondary pH shift, and the process can be simplified to a single-step reaction. However, the research in this area is highly limited, and the process proposed by Blencoe et al. [8] is the only established technique currently available in the open literature. The authors used highly concentrated NaOH solutions to produce Mg(OH)2 from magnesium silicate minerals at 200 °C [8]. A few drawbacks have been identified in this technique, i.e. the large amount of NaOH required (30 – 80 percent by weight of NaOH in water) and the long reaction time (72 hours), and the technology is considered unsuitable for CCS [8, 9]. To establish an alkaline-based extraction of Mg(OH)2 from natural minerals applicable for CCS, the improvement of this technology is essential. 
1.4. Aims and objectives
The present study aims to develop a novel technology for the alkaline-based extraction of Mg(OH)2 from Mg silicate minerals. Dunite composed of approximately 73 wt% forsterite was used throughout the project as a feedstock material with NaOH as extracting agent. Dunite was selected due to the large availability in natural deposits while NaOH was selected as extracting agent after some preliminary tests with other reagents, e.g. KOH and NaHCO3, resulted in low efficiencies of extraction. 
The extraction of Mg(OH)2 from dunite was firstly investigated in NaOH aqueous systems. The objective of the study was to achieve significant rates of extraction with suitable conditions to improve the process proposed by Blencoe et al.. The effects of NaOH concentration, reaction temperature and duration were investigated, and the efficiency of Mg(OH)2 extraction was assessed. The kinetics aspects of the reaction were also studied to obtain insight into the mechanism of reaction.
The second part of the study focused on the extraction of Mg(OH)2 from dunite-NaOH solid systems aiming at the reduction of NaOH consumption to the stoichiometric ratio with dunite (the theoretical minimum amount for the complete extraction of Mg(OH)2 from dunite). The feasibility of reaction was thermodynamically studied and the effects of reaction conditions, i.e. NaOH content, water content, reaction temperature and duration, were investigated. The kinetics aspects of the reaction were studied also for the solid systems and discussed in comparison with that for the aqueous systems.
The third part of the study focused on the feasibility of CO2 capture and storage with Mg(OH)2. Mg(OH)2 carbonation was tested via gas-solid carbonation under atmospheric pressure and with supercritical CO2. The aqueous carbonation of Mg(OH)2 slurries was also studied. The products from dunite alkaline digestion enriched in Mg(OH)2 were carbonated in H2O via CO2 pressure swing, a method developed for the precipitation of CaCO3 from cement waste aqueous slurries [10]. Gas-liquid carbonation was also tested to separate CO2 from a 4 – 5% CO2 gas mixture with N2 via gas-liquid scrubbing and simulate the capture of CO2 from exhaust flue gases. 
Then, the implications of using Mg(OH)2 derived from dunite for CCS were discussed. For the aqueous extraction, the CO2 balance was analysed considering the NaOH consumption, temperature, duration of the extraction and theoretical CO2 capture potential of Mg(OH)2 produced. An improvement of the system is discussed based on the recycling of the alkaline solutions for multiple digestion batches. A similar analysis was conducted for the solid extraction and the effect of temperature and duration on the CO2 balance was discussed. 
Finally, conclusions are drawn based on the obtained outcomes, and some recommendations are provided for further study. 






















2. Literature Review
2.1. Introduction 
The literature review provides a general overview of the Carbon Capture and Storage (CCS) technologies and their roles for the abatement of CO2 anthropogenic emissions. Ex-situ mineral carbonation technologies are discussed with specific regard to the extraction of Mg from Mg silicate minerals and Mg(OH)2 carbonation, as they are of particular interest for the subject of this study.
2.2. Current state of CO2 emissions 
2.2.1. The environmental risk from anthropogenic CO2 emissions 
From the beginning of the industrial revolution, i.e. 1750, the greenhouse gas (GHG) emissions have steadily increased, forcing a significant perturbation of the environment [11]. The human activities are responsible for the majority of the greenhouse gas emissions, mostly constituted by CO2, CH4 and N2O [11, 12, 13, 14]. The accumulation of anthropogenic emissions in the atmosphere has changed the energy balance of the earth through a process commonly known as the greenhouse effect [11, 12]. The Earth surface constantly absorbs and emits the solar radiation, maintaining the environment habitable. However, the greenhouse gases and aerosols present in the atmosphere absorb these radiations and partially radiate them back to the Earth surface [11]. The increase of anthropogenic emissions has enhanced this phenomenon causing the unnatural over-heating of the earth surface leading to climate change [11]. 
CO2 is the major contributor to the greenhouse effect [11, 12, 14]. The main sources of anthropogenic CO2 emissions are the burning of fossil fuels, cement and steel making industry, deforestation and land use [11, 12, 14]. From the beginning of the industrial revolution the concentration of atmospheric CO2 has increased by 40%, reaching a concentration of 390.5 ppm in 2011 [11]. It has been estimated that by 2050 the greenhouse gas emissions will increase by 50% with a major contribution from CO2 which will increase by 70% [13]. Consequently, the global mean temperature is expected to rise by 2 – 3 °C [13]. This alarming prospect requires an immediate intervention on the global scale to reverse the trend of the anthropogenic emissions.
2.2.2. Technologies for the abatement of CO2 emissions
The burning of fossil fuels, mainly coal and oil, is the primary source for power generation and is responsible for two-thirds of the global CO2 emissions which are expected to further increase due to the future rise of the energy demand [13]. The strategies for the reduction of CO2 anthropogenic emissions include the introduction of new green technologies for the energy supply, the improvement of the efficiency of existing technologies and the reduction of energy demand and consumption [14, 15]. 
Low-carbon technologies already exist such as nuclear power or renewable energies, i.e. biomass, wind power, solar power, geothermal energy and hydropower, although it is unlikely that these technologies will fully substitute fossil fuels within a short time scale [13, 16]. The main obstacles for the implementation of the renewable energy are the large cost and dependence on the environmental conditions, whereas for nuclear power the prime concerns are the safety and waste management [14, 17]. 
The International Energy Agency (IEA) calculated that 80% of the emissions projected by 2020 will be produced by power plants currently operating [13]. The integration of Carbon Capture and Storage (CCS) and Carbon Capture and Utilisation (CCU) technologies is considered the most effective strategy for the decarbonisation of existing power plants until alternative energy sources are implemented [18]. 
CCS technologies are based on the separation, transport and long-term storage of exhaust CO2, which will be thoroughly discussed in Section 2.3 [1]. CO2 is isolated from the atmosphere via injection in the underground or the deep ocean, or via chemical fixation into solid and stable mineral carbonates [1]. 
An alternative to CCS are CCU technologies which are based on the utilisation of exhaust CO2 for the production of chemicals such as urea, polymers, methanol and products for pharmaceuticals industries [19]. The potential scale of CCU implementation is considered too small to make a significant impact on the abatement of CO2 anthropogenic emissions [5]. Moreover, CCU is based on the recycling of exhaust CO2 to form new chemical products which will eventually re-emit the CO2 in the atmosphere when decomposed [5]. 
New technologies based on the capture and storage of CO2 with biomass and living organisms are also attractive. Microalgae and cyanobacteria have been proposed as vehicles for the fixation of CO2 through photosynthetic processes [20, 21], whereas the pyrolysis of biomass produces biochar which is a low cost carbon sink with large storage potential [22, 23]. 
2.2.3. A global responsibility               
The United Nations Climate Change Conference held in 2010 determined the limit to the greenhouse gases concentration in the atmosphere to be achieved within 2100, i.e. 450 – 550 ppm [24]. This threshold was established from studies and projections which determined that higher concentrations of greenhouse gases would irreparably damage the environment [12]. 
In 2014, China was responsible for 29% of the global CO2 emissions, becoming the largest CO2 emitter and followed by the United States, at 16%, the EU, at 11% and India, at 6% [25]. China is the largest consumer of coal in the world and in 2012 consumed almost the same quantity of coal used in the rest of the world, i.e. 46% [26]. The Chinese government has expressed the intention to improve green policies and China is currently one of the countries majorly involved in the development of CCS technologies and renewable technologies [27, 28, 29]. 
The CO2 emissions of the US have registered an opposite trend, decreasing by over 12% from 2005 to 2012, thanks to the substitution of coal and petroleum with natural gas, hydropower and renewables energies [14, 25]. The price of coal in Europe is much lower than that of natural gas and only the carbon tax could encourage the exploitation of new energy sources [27]. Nevertheless, the UK and the majority of the countries of the European Union have seen a reduction of the CO2 emissions since 2005 thanks to the introduction of the Emissions Trading System (ETS) [30]. The ETS is based on a cap and trade system which imposes limitations on the CO2 emissions to power and industrial plants and allows the trade of emissions allowances among them. The cap decreases in time and it is expected to achieve a reduction of the greenhouse gas emissions of the EU by 21% in 2020 [30]. 
The Department of Energy and Climate Change estimated that in 2013 the total CO2 emissions in the UK were 467.5 million tonnes [31]. The main sources of these emissions were the energy supply, transport, and residential sectors [31]. The UK strongly relies on the carbon consumption and 60% of the emissions from the energy supply are from the burning of fossil fuels, and thus, an immediate intervention is necessary for the decarbonisation of the energy system [32].  
2.3. Carbon Capture and Storage (CCS) 
CCS is a portfolio of technologies which includes the separation, transport and storage of exhaust CO2 [1]. CO2 is separated from the flue gas to obtain a relatively pure gas which is compressed and moved through pipelines or stored in tanks and transported to the storage location [1]. The CO2 can be stored in oil and gas fields, deep saline formation, coal beds, in geological formations or into the ocean [1]. CO2 can also be sequestered via mineral carbonation, also called carbon mineralisation, which consists of the conversion of gaseous CO2 into stable and solid mineral carbonates via carbonation reaction with suitable feedstock materials [1]. 
CCS can be integrated into existing and new generation power plants, or to industrial plants such as chemicals, cement, steel, iron and refineries, and potentially lead to net negative CO2 emissions [18, 25, 33]. The implementation of CCS would enable to use the fossil fuels, on which many economies rely, and have a sustainable energy supply system [33]. For these characteristics, CCS has earned a primary position in the agenda for CO2 emissions reduction over the next 20 – 50 years, until the renewable technologies substitute the fossil fuels as prime source of energy [18, 25, 28, 33]. 
According to the Intergovernmental Panel on Climate Change (IPCC) [1], a power plant equipped with CCS would reduce the net CO2 emissions by 80 – 90% but it would also cause the increase of the energy consumption by 10 – 40% compared with the same plant operating without CCS [1]. 
The integration of CCS technologies is energy and cost demanding and has hindered their implementation on a large scale. The capture technologies require the large consumption of chemicals which can only be partially recovered [1]. The research so far has focused on the reactivity of the capture agents with CO2, although the chemistry of the exhaust flue gases is complex and the interaction with NOx, SOx and other components should also be assessed [1, 34]. The storage technologies require the large consumption of solid materials, e.g. minerals and rocks, chemicals which are only partially recoverable and the application of high temperatures and pressure which are energy intensive conditions [1]. Furthermore, the storage of CO2 under rocks and in sea water presents environmental constraints due to the potential risk of leakage from the storage sites [1]. 
2.3.1. CO2 capture
CO2 can be captured from exhaust flue gases via post- or pre-combustion chemisorption, CaO looping and oxyfuel combustion. The direct capture of CO2 from air using NaOH – KOH is considered less efficient while other promising sorbents are being developed for possible future applications, e.g. physical sorbents, membranes, zeolite [1, 19, 34, 35]. 
CO2 capture via chemisorption has been already applied for natural gas treatment and ammonia production [1, 34]. Gaseous CO2 reacts with aqueous solutions of amine solvents, mainly alkanolamine and monoethanolamine (MEA), by forming water-soluble salts [34]. Then, the solution is heated to separate the CO2 from the solution and the solvent is partially recovered [34, 36]. The amine-based chemisorption allows the separation of 85 – 95% of the CO2 processed in a plant and currently is the preferred option for CO2 capture [1]. Nevertheless, this technology has some drawbacks. The amines tend to degrade due to thermal stress or by reaction with some of the flue gases components, i.e. O2, NOx and SOx, and thus only part of the solvents consumed can be recovered [34, 36]. Moreover, some of the amines degradation products are severe pollutants, e.g. ammonia, aldehydes, volatile amines, polyamines, and their safe disposal has yet to be assessed [34, 36]. 
Calcium looping uses CaO as sorbent of CO2 [34, 37]. CaO reacts with CO2 by forming CaCO3, CaCO3 is then calcined at around 900 – 950 °C to produce CaO and a highly concentrated CO2 stream, i.e. <90 vol% CO2, ready to be stored [34]. The CaO is reused in multiple capture cycles although the capture capacity gradually decreases due to the continue exposure to high temperatures which reduces the reactive surface area and the porosity [34]. Moreover, the presence of sulphur impurities in the gas stream leads to the formation of CaSO4, reducing the capture capacity [34]. The carbon looping process is particularly suitable for the cement industry because the exhaust CaO can be reused for cement production [34]. 
The CO2 capture via chemisorption with amines or CaO is used for post-combustion and pre-combustion capture. The post-combustion capture involves separation of CO2 directly from the exhaust flue gases and is considered the most suitable for retrofitting the operating power plants [1]. However, the low concentration of CO2 in the flue gas, i.e. 3 – 15 vol%, requires the pre-compression of CO2 before the transport and storage, increasing the energy penalty of the process [1, 34]. It has been estimated that a coal-power plant equipped with amine-based post-combustion capture would see a reduction of the thermal efficiency by 25 – 34%, which corresponds to a cost-increase of the electricity by 70% [36]. 
The pre-combustion capture involves the pre-treatment of the flue gas to achieve an outlet gas composed of H2 and highly concentrated CO2. This process simplifies the chemisorption of CO2 but is energy intensive [34]. 
The oxyfuel capture is still in the research phase. It involves the fuel combustion in a mixture of ~95% pure oxygen and exhaust CO2 [34]. The product of this process is constituted by CO2 and H2O which can be easily separated via condensation, giving an outlet stream of pure CO2 [34]. The main drawback of the oxyfuel capture is the production of pure oxygen from air which is an energy intensive process and adds severe energy penalties to the process [34].
The capture of CO2 constitutes the majority of the overall cost of CCS technologies and constitutes the main obstacle for their deployment in industrial and power plants [5, 38, 39].
2.3.2. CO2 geological storage 
CO2 geological storage is the most viable sequestration method because it offers a storage capacity of the order of millions of tonnes CO2 per year and is based on a mature technology which has been previously used in oil and gas industries [1, 17, 36]. A few geological storage projects are already fully operative such as the Sleipner project in Norway and the Weyburn project in Canada [1, 36]. 
The locations suitable for geological storage require the presence of a caprock with low permeability, which allows the physical trapping of CO2 [1, 36]. In presence of H2O, e.g. deep saline aquifers, the injected CO2 can dissolve and re-precipitate as mineral carbonate. In this case the storage occurs via chemical trapping and it is also known as in-situ mineral carbonation [1, 36]. 
The factors currently preventing the implementation of geological storage are the potential risk of CO2 leakage from the storage location and the lack of dedicated policies and regulations for the treatment of CO2 [1, 17].
2.3.3. CO2 ocean storage 
Oceanic waters have been identified as an alternative sink for exhaust CO2 [1]. According to model calculations the storage capacity of the oceans is of the order of thousands of GtCO2 [1]. CO2 can be injected in the sea water at different depths, i.e. below 1000 or 3000 m [1]. CO2 injected below 1000 m is sequestered via aqueous dissolution. The water rich in CO2 is denser and is transported in the deep sea from the oceanic currents where it remains isolated. CO2 has to be fully dissolved or it will be re-emitted in the atmosphere [15]. 
Below 3000 m, CO2 liquefies and forms a layer which is trapped from the surrounding water [1]. An alternative option is to release the CO2 into the ocean in forms of solid or hydrate phases [15]. Gaseous CO2 can be converted into dry ice and dumped into the ocean where it sinks at the bottom due to the high density [15]. Based on the same principle, CO2 hydrate can be released into the ocean and gradually release the CO2 in the deep water where it remains isolated [15]. The main drawback of these methods is the high cost to convert gaseous CO2 into dry ice or hydrate CO2 [15]. 
CO2 storage into oceanic waters is still in the research phase due to potential environmental risks such as the perturbation of the ocean’s ecosystems and the possible release of CO2 back in the atmosphere during the circulation of the water [17, 40, 41, 42, 43]. The consequences of ocean acidification on the marine ecosystem are difficult to predict, although several studies have pointed out that the acidification of the seawater affects the living organisms and lowers their growth and reproduction rate [40, 41, 42, 43]. The major issue for the implementation of ocean storage is the utilisation of sea water for the storage of waste substances which is currently forbidden by international laws [44]. If the safety of CO2 storage in sea water should be demonstrated, it could be authorised by special permits but at this stage further research is necessary [44]. 
2.3.4. CO2 mineral carbonation
Mineral carbonation for CO2 sequestration was first proposed by Seifritz in 1990 [45] and consists of the fixation of CO2 into solid and stable mineral carbonates. Carbon mineralisation reproduces the same chemical reactions involved in the weathering of natural rocks [1]. When CO2 dissolves in H2O it forms an acidic solution according to Reaction 2.1 [46]: 
	

	(2.1)


The acidic aqueous solution in contact with Ca and Mg bearing rocks, hydrolyses Ca and Mg which are leached in solution and react with CO32-  forming Ca and Mg carbonate minerals, e.g. CaCO3 and MgCO3 [47, 48]. 
CaO and MgO bearing materials are considered the most suitable feedstock materials for carbon mineralisation because CaCO3 and MgCO3 are thermodynamically stable and assure the safe and permanent sequestration of CO2 [1]. 
The mineral carbonation can take forms of in-situ and ex-situ [1]. The former consists of the chemical reaction of the CO2 retained underground with the host rock or brines to form solid and stable carbonate minerals [49]. The ex-situ mineral carbonation technology involves the reaction of CO2 with minerals which have been previously mined or with waste materials from industrial processes [49, 50]. It has been estimated that the storage capacity of ex-situ mineral carbonation is higher than geological storage and would allow the sequestration of CO2 anthropogenic emissions over thousands of years [5]. 
2.4. CO2 mineral carbonation
2.4.1. Mineral resources 
The suitable rocks for CO2 sequestration via mineral carbonation are rich in Ca and Mg and form large deposits which allow the storage of large quantities of CO2 [17]. Mafic and ultramafic rocks have been targeted for in-situ mineral carbonation [49], while ultramafic rocks rich in forsterite and serpentine have been the preferred feedstock materials for ex-situ mineral carbonation [1].
Mafic rocks are silicate rocks with high concentration of Mg, Fe and Ca [2]. Basalt is one of the mafic rocks suitable for in-situ mineral carbonation. It contains SiO2 <52 wt% and the principal mineral components are from the plagioclase group, i.e. albite, NaAlSi3O8, and anorthite, CaAl2Si2O8, and pyroxene group, XYSi2O6 where X and Y can be Ca2+, Mg2+, Fe2+ [2, 51]. 
In the US, several tests have been conducted on CO2 injection in basalts, i.e. in the outcrop of the Palisade Sill [52] and in the aquifer of the Columbia River flood basalt [53]. Other suitable basalt deposits have been identified offshore the US coasts, e.g. 917 GtCO2 and 900 MtCO2 could be stored in the Juan Fuca Plate and Sandy Hook Basin, respectively [49, 54, 55]. 
One of the most important CCS pilot-scale projects is CarbFix in Iceland which involves the capture of CO2 from flue gas emitted from a geothermal power plant and the injection of CO2 dissolved in water under a basaltic formation at a rate of 2200 tonnes per year [56]. Between 2011 and 2012, 175 tonnes of CO2 were injected for a preliminary test, and additional injection tests were conducted in 2013 at different depths and temperatures [57]. The complete dissolution of CO2 in water has been demonstrated, whereas the chemical fixation into mineral carbonates is currently under investigation [57]. 
Ultramafic rocks have low concentration of SiO2, i.e. <45 wt%, and high content of Mg, Ca and Fe [58]. The most abundant ultramafic rocks are peridotites which are primarily constituted by the Mg-rich end member of the olivine group, i.e. forsterite, Mg2SiO4, spinel, MgAl2O4 and the minerals of the pyroxene group [2, 51]. When the content of olivine is >90 wt%, peridotites are classified as dunite [2]. 
The Samail Ophiolite in Oman is the largest ophiolitic outcrop in the world and is constituted by 30 vol% peridotite partially serpentinised [59]. The deposit naturally carbonates and it has been estimated that ~105 tonnes of CO2 are captured and fixed as mineral carbonates every year [59]. Currently, the site is subject to investigation to further enhance the CO2 storage capacity [59, 60].
Serpentinites are ultramafic rocks generated from the metamorphic transformation of peridotites, and the principal mineral components are the polymorphs of the serpentine group, i.e. antigorite, chrysotile, and lizardite, Mg3Si2O5(OH)4, forsterite, magnetite, Fe3O4, and brucite, Mg(OH)2 [2, 51]. Some of the major outcrops of serpentinite are found in Finland, Australia, Kazakhstan, South Africa and California [58].  
Deposits of peridotite and serpentinite are rare and scattered in the UK territory and the implementation of ex-situ mineral carbonation of Mg silicate minerals would require the import of feedstock minerals from overseas. Finland, Norway, Spain and Greece are the closest countries which present ultramafic outcrops sufficiently extended to be exploited for mineral carbonation [58, 61]. 
2.4.2. Ex-situ mineral carbonation
The ex-situ mineral carbonation technologies involve the reaction of CO2 with feedstock materials rich in Ca and Mg, in a reactor above ground [1]. The carbonate minerals produced can be safely disposed of or reused in the construction industry, for land reclamation projects and restoration of mining sites [1, 5].The ex-situ mineral carbonation is considered the most secure option for CO2 sequestration because it avoids any risk of leakage which is intrinsic to the other storage technologies [1]. Moreover, when CO2 is fixed into carbonate minerals, the post-storage operations such as monitoring of the storage site, are not required and the liability of the operators is minimised [49]. 
Suitable feedstock materials include minerals or waste materials from industrial processes [1]. This paragraph focuses on the usage of minerals as it is of prime interest for this study, while the usage of waste materials is discussed Section 2.7.
CaO, Ca(OH)2, MgO and Mg(OH)2 are the most suitable reactants for ex-situ mineral carbonation as they have a faster kinetics of carbonation reaction compared with other Mg and Ca bearing minerals [1, 62, 63]. However, Ca and Mg oxides and hydroxides are almost unknown in nature, and Ca and Mg silicates are commonly used instead, in particular forsterite, wollastonite, CaSiO3, and serpentine [64, 65]. Wollastonite is more reactive than forsterite and serpentine but it is less common in natural deposits [64, 65]. Forsterite and serpentine are the most abundant MgO bearing minerals in nature [64] and contain large amounts of MgO, i.e. 40 – 50 wt% [2, 66]. 
The carbonation reactions of these silicate minerals are energetically favoured and exothermic as shown from the standard Gibbs free energy and standard enthalpy of reaction reported in Table 2.1.
Table 2.1: Standard enthalpy of carbonation normalised per 1 mole of CO2 [62, 67].
	Mineral
	Carbonation reaction
	ΔG°
(kJ/mole)
	ΔH°
(kJ/mole)

	Forsterite
	

	̶   34.7
	̶   88

	Chrysotile
	

	̶   18.1
	̶  35

	Wollastonite
	

	̶   39.5
	̶  87


Although energetically favoured, the carbonation of these minerals occurs over a geological timescale [64]. The acceleration of the kinetics of carbonation requires the mechanical, thermal or chemical pre-treatment of the raw materials [1]. The mechanical pre-treatment consists of the reduction of the particle size to increase the surface area and improve the reactivity [49]. In most cases, the particle size is reduced below 100 μm via mechanical grinding [5]. 
The thermal pre-treatment is primarily used to increase the reactivity of serpentine by removing the water chemically bound through heating at 600 – 630 °C [64]. 
The chemical pre-treatment is used to extract Ca and Mg from the feedstock materials in order to accelerate the kinetics of carbonation reaction and maximise the conversion into carbonate minerals [1]. Several methods have been tested, i.e. dissolution with inorganic [6, 64, 68] and organic acids [69, 70], alkaline aqueous solutions [8], and solid state reactions [48]. Nowadays, the majority of the ex-situ mineral carbonation technologies rely on the chemical pre-treatments of the feedstock materials, although the large amounts of chemicals consumed is a major burden for the scalability of these processes [1, 5, 49, 71, 72]. 
In order to capture significant amounts of CO2, large quantities of minerals would have to be mined and ground, i.e. 2.5 – 3.6 tonnes of rock per tonne of CO2 converted into mineral carbonate [5]. The mining, grinding and transport of such large amounts of minerals present logistic constraints and have a significant impact on the energy and costs demand of mineral carbonation [5]. These characteristics make ex-situ mineral carbonation practicable only for specific cases: small scale plants (2.5 MtCO2 emitted per year), CO2 emission point close to a mine site or other sources of feedstock materials, and when other storage technologies are not applicable. 
In the past 20 years, several ex-situ mineral carbonation technologies have been investigated in two main categories, direct and indirect mineral carbonation. In the direct mineral carbonation, the feedstock material reacts with CO2 in a single-step process [9], whereas, in the indirect mineral carbonation, the raw material is chemically pre-treated to obtain an intermediate product which is carbonated in a separate stage [9].
2.5. Direct ex-situ mineral carbonation 
The direct mineral carbonation technologies are (1) gas-solid carbonation, based on the reaction of the feedstock materials with gaseous CO2, and (2) aqueous carbonation based on the reaction of the raw materials and gaseous CO2 in water to precipitate carbonate minerals [9]. 
2.5.1. Direct gas-solid carbonation
The low efficiency of this type of carbonation has been reported [9]. 
Lackner et al. [64] first studied the direct gas-solid carbonation of forsterite and serpentine. In their study, the minerals did not carbonate at atmospheric conditions and showed negligible carbonation rates when carbonated at 340 bar and 140 – 300 °C [64, 73]. 
The direct gas-solid carbonation of mineral silicates has been abandoned due to the low rates of carbonation achievable even under high temperature and CO2 pressure, and the research has focused on direct aqueous carbonation [9, 72, 74].


2.5.2. Direct aqueous carbonation
The direct aqueous mineral carbonation has been developed to enhance the carbonation rate through the dissolution of feedstock materials and gaseous CO2 in water [9]. 
O’Connor et al. [66] studied the direct aqueous carbonation of serpentine and olivine while Huijgen et al. [65] used wollastonite as feedstock material. Serpentine and olivine were mixed with 0.5 – 0.64 M NaHCO3 and 1 M NaCl aqueous solutions while wollastonite was mixed with distilled water and the slurries were placed in a stirred autoclave pressurised with CO2. NaHCO3 was added to shift the equilibrium in solution and favour the formation of CO32- ions, required for the precipitation of MgCO3. NaCl improved the dissolution of Mg by forming Mg chloride complexes and reducing the activity of Mg2+ in solution [66].
Three reactions occurred simultaneously: the dissolution of CO2 in water (Reaction 2.1), the mineral dissolution (Reactions 2.2 and 2.3) and the precipitation of carbonate minerals (Reactions 2.4 and 2.5). 
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The carbonation of wollastonite into CaCO3 was faster and required lower CO2 pressure (20 bar at 200 °C) than the carbonation of olivine and serpentine into MgCO3 (117 – 187 bar at 155 – 185  °C), due to the higher precipitation rate and lower saturation concentration of CaCO3 with respect to MgCO3 [65, 66, 75]. Nevertheless, wollastonite natural deposits are less common than those of olivine and serpentine [75], and further energy and investments may be required to provide sufficient quantities of this mineral. 
Gerdemann et al. [75] estimated the energy required to integrate the direct aqueous carbonation of olivine, serpentine and wollastonite with a coal-fired power plant.
The carbonation of serpentine was the most energy demanding, i.e. 1009 and 2431 GWh/MtCO2 sequestered for antigorite and lizardite, respectively, whereas the carbonation of olivine and wollastonite required 633 and 429 GWh/MtCO2 sequestered, respectively. 
Large quantities of feedstock minerals are consumed to achieve 100% sequestration of the CO2 emitted, e.g. 5.3 tonnes of olivine per 1 tonne of coal burned. Therefore, scaling-up the direct aqueous carbonation would not be energetically sustainable. The high temperatures and PCO2 of reaction, the mechanical and thermal pre-treatment of the minerals all contribute to improve the carbonation efficiency but also cause high energy consumption and the overall process results in net positive CO2 emissions [75]. In order to improve the efficiency of the carbonation, the chemical pre-treatment of silicate minerals has been studied aiming the extraction of Ca or Mg in solution or solid Mg(OH)2.
2.6. Extraction of Mg component for ex-situ mineral carbonation 
The ex-situ indirect mineral carbonation technologies are often categorised by the solvent used, i.e. acidic or alkaline, and by the chemical process, i.e. solid state reactions or aqueous dissolution. The following sections describe the most relevant indirect mineral carbonation technologies currently reported in the open literature, underlining advantages and points to improve. Special attention is paid to the alkaline-based processes and utilisation of NaOH as extracting agent for their relevance to the subject of this thesis. 
2.6.1. Acidic dissolution
The acidic dissolution of serpentine and olivine was first proposed by Lackner et al. [64] who used HCl aqueous solutions to extract Mg and SiO2 (Reaction 2.6). The authors suggested two alternatives routes, (1) the precipitation of magnesite, MgCO3, by purging CO2 into the solution, (2) the precipitation of Mg(OH)2 as intermediate product. Mg(OH)2 is produced by heating the solution of MgCl2·6H2O to form MgCl(OH) and HCl (Reaction 2.7). Subsequently, HCl is separated and H2O is added to precipitate Mg(OH)2 (Reaction 2.8). Mg(OH)2 has a faster rate of carbonation than serpentine or olivine and can be converted into Mg carbonate minerals via gas-solid reaction [64]. This technology has not been further explored because it requires large amounts of HCl and the precipitation of Mg(OH)2 and Mg carbonate minerals in acidic environment requires the addition of a second alkaline reactant to control the pH of the system [9].
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Organic acids are considered a better option than HCl because they are less corrosive and have good chelating properties which should enhance the extraction of Ca and Mg [9]. 
Park and Fan [70] used a mixture of organic and inorganic acids to extract Mg from serpentine and developed a new process based on the pH swing. The extraction was conducted in acidic solution, where the dissolution of serpentine is faster, and then the pH was shifted to alkaline, where the precipitation of Mg carbonate minerals is favoured [70]. In their process, the serpentine with particle size <75 μm was treated for 1 hour at 70 °C and atmospheric pressure with a mixture of 1 vol% orthophosphoric acid, 0.9 wt% oxalic acid and 0.1 wt% EDTA. The acidic solution containing Mg and Fe extracted from serpentine was separated from the solid product enriched in SiO2 via filtration. NH4OH was added to the aqueous filtrate to increase the pH to ~8.6 and precipitate iron oxide. Afterwards, CO2 was purged at atmospheric conditions and the pH was further raised to ~9.5 to favour the precipitation of MgCO3·3H2O. 65 percent by weight of the Mg contained in serpentine was extracted and three potentially useful products were obtained in separate stages, i.e. SiO2, iron oxide and MgCO3·3H2O [70]. 
Park and Fan demonstrated the feasibility of Mg extraction with a mixture of organic and inorganic solvents, however the process involves the consumption of multiple chemical reactants and the authors have not addressed their recovery. For this reason, the technology was considered unsustainable for CCS and it was not further investigated, although the pH swing has been applied to other mineral carbonation technologies which use different extracting agents.     
Lin et al. [6] developed a new pH swing technology to extract Mg(OH)2 from serpentine. The process presents similar constraints to those identified for the study of Park and Fan but is one of the few studies focused on the extraction of Mg(OH)2 for mineral carbonation. 
Serpentine with particle size 50 μm was dissolved with a solution 1 M of HCl at 150 °C for 24 hours. After the acidic dissolution, NaOH was added to the solution to raise the pH to 8 and precipitate SiO2. The precipitate was separated from the solution and the pH of the aqueous filtrate was further increased at pH ~11 by adding NaOH to form solid Mg(OH)2. About 90 percent by weight of Mg contained in serpentine was extracted and converted into Mg(OH)2. 
A new mineral carbonation technology based on the pH swing was investigated by Maroto-Valer and co-workers who integrated a chemical process for recycling the reactants consumed [76]. Powdered serpentine (mainly antigorite) with particle size between 75 – 150 μm, was placed in an autoclave with an aqueous solution of NH4HSO4, with 2 mol NH4HSO4 per 1 mol of Mg [77, 78]. The slurry was heated at 100 °C for ~3 hours under 45 psi (3 bar) pressure originated from the evaporation of water. Serpentine dissolved to form soluble MgSO4 and solid SiO2 according to Reaction 2.9. Other metals such as Fe, Al and Cr were extracted, which also formed the respective sulphate salts [77, 78]. 
	

	(2.9)


The aqueous solution of MgSO4 and (NH4)2SO4 was cooled down, the unreacted serpentine and silica were removed via filtration and the pH of the aqueous filtrate was raised by adding NH4OH to remove the impurities such as Fe, Al and Cr, which precipitated forming metal hydroxides [77, 78]. In a separate stage, CO2 was captured from the flue gas with NH3 which reacted forming (NH4)2CO3 and NH4HCO3 (Reactions 2.10 and 2.11) [76, 79]. 
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Subsequently, NH4HCO3/(NH4)2CO3 and NH4OH were added to the Mg-rich solution to raise the pH at 9 and precipitate Mg carbonate minerals (Reaction 2.12) [78]. This reaction was conducted at 80 °C for 1 hour duration. After the Mg carbonate minerals were separated via filtration, the residual solution was heated to regenerate NH4HSO4 and NH3 [76, 78].
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In their process, 71.3 percent by weight of Mg contained in serpentine was extracted and 46.6% carbonation efficiency was achieved [75]. The efficiency of carbonation was measured using the following equation:
	

	(2.13)


Where C(wt%) is the weight percentage of carbon contained in the reaction products, m is the mass (grams) of the product, mserp is the initial amount of serpentine used, wMg is the weight percentage of Mg originally contained in serpentine and 12 and 24 are the molecular weights of carbon and magnesium, respectively [78].
The authors calculated that 4.9 tonnes of serpentine would be required to sequester 1 tonne of CO2, consuming 11.3 tonnes of NH4HSO4 (0.6 tonnes with recovery), 4.7 tonnes of (NH4)2CO3 and 16 tonnes of H2O [78]. Rocks rich in olivine, pyroxene (mainly diopside CaMgSi2O6) and amphibole (mainly actinolite Ca2(Mg,Fe)5Si8O22(OH)2) were also tested using the same technique but only olivine gave dissolution rates comparable to serpentine [76].  
Wang et al. [79] conducted a preliminary energy evaluation of the NH4HSO4-based technology applied to serpentine and estimated an energy input of 1044 kWh/ton of CO2 sequestered. The energy consumption is comparable with that estimated by Gerdemann et al. for the direct aqueous carbonation of serpentine (antigorite), i.e. 1009 GWh/MtCO2 sequestered [75, 79]. The data reported by Wang et al. are inclusive of the energy for CO2 capture which was excluded from the assessment of Gerdemann et al.. Therefore, the indirect carbonation of serpentine developed by Maroto-Valer and co-workers could be energetically comparable or more viable than the direct aqueous carbonation of serpentine [38, 49, 65, 75]. 
2.6.2. Alkaline dissolution
The alkaline dissolution of silicate minerals is based on the attack of the metal-oxygen bonds by the hydroxyl ion, OH-, which causes the release of the metal cations in solution where they react forming hydroxide species [80, 81]. The second stage involves the attack of the bonds between silica tetrahedra which causes the release of SiO44- group in solution where it forms hydrolysis products, e.g. H4SiO4(aq) [81]. 
Blencoe et al. [8] developed a new mineral carbonation technology based on the alkaline dissolution of mineral silicates containing Ca, Mg and Fe. The first step of the process involved the reaction of the feedstock materials with highly concentrated solutions of caustic alkali-metal hydroxides at 200 °C for 72 hours. An example of the chemical reaction of forsterite and NaOH is given in Reaction 2.14. 
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The solid Mg(OH)2 was filtered and separated from the caustic solution. The liquid filtrate was reused to dissolve CO2 which formed soluble NaHCO3 (or Na2CO3) while SiO2 precipitated (Reaction 2.15). In the final stage, Mg(OH)2 was mixed with the NaHCO3/Na2CO3 solution at temperatures between 100 – 300 °C and pressure between 1 – 60 atm (1 – 61 bar) for 72 hours to precipitate MgCO3 (Reaction 2.16) and the residual solution was  recycled. 
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The 3 steps technology can be reduced to a 2 steps process when Mg(OH)2 is not separated from the caustic solution and CO2 is purged to precipitate simultaneously MgCO3 and SiO2 [8], but the utilisation of MgCO3 and SiO2 as commercial products requires an additional energy input to separate the two species [8]. 
The alkaline dissolution of mineral silicates such as Blencoe’s allows the formation of mineral carbonates without the addition of chemicals to shift the pH from acidic to alkaline which is required in the pH swing technologies based on the acidic dissolution. 
Despite the advantages of the alkaline dissolution, the process developed by Blencoe et al. has been classified too energy intensive for CO2 sequestration due to the large amount of alkaline solvent consumed, i.e. 30 – 80 percent by weight of NaOH in water (11 – 100 mol/kg NaOH) and long duration of reaction, i.e. 72 hours [9]. The alkaline dissolution of silicate minerals for mineral carbonation has not been further investigated.
2.6.3. NaOH production via chlor-alkali process
NaOH is mainly produced via chlor-alkali electrolysis [82, 83]. In this process, NaCl is dissolved in water to forma a concentrated brine which is electrolysed through the application of an electric current according to Reaction 2.17 and converted into NaOH aqueous solution, chlorine, Cl2, and hydrogen, H2 [82, 83].
	

	(2.17)


Three types of electrolytic cells can be used: mercury cells, diaphragm cells and membrane cells [83]. The new plants are normally equipped with membrane cells as they avoid the mercury emissions produced with the mercury cells and the utilisation of asbestos for the diaphragm in diaphragm cells [83]. This section will mainly focus on membrane cells. 
A schematic representation of a membrane cell is shown in Figure 2.1 [83]. The anode and cathode are separated by an ion-conducting membrane. The Na+ ions produced from the dissociation of NaCl move through the membrane toward the cathode whereas the Cl- ions are oxidised to Cl2 (chlorine gas). Meanwhile, H2O is electrolysed into H+ and OH-. H+ is reduced into H2, whereas OH- combines with Na+ to form NaOH, caustic soda, in solution. The NaOH aqueous solution produced with a membrane cell has an average concentration at about 33 wt% and is then concentrated up to 50 wt% by evaporation which is an energy intensive process. On the contrary the mercury cells allow the direct production of caustic soda solutions concentrated at 50 wt% [83].
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Figure 2.1: membrane cell for chlor-alkali process, image modified from [83].
The chlor-alkali process requires the large consumption of electricity. In 2010, 1% of the electricity consumed in Europe was used in chlor-alkali plants [83]. This technology also has a severe ecological impact as hydrogen, chlorine and other harmful chemicals are emitted [82, 83]. Table 2.2 shows the consumption and emission levels from the chlor-alkali process using mercury, diaphragm and membrane cells in Europe between 2008 and 2011 [83]. 




Table 2.2: Consumption and emission levels from the chlor-alkali process in Europe between 2008 and 2011 [83].
	
	Mercury cell
	Diaphragm cell
	Membrane cell

	Consumption per 1 tonne of chlorine produced

	NaCl
	1610 – 2340 kg

	H2O
	0 – 2.7 m3

	Steam for caustic concentration
	-
	2.7 – 5.3 t*
	0.5 – 1.7 t*

	Electricity for electrolysis 
	3000 – 4400 kwh
	2600 – 3100 kwh
	2300 – 3000 kwh

	Asbestos 
	-
	0.1 – 0.3 kg
	-

	Emission to air per 1 tonne of chorine produced

	Hydrogen
	< 0.3 – 14 kg

	Chlorine
	0.010 – 15 g

	Mercury
	0.11 – 1.78 g
	-
	-

	* at 50 wt% NaOH aqueous solution


Figure 2.2 shows the major fields of NaOH application in Europe. The production of NaOH is about 1:1 mass ratio with Cl2. In 2012, 76.8 Mt of Cl2 were produced [83]. China was the major contributor with 41% of the production, followed by US and Canada with 18% and then Europe with 16% [83]. Cl2 is used as bleaching agent or for the production of organic compounds such as PVC while the hydrogen produced (purity of about 99.9%) is normally used in site as source of energy but it can also be commercialised [83]. 
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Figure 2.2: NaOH application in Europe, 2010 [83].
2.6.4. Solid state reaction 
The research group based at the Åbo Akademi University (ÅAU) in Finland, developed an indirect mineral carbonation process based on the extraction of Mg(OH)2 from serpentine via solid state reaction [48]. The serpentine was mixed with ammonium sulphate, (NH4)2SO4, with a mass ratio of 2:3 and placed in a temperature controlled oven heated at 400 – 440 °C under atmospheric pressure for 30 to 60 minutes [48]. The reaction resulted in the formation of MgSO4 and SiO2 (Reaction 2.18). 
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The NH3 produced was recovered and dissolved in water to form NH4OH, whereas SiO2 was separated via filtration from the solution containing the soluble MgSO4. NH4OH was added to the aqueous filtrate to raise the pH at 10 – 11 and precipitate Mg(OH)2 (Reaction 2.19). 
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Mg(OH)2 was separated from the liquid phase via vacuum filtration and dried, while the aqueous solution of (NH4)2SO4 was heated below 100 °C and water was evaporated to recover up to 72% of (NH4)2SO4 [7, 48]. They reported that 70 percent by weight of Mg contained in serpentine was extracted which corresponds to 0.34 g of Mg(OH)2 produced per 1 g of serpentine processed [48]. 
They also used Mg(OH)2 extracted from serpentine to capture CO2 via gas-solid carbonation reaction (Reaction 2.20) [48]. Mg(OH)2 was carbonated in a pressurised fluidised bed (PFB) reactor which vibrates and improves the attrition of the particles [48]. This mechanism breaks the Mg carbonate layers that form on the surface of Mg(OH)2 crystals and improves the progress of the carbonation reaction. Mg(OH)2 derived from serpentine with a particle size of ~250 – 450 μm reached 50 percent by weight conversion into MgCO3 within 10 minutes in a PFB at 500 °C and PCO2 20 bar, whereas only 29 wt% of Mg(OH)2 reagent grade was carbonated.
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Romão et al. [84] performed the energy assessment for the integration of ÅAU mineralisation process to a power plant. The solid state extraction is the highest energy demanding step in the ÅAU mineral carbonation process. It was first suggested to fuel the solid state reaction using the energy released from the exothermic carbonation of Mg(OH)2 but it was demonstrated that the extraction requires 3 – 4 times more energy than that produced from the carbonation reaction and thus additional energy would be consumed [84, 85]. Large amounts of (NH4)2SO4 are consumed, i.e. 43.7 kg/ton of CO2 stored, which cannot be fully recovered on a large operational scale [84].
The ÅAU technology successfully accelerates the kinetics of Mg(OH)2 carbonation reaching a high rate of conversion within minutes, which is the best result achieved so far [85]. However, the carbonation is conducted at high temperature of reaction and, together with the high temperature used for the extraction, it contributes to make the process energy intensive. 
Giannoulakis et al. [86] conducted a life cycle assessment to compare the technology developed at the ÅAU with the direct aqueous mineral carbonation. The assessment includes the energy required for mining, grinding and transport the feedstock materials, the capture of CO2 with amine based solvents, and the disposal of the solid products as backfill in mining sites. The results are expressed as net CO2 emissions per MW of electricity produced. The lowest net CO2 emissions are generated from the direct aqueous carbonation of wollastonite and olivine while, if serpentine is used as feedstock material, the ÅAU technology could potentially be preferable than the direct aqueous carbonation [86]. 
2.6.5. Summary: extraction technologies for ex-situ mineral carbonation
The indirect ex-situ mineral carbonation technologies discussed so far are summarised in Table 2.3 to compare the temperature, pressure and duration of reaction used for the extraction Mg and Mg(OH)2 from olivine or serpentine. The efficiency of Mg extraction corresponds to the weight percentage of Mg extracted from the feedstock material. The conditions of reaction used for the carbonation of Mg and Mg(OH)2 extracted are also shown. The procedure used to assess the efficiency of carbonation was reported only by Maroto-Valer and co-workers and the group from ÅAU [48, 78]. Maroto-Valer measured the efficiency of carbonation based on the fraction of Mg contained in serpentine which was converted into MgCO3 (Equation 2.13) while the ÅAU group calculated the weight percentage of Mg(OH)2 (previously extracted from serpentine) which was converted into MgCO3 [48, 78]. 
The technology developed by Blencoe et al. requires the most energy intensive conditions for the overall process and the data reported in the open literature do not provide information on the efficiency of Mg(OH)2 extraction and carbonation reactions [8]. 
The technology developed by Park and Fan [70] requires milder conditions of reaction compared with the others and gives lower efficiency of extraction. The extraction of Mg with organic acids appears less effective than HCl or ammonium salts and the recovery of the multiple reactants consumed throughout the process is not addressed. 
The study by Lin et al. [6] demonstrated that HCl is the most effective solvent and 90 wt% of Mg was extracted from serpentine and converted into Mg(OH)2.
The mineral carbonation processes developed by Maroto-Valer and co-workers [76, 77, 78], and at ÅAU [7, 48, 84] use ammonium salts as extracting agents. These technologies result in high rates of extraction while the carbonation reaction remains the critical phase as low efficiencies are achieved. These technologies integrate a chemical process for the partial recovery of the reactants consumed and the energy assessments have shown that they could be competitive with the direct aqueous carbonation in terms of energy requirements, when serpentine is used as feedstock material [76, 77, 78, 79].












	Table 2.3: Ex-situ indirect mineral carbonation technologies [6, 7, 8, 48, 70, 77, 78, 79, 84].

	Efficiency (%)
	Carbonation
	-
	-
	- 
	46.6
	50

	
	
	Extraction
	-
	65
	90
	71.3
	70

	
	Time (hour)
	Carbonation
	72
	-
	-
	1
	0.17

	
	
	Extraction
	72
	1
	24
	3
	0.5 – 1 

	
	Pressure  (bar)
	Carbonation
	1 – 61
	1
	-
	>20
	20

	
	
	Extraction
	<15
	1
	-
	3
	1

	
	Temperature (°C)
	Carbonation
	100 – 300
	Room temp.
	- 
	80
	500

	
	
	Extraction
	200
	70
	150
	100
	400 – 440 

	
	Reactant
	NaOH
	EDTA + orthophosphoric 
+ oxalic acid & NH4OH
	HCl & NaOH
	NH4HSO4 
& NH3
	 (NH4)2SO4 
& NH3

	
	Raw 
mineral
	Olivine
	Serpentine
	Serpentine
	Serpentine
	Serpentine

	
	Mineral carbonation technology
	Alkaline dissolution
	pH swing 
with acidic dissolution
	pH swing 
with acidic dissolution
	pH swing 
with acidic dissolution
	Solid state reaction with pH swing

	
	Authors
	Blencoe et al.
	Park and Fan
	Lin et al.
	Maroto-Valer and co-workers
	Åbo Akademi University


2.7. Ex-situ mineral carbonation of waste materials
Ex-situ mineral carbonation has been applied to waste materials rich in CaO and MgO. Waste materials do not require mining, and the crushing and grinding are often avoided as they are produced with fine particle size [87]. The industries for materials production such as steel and cement are large sources of CO2 emissions, and recycling their waste materials for CO2 sequestration could be a useful way to reduce the net CO2 emissions of the manufacturing process [10, 50]. 
A wide range of waste materials have been tested for CO2 sequestration: steelmaking slags [38, 88, 89, 90, 91], cement [10], recycled concrete aggregate [92], municipal solid waste incineration ash [93], air pollution control residue [94], coal and lignite fly ashes [95, 96, 97], red mud [98, 99], mine tailings [100, 101, 102] and alkaline papermill wastes ash [103]. 
The slags are a by-product of steel and iron production and are mainly composed of Ca, Mg, and Al silicates [104]. Steelmaking slags tested via direct aqueous carbonation showed high reactivity with CO2 and 93.5% was carbonated in 30 minutes at 65 °C under a PCO2 of 1 bar [87, 105]. The research group based at the ÅAU produced precipitated calcium carbonate (PCC) from the indirect carbonation of steelmaking slags using ammonium salts as extracting agent [91, 104].
Maroto-Valer and co-workers applied the pH swing technology for the carbonation of Ca-rich waste from the production of steel, iron and yellow phosphorous [90]. The extraction of Ca from the waste materials required milder conditions of reaction than Mg extraction from serpentine [90]. However, the CaCO3 produced contained impurities such as SiO2 and CaSO4, and required additional chemical treatment to be commercialised [90]. 
Baciocchi et al. [94] demonstrated the feasibility of CO2 capture from biogas using air pollution control (APC) residues from incineration plants rich in Ca(OH)2. The limited availability of APC residues and the uncertainty of their chemical compositions are the main obstacles for the commercialisation of the process [94]. 
Iizuka and co-workers [10, 106] designed a new aqueous carbonation process of waste cement based on the CO2 pressure swing. The process involved two stages, (1) the dissolution of waste cement in water at high CO2 pressure and (2) the precipitation of CaCO3 at low CO2 pressure. The cement waste was mixed with water and the slurry was pressurised with CO2. The dissolution of CO2 created an acidic solution which favoured the extraction of Ca. After the extraction, the pressure of CO2 was reduced to 0.1 – 0.2 MPa (1 – 2 bar) and CaCO3 precipitated in solution as the saturated concentration of CaCO3 in solution decreased with PCO2 [10, 106]. The integration of cement waste recycle and CO2 sequestration is suitable because cement industry is among the largest sources of CO2 anthropogenic emissions and the CaCO3 produced could be reused in the production of cement, avoiding the consumption of additional limestone. 
Asbestos are hazardous materials mainly composed of chrysotile and characterised by a fibrous structure [107]. Asbestos are dangerous for the human health and their mining and utilisation have been banned in many countries, although asbestos tailings or dumps still exist which have to be disposed of [101]. Many chemical processes have been proposed for the treatment of asbestos before landfilling, e.g. dissolution with strong acids (H2SO4 or HCl), or thermal treatment at 620 – 750 °C [107]. Asbestos could be processed via mineral carbonation with the additional benefit of capturing CO2 [107]. Sergeeva and Kerestedjian investigated the alkaline dissolution of asbestos with NaOH, using similar conditions to those reported by Blencoe et al. [8, 108]. The asbestos were completely digested and Mg(OH)2 was obtained which is a secure and potentially valuable material [108]. 
Despite the many advantages, the utilisation of waste materials for CO2 capture has been hindered due to their limited availability, the variability of the chemical composition, and the chemical refinement often required for the removal of the impurities [5, 49, 109].


2.8. Commercial application of ex-situ mineral carbonation 
Ex-situ mineral carbonation technologies are generally considered expensive and energy demanding and the research and development has been limited to a laboratory scale [1]. Only few projects have succeeded in the realisation of demonstration plants, becoming fully marketable. 
Alcoa Inc. developed a technology which uses red mud as carbon sink [110, 111]. A demonstration plant was built in Kwinana, Australia, where the red mud slurry produced from an alumina refinery is used to capture CO2 emitted from an ammonia production plant. The carbonation reaction decreases the alkalinity of the red mud and makes it safer for disposal or reusable as filler or fertiliser [110, 111]. 
Carbon8 Systems Ltd. in the UK is currently producing and commercialising aggregates obtained from the accelerated carbonation of waste materials, i.e. APC dusts, slags and quarry fines [112]. 
Skyonic Corporation developed a new CO2 capture and storage technology and in October 2014 opened the Capitol Skymine plant which is the first profitable industrial-scale CO2 sequestration plant [113]. The Capitol Skymine plant is integrated with an existing cement plant in San Antonio, USA, and it will capture 75,000 tonnes of CO2 per year [113]. The technology is based on the direct capture of CO2 from exhaust flue gas with an aqueous solution of NaOH which results in the formation of NaHCO3 and Na2CO3 [114]. The Na-salts are separated from the liquid phase, dried and sold as commercially valuable products. NaOH is produced via chlor-alkali process (Reaction 2.17) together with H2 and Cl2. H2 and Cl2 constitute valuable by-products which can be sold or in the case of hydrogen reused to generate heat consumed during the process. Alternatively, they can be recycled for the production of HCl [114].



2.9. Mg(OH)2 for Carbon Capture and Storage
2.9.1. Current status of Mg(OH)2 applications 
Mg(OH)2 is a valuable material with a variety of applications, i.e. production of magnesia, MgO, filler for plastics, fire retardant, desulphurisation of exhaust flue gas and treatment of wastewaters [4, 115]. Mg(OH)2 has also great potential for CO2 capture and storage and the possible applications are discussed in the following paragraphs. 
The scarcity of mineral Mg(OH)2, brucite, has hindered its direct utilisation on industrial scale, and other Mg-bearing minerals, e.g. CaMg(CO3)2, MgCO3 or Mg silicate minerals, are preferred for various industrial applications [116, 117]. These minerals have a lower content of Mg than Mg(OH)2 and, in the case of Mg carbonates, CO2 is released during their chemical processing. 
In many countries Mg(OH)2 used for industrial applications is produced via precipitation from sea water, e.g. in the UK, or brines rich in Mg2+ which is an energy intensive process [4, 116]. As previously discussed, the existing technologies for the extraction of Mg(OH)2 from Mg silicate minerals have significant energy penalties which have hindered their implementation. Simandl et al. [115] estimated the current demand of Mg(OH)2 to be about 100,000 ton/year and the price to be 1800 – 2700 US$/ton [118]. The market of Mg(OH)2 has wide margins of growth and the low-cost and low-energy production of Mg(OH)2 would encourage its utilisation [115, 118]. CO2 capture and storage would be one of the sectors to benefit of the larger availability of Mg(OH)2.
2.9.2. Mg carbonate minerals
Mg carbonate minerals include anhydrous and hydrate species which are listed in Table 2.4. Magnesite is thermodynamically stable, whereas the other Mg carbonate hydrates are metastable and if disposed of in the environment they might be subject to chemical weathering and re-emit the CO2 captured [119, 120]. A study on the natural deposits of Mg carbonate hydrates has proven the stability of these phases over a geological timescale [121] while several experimental studies conducted under a wide range of temperatures, pressure and relative humidity, have demonstrated the safety of Mg carbonate hydrates for CO2 storage [120, 122, 123]. Although, the debate on the utilisation of Mg carbonate hydrates as carbon sinks is still ongoing.
Mg carbonate hydrates are the principal products of Mg(OH)2 carbonation close to ambient temperature and pressure. On the contrary, magnesite formation is observed at minimum temperatures between 60 – 100 °C and CO2 pressures ≥3 bar [119]. 
The precipitation of Mg carbonate minerals in solution is kinetically controlled but Mg carbonate hydrates form more easily and normally act as precursors of magnesite [119, 120]. This behaviour has been attributed to the strong tendency of Mg2+ to form a hydration shell that favours the formation of Mg carbonate hydrates over magnesite [119, 120]. The conversion from hydrate to anhydrous Mg carbonate occurs via dehydration or by coupled dissolution-precipitation [124]. 
Table 2.4: List of natural magnesium carbonate minerals [119, 120, 125].
	Phase
	Chemical Formula

	Magnesite
	MgCO3

	Barringtonite
	MgCO₃·2H₂O

	Nesquehonite
	MgCO₃·3H₂O

	Lansfordite
	MgCO₃·5H₂O

	Artinite
	Mg2(CO₃)(OH)₂·3H₂O

	Hydromagnesite
	Mg5(CO₃)₄(OH)₂·4H₂O

	Dypingite
	Mg5(CO3)4(OH)2⋅5H2O


2.9.3. Gas-solid carbonation of Mg(OH)2
Butt et al. [126] studied the carbonation of reagent grade Mg(OH)2 at 0.76 atm (0.77 bar), close to atmospheric pressure. First, the thermal behaviour of Mg(OH)2 was studied using a thermogravimetric analyser under a controlled atmosphere of pure CO2 or He. Under He flow, Mg(OH)2 completely decomposed via dehydroxylation reaction (Reaction 2.21) between ~350 and 450 °C. Under CO2 flow, instead, Mg(OH)2 started decomposing at ~400 °C and partially carbonated. The weight gain was too small to be attributed exclusively to the CO2 captured and the authors suggested that under CO2 atmosphere Mg(OH)2 only partially dehydroxylated and the decomposition occurred at a lower rate than under He. 
	

	(2.21)


They also conducted carbonation of Mg(OH)2 for 12 hours under isothermal conditions at different temperatures of reaction between 350 and 475 °C. In this temperature range two reactions simultaneously occur, (1) the dehydroxylation of Mg(OH)2 and (2) the carbonation of Mg(OH)2 (Reaction 2.20). 
The slow kinetics of Mg(OH)2 carbonation near atmospheric pressure resulted in the maximum CO2 capture of 16.7 wt% and was achieved at 375 °C. The reaction products showed the presence of a carbonate layer around the Mg(OH)2 crystals which acted as a barrier for the diffusion of CO2 toward the bulk on the crystals and for the release of H2O from the dehydroxylation reaction [126]. 
Béarat et al. [127] also observed the formation of a carbonate passivating layer around the Mg(OH)2 crystals. Moreover, the crystals showed translamellar cracking and delamination originating from the dehydroxylation reaction which continuously exposed unreacted Mg(OH)2 to CO2 and might have contributed to enhance the carbonation [127]. 
Zevenhoven et al. [62] conducted a thorough investigation to compare the kinetics of carbonation for Mg(OH)2 and MgO produced from the dehydroxylation of Mg(OH)2. The study revealed that MgO is characterised by a slower rate of reaction than Mg(OH)2 [62]. In their following studies, they focused on Mg(OH)2 carbonation in a pressurised fluidised bed (PFB), achieving the fastest rate of reaction reported so far in the open literature, i.e. 50% conversion into MgCO3 within 10 minutes at 500 °C and PCO2 20 bar or 65% conversion into MgCO3 at 540 °C and PCO2 50 bar [85]. 
Fricker and Park [128] studied the carbonation of Mg(OH)2 via gas-solid carbonation under high CO2 pressure between 1.03 and 1.45 MPa (10 – 14.5 bar), and temperature at 473 – 673 K (200 – 400 °C). The experiments were conducted with and without addition of small volumes of H2O. In presence of H2O, the carbonation of Mg(OH)2 was significantly enhanced. Within the range of conditions tested, the main reaction products were constituted by nesquehonite and hydromagnesite at lower temperatures, low PCO2 and low PH2O, while magnesite was the predominant phase at high temperatures, high PCO2 and high PH2O. They suggested that the large extent of Mg(OH)2 conversion into MgCO3 observed at high temperature, high PCO2 and in presence of H2O, occurred through the intermediate formation of Mg carbonate hydrate precursors [128].
2.9.4. Aqueous carbonation of Mg(OH)2
Zhao et al. [129] studied the carbonation of Mg(OH)2 in water pressurised with CO2 under 15 atm (15 bar) pressure at room temperature. 98 wt% of Mg(OH)2 was converted into nesquehonite within 2.5 hours. The authors speculated that Mg(OH)2 and CO2 rapidly dissolved in water forming CO32- and Mg2+ ions which reacted by precipitating nesquehonite [129]. 
Harrison et al. [130] studied the carbonation of Mg(OH)2 in aqueous solutions at room temperature and total pressure of 1 atm (1 bar). The experiments were conducted by purging pure CO2 or a gas mixture of CO2 and N2 at different CO2 partial pressures. Mg(OH)2 carbonation occurred via formation of nesquehonite and increased with the concentration of CO2 in solution. When pure CO2 was used nesquehonite formed after 2 hours of reaction. The authors found that the rate limiting step of Mg(OH)2 carbonation was the CO2 uptake in water and suggested the acceleration of CO2 hydration, e.g. with biological catalysts, to favour the carbonation of Mg(OH)2 [130]. 
2.9.5. Ocean liming with Mg(OH)2 
Ocean liming is a technology developed for the reduction of atmospheric CO2 by adding CaO to the ocean. CaO in water forms soluble Ca(HCO3)2 and captures 2 moles of CO2 per 1 mol of CaO. Consequently, the PCO2 in the sea water is reduced and CO2 migrates from the atmosphere to the ocean to maintain the equilibrium [131]. Mg(OH)2 can also be used for ocean liming as it reacts in water by forming magnesium bicarbonate, Mg(HCO3)2, which only exists as soluble phase [3, 132].
Renforth and Kruger [131] discussed the utilisation of MgO for ocean liming. MgO in water rapidly hydrates and forms Mg(OH)2 which is then converted into Mg(HCO3)2 achieving the capture of 2 moles of CO2 per 1 mole of MgO. Despite the large capture capacity, MgO is rare in nature and it would have to be extracted from MgCO3 or Mg silicate minerals, with a significant increase in the energy penalty of the process [131]. The same constraint exists if Mg(OH)2 is used instead of MgO. 
The addition of alkaline reactants and CO2 in sea water might cause a variation of the pH and further studies are necessary to predict the environmental impact of ocean liming [131]. 
2.9.6. Carbonation of Mg(OH)2 with supercritical CO2
The research group at the Pacific Northwest National Laboratory (PNNL), USA, thoroughly investigated the carbonation of Mg(OH)2 with supercritical CO2 [133, 134]. 
Schaef et al. [133] tested the carbonation reaction at 50 and 75 °C under CO2 pressure of 82 bar over 80 hours. Mg(OH)2 was almost inert under these reaction conditions when the system was dry. The experiments conducted at 50 °C by adding water in the pressurised reactor above the saturation level in the supercritical CO2 gave the best results. Nesquehonite formed after 3 hours and the almost complete carbonation of Mg(OH)2 was achieved within 10 hours of reaction. The carbonation of Mg(OH)2 increased with the amount of water. The experiments performed at 75 °C, showed that nesquehonite formed and then was converted into magnesite [133]. 
Loring et al. [134] continued the similar investigation but at 30, 50 and 70 °C and CO2 pressure of 100 bar over the durations of reaction of maximum 24 hours. The dry experiments confirmed the results of the previous study, showing negligible reaction of Mg(OH)2. On the other hand, 90% of Mg(OH)2 was converted into magnesite at 70 °C when H2O was above the saturation level in the supercritical CO2 whereas, at lower H2O concentrations, nesquehonite and an unidentified amorphous carbonate hydrate were detected. 
The formation of magnesite increased with the amount of H2O added and it was suggested that H2O favours the release of Mg2+ from Mg(OH)2 and the dissolution of CO2 to form CO32- ions. When Mg2+ hydrates, H2O acts by enhancing the exchange of the carbonate ions in the Mg2+ hydration cell, accelerating the kinetics of magnesite formation [134].
2.9.7. Capture of CO2 with Mg(OH)2 
Mg(OH)2 is already used for desulphurisation of exhaust flue gases [4]. The successful application of Mg(OH)2 for CO2 capture might result in the development of a new coupled desulphurisation-decarbonisation technology which would enhance the efficiency of the post-processing operations currently applied for the treatment of exhaust flue gases.  
Keener et al. [135] used Mg(OH)2 aqueous slurries to separate CO2 from a 15% CO2 gas mixture, the typical CO2 concentration found in exhaust flue gases. The tests were conducted at 52 °C and pressure of 1 atm. Three reactions occurred simultaneously in the aqueous slurry, i.e. dissolution of CO2 (Reaction 2.1) and Mg(OH)2 (Reaction 2.22) in water, and formation of soluble magnesium bicarbonate (Reaction 2.23). 
	

	(2.22)

	

	(2.23)


The CO2 captured in solution as soluble Mg(HCO3)2 was then released in a flash evaporator operated at 65°C and pressure of 5.1 atm (5.2 bar) to recover CO2 and regenerate Mg(OH)2. The best results were achieved at pH included between 8 and 9 where the formation of Mg(HCO3)2 is thermodynamically favoured [135].



2.10. Summary	
The continuous increase of anthropogenic emissions requires a fast intervention and CO2 capture and storage is among the candidate technologies for the abatement of CO2 emissions. 
Ex-situ mineral carbonation is one of the methods developed for the long-term sequestration of exhaust CO2. Mg silicate minerals are the preferred feedstock materials but are characterised by the slow kinetics of carbonation reaction. Mg silicate minerals can be carbonated in H2O at high temperatures and pressures of CO2 (direct ex-situ mineral carbonation). Alternatively, the Mg silicate minerals are chemically pre-treated (indirect ex-situ mineral carbonation) to extract Mg in solution or solid Mg(OH)2, aiming the acceleration of the carbonation kinetics. 
The extraction of Mg(OH)2 from Mg silicate minerals has been conducted via acidic dissolution with HCl, solid state reaction with (NH4)2SO4, and alkaline dissolution with NaOH. In the former two methods, the products of the extraction react with an alkaline reactant to favour the precipitation of Mg(OH)2. On the contrary, the alkaline-based extraction requires a single reactant and Mg(OH)2 is obtained in a single-step reaction. These technologies are currently considered too energy demanding and require further improvement for the implementation on industrial scale.
Mg(OH)2 has great potential for CCS. Mg(OH)2 can be carbonated with gas-solid or aqueous reactions, or with supercritical CO2. Mg(OH)2 has been proposed as feedstock material for ocean liming to store CO2 in sea water as soluble Mg(HCO3)2 and for direct capture of CO2 from exhaust flue gases via gas-liquid scrubbing.
The industrial application of Mg(OH)2 has been hindered due to the scarcity of Mg(OH)2 mineral deposits. The development of a low-cost and low-energy technology for large scale production of Mg(OH)2 could encourage the applications of Mg(OH)2 with great benefit for CCS technologies. 



3. Materials and Methods
3.1. Introduction
The research project focused on the alkaline-based extraction of Mg(OH)2 from Mg silicate minerals for CO2 capture and storage. Dunite, an ultramafic rock composed of Mg silicate minerals, was used as feedstock material and reacted in NaOH aqueous and solid systems to produce Mg(OH)2. The feasibility of CO2 sequestration with Mg(OH)2 reagent grade and derived from dunite was assessed via carbonation in solid and aqueous systems. 
The present chapter is an overview of the materials and methods used for the study and thoroughly describes the samples preparation, extraction conditions, carbonation procedures and analytical techniques used.
3.2. Materials
3.2.1. Dunite
The dunite mined in Åheim, Norway, was provided by Sibelco Ltd in a powdered form and is shown in Figure 3.1. For the use in the present study, the rock was further ground in an agate mortar with a pestle and sieved to obtain a homogeneous powder with particles of <63 μm. 
[image: ]
Figure 3.1: powdered dunite.
After being ground and sieved, the powdered dunite was analysed by laser diffraction with dry dispersion, which showed an average distribution of the particle size around 25 μm, with 90% of the particles <58 μm (Figure 3.2 (A)). These results were confirmed via Scanning Electron Microscopy (SEM). One of the secondary electrons (SE) images is shown in Figure 3.2 (B). 
[image: ]
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Figure 3.2: (A) Particle size distribution and (B) SE image of dunite. 



The elemental composition was determined by X-ray Fluorescence (XRF) and is reported in Table 3.1. 
Table 3.1: Composition of dunite in oxide form determined by XRF analysis.
	Constituent
	Composition 
(wt%)

	MgO
	48.30

	SiO2
	42.35

	Fe2O3
	6.16

	Al2O3
	0.68

	CaO
	0.19

	Na2O
	0.04

	K2O
	0.05

	Mn3O4
	0.10

	SO3
	0.22

	Cr2O3
	0.38

	SrO
	0.01

	BaO
	0.01

	Total
	98.49


The X-ray diffraction (XRD) pattern of raw dunite is shown in Figure 3.3. Dunite was mainly composed of forsterite, Mg2SiO4, the Mg-rich member of the olivine group. The minor components were also Mg-bearing minerals, i.e. clinochlore Mg5Al(Si3Al)O10(OH)8, serpentine Mg3Si2O5(OH)4, enstatite MgSiO3, talc Mg3Si4O10(OH)2 and hornblende (Ca,Na)2-3(Mg,Fe,Al)5(Al,Si)2Si6O22(OH)2. 
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Figure 3.3: XRD pattern of dunite.
Thermogravimetric (TG) analysis detected three main weight loss events which are visible in the TG and derivative (DTG) curves, in Figure 3.4. The first weight loss between 25 – 180 °C is attributed to the adsorbed H2O, the second between 300 – 400 °C is attributed to the Mg(OH)2 dehydroxylation and corresponds to a concentration of Mg(OH)2 at 0.42 wt%. The third weight loss between 440 – 820 °C is attributed to the decomposition of serpentine and clinochlore [136]. The total weight loss detected via TG in raw dunite is about 3.3 wt% whereas the XRF analysis showed that 98.27 wt% of the sample was constituted by non-volatile species. This discrepancy might be attributed to the different analytical conditions used. For TG, the samples were heated under N2 flow while, before the XRF analysis, dunite was fused under oxidising conditions which likely caused the full oxidisation of Fe into Fe2O3 [137].
[image: ]
Figure 3.4: TG and DTG curves of dunite.
3.2.2. Sodium hydroxide, NaOH 
Sodium hydroxide, NaOH, reagent grade in pellets, purity ≥97%, was provided by Sigma-Aldrich and used as an extracting agent in aqueous systems. Sodium hydroxide reagent grade in pearls, 98% pure, was also sourced from Fisher Chemicals and used as an extracting agent in solid systems.
3.2.3. Magnesium hydroxide, Mg(OH)2, reagent grade 
Commercial magnesium hydroxide, Mg(OH)2, reagent grade 95% pure, provided by Sigma-Aldrich (referred as Mg(OH)2_RG) was used as a reference material for the carbonation tests with gaseous and supercritical CO2. Laser diffraction analysis with dry dispersion showed a bimodal distribution of Mg(OH)2 particle size with 90% of the particles <30 μm and 50% <2.5 μm (Figure 3.5 (A)). On the other hand, SE images showed a homogeneous particle size distribution and the crystals of Mg(OH)2 had an average dimension ≤1 μm (Figures 3.5 (B) and (C)). Mg(OH)2 crystals tend to agglomerate in clusters, indicated with arrows in Figure 3.5 (B), which might have caused the bimodal distribution observed via laser diffraction. 
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Figure 3.5: (A) Particle size distribution and (B – C) SE images of Mg(OH)2_RG. 
The XRD pattern of Mg(OH)2_RG and the Rietveld Refinement results are shown in Figure 3.6. XRD analysis revealed the presence of brucite, the mineral form of Mg(OH)2, and hydromagnesite, Mg5(CO₃)₄(OH)₂·4H₂O. Other low intensity peaks remained unidentified and indicated the presence of additional minor components. Rietveld Refinement Quantitative Phase Analysis (QPA) conducted on the XRD pattern indicated that brucite formed 89 ± 3 wt% of the material. 
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Figure 3.6: XRD pattern and Rietveld Refinement of Mg(OH)2_RG. Data points profile = experimental pattern, continuous profile = calculated model.
The CO2 content in Mg(OH)2_RG was estimated at 3.96 wt% based on the average carbon content of 1.08 wt% obtained via Carbon Hydrogen Nitrogen (CHN) elemental analysis. 
Mg(OH)2 with 98% purity was provided by Lehmann & Voss & Co and used for the tests on CO2 capture from a gas-mixture in H2O. The material had average particle size of 7 µm, and also contained 0.5% CaO and smaller amounts of SiO2 and Fe2O3 as impurities. 
3.2.4. Magnesium hydroxide, Mg(OH)2, derived from dunite
Mg(OH)2 obtained from the alkaline digestion of dunite in aqueous system with 50 mol/kg NaOH, (referred as Mg(OH)2_D), was also used for the carbonation tests. Table 3.2 summarises the Mg(OH)2 content determined via TG and residual fraction of dunite in Mg(OH)2_D. The table also shows, enclosed in brackets, the CO2 content in the residual dunite determined via CHN elemental analysis. Mg(OH)2_D1 and D2 were used for gas-solid carbonation tests while Mg(OH)2_D3, D4 and D5 for carbonation via CO2 pressure swing. 
Table 3.2: Mg(OH)2_D samples composition.
	Sample
	Carbonation
	Mg(OH)2
(wt%)
	Residual dunite (CO2)*
(wt%)

	Mg(OH)2_D1
	Gas-solid
	76.0
	24.0  (2.60)

	Mg(OH)2_D2
	Gas-solid
	57.0
	43.0  (7.00)

	Mg(OH)2_D3
	CO2 pressure swing
	34.0
	66.0  (0.04)

	Mg(OH)2_D4
	CO2 pressure swing
	38.7
	61.3  (1.00)

	Mg(OH)2_D5
	CO2 pressure swing
	51.2
	48.8  (0.00)


*The residual dunite in the samples contains traces of carbonate species.
3.3. Mg(OH)2 extraction from dunite 
3.3.1. Aqueous systems
NaOH pellets were dissolved in H2O at different concentrations, i.e. 15 – 50 mol/kg NaOH, and then powdered dunite was added at a solid to liquid ratio of either 50 or 100 g per litre of NaOH aqueous solution. The sample compositions and the conditions of reaction are reported in Table 3.3. The temperature of the oven was maintained constant at 90, 180 or 190 °C. The digestion reaction was conducted for 6 hours in most of the cases. The samples with 30 mol/kg NaOH reacted at 190 °C and those with 45 and 50 mol/kg NaOH reacted at 180 °C were tested for different durations of reaction. 





Table 3.3: Sample compositions and conditions of reaction. 
	 NaOH concentration
(mol/kg)
	Solid/Liquid
(g/L)
	Temperature
(°C)
	Time
(hour)

	15
	50
	90, 180
	6

	20
	50
	90, 180
	6

	25
	50
	90, 180
	6

	30
	50
	90, 180
	6

	30
	50
	190
	1, 2, 3, 4, 5

	40
	50
	90, 180
	6

	45
	50
	180
	6, 24

	50
	50
	90, 180
	6

	50
	100
	180
	1, 2, 3, 4, 5, 6


The mixed reactants were placed into a steel vessel lined with Teflon (Figure 3.7 (A)) which was sealed with a screw (Figure 3.7 (B)) and heated in a Carbolite electric oven, series PF30. After the reaction, the solid product was mixed with distilled water using a magnetic stirrer, and the solid phase was separated from the solution via vacuum filtration performed using a Büchner funnel lined with Whatman filter paper, Grade No. 542. The solid filtrate was dried in a furnace at 90 °C for 24 hours and stored to be analysed via XRD, TG, and SEM coupled with Energy Dispersive X-ray Spectrometry (EDS). The solutions separated from the solid products were analysed via Inductively Coupled Plasma Optical Emission Spectrometry (ICP-OES).  
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Figure 3.7: (A) steel vessel lined with Teflon, (B) sealed steel vessel containing the reactants.
3.3.2. Solid systems
NaOH pearl, reagent grade was mixed with powdered dunite in an agate mortar with a pestle, with or without addition of distilled H2O. The mole ratio of the reactants in the samples and the conditions of reaction are summarised in Table 3.4. 
Three series were prepared at different dunite:NaOH mole ratio, i.e. 1:1, 1:1.5, and 1:2 which are referred to as Series 1, 1.5 and 2, respectively. The moles of dunite were estimated based on the chemical formula of forsterite, Mg2SiO4. The samples prepared with the addition of H2O were mixed with NaOH:H2O mole ratio of 4:1, 2:1, 1:1, and 1:2. Series 2 also includes a sample reacted without H2O addition. When the reactants were well blended, the mixture was transferred in a steel vessel lined with Teflon which was sealed and heated at 180 °C in a Carbolite electric oven, series PF30, for 6 hours. Series 2 with 0.5 moles of H2O was replicated at different durations of reaction, i.e. 1 and 3 hours, and different temperatures, i.e. 130 and 250 °C. Figure 3.8 (A) and (B) show the images of dunite-NaOH-H2O systems before and after reaction, respectively.
Table 3.4: Sample compositions and conditions of reaction in solid systems.
	
	Dunite*
(mole)
	NaOH
(mole)
	H2O**
(mole)
	Temperature
(°C)
	Time
(hour)

	Series 1
	1
	1
	0.25, 0.5, 1, 2
	180
	6

	Series 1.5
	1
	1.5
	0.375, 0.75, 1.5 , 3
	180
	6

	Series 2
	1
	2
	0
	180
	6

	
	
	
	0.5, 1, 2, 4
	130, 180, 250
	1, 3, 6


* Approximate mole of dunite was estimated based on the chemical formula of forsterite, Mg2SiO4.
** Different amounts of H2O were tested at NaOH:H2O mole ratio of 4:1, 2:1, 1:1 or 1:2 for each series. Series 2 also includes a dry system without H2O. 
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Figure 3.8: (A) Dunite-NaOH-H2O system before reaction and (B) after reaction at 180 °C for 6 hours. 
The reaction in the solid system was also performed using the pelletised starting materials. 1, 1.5 and 2 moles of NaOH were mixed with 1 mole of dunite in dry conditions and the mixtures were pelletised using a hand press at 3 tonnes for 1 minute. An additional series with 0.5 moles of NaOH per 1 mole dunite was also prepared. The composition and the conditions of reaction are summarised in Table 3.5.  The pellets were placed into a steel vessel lined with Teflon and heated at 180 °C for 6 hours. The sample with 2 moles of NaOH was replicated at different durations of reaction, i.e. 1 and 3 hours. Figure 3.9 (A) and (B) show an example of pellet before reaction and three pellets reacted at 180 °C for 6 hours. 
Table 3.5: Pellet compositions and conditions of reaction.
	Dunite*
(mole)
	NaOH
(mole)
	H2O
(mole)
	Temperature
(°C)
	Time
(hour)

	1
	0.5
	0
	180
	6

	1
	1
	0
	180
	6

	1
	1.5
	0
	180
	6

	1
	2
	0
	180
	1, 3, 6


* Approximate mole of dunite was estimated based on the chemical formula of forsterite, Mg2SiO4.
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Figure 3.9: (A) Dunite-NaOH pellet before reaction and (B) pellets reacted at 180 °C for 6 hours. 
After the reaction, the solid products were ground and washed with distilled water with the aid of a magnetic stirrer. The solid component was separated from the liquid phase via the vacuum filtration using a glass funnel lined with Whatman filter paper, Grade No. 542. The solid filtrate was dried for 1 hour at 90 °C and stored for XRD, TG and SEM analysis. The solutions used to wash the products were analysed via ICP-OES.
3.4. Mg(OH)2 carbonation
3.4.1. Gas-solid carbonation 
A series of carbonation tests was conducted under atmospheric pressure of CO2 in a tube furnace with 99% CO2 flow, and the effects of temperature was examined. The test conditions are summarised in Table 3.6. The samples for this test were Mg(OH)2_RG, Mg(OH)2_D1 or Mg(OH)2_D2. 1 g of each was placed in an alumina boat and heated in the tube furnace at a rate of 5 °C/minute, under a constant CO2 flow rate of 0.2 L/minute, up to the desired temperature, i.e. 200, 300, 400, 500, 600 or 680 °C. The temperature was kept constant for 1 hour. The CO2 flow was stopped after 1 hour, and the furnace was cooled down at 5 °C/minute. The reaction products were retrieved from the furnace and analysed via XRD, TG, TG-MS and CHN elemental analysis. Another series of carbonation experiments was performed to study the effect of H2O on Mg(OH)2 carbonation. 1 g of Mg(OH)2 was mixed with 0.5 g of H2O, and the reaction was conducted at 400 °C following the same procedure described above. 
Table 3.6: Carbonation tests conditions.
	Reactant
	Sample
(g)
	H2O
(g)
	Temperature
(oC)
	CO2 pressure
(bar)
	CO2 exposure* 
(hour)

	Mg(OH)2_RG
	1.0
	0
	200 – 680
	1
	1

	Mg(OH)2_D1
	1.0
	0
	400
	1
	1

	Mg(OH)2_RG
	1.0
	0.5
	400
	1
	1

	Mg(OH)2_D2
	1.0
	0.5
	400
	1
	1


*CO2 exposure does not include the heating period.
3.4.2. Carbonation with supercritical CO2
For the carbonation with supercritical CO2, 3 g of Mg(OH)2_RG was placed into a pressurised autoclave either in dry conditions or after mixing with 1 g of H2O. CO2 with 99% purity was then introduced into the system to achieve a supercritical CO2 atmosphere with CO2 pressure at 90 bar and temperature at 70 °C. The system was left to react for either 1 or 3 hours. The reaction products were analysed via XRD, TG, TG-MS and CHN elemental analysis. Rietveld Refinement QPA was also conducted on selected samples.
3.4.3. Carbonation via CO2 pressure swing 
The reaction products from dunite alkaline digestion were tested for carbonation via CO2 pressure swing, a method developed by Iizuka and co-workers to recover CaCO3 from cement waste aqueous slurries [10, 106]. The sample compositions and the conditions of reaction used in the present study are summarised in Table 3.7. 
The solid products from dunite reacted with NaOH, were filtered, washed, dried and analysed via TG and XRD. Subsequently, the powdered samples were dispersed in H2O at a solid to liquid ratio of 5 g/L and the aqueous slurry was fed into an autoclave pressurised with gaseous CO2. The temperature was maintained constant at 32 °C and the solution was constantly stirred. The CO2 pressure was set at 20 bar and maintained constant for 1 hour, subsequently the pressure was reduced to 2.1 bar and kept constant over 1.5 hours. Small amounts of aqueous phase were sampled at different time intervals throughout the experiment and the pH was measured with the aid of a pH-meter, then the samples were stored to be analysed via ICP-AES. After 2.5 hours, the slurries were removed from the autoclave and filtered to separate the solid fraction which was dried at 60 °C for 24 hours and analysed via XRD, TG-MS and CHN elemental analysis. 
Table 3.7: Samples composition and conditions of reaction.
	Sample
	Temperature
	Solid/Liquid
	Phase 1
	Phase 2

	
	(°C)
	(g/L)
	PCO2
(bar)
	Time
(hour)
	PCO2
(bar)
	Time
(hour)

	Mg(OH)2_D3
	32
	5
	20
	1
	2.1
	1.5

	Mg(OH)2_D4
	32
	5
	20
	1
	2.1
	1.5

	Mg(OH)2_D5
	32
	5
	20
	1
	2.1
	1.5


The saturated concentration of Mg2+ in the Mg2+-H2O-CO2 system was calculated for magnesite, nesquehonite and brucite. The calculation was based on the equilibrium reactions and respective equilibrium constants shown in Table 3.8 [138, 139]. H2CO3* in Reactions 3.1 and 3.2 represents the total amount of CO2 dissolved, i.e. CO2 (aq) + H2CO3 [138]. The other Mg carbonate hydrates were excluded from this calculation due to the variability of the published Ksp values [138, 140, 141, 142]. 






Table 3.8: Equilibrium reactions and respective equilibrium constants [138].
	Reactions
	Equilibrium constant
(log)

	

	(3.1)
	K1
	-1.47

	

	(3.2)
	K2
	-6.35

	

	(3.3)
	K3
	-10.33

	

	(3.4)
	Kw
	-14

	

	(3.5)
	Ksp, brucite
	-11.16

	

	(3.6)
	Ksp, magnesite
	-7.46

	

	(3.7)
	Ksp, nesquehonite
	-4.67


A system of 5 equations was obtained for each of brucite, magnesite and nesquehonite, (Reactions 3.8 – 3.14), additionally, the electroneutrality condition was expressed with Eq. 3.15 [138]. The systems were solved for pH 1 to 14 to calculate the saturated concentration of Mg2+ as a function of PCO2 [139]. 
	

	(3.8)
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	(3.14)

	

	(3.15)


3.4.4. CO2 capture with Mg(OH)2 suspension
A Downflow Gas Contactor (DGC) reactor, designed by WRK Design & Engineering Ltd, with a liquid volume of 10 litres was used as the liquid-gas reactor to test the feasibility of Mg(OH)2 slurry to capture CO2 from a flowing gas-mixture. A schematic image of the DGC reactor is shown in Figure 3.10 (A) while Figure 3.10 (B) provides a more detailed description of the column. In this reactor, the gas-mixture at atmospheric pressure enters at the top of the bubble column, entrained (at 0.81 bar) in the downward circulating liquid flow, and exits at 1 bar from the bottom of the column after reaction and separation from the recirculating liquid phase. After the liquid leaves the column it flows to a receiver where it is heated at about 50 °C to separate the gas dissolved. The clean gas is directed to an analyser while the remaining liquid is recirculated through the column in a continuous cycle. The rate at which the liquid recirculates is very fast, e.g. 10 L/minute, so that the inlet stream generates a vigorously agitated gas-liquid dispersion at the top of the column (Figure 3.10 (B)) avoiding the formation of gas pockets at the inlet and allowing an efficient mass transfer. The downflow liquid velocity in the column is maintained at a value below the rise velocity of the gas bubbles so that there is no tendency for the bubbles to be carried downwards. The gas-liquid bubble dispersion slowly expands down the column where there is a higher degree of bubble coalescence. The lower section of the column is far from the inlet stream and thus larger bubbles form which rise up the column where they are progressively broken. 
A gas-mixture of N2 and 4 – 5% CO2 was injected at the top of the column at a fixed flow-rate of 2.25 ± 0.07 L/minute and bubbled through the column at approximately 10 °C and under ambient pressure. The rate of liquid recirculation was typically 10 L/minute to maintain a stable bubble-liquid interface. In this experiment the average bubbles size was 3 – 4 mm. When the solution was saturated with CO2, i.e. the concentration of CO2 in the outlet gas became the same in the inlet gas, 50.8 g of powdered Mg(OH)2 was added to the circulating H2O. 
The CO2 concentration in the inlet and outlet gas was periodically monitored using a calibrated inline infrared data logger, and the monitoring continued until the concentration of CO2 in the outlet gas had increased and become equal to that in the inlet gas, indicating that no further reaction was occurring. The experiment took approximately 12 hours to complete and it was run over the course of two days with an overnight shut-down. Samples of the circulating liquid were also taken periodically to monitor the change in pH. 
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Figure 3.10: (A) DGC reactor, (B) detailed design of the column.
3.5. Raw materials and products analysis
3.5.1. X-ray Diffraction
X-ray diffraction is based on the property of crystalline materials to diffract X-rays. Minerals consist of atoms arranged in a three-dimensional ordered structure. When a monochromatic X-ray beam is irradiated to a powdered sample constituted by randomly oriented mineral particles, it can be scattered at different angles. In case of constructive interference of the X-rays, a characteristic diffraction pattern is observed [51]. Each crystalline phase has a characteristic diffraction pattern and the composition of a sample can be determined by cross referencing the recorded pattern with a database, normally the Powder Diffraction File (PDF) provided by the International Centre for Diffraction Data [143]. 
Figure 3.11 shows two X-ray beams diffracted by a sequence of atomic planes [51]. The incident angle of the X-rays, θ, is the same as the angle of reflection (although this is not always the case) and the distance between the planes, d, is constant. The diffraction occurs when the difference between the paths of the X-rays, GE+EH, is equal to an integral number of wavelengths, nλ. This is known as Bragg’s law (Eq. 3.16) [51]. 
	

	(3.16)


Bragg’s law establishes that for a phase with a characteristic d and for a given nλ, the X-rays are in phase only at a specific angle θ, whereas at different angles the X-rays are reflected with destructive interference and cannot be detected [143]. The particles of a powdered sample are randomly oriented so that some of the atomic planes are found at the angle which satisfies Bragg’s law and diffraction occurs [143].
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Figure 3.11: Mechanism of X-ray diffraction [51].
In the present study XRD was conducted using a Siemens D500, a Siemens D5000 and a Shimadzu XD-D1 with Cu Kα X-ray source, λ = 1.54 Å or with a Siemens D500 with Co Kα X-ray source, λ = 1.79 Å. The powdered samples were placed in a sample holder and the scans were run from 10° to maximum 70° 2θ with step size 0.05° 2θ and scan rate of 1 or 2°/min. The Diffractometer STOE STADI P with Mo Kα X-ray source with λ= 0.709 Å was used to collect high resolution XRD patterns for the Rietveld Refinement QPA. The samples were loaded in a glass capillary and the scans were run from 0° to 70° 2θ with step size 0.02° 2θ. Alternatively, a Siemens D5000 with Cu Kα X-ray source, λ = 1.54 Å, was also used. The scans were from 10 to 60° 2θ at 0.5°/minute with a step size of 0.02° 2θ.
3.5.2. Rietveld Refinement Quantitative Phase Analysis 
XRD is usually not considered a quantitative technique and several methods have been developed to obtain quantitative data from the analysis of diffraction patterns. Among these, the Rietveld Refinement QPA is considered one of the most reliable techniques [144]. 
Rietveld Refinement is mainly used to refine crystal structures but when the phases and their structure are known, the refinement can provide quantitative data [144]. 
The Refinement is based on the least squares regression analysis of a calculated pattern to achieve the best fitting with the experimental pattern recorded. The crystallographic data of the phases present in a sample are used to generate the calculated pattern and the fitting is obtained through the refinement of various parameters [144]. The fundamental refinable parameters are listed in Table 3.9 and are divided into the global parameters which can be refined for the entire system, and the individual parameters which should be refined for each phase in the system [145].
Table 3.9: Refinable parameters [145].
	
	Refinable Parameters 

	Global parameters
	Background function 
	Determines the contribution of the background to the intensity of the peaks

	
	Zero shift
	Corrects systematic instrumental error

	
	Specimen Displacement
	Corrects sample preparation error

	
	POL (Lorentz Polarization Factor)
	Corrects the polarisation of the X-ray beam 

	Individual parameters refined for each phase
	Scale factor 
	Determines the contribution of each phase to the diffraction pattern and is proportional to the wt% 

	
	Preferred orientation
	Reduces the effect of preferred orientation of the particles 

	
	Thermal parameter
	Corrects the effect of thermal motion of the atoms

	
	Peak profile:
	Describe the peak over a range of θ angles, define shape and width, and correct asymmetry and broadening.

	
	· Cagliotti peak width function 
(U,V, and W)
	

	
	· Profile shape
 (Pseudo Voight function)
	

	
	· Peak asymmetry profile
	

	
	· Anisotropic broadening function
	


Rietveld Refinement QPA was conducted on selected samples using X’Pert HighScore Plus software to calculate the amount of selected phases. The samples were spiked with 10 wt% Si standard for the XRD measurement and the Refinement was repeated to verify the quality of the phase quantification. 
3.5.3. Thermogravimetry
Thermogravimetric analysis monitors the weight change of a sample as a function of temperature or time. The weight variation is associated with the reactions which occur in the sample at different temperatures, e.g. dehydration, decomposition, absorption [143]. The technique can be used to identify the phases which have a characteristic thermal behaviour over specific temperature ranges. Moreover, the quantification of the weight loss from the TG curve can be used to calculate the concentration of the species in a sample [143].
In the present study, TG was primarily used to quantify the amount of Mg(OH)2 extracted from dunite and for a qualitative analysis of the reaction products from the carbonation tests. Mg(OH)2 decomposes via dehydroxylation between 300 and 450 °C according to Reaction 3.17 [136]. The weight loss in this temperature range was detected from the TG curves and assisted with the calculation of the DTG curve which eases the identification of the weight loss events. 
	

	(3.17)


The weight loss equivalent to the H2O wt% from Mg(OH)2 dehydroxylation was measured and the wt% of Mg(OH)2 in the samples was calculated using Eq. 3.18, with 58.2 and 18.0 the molecular weights of Mg(OH)2 and H2O, respectively.
	

	(3.18)


TG was conducted using a PerkinElmer Pyris 1 under N2 flow and a NETZSCH STA449 TG/DSC which uses an Ar flow. The samples were placed in an alumina crucible and heated at a rate of 10 °C/minute from room temperature to 1000 °C.
Thermogravimetry can be coupled with mass spectrometry (TG-MS) to identify the volatile species released during the thermal decomposition. The gaseous species released are transferred to the mass spectrometer where they are ionized and accelerated under a magnetic field. The accelerated particles move on circular trajectories and the distance at which they are revealed from the detector depends on their mass. The species are identified based on the characteristic mass to charge ratio [146]. 
In the present study, a Perkin Elmer TGA 4000 thermogravimetric analyser coupled with a mass spectrometer Hiden Analytical HPR-20 QIC was used to analyse the products from Mg(OH)2 carbonation under supercritical CO2. The samples were heated under N2 flow at 10 °C/minute. Thermogravimetric analyser NETZSCH5 STA 409 CD coupled with a mass spectrometer QMS 403/5 SKIMMER was used to analyse the solid products from the carbonation via the CO2 pressure swing tests. The samples were analysed under Ar flow at heating rate of 1 °C/minute. 
3.5.4. X-ray Fluorescence
The elemental composition of raw materials was determined via XRF. The atoms irradiated with X-rays can absorb the radiation and expel the electrons in the inner shells. The vacancies left by the electrons are filled by other electrons from the outer shells, and in turn, cause the emission of secondary X-rays with characteristic energies for each element [143]. This phenomenon is called X-ray fluorescence. The secondary X-rays can be detected and generate a spectrum which allows the identification of the elemental composition of samples. The intensity of the peaks in the spectrum is proportional to the concentration of the elements in the sample and provides quantitative data [143].
In the present study a wavelength dispersive Philips PW2440 sequential spectrometer was used to analyse the raw dunite. 
3.5.5. Scanning Electron Microscopy and Energy Dispersive X-ray Spectroscopy 
Scanning Electron Microscopy uses a focused electron beam to scan the surface of the samples. The interaction of the electrons with the atoms generates different types of radiation which provide morphological or compositional information [51, 147]. The electron microscope is constituted by a high vacuum column in which the electrons are accelerated through a high voltage, i.e. 5 – 50 keV [51, 143]. The electrons are collimated through a series of electromagnetic lenses and focused to a small spot with diameter of 50 – 500 Å [143]. 
Depending on the energy of the electrons and on the elemental composition of the material, the electrons interact in different ways and penetrate at different depths [143]. Figure 3.12 shows different types of signals which can be generated and detected from the interaction of the electrons with a sample surface [51, 143]. The electrons can interact with the atoms via inelastic scattering. In this case the electrons lose part of their energy which is transmitted to the atoms and cause the emission of secondary electrons (SE). The secondary electrons have low energy, i.e. 0 - 50 eV, and are emitted from around 10 nm below the surface of the sample. They are attracted to the detector with a positive bias and travel through different paths at different angles, resulting in high resolution three-dimensional images, useful to study the morphology of the sample [51, 143, 147]. When the primary electrons interact with the atoms via elastic scattering, there is only a limited loss of energy and the electrons are reflected or backscattered. The backscattered electrons (BE) are mostly reflected at high angles from the sample surface and generate images with lower resolution than the secondary electrons [51, 143, 147]. The scattering of the electrons is stronger when they interact with elements of higher atomic number Z. This translates into the contrast of the image, i.e. brighter areas are associated with heavier elements and vice versa. Consequently, the backscattered electrons images provide compositional information [51, 143, 147]. When secondary electrons are emitted from the inner shells of an atom, the other electrons in the outer shells can fill the vacancy generating characteristic X-rays. This signal can be used to identify the chemical composition of the sample when the SEM is coupled with an Energy Dispersive X-ray Spectrometer and provides semiquantitative data [143]. 
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Figure 3.12: Reflected signals in SEM, image adapted from West [143].
In the present study, SEM was used to analyse dunite, Mg(OH)2_RG and products of reaction. The powdered samples were distributed onto an adhesive carbon disk and coated to improve the surface conductivity with gold, before the image analysis, and with carbon for the chemical analysis. JEOL 6400 and JEOL JSM 6360 were used to acquire secondary electron images for raw dunite and products of dunite alkaline digestion. Chemical analysis was conducted by an Energy Dispersive X-ray Spectrometer mounted on a JEOL-6010 InTouchScope and elemental maps were acquired on selected areas of the samples. Philips XL-20 SEM was used for the SE image analysis of Mg(OH)2_RG.
3.5.6. Inductively Coupled Plasma Emission Spectrometry
Inductively Coupled Plasma Emission Spectrometry uses a plasma torch to generate atoms and ions in their excited state which emit photons of characteristic energy [148]. The photons are detected with an optical (ICP-OES) or atomic spectrometer (ICP-AES) and the chemical composition of the sample can be determined both qualitatively and quantitatively [148]. 
The samples in gas or liquid phase are converted to an aerosol and injected into the inductively coupled plasma torch. Argon gas flows inside the torch and is ionized due to an intense electromagnetic field. When the samples reach the core of the plasma torch, at temperature of the order of 10000 °C, the collision with Ar atoms and charged particles causes their ionization and promotes the particles to an excited state. The decay from the metastable excited state releases characteristic energy for each element [148]. 
In the present study, a Spectro Ciros Vision ICP-ES W was used to determine the chemical composition of dunite and residual solutions separated from the products of the alkaline digestion tests. For the analysis, the powdered dunite was digested with aqua regia (HNO3+3HCl) and hydrofluoric acid (HF), while the residue solutions were diluted with aqua regia. A Shimadzu ICPS-7500 was used to analyse the aqueous slurries from the carbonation reaction via the CO2 pressure swing.

3.5.7. Carbon Hydrogen Nitrogen Elemental analysis 
The amount of carbon in Mg(OH)2 and reaction products from the carbonation tests was determined using the Perkin Elmer 2400 CHNS/O Series II Elemental Analyser. The samples were combusted at 975 °C under oxygen environment. The gases released were reduced by copper and separated through a chromatographic column. The amount of carbon was measured from the gases eluting off the column based on their thermal conductivity [149]. The amount of carbon detected was converted into CO2 wt% to assess the CO2 uptake occurred during the carbonation experiments.
3.5.8. Particle size analysis via laser diffraction
The particle size distribution of raw materials and reaction products was determined via laser diffraction. 
Laser diffraction measures the variation of the scattering angles of a laser beam which strikes the particles of a sample. Larger particles scatter the light at lower angles than small particles and thus, when a pattern is recorded the scattering intensity at different angles can be used to estimate the average particle size distribution of the sample [150]. Laser diffraction can be conducted via wet and dry dispersion of the particles. In a wet dispersion, the sample is suspended into a liquid dispersant, e.g. H2O, to favour the particles separation through surface wetting. The liquid suspension is stirred or agitated to avoid the formation of particles clusters [150]. In a dry dispersion, the particles are dispersed in a pressurised gas, e.g. air. In these conditions the dispersion is favoured by the collision between the particles or with the container [150].
In the present study, the particle size analysis was conducted with a Malvern Particle size analyser in dry dispersion in Ar and with a COULTER® LS230 in wet dispersion in H2O. Before the analysis, the powdered samples were dried for 2 days in an oven at 90 °C and then placed in an ultrasonic bath for 15 minutes to avoid particle agglomeration. The analysis was repeated several times for each sample in order to obtain representative results. 

3.6. Analysis of extraction reaction 
3.6.1. Thermodynamic analysis
Feasibility of different reactions for the extraction of Mg(OH)2 from dunite with NaOH in the solid systems was analysed with the thermodynamic consideration. The change in the Gibbs free energy and enthalpy for the possible reactions were calculated using SGTE Substances Database (SSUB5) in Thermo-Calc [151]. The calculation was also performed for the minor mineral phases for which data were available in SSUB5. 
3.6.2. Extent of reaction
Based on the TG data, the extent of reaction was estimated. The estimation was based on 100 g of feedstock material consisting of 0.42 g of Mg(OH)2 and 99.58 g of dunite. The wt% of Mg(OH)2 in the reaction products determined via TG, Mg(OH)2(%),  can be expressed according to Eq. 3.19, where Mg(OH)2 (rp) and Dunite (rp) represent the amount of Mg(OH)2 and dunite in the reaction products, respectively. On the other hand, Eq. 3.20 calculates the amount of MgO involved in the reaction. Dunite(i) is the initial feed of dunite (100 g in this example), and 48.3 is the wt% of MgO in Dunite(i).  48.21 is the wt% of MgO in dunite excluding the MgO initially present as 0.42 wt% of Mg(OH)2, and 40.2 and 58.2 are the molecular weights of MgO and Mg(OH)2, respectively. 
	

	(3.19)

	

	(3.20)



Once Mg(OH)2(%) and the amount of the initial feed Dunite(i) were obtained, the amount of Mg(OH)2 and dunite remaining in the system, i.e. Mg(OH)2 (rp) and Dunite (rp), were calculated using Eqs. 3.19 and 3.20. The extent of reaction a was calculated based on the amount of dunite reacted, using Eq. 3.21.
	

	(3.21)


The kinetics of reaction were studied by fitting the extent of reaction (a) into the integral rate equations of different kinetic models [152, 153, 154]. The linear regression was performed in Microsoft Excel and the quality of the fitting was estimated with the multiple regression coefficient R2.



















4. Mg(OH)2 extraction from dunite in NaOH aqueous systems
4.1. Introduction
As previously discussed, despite the wide range of possible applications, Mg(OH)2 utilisation for CO2 capture and storage has been hindered due to its rare occurrence in natural outcrops [1, 117]. The extraction of Mg(OH)2 from Mg silicate minerals via chemical processing benefits from the large availability of Mg silicate minerals, in particular forsterite and serpentine [1, 2]. 
The only study on the alkaline-based extraction of Mg(OH)2 from Mg silicate minerals was conducted by Blencoe et al. [8], who used highly concentrated NaOH solutions to remove silicon from magnesium silicate minerals and produce solid Mg(OH)2 at 200 °C, according to Reaction 4.1 [9]. The understanding of this process is limited and the lack of quantitative data makes it difficult to evaluate the efficiency of Mg(OH)2 extraction and identify the factors which can be enhanced. 
	

	(4.1)


Based on the technique used by Blencoe et al., the extraction of Mg(OH)2 from dunite was studied using NaOH aqueous systems with concentrations between 15 – 50 mol/kg NaOH at 90, 180 and 190 °C, for durations between 1 and 6 hours. The effect of NaOH concentration and temperature, the kinetics of reaction and the efficiency of Mg(OH)2 extraction are discussed. Part of the results presented in this chapter was published in Madeddu et al. [155] and has been updated according to the progress made in the research and complemented by new data.
4.2. Effect of NaOH concentration and temperature 
The solid products from dunite digestion at different NaOH concentrations and temperatures were analysed using XRD. Figure 4.1 (A) shows the XRD patterns of selected samples reacted at 90 °C for 6 hours. The two main reflection peaks for brucite are found at 21.61° 2θ and 44.44° 2θ. The former is overlapping with a peak attributed to clinochlore whereas the second only partially overlaps with one of the forsterite peaks. In the pattern for 20 mol/kg NaOH, a reflection peak for brucite is detectable at 44.44° 2θ, forming a shoulder beside the forsterite reflection at 44.74° 2θ. The intensity of this reflection peak slightly increases with the increase of NaOH concentration, but it remains very low even at 40 mol/kg NaOH. 
Figure 4.1 (B) shows the XRD patterns of selected products from digestion of dunite at 180 °C for 6 hours. Increasing the NaOH concentration, the reflection peaks of forsterite and other Mg bearing minerals progressively decrease in intensity while the reflections for brucite become more intense. In the reaction with 50 mol/kg NaOH, brucite was the main phase in the solid product and almost fully replaced the starting mineral components, with forsterite being the only detectable species remained from dunite. 
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Figure 4.1: XRD patterns of raw dunite and selected products from dunite reaction with NaOH aqueous systems for 6 hours at (A) 90 °C and (B) 180 °C.
The TG and DTG curves of selected samples from the series at 180 °C are shown in Figure 4.2. The weight loss between 300 and 450 °C, attributed to the dehydroxylation of Mg(OH)2, increases at higher NaOH concentration, suggesting that the concentration of Mg(OH)2 in the solid products increases when dunite is digested in aqueous systems with higher NaOH concentration. These results are consistent with the XRD data. The TG data for the series at 90 °C are also in agreement with the XRD results (shown in Appendix 1). 
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Figure 4.2: (A) TG and (B) DTG curves for selected products from dunite reaction with NaOH aqueous systems at 180 °C for 6 hours.
Particle size analysis was conducted via laser diffraction in wet dispersion on selected products from dunite reacted at 180 °C for 6 hours in aqueous systems of 15 to 45 mol/kg NaOH. The results are compared with that for raw dunite in Figure 4.3. The median value of the particle diameter, 25 μm in the raw dunite, decreases with the increase of NaOH concentration in the systems and is equal to 3 µm in the product from digestion with 45 mol/kg NaOH. The product reacted with 30 mol/kg NaOH shows a bimodal trend with 90% of the particles with diameter <11 µm and 50% <3 µm. This might be caused by the presence of unreacted dunite with larger particle size respect to Mg(OH)2 or by the agglomeration of powdered sample in H2O which resulted in an overestimation of the particles dimension. 
These results indicate that the particle size of the reaction products decreased with the progress of Mg(OH)2 extraction. The morphology of the reaction products was further analysed via SEM and the results are discussed in Section 4.6.3. 
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[bookmark: _GoBack]Figure 4.3: Particle size distribution of raw dunite and products from dunite reaction with NaOH aqueous systems at 180 °C for 6 hours.
4.3. Quantification of forsterite and brucite 
The weight percentages of Mg(OH)2 obtained from the TG analyses on the solid products of reaction for 6 hours at 90 and 180 °C are plotted with the NaOH concentration values in Figure 4.4. The dissolution conducted at 90 °C resulted in low concentration of Mg(OH)2 even at the highest concentrations of NaOH in solution and the maximum concentration of Mg(OH)2 in the solid products is 6.7 wt% with 40 mol/kg NaOH. The weight percentage of Mg(OH)2 formed at 180 °C increases linearly with the increase of NaOH concentration used for the dissolution tests, reaching the maximum of 75.3 wt% when dunite was dissolved with 50 mol/kg NaOH solution. The temperature of reaction is clearly affecting the rate of conversion and significant Mg(OH)2 wt% were achieved only at 180 °C. 
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Figure 4.4: Mg(OH)2 concentration estimated via TG in products from dunite reaction with 15 – 50 mol/kg NaOH aqueous systems at 90 and 180 °C for 6 hours.
Rietveld Refinement QPA was utilised to calculate the amount of forsterite in dunite before and after the alkaline digestion. The same method was applied to quantify the brucite produced and compare the data with TG results. Figure 4.5 shows an example of Rietveld Refinement QPA on raw dunite, the other refined patterns are shown in Appendix 1. A good agreement between the experimental data and the model has been achieved with low Residual Weighted Profile (8.5%). The small differences between the model and the experimental pattern may be attributed to elemental substitutions in the mineral structure which were not accounted in the refinement. The wt% of forsterite in the raw dunite was calculated from ten different refinements conducted on the original material and on Si spiked samples. Forsterite was estimated to approximately 73 ± 2 wt% in the dunite. 
The weight percentage of forsterite in the feedstock material is lower than that expected in dunite, i.e. 90 wt%. Forsterite is often altered and converted into serpentine through a process called serpentinisation [156]. As serpentine has been detected in raw dunite, it can be hypothesised that part of the forsterite forming dunite was converted into serpentine and the lithotype used in the present study could be better classified as serpentinised dunite [157]. 
The curve in Figure 4.6 (A) represents the wt% of forsterite in the samples analysed via Rietveld Refinement QPA. The percentage of forsterite in the reaction products decreases with the formation of brucite when the NaOH concentration in solution increases, which confirms the trend previously observed from XRD and TG results. 
The weight percentages of Mg(OH)2 obtained with Rietveld Refinement QPA and those with TG on selected samples from dissolution of dunite are compared in Figure 4.6 (B). The concentrations calculated with the two methods are in good agreement, confirming the reliability of the phase quantification conducted. 
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Figure 4.5: Rietveld Refinement of raw dunite and respective difference plot. 
Data points profile = experimental pattern. Continuous profile = calculated model.
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Figure 4.6: (A) Forsterite and brucite concentrations obtained via Rietveld Refinement QPA of selected samples. (B) Brucite concentration estimated via Rietveld Refinement QPA and TG in selected samples.
4.4. NaOH aqueous systems 
The concentrations of NaOH used in this study fell in the region of hydrate melt systems [158, 159]. Such highly concentrated water-salt systems deviate from the ideal dilute solutions and have different thermodynamic properties, e.g. activity, enthalpy of dissolution, molar volume [160, 161, 162]. The concentration of NaOH in H2O also affects the viscosity and, at the elevated concentrations used in the present study, it is expected that the viscosity of the systems was considerably higher than a standard solution [163]. 
Figure 4.7 shows the NaOH-H2O phase diagram [164] with additional information to display the range of NaOH concentrations and temperatures of reaction used in the present study. Molality of 15 – 50 mol/kg NaOH corresponds to approximately 38 – 67% NaOH by weight. At these concentrations, the NaOH-H2O systems were liquid at 90 °C, whereas, at 180 °C and 190 °C, the liquid systems could contain a larger gaseous fraction. Since the reaction was conducted in closed vessels, it is expected that the systems reacted at higher temperatures were also subject to a higher pressure, which may have contributed to improve the extraction of Mg(OH)2 [165]. The viscosity of the NaOH aqueous systems also decreases with the increase of the temperature of reaction which likely eased the diffusion of the reactants and favoured the extraction [166]. 
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Figure 4.7: NaOH-H2O phase diagram, modified from Kurt and Bittner [164].

4.5. Extraction of elements 
The composition of reaction products from the 50 mol/kg NaOH series were analysed via SEM-EDS to clarify the mechanism of Mg(OH)2 extraction from dunite in NaOH aqueous systems. The analysis was conducted on dunite before and after 1 hour reaction. EDS spectra and elemental maps were collected on several areas of the samples and the average weight percentages of Mg, Si, Na, Al and Fe were estimated. Figure 4.8 (A) and (B) show two representative examples of the EDS spectra and elemental maps acquired on selected areas of the raw dunite and the product from 1 hour reaction, respectively. 
The peak height of Si-K in the EDS spectrum of the reaction product (Figure 4.8 (B)) has lower intensity than that of raw dunite (Figure 4.8 (A)) in relation to that of Mg-K. Comparing the elemental maps between the two samples, it is evident that Si was removed from dunite during the reaction as a direct effect of the alkali attack [80]. This was confirmed by the average wt% of Si measured before and after reaction on different areas of the samples which decreased from 15.3 to 4.4 wt% while the concentration of Mg in dunite remained almost constant, i.e. 25 wt% before reaction and 24.5 wt% after 1 hour of reaction. 
The peak for Na-K had higher intensity in the product and the Na wt% increased from 0.2 wt% in raw dunite to 2.6 wt% in the product from the reaction for 1 hour. These data indicate that Na was not fully removed from the solid product during the washing and separation. No appreciable differences were observed for the other elements and the Al and Fe wt% remained constant at 0.3 and 4.6 wt%, respectively, after 1 hour reaction. 
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Figure 4.8: EDS spectra, SE and elemental mapping images for Na, Mg, Al, Si and Fe in (A) raw dunite and (B) product from dunite reaction with 50 mol/kg NaOH aqueous system at 180 °C for 1 hour.
The elemental concentrations in the raw dunite and the aqueous solutions separated from the solid reaction products were measured via ICP-OES, and the percentage of extraction in solution was calculated for each element. The percentage of Na extracted was calculated based on the sum of Na contained in raw dunite and NaOH used for the digestion. The analysis was conducted on 5 separate reactions with 50 mol/kg NaOH at 180 °C for 6 hours, and the average values are shown in Figure 4.9 with the respective standard deviations. 
More than 50% of Sr, Ca, Al, Si and Ba contained in the feedstock material were extracted in solution as result of the alkali attack of Si-O and metal-oxygen bonds [80, 167, 168]. Na was mostly removed from the system during the washing but between 3 – 15 % remained with the solid products. 
Less than 1% of Mg was present in solution which indicates that the Mg extracted from dunite was almost entirely converted into solid Mg(OH)2. The transition metals, i.e. Ni, Fe, Cr, Mn and Co, were extracted in percentages <10% and thus the larger fraction remained in the solid product. These metals were present either as substitutional elements of Mg in Mg silicate minerals structure or as separate oxides, e.g. small amounts of chromite, FeCr2O4, are normally found in dunite [2, 51]. It is not clear whether these metals remained stable or reacted to form new compounds, similarly to Mg. The transition metals are chromophores and a change in their oxidation state or chemical bonds is often associated with a change in colour [169]. The samples with a high rate of Mg(OH)2 extraction were coloured powders which varied from yellow to red or brown, as shown in Figure 4.10 (A) and (B). These observations might indicate a complex behaviour of the transition metals in dunite exposed to alkaline solutions, and the role of Fe will be discussed in Section 5.7.
Small amounts of K and B were also present in dunite before digestion, i.e. <0.4 g/kg of dunite. The content of these metals in the residue solution was higher than in raw dunite, which may be originated from the limitation of analysis or the contamination during the tests. The alkaline solutions were prepared by dissolving NaOH in H2O into beakers made of pyrex glass and it is possible that the highly alkaline solutions partially dissolved the glass which contains Si, B, Al, Na, and sometimes smaller amounts of K and Ba [170]. This hypothesis is corroborated by the observation of pits and traces of corrosions in the beakers used to prepare the solutions. Using Eqs. 3.19 and 3.20 it was possible to estimate the amount of dunite reacted from which it was calculated that maximum ~81% of Si, Al and Ba can be extracted in solution. Therefore, the percentages of extraction reported in Figure 4.9 for Al and Si are reasonably matching whereas that for Ba was overestimated. 
The ICP-OES results show that during the alkali attack the transition metals, i.e. Ni, Fe, Cr, Mn and Co, remained in the solid product, whereas, Al, Si and the alkaline earth metals Sr, Ca and Ba, were selectively removed from the mineral matrix and leached in solution. Mg is an exception among the alkali earth metals and it was mostly converted into Mg(OH)2. These results are in agreement with other studies on alkaline-based extraction of metals from ores [167, 168]. 
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Figure 4.9: Percentage of metals extracted in solution from dunite digested with 50 mol/kg NaOH at 180 °C for 6 hours.
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Figure 4.10: reaction product from dunite digestion with 50 mol/kg NaOH, 180 °C for 2 hours (A) and 6 hours of reaction (B).
4.6. Kinetics of reaction
4.6.1. Reaction with 30 mol/kg NaOH aqueous system 
The solid products from the 30 mol/kg NaOH series reacted at 190 °C for 1 to 5 hours were analysed via XRD, and the patterns are compared with that of raw dunite in Figure 4.11. The main reflection peak for brucite is detected at 44.44° 2θ in the sample reacted for 1 hour. With the increase of reaction time, the reflection peaks for brucite progressively increase in intensity, while the intensity of the reflection peaks for dunite constituents decreases. The extraction clearly increased with time and after 5 hours brucite was the main phase in the products. Na2SiO3 is also detected in the sample reacted for 5 hours. Na2SiO3 is a by-product of the reaction between Mg silicate minerals and NaOH (Reaction 4.1) which is soluble and normally removed by washing the samples with distilled water. The presence of Na2SiO3 in the washed sample indicates that the washing was insufficient to fully dissolve this phase. 
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Figure 4.11: XRD patterns of raw dunite and solid products from reaction of dunite with 30 mol/kg NaOH aqueous system at 190 °C for different durations of reaction.
The reaction products were also analysed via TG as shown in Figure 4.12 (A) and (B). The weight loss for Mg(OH)2 dehydroxylation  between 300 and 450 °C increases with time, and the content of Mg(OH)2 in the products increases from 23.3 wt% after 1 hour to 51.5 wt% after 5 hours of reaction. These data are in agreement with the XRD results. 
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Figure 4.12: (A) TG and (B) DTG curves for solid products from reaction of dunite with 30 NaOH mol/kg aqueous system at 190 °C for different durations of reaction.
The amount of Mg(OH)2 and dunite in the reaction products was calculated from TG data using Eqs. 3.19 and 3.20, and the extent of reaction a was estimated with Eq. 3.21. Figure 4.13 (A) shows the amount of Mg(OH)2 and dunite in the reaction products at different durations of reaction, assuming that 100 g of dunite is processed. The amount of Mg(OH)2 formed increases with time while dunite is consumed, and both exhibit asymptotic trend. Figure 4.13 (B) shows the extent of reaction a at different durations of reaction. Similarly to the trend in the Mg(OH)2 production depicted in Figure 4.13 (A), the extent of reaction increases in asymptotic manner, often observed in the diffusion controlled reactions [152], and shows that the rate of reaction is faster during the first hour and then progressively decreases. 
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Figure 4.13: Mg(OH)2 extraction from dunite reaction with 30 mol/kg NaOH aqueous system at 190 °C based on 100 g of dunite: (A) amount of dunite and Mg(OH)2 in the products, (B) extent of reaction.
A wide number of reaction kinetic models were taken into consideration for the kinetic analysis and are reported in Table 4.1. These models are categorised into three groups, i.e. nucleation-controlled, contracting (interface-controlled), and diffusion-controlled models [152, 153, 154]. Based on the extent of reaction obtained, the kinetics of the extraction reaction were studied using the integral rate equations of the three dimensional reaction kinetic models, i.e. Eqs. 4.3, 4.5 and 4.8. These models describe the reaction of spherical particles and were selected to approximate the kinetics of reaction of the small dunite particles used in the present study. The f(a) values were plotted against reaction time t, and the linear regression was performed to obtain apparent reaction constant k.




Table 4.1: Kinetic models and integral rate equations [152, 153, 154].
	Kinetic models
	f (a) = kt
	

	Nucleation models*
	Power law
	

	(4.2)

	
	Avrami-Erofeyev
	
	(4.3)

	Contraction models
	Contracting area
	

	(4.4)

	
	Contracting volume
	

	(4.5)

	Product diffusion 
controls models
	One-dimensional (1-D), 
flat particles
	

	(4.6)

	
	Two-dimensional (2-D),
cylindrical particles
	

	(4.7)

	
	Three-dimensional (3-D),
spherical particles, Jander Model
	

	(4.8)

	
	Three-dimensional (3-D),
spherical particles, Ginstling – Brounshtein model 
	

	(4.9)

	Film diffusion 
controls models
	Flat, cylindrical and 
spherical particles 
	a= kt
	(4.10)

	
	Small particles
	

	(4.11)


  *n included between 2 – 4. 
The results of the kinetic analysis with these models are shown in Figures 4.14 (A), (B) and (C). The best fitting was achieved with the Jander model (Eq. 4.8) and k is equal to 0.013 h-1 (180 °C). The diffusion-controlled models assume that a product layer forms at the interface of reaction and acts as a barrier between the reactants, and the kinetics of reaction are controlled by the diffusion of reactants through the product layer [152, 154]. In Jander’s three dimensional model, the interface of reaction is assumed to be spherical and decreases with the progress of the reaction. The results confirm that the reaction was diffusion-controlled and suggest that Mg(OH)2 formed on dunite surface and restricted the reaction of remaining dunite with the alkaline aqueous system, causing the decrease of the reaction kinetics after the first hour. 
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Figure 4.14: Potential kinetic models for the reaction of dunite with 30 mol/kg NaOH aqueous system at 190 °C: (A) Avrami-Erofeyev model, (B) Contracting volume model and (C) 3-D Jander diffusion model.
4.6.2. Reaction with 50 mol/kg NaOH aqueous system
The TG analysis of the products obtained from the reaction with 50 mol/kg NaOH aqueous system at 180 °C for 1 to 6 hours (shown in Appendix 1) indicated a similar trend as in the 30 mol/kg series and the weight loss for Mg(OH)2 dehydroxylation increased with the reaction time. 
However, a different behaviour was observed in terms of kinetics of reaction. Figure 4.15 (A) shows the amount of Mg(OH)2 and dunite in the products estimated from the TG data, assuming that 100 g dunite is processed. Although the amount of Mg(OH)2 increases and that of dunite decreases, these changes appear to slow down after around 2 hours and become faster again at around 4 hours. This trend is clearly observed in the extent of reaction plotted in Figure 4.15 (B), showing three possible stages during the duration of the extraction studied. 
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Figure 4.15: Mg(OH)2 extraction from  dunite with 50 mol/kg NaOH aqueous system at 180 °C: (A) amount of dunite and Mg(OH)2 in the products, (B) extent of reaction.
The obtained extent of reaction for 50 mol/kg series was applied to the Jander model (Eq. 4.8) and analysed for 5 and 6 hours of reaction in Figure 4.16 (A) and (B), respectively. Although this model was best matched for the 30 mol/kg series, it is clear that the fitting to this model is not particularly good for the 50 mol/kg series. The apparent reaction constant k is 0.021 and 0.025 h-1 (180 °C) for the first 5 and 6 hours, respectively, whereas that in the 30 mol/kg series is 0.013 when fitted with the same model for 5 hours (Figure 4.14 (C)). It appears that, although the lower temperature of reaction of 10 °C, the reaction in 50 mol/kg series has a faster kinetics than the 30 mol/kg series, suggesting that a difference of 20 mol/kg in the NaOH concentration has a more significant impact on the kinetics of reaction. The higher solid to liquid ratio of 100 g/L used for 50 mol/kg series could also be a reason for the higher reaction kinetics compared to the 30 mol/kg series where the solid to liquid ratio was 50 g/L.
These results indicate that the simple three dimensional diffusion model does not provide an accurate kinetic description of the reaction for 50 mol/kg series for the duration of the extraction studied. The reaction of dunite with the 50 mol/kg NaOH aqueous system appears to involve more complex reactions which cannot be represented with a single kinetic model.
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Figure 4.16: Potential kinetic models for the reaction of dunite with 50 mol/kg NaOH aqueous system at 180 °C: 3-D Jander diffusion model fitted for (A) 5 hours of reaction and (B) 6 hours of reaction.
4.6.3. Morphological alteration in 50 mol/kg NaOH aqueous system 
Figure 4.17 shows the SE images of raw dunite and products from the reactions at 180 °C with the 50 mol/kg NaOH aqueous system. In Figure 4.17 (A) it is noticeable that dunite is formed by particles with prismatic shape. Figure 4.17 (B) shows the reaction product from 2 hours of extraction. Two particles of dunite are recognised in the middle of the image which are fully covered with small Mg(OH)2 crystals indicated with red arrows in the figure. This suggests that, with the progress of Mg(OH)2 extraction, the direct contact of dunite with the NaOH solution was progressively reduced, likely causing the decrease in the apparent rate of the reaction which became significant after around 2 hours. From Figure 4.17 (C) it is evident that after 5 hours of reaction the product is mainly constituted of clusters of Mg(OH)2 crystals which were not observed in the raw material, and the average particle size is significantly reduced. The reduction of the particle size with the increase of Mg(OH)2 extraction was also observed in the samples reacted at different NaOH concentrations (Section 4.2).
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(A) Raw dunite
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Figure 4.17: SE images of raw dunite (A), and products from dunite reaction with 50 mol/kg NaOH aqueous system at 180 °C for 2 hours (B), and for 5 hours (C).
A more detailed observation can be made on the morphology of reaction products at different durations of reaction through the SE images with a higher magnification shown in Figure 4.18. 
The first stage of the alkali attack caused the formation of notches and cracks on the surface of dunite particles which can be observed in Figure 4.18 (A), after 1 hour of reaction. Some parts of the surface were covered with a coating of Mg(OH)2, recognisable from the typical flaky crystals in Figure 4.18 (B). The coating is partially fractured and through the cracks, a second layer of Mg(OH)2 is visible. The presence of fractures on the coating could be associated with the local increase in the volume due to the crystallisation of Mg(OH)2, which has been observed in the serpentinisation of olivine in alkaline solutions [156]. The fractures could have favoured the penetration of the alkaline solution and allowed the crystallisation of a second layer of Mg(OH)2. It could also be possible that the alkaline solution diffused through the Mg(OH)2 coating and attacked the underlying dunite. The growth of Mg(OH)2 crystals below the Mg(OH)2 coating could also have caused a local volumetric expansion which resulted in the further fractures observed in Figure 4.18 (B).    
Figure 4.18 (C) shows a particle of dunite after 4 hours of reaction. The volume of the particle has been reduced, the edges appear consumed and the external surface presents notches and diffused irregularities caused by the alkali attack, similar to those observed in Figure 4.18 (A). Most noticeably, the Mg(OH)2 coating observed in Figure 4.18 (B) appears to be lacking. It is speculated that the volumetric expansions caused the cracks and fractures on the Mg(OH)2 coating seen in Figure 4.18 (B), led to the scaling of the particles surface and detachment of the Mg(OH)2 coating and exposed a larger surface area of remaining dunite. With the exposure of fresh dunite, more Mg(OH)2 can be extracted, which might explain the increase in kinetics observed after about four hours of reaction. Figure 4.18 (C) also shows that the particle of dunite has significantly larger size than the surrounding clusters of Mg(OH)2 which could explain the bimodal trend in the particle size distribution observed in the product reacted with 30 mol/kg NaOH for 6 hours (Figure 4.3). 
The processes observed in Figures 4.18 (A) and (B) appear to be repeated on the newly exposed surface of dunite. Figure 4.18 (D) shows a particle of dunite after 6 hours of reaction. The size of the particle is smaller compared with those in Figure 4.17 (A), 4.18 (A) and 4.18 (C), which confirms the reduction of the particle size. On the top surface of the particle, the initial stages of the alkaline digestion can be observed taking place progressively from the left to the right side, i.e. the formation of notches and irregularities caused by the alkali attack and the progressive crystallisation of Mg(OH)2. The image also shows the presence of overlapping layers of Mg(OH)2 which cover the particle, as in Figure 4.18 (B). The pseudo-hexagonal morphology of Mg(OH)2 crystals can be better appreciated in Figure 4.18 (E) [171, 172]. 
It appears that the variation in the rate of Mg(OH)2 extraction with 50 mol/kg NaOH aqueous system was related to the extent of Mg(OH)2 crystallisation on dunite surface. Initially the rate of reaction might have been controlled by the reduction of the reaction interface, similar to the contraction models [152], and then by the formation of a Mg(OH)2 coating on dunite particles which limited the contact with the NaOH aqueous system, as in the diffusion models [152]. The displacement of the Mg(OH)2 coating layers exposed the fresh dunite surfaces and the kinetics of reaction increased again. These observations might explain the general features in the Mg(OH)2 extraction in the 50 mol/kg series. Further study is required to understand the detailed mechanism of the extraction in this condition. 
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Figure 4.18: SE images of selected products from dunite reaction with 50 mol/kg NaOH aqueous system at 180 °C for (A) – (B) 1 hour, (C) 4 hours, (D) – (E) 6 hours of reaction.
4.7. Efficiency of Mg(OH)2 extraction
The efficiency of extraction was estimated, calculating the percent yield of reaction using Eq. 4.12 [146]. 
	

	(4.12)


The theoretical yield of product was calculated based on Reaction 4.13. 
	

	(4.13)


According to Reaction 4.13, 58.2 g of Mg(OH)2 can be theoretically produced from 40.2 g of MgO in presence of H2O. The mass of MgO in dunite is calculated from the XRF analysis, therefore the achievable mass of Mg(OH)2 (theoretical yield of product) can be derived. The mass of Mg(OH)2 produced (actual yield of reaction) was calculated according to the procedure described in Section 3.6.2 using the quantitative TG data and solving Eqs. 3.19 and 3.20. 
The yield of Mg(OH)2 extraction was estimated for the experimental series at 180 °C and is plotted with the wt% of Mg(OH)2 in the solid reaction products in Figure 4.19. Figure 4.19 (A) compares the reactions with different NaOH concentration, 15 to 50 mol/kg NaOH, conducted for 6 hours, and Figure 4.19 (B) compares the duration of reaction for the reaction with 50 mol/kg NaOH. The maximum yield of Mg(OH)2 extraction is 81% and it was achieved in the aqueous systems with 50 mol/kg NaOH after 6 hours of reaction at solid to liquid ratio of 100 g/L. A similar yield was achieved under the same conditions at a solid to liquid ratio of 50 g/L, i.e. 80%.  
Figure 4.19 (B) shows that after 2 hours of reaction with 50 mol/kg NaOH, the yield is 53%, and thus, more than half of the overall Mg(OH)2 was extracted and increasing the time of reaction to 6 hours only resulted in a yield of reaction 28% higher. The data shown in Figure 4.19 (A) and (B) indicate that the efficiency of extraction can be controlled by NaOH concentration and duration of reaction, e.g. 53% yield was achieved either with 30 mol/kg NaOH, 50 g/L, after 6 hours of reaction or with 50 mol/kg NaOH, 100 g/L, after 2 hours. 
These results show that a high efficiency of Mg(OH)2 extraction can be achieved when dunite is digested at 180 °C in highly concentrated NaOH aqueous systems, although between 10.65 and 21.30 g of NaOH are required to process 1 g of dunite depending on the solid to liquid ratio and NaOH concentration. NaOH is produced via chlor-alkali process which is a highly energy intensive technology and entails the large consumption of electricity [82]. The usage of large quantities of NaOH significantly affects the energy requirement of the extraction process and the reduction of NaOH is essential to scale up the technology. The implications of the alkali based extraction of Mg(OH)2 for CCS application are thoroughly discussed in Chapter 7.
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Figure 4.19: Yield of Mg(OH)2 extraction for products of dunite reaction at 180 °C: (A) 15 to 50 mol/kg NaOH, 50 g/L solid to liquid ratio, 6 hours, (B) 50 mol/kg NaOH, 100 g/L solid to liquid ratio, 1 – 6 hours.
4.8. Summary
Significant amounts of Mg(OH)2 can be extracted from dunite using highly concentrated NaOH aqueous systems, i.e. 15 – 50 mol/kg NaOH, reacted at 180 – 190 °C. The increase of NaOH concentration, temperature and duration of reaction are beneficial to improve the efficiency of extraction. At 90 °C, the concentration of Mg(OH)2 in the reaction products was negligible, i.e. maximum 6.7 wt% obtained with 40 mol/kg NaOH after 6 hours of reaction. At 180 °C, Mg(OH)2 extraction considerably improved and the maximum concentration was obtained with 50 mol/kg NaOH after 6 hours of reaction, i.e. 75.3 wt%. From the NaOH-H2O phase diagram, it was speculated that at 180 – 190 °C the pressure in the systems increased and the viscosity of the solutions decreased respect to the systems reacted at 90 °C, which could also have contributed to the improvement of the extraction rate. 
The NaOH solution attacked the Si-O and metals-oxygen bonds and Si, Al and the alkaline earth metals Sr, Ca, and Ba, were preferentially extracted from the minerals matrix and leached in solution with the exception of Mg which formed Mg(OH)2. The transition metals present in dunite, i.e. Ni, Fe, Cr, Mn and Co, appeared to remain stable in the solid products. 
The reaction with 30 mol/kg NaOH aqueous system at 190 °C was diffusion-controlled. A good agreement was observed with Jander’s three dimensional diffusion model. The 50 mol/kg NaOH aqueous system, on the other hand, deviated from the diffusion model. The SEM analysis of the products of this experimental series revealed a complex mechanism of reaction: Mg(OH)2 initially formed a coating on the dunite particles and limited the contact with the aqueous system, and, with the progress of Mg(OH)2 crystallisation, the local volumetric expansions caused the displacement of Mg(OH)2 coating and exposed the fresh dunite underneath which allowed the continuation of the reaction.
The efficiency of Mg(OH)2 extraction was assessed through the yield of reaction. The highest yield was 81% and it was achieved when dunite was digested with 50 mol/kg NaOH and 100 g/L solid to liquid ratio, over 6 hours at 180 °C. At this NaOH concentration, more than half of the overall Mg(OH)2 was extracted within the first 2 hours of reaction, i.e. 53% yield of extraction. Between 10.65 and 21.30 g of NaOH per 1 g of dunite processed are required to achieve a significant rate of Mg(OH)2 extraction and thus, the large quantity of NaOH required was identified as the main obstacle for the implementation of the process. 
The reduction of NaOH consumption was investigated by reacting dunite with NaOH in solid systems and the results are discussed in the next chapter.
































5. Mg(OH)2 extraction in NaOH solid systems
5.1. Introduction
The large amount of NaOH required for the extraction of Mg(OH)2 from dunite in aqueous systems is a potential obstacle for the large scale implementation of the alkaline dissolution process. Therefore, this part of the study focused on the minimisation of the NaOH usage, and dunite-NaOH solid systems were tested aiming for the reduction of NaOH to a stoichiometric ratio of the expected reaction with dunite. The solid state reaction was conducted in dry conditions or assisted with the addition of small amounts of H2O and the results are presented in this chapter. 
The extraction reaction was studied with the aid of thermodynamic considerations using SGTE Substances Database (SSUB5) in Thermo-Calc [151]. The effect of NaOH and H2O content, temperature and duration of reaction were investigated. The kinetics of reaction in dry conditions and in presence of H2O were analysed with the possible mechanisms of Mg(OH)2 extraction. The amount of Mg(OH)2 produced was estimated via TG analysis and the yield of reaction was calculated. 
Part of the data presented in this chapter was published in Madeddu et al. [173, 174] and has been integrated with new results. 
5.2. Extraction of Mg(OH)2 
The reactions of dunite with NaOH in solid system resulted in formation of brucite, Na2SiO3 and natrite (Na2CO3), together with the mineral components from unreacted dunite. Figure 5.1 shows the XRD patterns of reaction products from pelletised samples with dunite:NaOH mole ratio of 1:2 reacted at 180 °C for 6 hours before and after being washed with distilled H2O. The by-products, Na2SiO3 and natrite are usually detected before washing the reaction products as demonstrated in Figure 5.1. These by-products are soluble in water and can be removed by washing the reaction products. After the washing and successive filtration, the samples are typically left with a solid fraction composed of Mg(OH)2 and remaining dunite components (Figure 5.1). 
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Figure 5.1: XRD patterns of reaction products before and after washing, from pelletised samples with dunite:NaOH mole ratio of 1:2 reacted at 180 °C for 6 hours.
The formation of Na2CO3 is most likely to be ascribed to the partial carbonation of NaOH during the samples preparation. It is well known that NaOH rapidly carbonates when exposed to air [164]. Since the closed vessels were almost entirely filled with the reactants and sealed, the small amount of CO2 present in the trapped air (average concentration at 400 ppm) was not the prime source for NaOH carbonation. Carbonation after the reaction cannot be excluded when the samples were fully exposed to air and analysed via XRD for about 1 hour. 
Thus, the prime products observed from the reaction of Mg2SiO4 with NaOH are Na2SiO3 and Mg(OH)2. Such reaction cannot be easily balanced, and thus other species must have been involved in the reaction. It could be other mineral phases in dunite or water introduced in the system due to the highly hygroscopic nature of NaOH [164]. It is also possible that, together with Na2SiO3, other amorphous phases including amorphous sodium silicates formed but were not identified. A wide range of sodium silicates, nNa2O·mSiO2, exist with different stoichiometry which form amorphous compounds that would have not been detected via XRD [80]. 
For the dunite-NaOH systems which reacted with added H2O, Reaction 5.1 can be written. This reaction is energetically favourable as indicated by the negative Gibbs free energy, i.e. ΔGo = - 34 KJ/mol of Mg(OH)2 formed at 180 °C.
	

	(5.1)


The ΔGo for the reactions of NaOH and minor phases in the dunite, i.e., serpentine (Mg3Si2O5(OH)4), talc (Mg3Si4O10(OH)2), and enstatite (MgSiO3), are shown in Figure 5.2 and suggests that the formation of Mg(OH)2 and Na2SiO3 from these Mg silicate minerals is also thermodynamically possible (ΔGo <0). The thermodynamic feasibility of Mg(OH)2 extraction from serpentine with NaOH is particularly relevant because serpentine is widely available in natural deposits and contains high wt% of Mg which makes it a suitable alternative feedstock material to dunite [48]. 
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Figure 5.2: ΔGo per 1 mole Mg(OH)2 produced calculated for possible reactions for serpentine (Mg3Si2O5(OH)4), talc (Mg3Si4O10(OH)2), and enstatite (MgSiO3) with NaOH. Data for forsterite (Mg2SiO4) is also shown as closed data points for comparison.




5.3. Effect of NaOH
The effect of NaOH content in the solid reactants was studied in pelletised samples which compositions are shown in Table 5.1 and the XRD patterns of the raw dunite and reaction products are shown in Figure 5.4. 
Table 5.1: Pellet compositions and conditions of reaction.
	Dunite*
(mole)
	NaOH
(mole)
	H2O
(mole)
	Temperature
(°C)
	Time
(hour)

	1
	0.5
	0
	180
	6

	1
	1
	0
	180
	6

	1
	1.5
	0
	180
	6

	1
	2
	0
	180
	 6


* Approximate mole of dunite was estimated based on the chemical formula of forsterite, Mg2SiO4.
The two main reﬂection peaks for brucite are found at 18.6° 2θ and 38° 2θ and partially overlap with those for clinochlore and forsterite, respectively. The presence of brucite is distinguishable based on the proportion of the other peaks’ intensity. The XRD patterns show that increasing the amount of NaOH mixed with dunite, the intensity of brucite reflection peaks progressively increases whereas the intensity of the reflection peaks from the dunite mineral components decreases, suggesting that more brucite was extracted in the pellets with larger content of NaOH. 
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Figure 5.4: XRD patterns of raw dunite and products from pelletised dunite-NaOH solid systems reacted at 180 °C for 6 hours.
The TG and DTG curves of the reaction products are shown in Figure 5.5 (A) and (B), respectively. The weight loss between 300 and 450 °C, attributed to the Mg(OH)2 dehydroxylation, increases with NaOH in the solid systems and indicates that more Mg(OH)2 was extracted, in agreement with the XRD data.
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Figure 5.5: TG (A) and DTG (B) curves of products from pelletised dunite-NaOH solid systems reacted at 180 °C for 6 hours.
The concentration of Mg(OH)2 in the products was estimated via TG and is plotted in Figure 5.6 with the moles of NaOH used to digest 1 mole of dunite. The extraction of Mg(OH)2 increased linearly with the increase of NaOH used, and the maximum of 46.8 wt% Mg(OH)2 was obtained in the sample at dunite:NaOH mole ratio of 1:2. 
These results indicate that a significant rate of Mg(OH)2 extraction can be achieved from the reaction of dunite with NaOH solid systems when the mixtures are pelletised and that NaOH can be reduced to a stoichiometric ratio with dunite, assuming the Reaction 5.5, to achieve comparable Mg(OH)2 extraction. Reaction 5.5 involves H2O which could have been adsorbed from NaOH during the sample preparation, from the air trapped in the closed vessel or originated from the carbonation of NaOH (Reaction 5.7). 
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Figure 5.6: Mg(OH)2 concentration estimated via TG in products from pelletised dunite-NaOH solid systems reacted at 180 °C for 6 hours.
5.4. Effect of H2O
The effect of H2O was studied in Series 2 (dunite:NaOH=1:2 mole ratio, not pelletised) by adding small amounts of H2O to the dunite-NaOH solid systems at NaOH:H2O mole ratios of 1:2, 1:1, 2:1 and 4:1. At 180 °C, the NaOH in the systems should be fully dissolved at NaOH:H2O mole ratio of 1:2 and 1:1, or constitute a solid system with partially dissolved NaOH at NaOH:H2O mole ratio of 2:1 and 4:1 [164].
The introduction of H2O into the system had a significant effect on the extraction of Mg(OH)2. Figure 5.7 compares the XRD patterns of the reaction products from the dry reaction and those with added H2O. The extraction of brucite in the dry dunite-NaOH system appears to be limited when the reactants are not pelletised. The only reflection peaks identified are for the mineral components of dunite, while the reflection peaks for brucite are not observed. On the other hand, the systems with added H2O all indicate the presence of brucite which two main reﬂection peaks are detected at 18.6 ° and 38° 2θ. The introduction of H2O is beneficial and the intensity of the reflection peaks for brucite considerably increases in systems with 0.5, 1 and 2 moles of H2O, although the intensity significantly decreases in the system with 4 moles of H2O. A similar trend was observed also in Series 1 and 1.5 (dunite:NaOH=1:1 and 1:1.5 mole ratio, respectively), which XRD patterns are shown in Appendix 2. 
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Figure 5.7: XRD patterns of reaction products from Series 2.
The TG and DTG curves of the reaction products from Series 2 are shown in Figure 5.8 (A) and (B), respectively. The sample reacted in dry conditions has a small weight loss between 300 and 450 °C for the dehydroxylation of Mg(OH)2, whereas those reacted in presence of water show a larger weight loss in this temperature region, indicating that more Mg(OH)2 is produced when H2O is added to the system. 
The calculated concentration of Mg(OH)2 in the reaction product was 19 wt% for the dry dunite-NaOH mixture, and 57.6, 55.4, 51.2 and 28.0 wt% with 0.5, 1, 2 and 4 mole of H2O added per 1 mole of dunite, respectively. Thus, the amount of Mg(OH)2 in the products decreases with the increase in H2O content. The TG/DTG data for Series 1 and 1.5 (shown in Appendix 2) also indicate a similar trend. The TG results are in agreement with the XRD data and indicate that the addition of H2O was beneficial compared to the dry conditions, likely because the dissolution of NaOH in H2O favoured the ion exchange and the diffusivity of materials involved in the reaction [175, 176]. The addition of smaller amounts of H2O, i.e. higher NaOH:H2O mole ratio, was a more preferable condition for Mg(OH)2 formation, which suggests that the concentration of NaOH in H2O played a decisive role for the extraction of Mg(OH)2 from dunite. 
It should be noted that the concentration of Mg(OH)2 in the product from Series 2 reacted in dry conditions is considerably lower than in the pelletised sample with the same composition, i.e. 46.8 wt%. These results indicate that the compaction of the reactants was necessary to achieve a significant efficiency of Mg(OH)2 extraction from dunite-NaOH solid systems reacted without added H2O, likely because the interface of dunite-NaOH reaction increased and favoured the formation of Mg(OH)2 [143].
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Figure 5.8: (A) TG and (B) DTG curves of reaction products from Series 2.



5.5. Effect of NaOH concentration in H2O
The Mg(OH)2 content in the reaction products was estimated via TG for Series 1, 1.5, and 2, which composition is shown in Table 5.2. 
Table 5.2: Sample compositions and conditions of reaction in solid systems.
	
	Dunite
(mole)
	NaOH
(mole)
	H2O**
(mole)
	Temperature
(°C)
	Time
(hour)

	Series 1
	1
	1
	0.25, 0.5, 1, 2
	180
	6

	Series 1.5
	1
	1.5
	0.375, 0.75, 1.5 , 3
	180
	6

	Series 2
	1
	2
	0.5, 1, 2, 4
	180
	6


** Different amounts of H2O were tested at NaOH:H2O mole ratio of 4:1, 2:1, 1:1 or 1:2 for each series.
The TG results are compared in Figure 5.9. The data are plotted against NaOH:H2O mole ratio to study the effects of NaOH concentration in H2O. 
The reaction products from Series 2 show the highest concentration of Mg(OH)2, followed by those from Series 1.5 and 1, and confirm the advantage of having higher NaOH content in the system. The three series show the same trend in presence of H2O, and the wt% of Mg(OH)2 in the reaction products increases with the increase of NaOH:H2O mole ratio. However, this effect becomes less significant at higher NaOH:H2O mole ratio. In fact, at higher NaOH:H2O mole ratio the concentration of NaOH in H2O is higher but the amount of H2O in the system is lower, and thus the positive effect of H2O, such as the improvement of the reactants diffusion is reduced. 
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Figure 5.9: Mg(OH)2 concentrations estimated via TG in reaction products from
Series 1, 1.5, and 2.
The data shown in Figure 5.9 are also plotted against the amount of H2O added to the system in Figure 5.10 (A), grouped by the same NaOH:H2O mole ratio. 
The gradients of the linear fitting for these data sets are proportional to the NaOH:H2O mole ratio as shown in Figure 5.10 (B). Based on these results, it is possible to estimate the approximate wt% of Mg(OH)2, Mg(OH)2(%), expected in the reaction product under the condition studied, using the following empirical equation with the amount of NaOH (XNaOH) and H2O (XH2O). 
	

	(5.9)
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Figure 5.10: Mg(OH)2 concentrations estimated via TG in reaction products: (A) effect of H2O content for different NaOH:H2O mole ratio, and (B) gradient of the linear fitting for datasets shown in (A).
These data, together with those previously discussed for Series 2, indicate that the extraction of Mg(OH)2 from dunite in NaOH-H2O solid systems is the result of a combined effect of NaOH concentration in H2O and amount of liquid phase present in the system. The optimal conditions for the extraction of Mg(OH)2 appears to be found when H2O is present in sufficient quantity to help the diffusion of the reactants but not in excess to reduce the relative concentration of NaOH in the liquid. 

5.6. Effect of temperature and time
Amongst the compositions investigated, the system with the mole ratio of dunite:NaOH:H2O = 1:2:0.5 gave the highest Mg(OH)2 extraction. The effect of reaction conditions was further investigated for this system, using three durations of reaction, i.e. 1, 3 and 6 hours, at different temperatures, i.e. 130, 180 and 250 °C. The XRD patterns and TG/DTG curves of these products are shown in Appendix 2. 
The wt% of Mg(OH)2 in the reaction products, estimated via TG, are compared in Figure 5.11. As expected, increasing the duration and temperature of reaction was beneficial for the extraction of Mg(OH)2. At 130 °C the formation of Mg(OH)2 was limited, achieving only 18.5 wt% after 6 hours which is comparable with 18.2 wt% obtained at 180 °C in 1 hour. The reaction conducted at 180 °C resulted in a significant Mg(OH)2 extraction of 46.4 wt%  after 3 hours of reaction. Increasing the temperature to 250 °C significantly improved the extraction of Mg(OH)2, and a concentration of 56.4 wt% Mg(OH)2 was achieved after 1 hour, which increased to 65.6 wt% in 6 hours. The Mg(OH)2 extraction obtained within 1 hour at 250 °C is comparable with 57.6 wt% attained at 180 °C over 6 hours of reaction. The reaction at 250 °C is faster than at the other temperatures, and the majority of reaction appears to have taken place in the first hour. This is highly advantageous for the industrial application of the process, as it would allow the reduction of  reaction time from 6 to 1 hour to achieve the same degree of Mg(OH)2 extraction obtained at 180 °C. 
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Figure 5.11: Mg(OH)2 concentration estimated via TG in reaction products of dunite:NaOH:H2O systems with 1:2:0.5 mole ratio at different temperatures and times of reaction.
Figure 5.12 shows the NaOH-H2O phase diagram [164]. The diagram has been adapted to show the temperatures and NaOH concentration used in this study. The NaOH:H2O mole ratio of 4:1 corresponds to a NaOH concentration in H2O of approximately 90% by weight. The diagram shows that there could be a solid portion remaining at 130 and 180 °C in the NaOH-H2O system at 90 wt% NaOH whereas only liquid or gas can be present at 250 °C, similar to molten salt systems [164]. Consequently, at 250 °C dunite reacted with a highly alkaline melt instead of a solid system with a limited amount of NaOH dissolved in H2O, which should have favoured the diffusion of reactants [143], contributing to the much faster kinetics of Mg(OH)2 extraction observed within the first hour of reaction at this temperature. Although the increase of pressure in the closed vessel at higher temperature may shift the melting temperature, based on the obtained results it appears to be still below 250 °C. 
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Figure 5.12: NaOH-H2O phase diagram, modified from Kurt and Bittner [164].
5.7. Extraction of elements 
The residual solutions used to wash the products from dunite-NaOH reaction in pellets were analysed via ICP-OES, and the percentage of extraction for selected elements was calculated based on the concentration of the elements in the solution and the composition of the reactant (mixture of dunite and NaOH). The results are plotted at different dunite-NaOH mole ratios in the pellets in Figure 5.13 (A) for Na and Si, and in Figure 5.13 (B) for Al, Ba, Sr, Ca, Mn, Fe and Mg. It should be noted that the extraction of Mg(OH)2 has a linear correlation with the amount of NaOH in the system as previously discussed (Figure 5.6).
The percentage of Na extraction decreased from 90 to 58% with the increase in the NaOH content in the system (and Mg(OH)2 extracted), while the percentage of Si showed an opposite trend and increased from 22% to 39%. Because the reaction of dunite with NaOH produces soluble Na2SiO3, it was expected to observe a linear increase of Si extraction in solution when more Mg(OH)2 is extracted. On the contrary, the Si released in solution increased and remained between 35 and 39% without a further rise. The data for Na and Si may suggest that, when a larger fraction of dunite reacted and more Na2SiO3 formed, the washing of the samples became less effective to fully dissolve this phase which partially remained in the solid products. This may also explain the decrease in the weight loss of the products recorded after the washing process from 74 to 63, 56 and 49% with the increase of Mg(OH)2 extracted. 
Overall, less than 4% of Mg, Fe and Mn were extracted in solution, whereas Al and the alkaline earth metals Ca, Ba, and Sr, showed higher percentages of extraction. Co, Cr, and Ni were also present in solution but with concentrations below the detection limit of ICP-OES, i.e. <0.1 – 0.05 mg/L. Even though it was not possible to calculate the exact percentage of extraction for these elements, it was estimated that maximum of 0.5% were present in solution. These results are in agreement with those from the NaOH aqueous systems discussed in Chapter 4. Similarly to Si, also Al and the alkali earth metals Ca, Ba, and Sr, were extracted from dunite and released in solution during the washing, presumably forming soluble phases which were partially dissolved with water. On the contrary, the transition metals Fe, Mn, Co, Ni and Cr, mainly remained in the solid fraction. 
The general trend observed in Figures 5.13 (B) indicates that the extraction of the elements significantly increased with the increase of NaOH in the system up to dunite:NaOH=1:1 mole ratio (and Mg(OH)2 extraction) but then decreased again with the further increase in the NaOH (and Mg(OH)2 extraction). The similar trend observed in the Na and Si suggests that the washing of the products affected also the release of Al, Ba, Sr, Ca, Mn and Fe.



[image: ]
Figure 5.13: Extraction of elements in solution for dunite-NaOH pellets reacted at 180 °C for 6 hours and washed with distilled water: (A) Na and Si, (B) Al, Ba, Sr, Ca, Mn, Fe and Mg.
Figure 5.14 shows some examples of products from the reactions in solid systems. The colour of the samples with low concentration of Mg(OH)2 was pale grey and resembled that of raw dunite, as visible in Figures 5.14 (A), (B) and (C) for the products of reaction at 130 °C for 1 and 6 hours and 180 °C for 1 hour, respectively. On the other hand, the products with a significant content of Mg(OH)2 were mostly brown/red and some examples are shown in Figures 5.14 (D), (E) and (F) for products of reaction at 180 °C for 3 and 6 hours and 250 °C for 1 hour, respectively. A similar colour was observed in the pellets reacted in dry conditions at 180 °C for 6 hours shown in Figure 5.14 (G). The products reacted at 250 °C for 3 and 6 hours appeared grey despite a significant content of Mg(OH)2, as visible in Figure 5.14 (H).
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	(A) 130 °C, 1 hour 
	(B) 130 °C, 6 hours  
	(C) 180 °C, 1 hour
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	(D) 180 °C, 3 hours 
	(E) 180 °C, 6 hours 
	(F) 250 °C, 1 hour 
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	(G) 180 °C, 6 hours 
	(H) 250 °C, 6 hours
	(I) 250 °C, 3 hours


Figure 5.14: Products from reactions  in solid systems at dunite:NaOH 1:2 mole ratio with 0.5 moles of H2O or as dry pellets: (A) 130 °C, 1 hour, (B) 130 °C, 6 hours, (C) 180 °C, 1 hour, (D) 180 °C, 3 hours, (E) 180 °C, 6 hours, (F) 250 °C, 1 hour, (G) 180 °C, 6 hours, (H) 250 °C, 6 hours. Magnetite extracted via magnetic separation in the product reacted at 250 °C for 3 hours is also shown in (I).
The colour of these samples can be related to the characteristics of the transition metals [169] as discussed previously, in particular Fe might have had a dominant effect as it is the third most abundant element in dunite after Mg and Si. Fayalite, Fe2SiO4, is the Fe-rich end member of the olivine group [51] and it cannot be excluded that small percentages of this phase were contained in dunite. It is also possible that Fe2+ partially substituted Mg in forsterite structure or in the other dunite components, i.e. enstatite, hornblende, serpentine, talc and clinochlore [51]. At low Mg(OH)2 extraction, the Fe extracted was also negligible and the products maintained the same colour as dunite. At higher Mg(OH)2 extraction a larger amount of Fe was extracted and partially oxidised to Fe3+ which conferred a red/brown shade to the products. Fe3+ is a chromophore cation and Fe3+-bearing species often have a characteristic red/brown colour [177, 178]. After 3 and 6 hours of reaction at 250 °C, a significant amount of magnetite Fe3O4 was extracted with Mg(OH)2. At these conditions the colour of the products was dark grey which indicates that most of the Fe extracted was converted into Fe3O4. 
Fe3O4 could be easily removed from the other solid components via magnetic separation as visible in Figure 5.14 (I)  and can be a valuable by-product with a variety of commercial applications, e.g. magnetic media, catalyst, pigment [179, 180]. XRD analysis shown in Figure 5.15 confirms the presence of magnetite in the samples reacted at 250 °C for 3 and 6 hours. Smaller amounts of magnetite were observed via magnetic separation also in the samples reacted at lower temperatures and for shorter durations of reaction, although this phase was never detected via XRD.
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Figure 5.15: XRD patterns of products from solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio, reacted at 250 °C for 1, 3 and 6 hours.


5.8. Kinetics of reaction	
5.8.1 Reaction in dry solid systems
The reaction kinetics of Mg(OH)2 extraction in dry conditions were studied through the analysis of the reaction products from pelletised samples at dunite:NaOH mole ratio of 1:2, reacted at 180 °C for 1, 3 and 6 hours. The products were analysed via XRD after being washed, and the patterns are compared in Figure 5.16. The main reflection peak from brucite at 38.02° 2θ is detected after the first hour reaction. The full brucite pattern is clearly detected at 3 hours, and the intensity of the reflection peaks increases with time while the reflection peaks from dunite components progressively decrease in intensity. 
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Figure 5.16: XRD patterns of solid products from pelletised samples at dunite:NaOH 1:2 mole ratio.
The TG and DTG curves for the reaction products from the pelletised samples are shown in Figure 5.17 (A) and (B), respectively. The weight loss between 300 and 450 °C increases with time, indicating more Mg(OH)2 formed in the products from longer durations of reaction, in agreement with the XRD data. 
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Figure 5.17: (A) TG and (B) DTG curves for solid products from pelletised samples at dunite:NaOH 1:2 mole ratio.
The amount of Mg(OH)2 and dunite in the reaction products and the extent of reaction have been calculated with the same procedure used for the aqueous systems in Chapter 4, and the results are plotted in Figure 5.18 (A) and (B), respectively. The Mg(OH)2 contained in the reaction products and the extent of reaction both increase with asymptotic trend, similar to that observed in Figure 4.13 for the 30 mol/kg series, suggesting that the dry reaction of dunite and NaOH could also be diffusion controlled.

	[image: rahman A paper]
	[image: rahman B compressed]


Figure 5.18: Mg(OH)2 extraction for pelletised samples at dunite:NaOH 1:2 mole ratio: (A) amount of dunite and Mg(OH)2 in the products, (B) extent of reaction.
The obtained extent of reaction for the pelletised samples was applied to the Jander model (Eq. 4.8) as shown in Figure 5.19. Although the number of data points is limited, the data show a reasonable match to the model with the value of R2 = 0.983, and the reaction appears to be diffusion-controlled. Moreover, the value of k, i.e. 0.010 h-1 (180 °C), is comparable to that obtained from the fitting with the same model for 30 mol/kg series, i.e. 0.013 h-1 (180 °C). 
[image: 12]
Figure 5.19: Potential kinetic model for pelletised samples at dunite:NaOH 1:2 mole ratio: 3-D Jander diffusion model.
Figure 5.20 shows the SE images of the raw dunite and the pellets at dunite:NaOH 1:2 mole ratio reacted for 6 hours. Comparing raw dunite in Figures 5.20 (A) and the product in Figure 5.20 (B) which were acquired at the same magnification, it can be noticed that the average particle size was significantly reduced after the reaction and the morphology was completely altered. A closer look to the product in Figure 5.20 (C) reveals a partially amorphous texture and a morphology which resembles that observed for NaOH molten salt systems [181] although it is difficult to identify any phase or a possible mechanism of reaction from these images. 
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(A) Raw dunite
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(B) 6 hours
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(C) 6 hours
Figure 5.20: SE images of raw dunite (A) and product from pelletised samples at dunite:NaOH mole ratio of 1:2 reacted for 6 hours: (B) x500 magnification, (C) x1500 magnification.
5.8.2. Reaction in solid system assisted with H2O
The kinetic analysis was conducted also for Series 2 reacted at NaOH:H2O mole ratio of 1:2, 1:1, 2:1 and 4:1 for 1, 3 and 6 hours at 180 °C. The increase in Mg(OH)2 extraction with time observed in the other extractions studied was again observed in Series 2 and the XRD and TG/DTG data are shown in Appendix 2. The extent of reaction was estimated based on the TG data and compared with that for the pelletised samples reacted in dry conditions in Figure 5.21. The products from Series 2 at different H2O content show an asymptotic trend comparable with that observed for the pellets. As previously discussed, the introduction of H2O appears to be beneficial for the extraction of Mg(OH)2 and the extent of reaction increases with the decrease of H2O content.
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Figure 5.21: Comparison of extent of reaction for Series 2 with 0.5, 1, 2 and 4 moles of H2O with the dry pellets.
The obtained extent of reaction were applied to the Jander model (Eq. 4.8), and analysed in Figure 5.22. The products from Series 2 reacted with 2 and 4 moles of H2O show a very good match with this model as indicated by R2=0.996 and 0.995, respectively, whereas those with 0.5 and 1 mole of H2O indicate a lower match. 
The value of k for Series 2 reacted with 2 moles of H2O, i.e. 0.012 h-1 (180 °C), is very close to the values obtained for the reaction in dry conditions, i.e. k = 0.010 h-1 (180 °C), and for 30 mol/kg series, i.e. k = 0.013 h-1 (180 °C). From these results, it appears that the reaction in the systems with larger content of H2O could be diffusion-controlled like the reaction in dry conditions or the 30 mol/kg NaOH aqueous system, whereas the systems at lower H2O content may deviate from this model. 
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Figure 5.22: Potential kinetic model for Series 2 with 0.5, 1, 2 and 4 moles of H2O: 
3-D Jander diffusion model.
The extent of reaction for Series 2 reacted with 0.5 and 1 mole of H2O are compared with that for the 50 mol/kg series in Figure 5.23, all of which showed a poor fitting with the 3-D diffusion model. Due to the limited number of data points for Series 2, it is difficult to draw clear conclusions, but the extent of reaction in the first 3 hours seems to follow a similar path in these series. This may suggest that the mechanism of reaction in these solid systems was similar to that observed in the 50 mol/kg series in the first three hours of reaction.
After 3 hours, the 50 mol/kg series is characterised by an acceleration of the Mg(OH)2 extraction, which is not clearly observed in the solid system with 0.5 and 1 mole of H2O. As already discussed in Section 4.6.3, the increase of reaction kinetics is likely to be attributed to the local volumetric expansions which caused the displacement of the Mg(OH)2 coating and exposed the fresh dunite surface to the aqueous system. This phenomenon could have taken place easily in the aqueous system where small amounts of dunite were dispersed in a large volume of liquid, i.e. 100 g of dunite per 1 litre of NaOH aqueous solution, while it was hindered in the solid systems where dunite particles were surrounded by other particles with only small volumes of liquid phase present, i.e. 0.5 – 1 moles of H2O per 1 mole of dunite.
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Figure 5.23: Comparison of extent of reaction for Series 2 with 0.5 and 1 mole of H2O with 50 mol/kg NaOH aqueous system.
5.9. Efficiency of extraction
The efficiency of Mg(OH)2 extraction was estimated through the yield of reaction according to the procedure used for the NaOH aqueous systems described in Section  4.7. 
Figure 5.24 compares the yield of reaction obtained for the dry pellets with that for Series 1, 1.5 and 2 reacted with added H2O at NaOH:H2O 4:1 mole ratio. The systems reacted with H2O resulted in higher yield of reaction than the pelletised samples. The highest efficiency of extraction was obtained in the systems at dunite:NaOH mole ratio of 1:2, i.e. 55% in the pelletised sample and 66% in Series 2.  
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Figure 5.24: Yield of reaction at different dunite:NaOH mole ratio reacted at 180 °C for 6 hours: dry pellets (black pattern column) and Series 1, 1.5 and 2 with NaOH:H2O mole ratio of 4:1 (black columns).
Figure 5.25 compares the yield of reaction of solid systems at dunite:NaOH:H2O mole ratio of 1:2:0.5 reacted at 130, 180 and 250 °C for 1, 3 and 6 hours with that achieved with the NaOH aqueous system at 50 mol/kg NaOH reacted at 180 °C for 6 hours. The yield of reaction increased with temperature and duration, similarly to the concentration of Mg(OH)2 discussed in Section 5.6 (Figure 5.11). The system reacted at 250 °C reached a yield of 65% within 1 hour of reaction, which is comparable to the 66% achieved at 180 °C over 6 hours. Among the solid systems the maximum yield of reaction was achieved at 250 °C after 6 hours of reaction, i.e. 73%, which is slightly lower than the yield of 81% obtained in the NaOH aqueous system at 50 mol/kg NaOH. 
Although the efficiency of extraction obtained in NaOH solid systems is lower than in the aqueous systems, the NaOH consumption was successfully reduced to a stoichiometric ratio with dunite, according to Reaction 5.5. In the 50 mol/kg NaOH aqueous system, from 10.65 to 21.30 g of NaOH are consumed to process 1 g of dunite at solid to liquid ratio of 50 and 100 g/L whereas in the solid system with dunite:NaOH mole ratio of 1:2, only 0.57 g NaOH per 1 g of dunite are required, which corresponds to a reduction of NaOH usage by 94.5 – 97%. The H2O consumed is also reduced by ~99% in the solid systems with 0.5 moles of H2O, or completely avoided in the pellets.
The reduction of the reactants required for the extraction in the solid systems represents a significant improvement of the process and the implications for CCS will be discussed in Chapter 7. 
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Figure 5.25: Yield of reaction for dunite reaction in NaOH solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio, reacted for 1, 3 and 6 hours at 130 °C (white columns), 180 °C (black columns) and 250 °C (grey columns). The yield of reaction obtained with 50 mol/kg NaOH aqueous system, 100 g/L solid to liquid ratio, at 180 °C for 6 hours is also shown for comparison (white pattern column). 
5.10. Summary
The NaOH required to extract Mg(OH)2 from dunite can be reduced to a stoichiometric ratio of the expected reaction in the solid systems.
The dunite-NaOH pellets reacted in dry conditions at 180 °C resulted in a significant rate of extraction over 6 hours reaction. The compaction was beneficial for the extraction of Mg(OH), likely due to the increase of the interface of reaction between dunite and NaOH.
The introduction of H2O considerably improved the extraction of Mg(OH)2 compared with the reaction in dry conditions, favouring the diffusion of the reactants involved. Both NaOH concentration in H2O and the amount of liquid phase in the system played a significant role in the extraction of Mg(OH)2 from dunite and the best results were achieved in systems with dunite:NaOH:H2O 1:2:0.5 mole ratio. Decreasing the NaOH resulted in less Mg(OH)2 extraction. 
The analysis of the separated solution revealed that the Si extracted which formed Na2SiO3, a soluble phase, was partially removed by washing the solid products with distilled water. Similarly, Al and the alkali earth metals Ca, Ba and Sr, were released in solution during the washing of the samples while the transition metals, Fe, Mn, Co, Ni and Cr, mainly remained in the solid products. Fe was extracted and partially converted into Fe3O4 which concentration in the products increased with temperature and duration of reaction. 
The kinetic behaviour of the extraction in the solid system was diffusion controlled when reacted at 180 °C in dry conditions or with 2 and 4 moles of H2O in Series 2. The apparent reaction constant k for these systems was similar to that for the reaction in 30 mol/kg NaOH aqueous system. The kinetic behaviour of the solid systems with 0.5 and 1 mole of H2O showed a deviation from the diffusion-controlled model. Although not conclusive, their behaviour was similar to the 50 mol/kg NaOH aqueous system.
At 180 °C and over 6 hours of reaction, the maximum yield of Mg(OH)2 extraction was 55% for the pellets at dunite:NaOH 1:2 mole ratio, and 66% for the system at dunite:NaOH:H2O 1:2:0.5 mole ratio. At 250 °C, the extraction of Mg(OH)2 was significantly accelerated and 65% yield was achieved in 1 hour for solid systems at dunite:NaOH:H2O mole ratio of 1:2:0.5. After 6 hours of reaction at these conditions, the yield further increased to 73% which is the highest obtained in the solid systems. Although the efficiency of extraction obtained was slightly lower than in the aqueous systems, the NaOH consumption was reduced by 94.5 – 97% and the H2O consumption was either reduced by 99% or completely avoided.




6. Mg(OH)2 carbonation
6.1. Introduction
In this chapter, the feasibility of CO2 capture by Mg(OH)2 in aqueous and solid systems was studied. The utilisation of Mg(OH)2 for mineral carbonation is advantageous, as previously discussed, because of the high magnesium content, i.e. 41.7 wt%, and the faster kinetics of carbonation reaction compared with other magnesium bearing minerals such as periclase, MgO, serpentine and forsterite [9, 62, 117, 182]. 
The carbonation of reagent grade Mg(OH)2 and Mg(OH)2 derived from the alkaline digestion of dunite was studied under CO2 flow at atmospheric pressure. The relative simplicity of the experimental set up was ideal for the preliminary comparison of the samples, although, at atmospheric pressure, the carbonation of Mg(OH)2 is limited due to the slow kinetics of reaction [48, 128].
Carbonation of Mg(OH)2 with CO2 in its supercritical state, i.e. >70 bar and >30 °C, was also studied. The number of studies reported in the open literature is highly limited [133, 134, 183], but the carbonation of Mg(OH)2 under supercritical CO2 seems effective when H2O is added, achieving high rates of Mg(OH)2 carbonation at temperatures of reaction ≤75 °C for durations ≥24 hours. In the present study, Mg(OH)2 was reacted  with supercritical CO2 at 70 °C and for shorter times, which would be more suitable for the practical application. 
The reactivity of some products from the alkaline dissolution of dunite with NaOH were tested for carbonation via CO2 pressure swing technique. Iizuka and co-workers have developed this technique based on CO2 pressure control to produce high purity CaCO3 from cement waste in aqueous slurries [10, 106]. Ca2+ is first extracted from the cement waste via aqueous dissolution at ~30 °C under high pressure of CO2, e.g. 3 MPa (30 bar). Subsequently, the pressure of CO2 in the system is reduced to 0.1 – 0.2 MPa (1 – 2 bar) to favour the precipitation of calcite by reducing the saturated concentration of Ca2+ with PCO2 [10, 106]. Similar conditions were applied in the present study.
The feasibility of CO2 sequestration using Mg(OH)2 was also demonstrated using a Downflow Gas Contactor (DGC) reactor. CO2 was captured from a flow of CO2-N2 mixture at ambient conditions using an aqueous slurry of reagent grade Mg(OH)2. Mg(OH)2 and CO2 dissolved in H2O can react to form Mg(HCO3)2 which remains in solution as soluble phase under controlled pH [3, 132]. This technology combines the separation and storage of CO2 into a single stage, which is favourable because it avoids the capture and conversion of CO2 into a pure CO2 stream, as well as the compression and transport operations, all of which are expensive and energy demanding [5, 79]. The results of this test have been published in Madeddu et al. [174]. 
6.2. Gas-solid carbonation
6.2.1. High temperature dry carbonation
The carbon content in the products was determined with CHN analysis after the reaction of Mg(OH)2_RG at different temperatures in CO2 flow under atmospheric pressure. The outcomes of the analysis are shown in Figure 6.1 (A). Limited carbon uptake is observed and the highest carbon concentration is 1.72 wt% at 400 °C whereas at 200, 500, 600 and 680 °C the carbon concentration is comparable or lower than raw Mg(OH)2_RG. Mg(OH)2 dehydroxylates between 300 and 450 °C and the weight loss from H2O affects the relative concentration of carbon in the products reacted above these temperatures. 
The extent of Mg(OH)2 carbonation was assessed by calculating the C/Mg mole ratio and the results are shown in Figure 6.1 (B). The C represents the moles of carbon in the product after carbonation while Mg corresponds to the moles of Mg forming Mg(OH)2 in Mg(OH)2_RG, estimated based on the Rietveld Refinement QPA. The level of C in the products is lower than in the raw Mg(OH)2_RG for the reaction at 200, 500, 600 and 680 °C, indicating that part of the carbon originally contained in Mg(OH)2_RG was released during the carbonation and the carbon uptake was either negligible or did not occur. Such result is expected at temperatures above ≥500 °C as hydromagnesite contained in raw Mg(OH)2_RG and MgCO3 (possible product of carbonation) are not stable at such high temperatures [136, 184]. On the other hand, hydromagnesite is not expected to release CO2 at 200 °C and Mg(OH)2_RG must have contained C-bearing impurities while MgCO3 formation was highly limited at this temperature. The maximum C/Mg mole ratio is 0.08 at 400 °C, i.e. 33% higher than in raw Mg(OH)2_RG (C/Mg = 0.06). The carbonation of Mg(OH)2_D1 at 400 °C also appears to be limited and the carbon content is 1.21 wt% with a C/Mg mole ratio of 0.06, i.e. 20% higher than raw Mg(OH)2_D1 (C/Mg = 0.05) and 25% lower than Mg(OH)2_RG carbonated in the same conditions. 
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Figure 6.1: (A) Carbon content and (B) C/Mg mole ratio in reaction products from Mg(OH)2_RG dry carbonation under CO2 flow at 1 bar. The dotted lines represent the carbon content (A) and the C/Mg mole ratio (B) in Mg(OH)2_RG before the carbonation reaction.
The XRD patterns of Mg(OH)2_RG, Mg(OH)2_D1 and respective reaction products from the dry carbonation at 400 °C are shown in Figure 6.2. XRD did not detect the presence of Mg carbonate minerals in the reaction products, most likely due to the limited carbonation reaction and concentration of these species in the samples. 
The raw Mg(OH)2_RG shows the reflection peaks for brucite and low intensity reflection peaks for hydromagnesite. After carbonated at 400 °C, it shows an additional reflection peak for periclase at 42.9° 2θ, originated from the partial decomposition of brucite [128], whereas the reflection peaks for hydromagnesite disappear. Under CO2 atmosphere at ambient pressure, hydromagnesite starts to decompose via dehydration below 300 °C, and at 400 °C it starts to decarbonate and forms an amorphous carbonate phase which cannot be detected by XRD [185]. 
Mg(OH)2_D1 has similar XRD patterns both before and after carbonation at 400 °C, with only reflection peaks for brucite and low intensity peaks from the mineral components of unreacted dunite. Periclase is not detected in Mg(OH)2_D1 carbonated at 400 °C, indicating that brucite present in Mg(OH)2_D1 did not decompose to the similar extent to that in Mg(OH)2_RG. 
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Figure 6.2: XRD patterns of Mg(OH)2_RG, Mg(OH)2_D1 and respective reaction products from dry carbonation under CO2 flow at 1 bar and 400 °C.
The TG and DTG curves for Mg(OH)2_RG, Mg(OH)2_D1 and their reaction products from dry carbonation at 400 °C are compared in Figure 6.3. The DTG curve of Mg(OH)2_RG shows a broad peak centred at 350 °C with evident shoulders at lower and higher temperatures. The weight loss at 350 °C is attributed to the dehydroxylation of brucite [128]. The small amounts of hydromagnesite in the Mg(OH)2_RG can thermally decompose via dehydration below 300 °C and the dehydroxylation and decarbonation above 300 °C [186, 187]. It is likely that the small weight loss centred at 265 °C is from the dehydration of hydromagnesite, and the decomposition continued at higher temperatures partially overlapping with brucite dehydroxylation. After carbonated at 400 °C, the DTG curve of Mg(OH)2_RG shows two partially overlapped weight loss events centred at 360 and 390 °C, and a smaller weight loss at 490 °C. The double weight loss at 360 and 390 °C may be attributed to a two steps dehydroxylation of Mg(OH)2. A similar DTG curve was observed by Fricker and Park in the Mg(OH)2 carbonated at 300 °C, PCO2 = 1.24 MPa (12.4 bar) [128]. It is actually interesting to observe these dehydroxylation events of Mg(OH)2 in this sample because it had already been heated at 400 °C for carbonation reaction prior to the TG analysis. According to the TG/DTG data for the raw Mg(OH)2_RG, most of the dehydroxylation of Mg(OH)2 in this material should be completed when it is heated at 400 °C. The data suggests that, under CO2 atmosphere, the dehydroxylation did not proceed sufficiently. It has been reported that, under CO2 atmosphere, Mg carbonate passivating layers can form on the Mg(OH)2 particles and restrict the penetration of CO2 through the bulk and the release of H2O from Mg(OH)2 dehydroxylation [126, 128, 184]. This must be one of the reasons for the limited extent of carbonation reaction of this system, which resulted in the small weight loss at 490 °C attributed to the decomposition of a Mg carbonate compound formed during the carbonation reaction. Mg(OH)2 does not decompose at such high temperature, while most of Mg carbonate minerals are reported to decarbonate above 400 °C [136].
The DTG curves of Mg(OH)2_D1 and its reaction product from the carbonation at 400 °C shows a single weight loss event for Mg(OH)2 dehydroxylation at 375 °C and 400 °C, respectively. Comparing the DTG curves of the raw reactants, Mg(OH)2_RG and Mg(OH)2_D1, it can be noticed that overall Mg(OH)2 dehydroxylation is slightly shifted towards higher temperature in Mg(OH)2_D1. This may explain the XRD data which showed that, at 400 °C, brucite partially decomposed into periclase in Mg(OH)2_RG, while it was not positively observed in Mg(OH)2_D1. Dehydroxylation of Mg(OH)2 is observed in the Mg(OH)2_D1 after carbonation reaction at 400 °C, as in Mg(OH)2_RG, and it is shifted towards higher temperature. These results also suggest the formation of Mg carbonate passivating layers on the particle surface of Mg(OH)2_D1. 
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Figure 6.3: (A) TG and (B) DTG curves of Mg(OH)2_RG, Mg(OH)2_D1 and respective reaction products from dry carbonation under CO2 flow at 1 bar and 400 °C.
Mg(OH)2_D1 captured less carbon than Mg(OH)2_RG, suggesting that, in the conditions tested in the present study, the reagent grade Mg(OH)2 was more reactive than the Mg(OH)2 derived from the dunite. This could be ascribed to the different temperature of Mg(OH)2 dehydroxylation in the two samples observed from TG data. More dehydroxylation can occur in Mg(OH)2_RG than in Mg(OH)2_D1 at 400 °C, which resulted in more carbonation. More dehydroxylation suggests not only the increase of MgO to react with CO2 but also more mobility of the materials through the passivating layers on the particles such as release of H2O and penetration of CO2. It is currently uncertain whether the H2O released during the dehydroxylation of Mg(OH)2 acts similarly to the adsorbed H2O which favours the carbonation [128, 182]. Materic and Smedley [188], studied the thermal decomposition of Ca(OH)2 under CO2 and proposed that the H2O released during the dehydroxylation reaction migrates to the surface of Ca(OH)2 particles and forms a layer of adsorbed H2O which enhances the carbonation. 
Other factors might have affected the different reactivity of the samples such as different particle size distribution or the presence of residue alkalis in the Mg(OH)2 extracted from dunite. 
6.2.2. High temperature wet carbonation 
Mg(OH)2_RG and Mg(OH)2_D2 were carbonated with the addition of 0.5 g H2O to investigate the effect of moisture on CO2 capture at 400 °C. The CHN data for Mg(OH)2_RG, Mg(OH)2_ D1 and D2 before and after dry or wet carbonation are shown in Table 6.1. A positive effect of H2O on carbonation is observed from the increase of carbon content in the reaction products. The carbon content of Mg(OH)2_RG after wet carbonation is 4.76 wt% and the C/Mg mole ratio is 0.26, i.e. over 3 times of the dry carbonation at 400 °C. The addition of water was beneficial also for the carbonation of Mg(OH)2 derived from the dunite. The Mg(OH)2_D2 has a carbon content of 3.76 wt% and a C/Mg mole ratio of 0.26, i.e. over 4 times of Mg(OH)2_D1 carbonated in dry conditions. The C/Mg mole ratio in the Mg(OH)2_D2 and Mg(OH)2_RG carbonated with added H2O is the same (C/Mg = 0.26), but the carbon uptake by Mg(OH)2_RG is higher than that by Mg(OH)2_D2 as it can be appreciated by comparing the C/Mg mole ratio of the respective raw reactants in Table 6.1. The initial C/Mg mole ratio in the raw Mg(OH)2_RG is 0.06, while in the raw Mg(OH)2_D2 the C/Mg mole ratio is 0.16. 




Table 6.1: CHN data for Mg(OH)2_RG, Mg(OH)2_D1 and Mg(OH)2_D2 before and after carbonation under CO2 flow at 1 bar and 400 °C.
	Sample
	Added H2O
(g)
	Carbon 
(wt%)
	C/Mg
(mole/mole)

	Raw Mg(OH)2_RG
	-
	1.08
	0.06

	Mg(OH)2_RG
	0.0
	1.72
	0.08

	Mg(OH)2_RG
	0.5
	4.76
	0.26

	Raw Mg(OH)2_D1
	-
	0.71
	0.05

	Mg(OH)2_D1
	0.0
	1.21
	0.06

	Raw Mg(OH)2_D2
	-
	1.93
	0.16

	Mg(OH)2_D2
	0.5
	3.96
	0.26


The XRD patterns of the reaction products from the wet carbonation are compared with those from the dry carbonation in Figure 6.4. The XRD pattern for Mg(OH)2_D2 before carbonation is also shown for comparison. XRD analysis was conducted using diffractometers with different wavelengths and, thus, the patterns were compared by plotting against the 1/d spacing values on the horizontal axis. The reaction products from Mg(OH)2_RG and Mg(OH)2_D2 wet carbonation show a reflection peak for periclase at 0.475 Å-1, suggesting that brucite in these samples partially decomposed during the carbonation reaction at 400 °C, similarly to the product from the Mg(OH)2_RG dry carbonation. All the reaction products show the reflection peaks from brucite, and the reaction product from the Mg(OH)2_D2 wet carbonation also shows low intensity peaks for the mineral components of unreacted dunite. Although the wet carbonation of Mg(OH)2_RG and Mg(OH)2_D2 resulted in a considerably higher carbon uptake than the dry carbonation samples, the XRD did not detect Mg carbonate minerals. The lack of the reflection peaks for Mg carbonate minerals suggests that only a limited amount of Mg carbonates formed crystalline compounds and mainly amorphous Mg carbonates formed. Similar results were observed also by Fricker and Park, in which Mg(OH)2 samples gave a significant rate of carbonation attributed to the formation of amorphous carbonate compounds [128]. 
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Figure 6.4: XRD patterns for reaction products from Mg(OH)2_RG dry and wet carbonation, Mg(OH)2_D1 dry carbonation and Mg(OH)2_D2 wet carbonation under CO2 flow at 1 bar and 400 °C. The XRD pattern of Mg(OH)2_D2 before carbonation is also shown for comparison. 
The TG and DTG curves of Mg(OH)2_RG, Mg(OH)2_D2 and respective products from the wet carbonation at 400 °C are shown in Figure 6.5. The product from the Mg(OH)2_RG shows a main weight loss centred at 375 °C for Mg(OH)2 dehydroxylation, and a smaller weight loss at 508 °C. The weight loss at 508 °C is likely attributed to the loss of CO2 captured during the carbonation reaction, as other weight loss events are not detected. It should be noted that the CO2 content based on the weight loss at 508 °C in TG data is 1 wt%, which is considerably smaller than the 17 wt% measured via CHN analysis in this sample. This aspect is further discussed later.
The dehydroxylation of Mg(OH)2 in the raw Mg(OH)2_D2 occurs in two stages forming a double peak centred at 335 and 400 °C, whereas after carbonation Mg(OH)2_D2 shows a single weight loss event for Mg(OH)2 dehydroxylation centred at 410 °C with an evident shoulder at 425 °C. The weight loss at 508 °C observed in the reaction products from the Mg(OH)2_RG wet carbonation is not detected in the product of Mg(OH)2_D2 wet carbonation and no other weight loss events ascribable to the decarbonation of Mg carbonate minerals are detected either in this sample.  
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Figure 6.5: (A) TG and (B) DTG curves of Mg(OH)2_RG, Mg(OH)2_D2, and respective reaction products from wet carbonation under CO2 flow at 1 bar and 400 °C.
The carbon content measured in the products via CHN analysis for the Mg(OH)2_RG and Mg(OH)2_D2 wet carbonation was considerably larger than those for the dry carbonation, and it was expected to detect some weight loss events above 400 °C related to the decarbonation of Mg carbonate species. To clarify this, the product from Mg(OH)2_D2 wet carbonation was further investigated via TG-MS conducted under N2 flow. The results shown in Figure 6.6 reveal that the CO2 contained in the sample is released simultaneously with H2O from Mg(OH)2 dehydroxylation between 350 and 450 °C. The carbonation was conducted at 400 °C and although it should not be possible to observe the decomposition of the Mg carbonate species at temperatures ≤400 °C, the stability of the Mg carbonate compounds is influenced by the atmosphere to which they are exposed [189]. Similarly to what observed for Mg(OH)2 dehydroxylation in the present study and previous investigations [126, 128], Mg carbonate species remain stable at 400 °C under CO2 atmosphere while, under static air (used for TG) and N2 (used for TG-MS), they are less stable and release CO2 around 400 °C. This is supported by Sawada et al. who found that hydromagnesite decarbonation is affected by the partial pressure of CO2 [189]. 
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Figure 6.6: DTG curve and MS response for H2O and CO2 from the reaction product of Mg(OH)2_D2 wet carbonation under CO2 flow at 1 bar and 400 °C.



6.2.3. Reactivity of Mg(OH)2 for high temperature carbonation
The dehydroxylation of Mg(OH)2 at approximately 300 – 400 °C was observed in the reaction  products of both dry and wet carbonation for Mg(OH)2_RG, Mg(OH)2_D1 and Mg(OH)2_D2, indicating that the majority of Mg(OH)2 is remaining in the system although they had already been heated at 400 °C for the carbonation reaction prior to the TG analysis. As mentioned previously, this is believed to be caused by Mg carbonate passivating layers formed on the Mg(OH)2 particles under CO2 atmosphere which restrict not only the release of H2O from Mg(OH)2 dehydroxylation but also the penetration of CO2 through the bulk for further carbonation [126, 128, 184]. It appears that this passivating layer is an important controlling factor for the carbonation of Mg(OH)2. 
Mg(OH)2 derived from dunite (Mg(OH)2_D1 and Mg(OH)2_D2) systematically captured less carbon than Mg(OH)2_RG in dry and wet carbonation at 400 °C. This is likely originated from the formation of passivating layers. As observed in the TG data (Figure 6.3), Mg(OH)2_D1 dehydroxylates at slightly higher temperature than Mg(OH)2_RG, which implies the more significant effect of the passivating layer on the Mg(OH)2 derived from dunite. It appears to be easier to form the passivating layer on the Mg(OH)2 derived from dunite than on the Mg(OH)2_RG. 
The addition of H2O resulted in a higher carbon uptake than the carbonation in the dry condition. It is expected that the added H2O was fully evaporated at 400 °C. Therefore, most of the carbonation must have occurred at temperatures below 100 °C during the heating. The role of H2O in the improvement of Mg(OH)2 carbonation has been a subject of many studies but the understanding of the mechanism of reaction is still limited. Beruto and Botter [190], studied the gas-solid carbonation of Ca(OH)2 with added H2O and suggested that, at the solid-liquid interface, the carbonation reaction occurred between partially dissolved Ca(OH)2 and CO2, benefitting from the advantages of aqueous carbonation. A similar effect could be expected in the gas-solid carbonation of Mg(OH)2-H2O systems investigated. 
Although the addition of H2O was beneficial, the extent of CO2 fixation was still limited and thus the carbonation of Mg(OH)2 via gas-solid reaction under atmospheric pressure of CO2 at 200 – 680 °C is impractical for CCS. 

6.3. Carbonation with supercritical CO2
6.3.1. Dry carbonation 
The CHN analysis on the reaction product revealed that only a limited carbonation took place when Mg(OH)2_RG was exposed to a supercritical CO2 at 70 °C under 90 bar CO2 pressure. The CHN data are shown in Table 6.2 together with those from the wet carbonation with supercritical CO2 which will be discussed in the next section. The carbon content in the products for the 1 and 3 hour dry carbonation is 1.17 and 1.08 wt%, respectively, while the C/Mg mole ratio is 0.06 in both products and is the same as the Mg(OH)2_RG before carbonation. These results indicate that the carbon uptake in these samples was negligible or did not occur. 
Table 6.2: Results of CHN analysis on products from Mg(OH)2_RG carbonation under supercritical CO2 at 70 °C and PCO2 90 bar.
	Added H2O
(g)
	Time
(hour)
	Carbon 
(wt%)
	C/Mg
(mole/mole)

	0.0
	1
	1.17
	0.06

	0.0
	3
	1.08
	0.06

	1
	1
	8.45
	0.76

	1
	3
	7.77
	0.69


The inert behaviour of Mg(OH)2_RG under supercritical CO2 was confirmed by XRD and TG which did not detect the presence of Mg carbonate phases. The XRD patterns in Figure 6.7 only show the reflection peaks for Mg(OH)2 and low intensity peaks for hydromagnesite and appear very similar to the pattern of Mg(OH)2_RG before carbonation (Figure 6.2). The TG and DTG curves in Figures 6.8 (A) and (B) show a small weight loss event at 250 °C and a large one between 300 and 450 °C and resemble those of raw Mg(OH)2_RG (Figure 6.3). The DTG curve of Mg(OH)2_RG carbonated for 3 hours under supercritical CO2 shows a double weight loss event at 300 – 450 °C which suggests a double-step dehydroxylation of Mg(OH)2. The XRD and TG results are in agreement with Schaef et al. and Loring et al. who also observed the limited carbonation of Mg(OH)2 reacted under supercritical CO2 in dry conditions [133, 134].
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Figure 6.7: XRD patterns of the reaction products from Mg(OH)2_RG carbonated under supercritical CO2 at 70 °C, PCO2 90 bar, for 1 and 3 hours.
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Figure 6.8: (A) TG and (B) DTG curves of the reaction products from Mg(OH)2_RG carbonated under supercritical CO2 at 70 °C, PCO2 90 bar, for 1 and 3 hours.



6.3.2. Wet carbonation 
The carbonation of Mg(OH)2_RG with 1 g of H2O in supercritical CO2 at 70 °C under PCO2 of 90 bar showed a considerable increase in the carbon captured. The CHN analysis results are shown in Table 6.2, in the previous section. The products from the Mg(OH)2_RG carbonated for 1 and 3 hours have a carbon content of 8.45 and 7.77 wt%, respectively, and the C/Mg mole ratio is 0.76 and 0.69, which correspond to 13 – 12 times the dry carbonation under supercritical CO2, and 3 times the wet carbonation under atmospheric pressure. 
The results of XRD from the wet carbonation under supercritical CO2 are shown in Figure 6.9. The patterns of the products reacted for 1 and 3 hours both exhibit the characteristic reflection peaks for brucite and hydromagnesite. The intensity of the reflection peaks for hydromagnesite respect to brucite is considerably higher than those observed in the products from dry carbonation under supercritical CO2 condition (Figure 6.7), confirming a larger extent of carbonation in the wet carbonation. It should be noted that the sample carbonated for 3 hours indicates less intense and broader reflection peaks for hydromagnesite compared with the sample reacted for 1 hour. These data suggest that, the hydromagnesite formed during the first 1 hour became less crystalline in the following 2 hours and a part of it could have been converted into something else. The C/Mg mole ratio indicated a slight reduction of Mg(OH)2 carbonation after 3 hours and thus, the conversion of hydromagnesite may have involved the release of CO2. 
The Rietveld Refinement QPA was conducted on the XRD pattern of the sample carbonated for 1 hour to quantify the hydromagnesite and the refined pattern is shown in Appendix 3. The refinement indicated that the sample was constituted by 60 ± 3 wt% hydromagnesite. Assuming that the amount of hydromagnesite present in raw Mg(OH)2_RG is negligible respect to that formed during the carbonation reaction, it can be estimated that at least 66 wt% of the original Mg(OH)2 was converted into hydromagnesite. 60 ± 3 wt% hydromagnesite contains 5.8 – 6.5 wt% carbon which is less than the concentration detected via CHN analysis (C = 8.45 wt%) and suggests that other carbonate species formed. 
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Figure 6.9: XRD patterns of the reaction products from Mg(OH)2_RG mixed with 1 g H2O and carbonated under supercritical CO2 at 70 °C at PCO2 90 bar for 1 and 3 hours.
The products were analysed via TG under static air and the obtained TG and DTG curves are shown in Figure 6.10. The DTG curves of these samples are very similar and exhibit three main weight loss events centred at 260 °C, 390 °C and 510 °C, which correspond to the typical thermal decomposition of hydromagnesite in air [186, 187]. These samples contain Mg(OH)2, as proved from the XRD analysis, and the weight loss from its dehydroxylation must be overlapping with that for hydromagnesite at 390 °C. 
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Figure 6.10: (A) TG and (B) DTG curves of reaction products from Mg(OH)2_RG mixed with 1 g H2O and carbonated under supercritical CO2 at 70 °C, PCO2 90 bar, for 1 and 3 hours. The measurements were conducted in static air atmosphere.
The decomposition of hydromagnesite occurs through dehydration, Reaction 6.1, dehydroxylation, Reaction 6.2, and decarbonation, Reaction 6.3 [187]. The dehydration reaction occurs below 300 °C while dehydroxylation and decarbonation reactions are always above ~300 °C but the temperatures vary depending on the PCO2 [186, 187, 191]. 
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Assuming that the hydromagnesite in the reaction products fully dehydrates in the weight loss event centred at 260 °C, it is possible to estimate the wt% of hydromagnesite in the samples based on Reaction 6.1. Mg(OH)2_RG carbonated for 1 hour showed 9.6 wt% loss in the weight loss event centred at 260 °C, which corresponds to 62.3 wt% of hydromagnesite concentration in the sample. This figure is in good agreement with 60 ± 3 wt% quantified via Rietveld Refinement QPA. The same calculation was conducted for the product reacted for 3 hours and the weight loss at 260 °C was 9.1 wt%, i.e. 59 wt% hydromagnesite concentration. The weight loss centred at 510 °C, ascribable to the hydromagnesite decarbonation (Reaction 6.3) [186, 187, 189, 191, 192], is equal to 3.7 and 2.8 wt% in the products from 1 and 3 hours carbonation, respectively, which is considerably smaller than the CO2 detected in these samples via CHN analysis, i.e. 31 wt% and 28 wt%. Hydromagnesite in the reaction products releases CO2 (Reaction 6.3) simultaneously with its dehydroxylation (Reaction 6.2) at 350 – 450 °C where the dehydroxylation of remaining Mg(OH)2 also takes place, as observed from TG-MS data which are discussed below. Overall, the TG data suggest that the sample reacted for 3 hours captured less carbon than the sample reacted for 1 hour, in agreement with the CHN data.
The thermal decomposition of the sample reacted for 1 hour was further studied via TG-MS under N2 flow, and the DTG curve and the MS response for the CO2 and H2O release are plotted in Figure 6.11. It should be noted that the weight loss for the decarbonation at around 510 °C observed in Figure 6.10 is not observed in Figure 6.11. As previously mentioned, the temperatures of dehydroxylation (Reaction 6.2) and decarbonation (Reaction 6.3) are strongly affected by the PCO2 under which the thermal decomposition is performed whereas the dehydration of hydromagnesite (Reaction 6.1) is unanimously reported to occur below 300 °C [185, 187, 189, 191, 192]. It appears that CO2 can remain in the system up to around 510 °C under the static air heating (TG data in Figure 6.10), resulting in the hydromagnesite releasing the CO2 in two step, whereas CO2 can be released in a single step at lower temperature under N2 flow due to the lower PCO2 than in air (TG data in Figure 6.11).
The MS response in Figure 6.11 shows that H2O was released in two stages, i.e. the weight loss centred at 250 °C from the hydromagnesite dehydration and the weight loss at 410 °C from the simultaneous dehydroxylation of hydromagnesite and that of Mg(OH)2 remained unreacted during the carbonation reaction. The CO2 is released only at around 410 °C which confirms that hydromagnesite fully decarbonates at this temperature range. These results are in agreement with Sawada et al. and Padeste et al., who studied the thermal decomposition of hydromagnesite under He and N2 [185, 189]. The weight loss centred at 250 °C attributed to the dehydration of hydromagnesite was equal to 9.3 wt% which is very close to 9.6 wt% calculated from the TG data under air at 260 °C. It confirms that the temperature of hydromagnesite dehydration is not affected by the PCO2 difference. 
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Figure 6.11: DTG curve and respective MS response of the reaction product from Mg(OH)2_RG mixed with 1 g H2O and carbonated under supercritical CO2 at 70 °C, PCO2 90 bar, for 1 hour. The measurement was conducted under N2 flow.
6.3.3. Conversion of carbonation product 
The addition of H2O considerably increased the carbonation of Mg(OH)2_RG under supercritical CO2 at 70 °C and PCO2 90 bar, and ≥66 wt% of Mg(OH)2 was reacted into hydromagnesite within the first 1 hour of the reaction. While this is beneficial for the development of fast-kinetic Mg(OH)2 carbonation reactions, further reaction resulted in the reduced crystallinity of the hydromagnesite and the partial release of CO2 in the following 2 hours as observed in the CHN, XRD and TG data. The decrease in the carbon content could be associated to the conversion of hydromagnesite into another phase through the partial release of CO2. This phase has not been identified and further study is required to clarify the process involved.
The phase conversion which potentially took place in the reaction products could also be the intermediate formation of an amorphous phase prior to the final conversion into magnesite, which was not completed due to the insufficient time of reaction. Prigiobbe and Mazzotti [193] have observed the conversion of hydromagnesite into magnesite in aqueous solution over 20 hours duration at temperatures ≥90 °C and PCO2 100 bar. Schaef et al. and Loring et al. [133, 134], observed a similar phase conversion during the carbonation of natural brucite with wet supercritical CO2 at 75 °C and 70 °C under 82 and 100 bar, respectively. The reaction products were mainly constituted by nesquehonite which partially converted into magnesite with an intermediate amorphous phase within 3 hours of reaction. The absence of nesquehonite in the reaction products obtained in the present study could be due to the different nature of Mg(OH)2 and experimental conditions tested [133, 134]. 
6.4. Carbonation via CO2 pressure swing 
Some products from the dunite reacted with NaOH were tested for carbonation via CO2 pressure swing to investigate their reactivity. Mg(OH)2_D3, D4 and D5 which contain Mg(OH)2 in 34.0, 38.7 and 51.2 wt%, respectively, were tested in aqueous slurries at PCO2 = 20 bar and 32 °C. The reactivity was assessed based on the extent of Mg dissolution in the liquid phase. 
The results of Mg dissolution from the Mg(OH)2_D3, D4 and D5 are shown in Figure 6.12. The results from the dissolution of olivine and phlogopite under similar conditions reported by Abe et al. [194] are displayed in Figure 6.13 for comparison. 45, 55 and 48% of Mg in the materials were extracted from Mg(OH)2_ D3, D4, and D5, respectively, whereas only 0.97 and 0.35% of Mg was dissolved from olivine and phlogopite [194]. The results clearly show that much more Mg is dissolved, readily available for carbonation, from the Mg(OH)2_ D3, D4, and D5 samples compared with the Mg silicate minerals. Even in the least efficient system, Mg(OH)2_D3 with 34.0 wt% Mg(OH)2 content and 66 wt% dunite, the dissolution of Mg into the solution was improved over 45 times compared with the dissolution from the olivine, demonstrating the advantage of the Mg(OH)2 extraction. 
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Figure 6.12: Concentration of Mg dissolved in solution determined via ICP-AES from Mg(OH)2_D3 (white circles), Mg(OH)2_D4 (grey circles) and Mg(OH)2_D5 (black circles) at 32 °C, 5 g/L solid to liquid ratio and PCO2 = 20 bar. 
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Figure 6.13: Concentration of Mg dissolved in solution determined via ICP-AES from olivine (A) and phlogopite (B) dissolved at 30 °C, 4 g/L solid to liquid ratio, at various PCO2: 10 bar (black diamond), 20 bar (open square) and 30 bar (black triangle). The graphs have been modified from Abe et al. [194].
After 1 hour of dissolution, the Mg(OH)2_D3, D4 and D5 samples were tested successively for carbonation via the CO2 pressure swing. The concentration of Mg is plotted in Figure 6.14 (A) for Mg(OH)2_D4, while the results from Mg(OH)2_D3 and D5 are shown in Figure 6.14 (B). The pH data for the Mg(OH)2_D4 is also indicated in Figure 6.14 (A). The dotted line represents the change of PCO2 from 20 to 2.1 bar after 1 hour of dissolution period. 
The Mg released from Mg(OH)2_D4 increased throughout the duration of the experiment with a parabolic trend. Mg continued to be released in solution after the pressure of CO2 was reduced to 2.1 bar, although at a significantly lower rate. The pH of the solution progressively increased from 5.6 to 6.6 at 20 bar and from 6.6 to 7 at 2.1 bar. These data suggest that the dissolution of CO2 initially caused the acidification of the solution which favoured the dissolution of Mg(OH)2 [130]. As more Mg(OH)2 is dissolved, the released of OH- ions partially reacted with H+ and shifted the equilibrium in solution, resulted in an increase of pH. 
Figure 6.14 (B) shows that Mg(OH)2_D3 dissolved faster within the first 20 minutes of reaction at PCO2 = 20 bar, then the concentration of Mg in solution remained almost constant and may appear to decrease in the last 50 minutes. At 20 minutes the amount of Mg present in the solution corresponded to 90% of Mg contained in the Mg(OH)2 fraction. Thus, the decrease of extraction rate observed after 20 minutes of reaction could be ascribed to the almost complete dissolution of Mg(OH)2 contained in the sample. The decrease in the Mg concentration in the last 50 minutes of the experiment suggests that part of the Mg extracted might have precipitated. 
Mg(OH)2_D5 showed a linear increase of Mg extraction at PCO2 = 20 bar, and when PCO2 shifted to 2.1 bar, the concentration of Mg first slightly decreased and then increased again. Assuming that all the Mg in solution was released from Mg(OH)2 dissolution, after 1 hour of dissolution, the sample still maintained 23 wt% of Mg(OH)2 as solid which continued to dissolve after the pressure swing. The decrease of PCO2 shifted the equilibrium in solution and caused the increase of OH- ions concentration, as observed in Figure 6.14 (A), and the decrease of Mg(OH)2 dissolution rate.
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Figure 6.14: Concentration of Mg in solution determined via ICP-AES during the carbonation via CO2 pressure swing of (A) Mg(OH)2_D4 (grey circles) and (B) Mg(OH)2_D3 (white circles) and Mg(OH)2_D5 (black circles). The pH of Mg(OH)2_D4 aqueous slurry is also shown in (A), (white diamonds).
The TG data for Mg(OH)2_D3, D4 and D5 after 2.5 hour (150 minutes) testing period are compared with the respective products from carbonation in Figure 6.15. After the carbonation, the weight loss for Mg(OH)2 dehydroxylation is significantly reduced or absent in Mg(OH)2_D3 and D4, suggesting that Mg(OH)2 was mostly or fully dissolved. These results were confirmed via XRD analysis, which patterns are shown in Appendix 3. The product of Mg(OH)2_D5 carbonation indicates a weight loss centred at 300 °C. The shift of Mg(OH)2 dehydroxylation at lower temperature observed in this sample occurred probably because the TG analysis was conducted at a lower heating rate of 1 °C/minute instead of 10 °C/minute. This also makes the DTG values smaller, to approximately 1/10 comparing with the measurement at 10 °C/minute. TG-MS analysis confirmed that H2O is released at this temperature (Figure 6.16) and residual Mg(OH)2 was detected via XRD analysis (Figure 6.17). 
TG did not reveal the presence of characteristic weight loss events for Mg carbonate species in the solid products from the Mg(OH)2_D3, D4 and D5 carbonation and XRD did not reveal the presence of reflection peaks for Mg carbonate minerals. CHN analysis was also conducted on the products from carbonation but carbon was not detected, in agreement with the TG and XRD results.   
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Figure 6.15: TG (A) and DTG (B) curves of Mg(OH)2_D3, D4 and D5 and respective reaction products from carbonation via CO2 pressure swing over 2.5 hours at 32 °C.
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Figure 6.16: DTG curve and respective MS response of the reaction product from Mg(OH)2_D5 carbonated via CO2 pressure swing over 2.5 hours at 32 °C.
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Figure 6.17: XRD patterns of Mg(OH)2_D5 and the respective reaction product from carbonation via CO2 pressure swing over 2.5 hours at 32 °C.
The saturated concentration of Mg2+ in solution was calculated for brucite, magnesite, and nesquehonite as a function of CO2 pressure, and the results are shown in Figure 6.18. The concentration of Mg measured in Mg(OH)2_D3, D4 and D5 aqueous slurries are also displayed. The maximum concentration of Mg in solution at PCO2 = 20 bar was below the saturated concentration for magnesite, nesquehonite and brucite while, at PCO2 = 2.1 bar, the system was supersaturated in magnesite and the precipitation of this phase was thermodynamically favoured. However, in the present study, the formation of magnesite was not observed. The precipitation of nesquehonite would have been favoured by further decreasing the pressure of CO2. Nesquehonite precipitation has been observed at room temperature and atmospheric pressure while magnesite requires higher PCO2 and temperature of reaction [119]. One of the factors which might have hindered the precipitation of Mg carbonate species was the low pH of the solution. The highest pH measured during Mg(OH)2_D3 carbonation was 7 while the precipitation of carbonate species is normally observed at higher pH [3, 4, 138]. 
Despite the significant improvement of Mg dissolution achieved, the fixation of CO2 into Mg carbonate minerals did not occur and the aqueous carbonation of the products from dunite alkaline digestion was unfeasible under the conditions tested. 
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Figure 6.18: Saturated concentration of Mg2+ calculated for magnesite, nesquehonite and brucite as a function of PCO2 at 25 °C.


6.5. CO2 capture with Mg(OH)2
A Mg(OH)2 aqueous slurry was tested to capture CO2 from a 4 – 5% CO2 gas-mixture with N2 at 10 °C and atmospheric pressure . 
Figure 6.19 shows the CO2 concentration in the flow gas measured at the inlet and outlet of DGC reactor during the experiment. The CO2 concentration at the outlet was initially negligible, and all CO2 in the flow gas appeared to be retained in the circulating solution by reacting with Mg(OH)2 in the system. The CO2 concentration started increasing after approximately 200 minutes due to the consumption of Mg(OH)2 in the system, and became equal to that in the inlet gas at 720 minutes where the system no longer captures CO2. The overnight shut down period did not cause any obvious change in the system. The obtained results clearly show the CO2 capture capability of this system. 
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Figure 6.19: CO2 concentration in the flow gas at the inlet and outlet of DGC reactor.
The amount of CO2 captured from the flowing gas was estimated using Equation 6.4 where CO2i % and CO2o % are the concentration of CO2 in the inlet and outlet gas, respectively. The volume of gas under atmospheric pressure at 10 °C was estimated from the ideal gas equation as 23.2 L/mole. 
	

	(6.4)


The amount of captured CO2 is plotted in Figure 6.20 together with the pH of the circulating solution. CO2 was steadily captured up to around 400 minutes, and then the rate of capture slightly decreased. The significant reduction in pH at this period suggests the exhaustion of the dissolved Mg(OH)2 available for reaction. 
In total, 1.80 ± 0.19 moles of CO2 were sequestered over the 2 days of experimental run. 
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Figure 6.20: Amount of CO2 captured and pH of the circulating solution in the liquid-gas scrubbing with Mg(OH)2-H2O slurry.
Since the circulating solution used in the present study contained approximately 0.85 mole of Mg(OH)2, the maximum CO2 to be captured is 1.71 mole (1.72 mole if CaO presented as an impurity is also counted) assuming the reaction product is Mg(HCO3)2, and 0.86 mole if MgCO3 was produced. Although our estimation, 1.80 ± 0.19 mole, contains a significant deviation, it is clear that the reaction product in the tested system was mainly Mg(HCO3)2. It is known that the formation of Mg(HCO3)2 is favoured when the pH of the solution is around 8.4 where HCO3- ions are the predominant species of CO2 dissolution, whereas MgCO3 preferentially forms when the pH of the solution is above 9 as the CO32- ions are the predominant species [3, 4, 138]. The obtained results confirms that Mg(HCO3)2 can form in the pH ranging between 8.2 – 8.9 recorded in the present study (Figure 6.20).
The amount of solid material collected upon completion of the experiment was 2 g (initial amount of Mg(OH)2 was 50.8 g). The XRD analysis shown in Figure 6.21 indicates that the solid residue was constituted by brucite, poorly crystalline hydromagnesite and another poorly crystalline phase which was not identified. 
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Figure 6.21: XRD pattern of the solid residue from the Mg(OH)2 aqueous suspension.
The amount of CO2 in the collected solid was determined via CHN analysis and estimated as 0.01 mole. These results indicate that Mg(OH)2 almost fully dissolved and captured CO2 by forming Mg(HCO3)2 which remained in equilibrium in solution while only a small fraction reacted forming Mg carbonate phases.  
The exact quantification of CO2 captured by the reaction with Mg(OH)2 is challenging and requires further analysis. Nevertheless, these preliminary results suggest that at least 93.6% of CO2 potentially capturable by the Mg(OH)2 slurry was effectively captured.


6.6. Summary
The gas-solid carbonation of Mg(OH)2 in dry and wet conditions under atmospheric pressure at temperatures between 200 and 680 °C was highly limited and is considered impractical for CO2 sequestration. The maximum carbon uptake was achieved at 400 °C. The addition of H2O at Mg(OH)2:H2O = 2:1 mass ratio was beneficial for the improvement of Mg(OH)2 carbonation compared to the dry carbonation. It is possible that the partial dissolution of Mg(OH)2 and CO2 at the solid-liquid interface might have favoured the carbonation of Mg(OH)2, similarly to what suggested in other studies for Ca(OH)2-H2O-CO2 systems. In the high temperature gas-solid carbonation, Mg carbonate passivating layers formed on the Mg(OH)2 particles appear to be one of the main obstacles for the sufficient carbonation reaction. Mg carbonate passivating layers can form on the Mg(OH)2 particles and restrict the penetration of CO2 through the bulk and the release of H2O from Mg(OH)2 dehydroxylation. Mg(OH)2 derived from dunite was also tested under the same conditions and systematically showed lower carbonation rates. It appears that it is easier to form Mg carbonate passivating layers on the Mg(OH)2 derived from dunite.
The reagent grade Mg(OH)2 was carbonated under supercritical CO2 at a PCO2 of 90 bar, 70 °C, over 1 and 3 hours. The samples were almost inert when carbonated in dry conditions proving that the storage of CO2 via Mg(OH)2 carbonation under supercritical CO2 would not be feasible in absence of H2O. When H2O was added at Mg(OH)2:H2O = 3:1 mass ratio, the carbonation rate significantly improved and at least 66% of Mg(OH)2 was carbonated  into hydromagnesite within 1 hour, which appeared to convert into amorphous phase in the following 2 hours. 
During the carbonation via CO2 pressure swing, approximately half of the Mg contained in Mg(OH)2_D3, D4 and D5 dissolved with a considerable improvement respect to previous studies which used olivine and phlogopite. Despite the higher extent of Mg dissolution, the aqueous carbonation of dunite pre-treated via alkaline digestion was proved to be unfeasible. In fact, the precipitation of Mg carbonate species was not observed after the CO2 pressure was reduced to 2.1 bar even though, at this pressure of CO2, the solution was supersaturated in magnesite. Magnesite does not precipitate at low CO2 pressure and temperature used in this study, moreover, the low pH of the solution may have hindered the formation of this phase. 
CO2 was successfully captured from a gas mixture composed of 4 – 5% CO2 and N2 via liquid-gas scrubbing using a Mg(OH)2 aqueous slurry and stored in the solution as Mg(HCO3)2. At least 93.6% capture efficiency was achieved over 12 hours of duration at ambient conditions. This technology integrates the separation and capture of CO2 in one single step and may improve the efficiency of the overall CCS process.









































7. Implications of Mg(OH)2 extraction from Mg silicate minerals
7.1. Introduction
The extraction of Mg(OH)2 from Mg silicate minerals becomes an option for CCS when the CO2 capture potential of Mg(OH)2 produced is larger than the CO2 emitted for the extraction process. The CO2 balance of the process developed in the present study was assessed based on the NaOH production, the temperature and duration of Mg(OH)2 extraction and the CO2 capture potential of the Mg(OH)2 extracted. In this chapter, the implications for CCS are discussed both for NaOH aqueous and solid systems, and a basic comparison is also provided for the alkaline-based extraction with the existing Mg(OH)2 production technology based on the extraction in solid systems with ammonium salts.
7.2. Effect of NaOH recycling in aqueous systems
In Chapter 4, it was identified that the consumption of NaOH is one of the key issues for Mg(OH)2 extraction in aqueous systems. The highest rates of Mg(OH)2 extraction in NaOH aqueous systems, i.e. 80 and 81% were obtained when 1 L of 50 mol/kg NaOH solution was used to digest 50 or 100 g of dunite at 180 °C for 6 hours, respectively. The volume of the aqueous solutions was calculated using the apparent molar volume of NaOH(aq) provided by Petrenko and Pitzer [162], i.e. approximately 15 cm3/mol for a solution with 50 mol/kg NaOH at 180 °C. The total volume of 1 kg of H2O (ρ=0.887 g/cm3 at 180 °C) with 50 mol NaOH was estimated to be 1.877 L. Therefore, 10.65 and 21.30 g of NaOH are consumed per 1 g of dunite processed at a solid to liquid ratio of 100 and 50 g/L, respectively. 
According to Reaction 4.1, the complete reaction of 140.7 g Mg2SiO4, which is the main mineral component of dunite, requires 80 g of NaOH. Assuming all the MgO is present as Mg2SiO4 in dunite, the minimum NaOH:MgO mass ratio required for the digestion equals to ~1, which corresponds to ~0.48 g of NaOH for 1 g of dunite. Thus, the aqueous systems studied had NaOH:MgO mass ratio from over 21 to 43 times higher than the ideal case shown in Reaction 4.1. Since the system involves NaOH in excess, the recycling of NaOH for consecutive digestion batches of fresh dunite becomes important. This would allow to process more feedstock materials and produce more Mg(OH)2 without further consumption of NaOH. 
The CO2 balance of the process was estimated based on the emissions associated with the NaOH production, Mg(OH)2 extraction at 180 °C and the sequestration potential of Mg(OH)2 derived from the processed dunite. The mining of dunite, the grinding <63 µm and the potential transport of the material were excluded from the calculation. It should be noted that such operations are among the most energy intensive in mineral carbonation technologies and thus the CO2 balance in the present study is only a partial estimate of the actual net CO2 emissions of the process [75, 86]. 
The CO2 emissions for the production of NaOH were calculated from the mass balance to process 1 kg of dunite in aqueous systems with 30 or 50 mol/kg NaOH at a solid to liquid ratio of 50 or 100 g/L. It was assumed that 2.9 kWh of electricity are consumed to produce 1 kg of NaOH, and at least 250 g of CO2 are emitted for 1 kWh of electricity when natural gas is used [195, 196]. The CO2 emissions for the extraction of Mg(OH)2 were calculated based on the power consumption of an electric oven with 28 litres capacity to operate at 180 °C which corresponds to 0.26 kWh, according to the manufacturer’s specification [197]. The CO2 capture potential was estimated from the amount of Mg(OH)2 derived from the dunite processed according to the efficiency of extraction achieved in the present study and the theoretical yield of 100%, and it was assumed that Mg(OH)2 was fully reacted to form either MgCO3 or Mg(HCO3)2. The CO2 balance was calculated assuming that consecutive digestion cycles are repeated using the same aqueous system until the NaOH in the system becomes insufficient in quantity to react with a new batch of dunite (at least 0.48 g of NaOH per 1 g of dunite are required). These calculations assume that for each digestion cycle the efficiency of Mg(OH)2 extraction remains unvaried.
Figure 7.1 (A) shows the example of the CO2 balance calculated for the theoretical 100% yield extraction of dunite with 50 mol/kg NaOH at a solid to liquid ratio of 100 g/L at 180 °C for 6 hours. The graph displays the amount of CO2 emitted for NaOH production (dotted line) and Mg(OH)2 extraction at 180 °C for 6 hours (white diamonds) together with the CO2 captured from the conversion of Mg(OH)2 extracted into MgCO3 (black diamonds) and Mg(HCO3)2 (grey diamonds). As each digestion cycle consumes NaOH, the maximum number of digestion cycles was determined based on the remaining NaOH in the solution, i.e. at least 0.48 g of NaOH per 1 g of dunite, which corresponds to 22 cycles at 50 mol/kg NaOH and 100 g/L solid to liquid ratio. The CO2 emitted for the initial NaOH production (CO2 = 7.7 kg) remains constant because no further NaOH is added during the digestion cycles. The CO2 emitted for heating the system for digestion and the CO2 to be captured increase with the number of digestion cycles. Figure 7.1 (B) shows the sum of these components, indicating the 
net CO2 emissions for two cases, when MgCO3 or Mg(HCO3)2 is produced. Under the conditions considered, after 1 digestion cycle the CO2 emitted is larger than the CO2 captured. As the CO2 produced from Mg(OH)2 extraction process (CO2 = 390 g) per cycle is smaller than the CO2 captured as MgCO3 (CO2 = 530.5 g) and Mg(HCO3)2 (CO2 = 1061 g), increasing the number of digestion cycles leads to the progressive decrease of the net CO2 emissions. The process becomes carbon negative after 12 digestion cycles when Mg(OH)2 is converted into Mg(HCO3)2, while the CO2 captured is insufficient to offset the CO2 produced when MgCO3 forms.      
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Figure 7.1: CO2 balance calculated for Mg(OH)2 extraction from 1 kg of dunite reacted at 180 °C for 6 hours with 50 mol/kg NaOH solution, at 100 g/L solid to liquid ratio, with 100% yield of extraction: (A) CO2 emitted for initial NaOH production (dotted line), and Mg(OH)2 extraction (white diamonds); CO2 captured by Mg(OH)2 conversion into MgCO3 (black diamond) and Mg(HCO3)2 (grey diamonds. (B) Net CO2 emissions for Mg(OH)2 conversion into MgCO3 (black diamonds) and Mg(HCO3)2 (white diamonds).
In the present study 81% yield of Mg(OH)2 extraction was achieved from dunite when reacted at 180 °C for 6 hours with 50 mol/kg NaOH solution and 100 g/L solid to liquid ratio. The net CO2 emissions for this system were calculated based on the same methodology discussed above, and the results are shown in Figure 7.2. Similarly to what observed in Figure 7.1, increasing the number of the recycle of NaOH solution leads to a steady decrease in the net CO2 emissions when CO2 is captured as Mg(HCO3)2, and after approximately 17 batches the process is carbon neutral. The formation of MgCO3 is not sufficient to offset the CO2 emitted. 
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Figure 7.2: Net CO2 emissions for the digestion of 1 kg of dunite at 180 °C for 6 hours with 50 mol/kg NaOH solution, at 100 g/L solid to liquid ratio, with 81% yield of extraction. The calculation is based on NaOH production, Mg(OH)2 extraction and potential CO2 capture by Mg(OH)2 extracted and converted into MgCO3 (black diamonds) or Mg(HCO3)2 (white diamonds). 
Dunite digestion at 180 °C for 6 hours with 30 mol/kg NaOH solution at 50 g/L solid to liquid ratio resulted in yield of 53%, the same yield achieved at the same temperature over 2 hours of reaction with 50 mol/kg NaOH solution at 100 g/L. The net CO2 emissions for these series were calculated and the results are compared in Figure 7.3 (A) and (B). With 30 mol/kg NaOH and 6 hours of reaction (Figure 7.3 (A)), increasing the number of the NaOH recycle leads to a further increase in the CO2 emission when MgCO3 is formed. The amount of CO2 to be captured as MgCO3 after 1 digestion cycle (CO2 = 288 g) is smaller than the CO2 produced for heating the system at 180 °C for 6 hours (CO2 = 390 g), and thus, increasing the number of cycles results in the further CO2 emission. When CO2 is captured as Mg(HCO3)2 (CO2 = 576 g), the net CO2 emissions decrease but remain positive even after 34 digestion cycles, which is the maximum number of times the NaOH solution can be reused in this particular example. On the other hand, with 50 mol/kg NaOH and 2 hours of reaction (Figure 7.3 (B)), the process becomes carbon neutral after 18 batches when Mg(HCO3)2 forms, while the net CO2 emissions are positive with MgCO3. The calculation shows that even if the same yield 

of extraction is achieved, reducing the heating time for digestion is more beneficial than reducing the amount of NaOH used under the conditions studied. 
These data highlight the importance of the CO2 balance calculation for a preliminary evaluation of the environmental impact of the process at different conditions of reaction.  
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Figure 7.3: Net CO2 emissions for the digestion of 1 kg dunite at 180 °C for 6 hours with 30 mol/kg NaOH solution and 50 g/L solid to liquid ratio (A), and for 2 hours with 50 mol/kg NaOH and 100 g/L solid to liquid ratio (B). The calculation is based on NaOH production, Mg(OH)2 extraction and CO2 potentially captured by Mg(OH)2 extracted and fully converted into MgCO3 (black diamonds) or Mg(HCO3)2 (white diamonds). 

7.3. Effect of NaOH, temperature and duration of reaction in solid systems
The CO2 balance for the extraction of Mg(OH)2 in NaOH solid systems discussed in Chapter 5 was evaluated with the same methodology used for the NaOH aqueous systems. The assessment is based on the mass balance of the materials used assuming that 1 kg of dunite is processed with the corresponding amount of NaOH used for Series 1, 1.5 and 2 (details in Chapters 3 and 5). The amount of Mg(OH)2 extracted was estimated from the yield of reaction achieved for each series  reacted at 130, 180 and 250 °C at NaOH:H2O mole ratio of 4. In addition to the CO2 emissions from the NaOH production, the extraction of Mg(OH)2 using an electric oven at different temperatures were also calculated. The oven consumes 0.17, 0.26 and 0.385 kWh of energy to operate at 130, 180 and 250 °C, respectively, according to the manufacturer’s specification [197]. The CO2 sequestration was calculated based on the full conversion of Mg(OH)2 into either MgCO3 or Mg(HCO3)2. Because the extraction in the solid system consumes much less NaOH compared with the aqueous extraction, the assessment was conducted only for a single extraction process.
Figure 7.4 compares the CO2 potentially captured by the Mg(OH)2 extracted at 180 °C in 6 hours for Series 1, 1.5, and 2 at NaOH:H2O mole ratio of 4, together with that achievable at 100% yield of extraction. The dotted lines represent the sum of the CO2 emissions from the NaOH production and the Mg(OH)2 extraction. The graph shows that the potential CO2 capture naturally increases with the improvement of the yield of Mg(OH)2 extraction, but the estimated CO2 emissions from NaOH production and Mg(OH)2 extraction are still larger, indicating the importance of process optimisation. The achievement of 100% yield at 180 °C in 6 hours would effectively reduce the CO2 emissions for all series when Mg(OH)2 is fully converted into Mg(HCO3)2. On the other hand, the CO2 capture into MgCO3 would not be sufficient to offset the CO2 emissions even at the maximum yield of Mg(OH)2 extraction. According to Reaction 5.5, 1 mole of Mg(OH)2 requires the consumption of 1 mole of NaOH, and from the amount of Mg(OH)2 in the reaction products it was estimated that only 60, 59 and 55% NaOH reacted with dunite in Series 1, 1.5 and 2, respectively, suggesting that there is still a wide margin for improvement of Mg(OH)2 extraction. 
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Figure 7.4: CO2 balance for Series 1, 1.5 and 2 at NaOH:H2O mole ratio of 4 reacted at 180 °C, for 6 hours: CO2 emissions associated with NaOH production and Mg(OH)2 extraction (red squares); potential CO2 capture at 100% yield of Mg(OH)2 extraction and conversion into MgCO3 (grey dotted line) and Mg(HCO3)2 (black dotted line); potential CO2 capture of Mg(OH)2 extracted at experimental yield (Series 1 = 36%, Series 1.5 = 53%, Series 2 = 66%) and  converted into MgCO3 (green triangles) and Mg(HCO3)2 (green circles). 
Figures 7.5 (A), (B) and (C) show the CO2 balance for dunite:NaOH:H2O solid systems at 1:2:0.5 mole ratio, reacted at 130, 180 and 250 °C, respectively. As shown in Figure 7.5 (A), the yield of Mg(OH)2 extraction at 130 °C is too low and the CO2 emission from the power consumption is considerably larger. Figure 7.5 (B) shows that the CO2 balance is significantly improved at 180 °C. At this temperature the potential CO2 capture becomes close to the CO2 produced in the case of 3 hours of extraction, when CO2 is captured as Mg(HCO3)2. Thus, a small improvement of the extraction condition could result in a carbon neutral process. Extending the duration of reaction to 6 hours is not energetically beneficial as more CO2 is emitted for heating during the longer extraction process. The CO2 balance for the extraction at 250 °C is much better. As shown in Figure 7.5 (C), at 1 and 3 hours extraction, the CO2 capture exceeds the CO2 produced from the NaOH production and the Mg(OH)2 extraction, and CO2 is successfully reduced. At this temperature, a shorter duration is clearly more beneficial. 

It should be noted that the CO2 capture exceeds the CO2 emissions only when Mg(HCO3)2 is produced as a reaction product under the conditions examined. The achievement of 100% yield of extraction  at 130, and 180 °C would reduce CO2 when Mg(HCO3)2 is formed, while at 250 °C, this occurs only for the extraction of 1 and 3 hours, and with 6 hours, CO2 is emitted. When MgCO3 is produced as the reaction product, the amount of CO2 to be captured is less than the CO2 produced during the process, even at 100% yield, and thus, the production of Mg(HCO3)2 is a key factor to offset the CO2 produced during the extraction.
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Figure 7.5: CO2 balance for dunite:NaOH:H2O solid systems at 1:2:0.5 mole ratio, reacted at 130 °C (A), 180 °C (B), and 250 °C (C) for 1, 3 and 6 hours: CO2 emissions associated with NaOH production and Mg(OH)2 extraction (red squares); potential CO2 capture at 100% yield of Mg(OH)2 extraction and conversion into MgCO3 (grey dotted line) and Mg(HCO3)2 (black dotted line); potential CO2 capture of Mg(OH)2 extracted at experimental yield and  converted into MgCO3 (green triangles) and Mg(HCO3)2 (green circles). 
7.4. Comparison of Mg(OH)2 production technologies
The research group at the Åbo Akademi University in Finland has developed a two-step process for the extraction of Mg(OH)2 from serpentine based on the solid state reaction with ammonium salts and it is of particular interest to see how this technology compares with the one developed in the present study. In the ÅAU process, 1.5 kg of (NH4)2SO4 (AS) is consumed per 1 kg of Finnish serpentine with 36 wt% MgO content [48]. The extraction of Mg(OH)2 from dunite with NaOH in solid system requires 0.57 kg of NaOH per 1 kg of dunite used in the present study with 48.3 wt% MgO content. The AS-based process results in the maximum extraction of 0.34 kg of Mg(OH)2 per 1 kg of serpentine reacted at 400 – 440 °C for 30 – 60 minutes [48], while, with the NaOH solid extraction, 0.45 kg of Mg(OH)2 is produced from 1 kg of dunite reacted at 250 °C for 1 hour. 
The NaOH solid extraction appears to be comparable with the AS-based process as it requires significantly lower temperatures and a higher efficiency of extraction is achievable. A larger amount of AS is consumed to process 1 kg of feedstock material in comparison with that of NaOH in the NaOH solid systems, although the utilisation of AS can have a lower environmental impact on the extraction process than NaOH, because it can be obtained as a by-product from the manufacture of chemicals such as caprolactam [(CH2)5COHN] and coke [198]. 
7.5. Summary 
The CO2 balance of Mg(OH)2 extraction from dunite was assessed based on the energy consumption for NaOH production, temperature and duration of the extraction reaction, and the CO2 capturable by the Mg(OH)2 derived from dunite and fully converted into MgCO3 or Mg(HCO3)2. The CO2 emitted for mining, grinding and potential transport of dunite was not accounted for in the calculation.
For the extraction in NaOH aqueous systems, the process can become carbon neutral only when Mg(OH)2 is converted into Mg(HCO3)2, and at least 17 batches are required with 50 mol/kg NaOH at 100 g/L solid to liquid ratio, at 180 °C for 6 hours of reaction. The required batch cycles are estimated to be 18 for 2 hours of reaction under the same conditions. On the contrary, the fixation of CO2 into MgCO3 always results in positive net CO2 emissions.
The CO2 balance was estimated for Mg(OH)2 extraction in solid systems. For the 130 and 180 °C extractions to be carbon neutral, the yield of reaction needs to be higher than those achieved in the present study and Mg(OH)2 has to be converted into Mg(HCO3)2. The CO2 balance becomes negative when dunite is processed at 250 °C for 1 or 3 hours and CO2 is captured as Mg(HCO3)2. This is promising for the possible application of Mg(OH)2 derived from dunite for CO2 separation from flue gases and storage in H2O. 
From a basic comparison of the conditions of reaction, efficiency of extraction and raw materials consumption, the extraction of Mg(OH)2 with dunite-NaOH solid systems appears to be a valid alternative to ammonium sulphate based extraction from serpentine. Further analysis is recommended for a more accurate assessment of the energy requirements of these processes. 


































8. Conclusions
8.1. Overview
The present study provides an assessment of Mg(OH)2 extraction from dunite with NaOH aqueous and solid systems for CO2 capture and storage. A wide range of temperatures and durations of reaction were tested, varying the NaOH concentration in the systems and the efficiency of extraction was calculated. The carbonation of Mg(OH)2 was also studied. Reagent grade Mg(OH)2 was carbonated with gaseous CO2 under atmospheric pressure and with CO2 in supercritical state. The carbonation of Mg(OH)2 derived from dunite was also studied under atmospheric pressure for comparison. The aqueous carbonation of the products from Mg(OH)2 extraction was conducted via CO2 pressure swing while reagent grade Mg(OH)2 aqueous slurries were tested for CO2 capture via gas-liquid scrubbing. The net CO2 emissions of Mg(OH)2 extraction were calculated based on the NaOH consumption, temperature, duration of the extraction and CO2 capture potential of the Mg(OH)2 produce. Finally, the implications for CO2 capture and storage were discussed. 
8.2. Extraction of Mg(OH)2 with NaOH aqueous and solid systems 
The extraction of Mg(OH)2 from dunite was first conducted using highly concentrated NaOH aqueous systems, i.e. 15 – 50 mol/kg NaOH. The extraction of Mg(OH)2 at 90 °C was highly limited and significantly improved at 180 – 190 °C, most likely owing to the increase in reaction kinetics. The pressure in the closed vessels and lower viscosity of the systems at higher temperature might have also contributed. The extraction also improved by increasing the concentration of NaOH in H2O and the duration of reaction. The maximum of 81% yield of extraction was achieved at 180 °C with 50 mol/kg NaOH solution at 100 g/L solid to liquid ratio over 6 hours of reaction. The large consumption of NaOH (10.65 to 21.30 g of NaOH per 1 g of dunite) and long duration of reaction are not deemed suitable for industrial applications and make the process environmentally unsustainable.

Dunite-NaOH solid systems were reacted in dry conditions or with the addition of small amounts of H2O, aiming the reduction of NaOH usage. The consumption of NaOH was reduced by 94.5 – 97% respect to the NaOH aqueous systems and, at dunite:NaOH mole ratio of 1:2 (stoichiometry of reaction), only 0.57 g of NaOH were used per 1 g of dunite processed. H2O consumption was also reduced by ~99% or completely avoided. The extraction of Mg(OH)2 improved in presence of H2O which favours the diffusivity of the reactants involved. It was found that small amounts of liquid were preferable, i.e. NaOH:H2O mole ratio of 4:1, presumably because the relative concentration of NaOH in H2O increases, which leads to a beneficial effect for the extraction of Mg(OH)2. Increasing the temperature of reaction to 250 °C allowed the reduction of the reaction time to 1 hour maintaining significant yield of Mg(OH)2 extraction, i.e. 65%. 
8.3. Mechanism of extraction
The reaction of dunite with NaOH involves the alkali attack of the silicon-oxygen bonds with the consequent extraction of Si which forms soluble Na2SiO3. This phase can be removed by washing the products with distilled water while the Mg extracted as Mg(OH)2 remains in the solid products. Al and alkali earth metal contained in dunite can be removed by washing the samples, which suggests that, similarly to Si, they might form soluble species. On the other hand, the transition metals mainly remain in the solid products. For example, at 250 °C the Fe extracted is converted into Fe3O4 which can be removed from the other components of the solid products via magnetic separation.
The extraction of Mg(OH)2 with 30 mol/kg NaOH solution at 190 °C and solid systems at dunite:NaOH mole ratio of 1:2 reacted in dry conditions and with 2 or 4 moles of added H2O, is diffusion controlled (Jander three-dimensional diffusion model). The concentration of NaOH and the amount of liquid phase seem to affect the reaction. The products reacted with 50 mol/kg NaOH solution, at 180 °C over 1 to 6 hours, exhibited a complex mechanism of reaction. Mg(OH)2 initially formed a coating on the dunite particles and limited the contact with the aqueous system, and, with the progress of Mg(OH)2 crystallisation, the local volumetric expansions caused the displacement of Mg(OH)2 coating and exposed the fresh dunite underneath which allowed the continuation of the reaction. It was not possible to identify the stages of the reaction occurred in the dunite-NaOH solid systems due to their complex morphology and further study is recommended. 
8.4. Mg(OH)2 carbonation 
The gas-solid carbonation of reagent grade Mg(OH)2 and Mg(OH)2 derived from dunite under atmospheric pressure is limited due to the formation of Mg carbonates passivating layers which hinder the penetration of CO2 through the bulk of the samples and the release of H2O from Mg(OH)2 dehydroxylation. The carbon uptake was largest at 400 °C and it significantly decreased above this temperature as MgCO3 becomes unstable. The Mg(OH)2 derived from dunite captured less carbon than reagent grade Mg(OH)2 because of the higher temperature of dehydroxylation due to the more significant effect of the Mg carbonates passivating layers. The carbonation of Mg(OH)2 under atmospheric pressure at 400 °C improved with the addition of small amounts of H2O (Mg(OH)2:H2O = 2:1 mass ratio) but the carbon capture was still limited. Therefore, the gas-solid carbonation of Mg(OH)2 in dry and wet conditions under atmospheric pressure and between 200 and 680 °C is not a viable option for CO2 sequestration.
Reagent grade Mg(OH)2 was inert to carbonation under supercritical CO2 at 70 °C and 90 bar in dry conditions. The addition of H2O at Mg(OH)2:H2O mass ratio of 3:1 significantly improved the carbon uptake, and at least 66% of Mg(OH)2 was converted into hydromagnesite within 1 hour of reaction. Another carbonate phase also formed which was not identified. Even though a significant carbonation of Mg(OH)2 was achieved within 1 hour of reaction, after 3 hours hydromagnesite seemed to convert into a less crystalline phase, and this transformation may have involved the release of part of the CO2 previously captured. This is not ideal for CO2 sequestration and the stability of the product from Mg(OH)2 carbonation must be carefully assessed. 
The products of Mg(OH)2 alkaline extraction from dunite were carbonated in H2O via CO2 pressure swing at 32 °C. Under CO2 pressure of 20 bar, Mg dissolved at much larger extent than from olivine and phlogopite tested in a previous study, demonstrating the beneficial effect of Mg(OH)2 extraction from dunite. The systems were supersaturated in magnesite but the precipitation of Mg carbonate species was not observed and further study aiming the control of PCO2 and pH in solution is recommended.  
The gas-liquid scrubbing of CO2 from a 4 – 5% CO2-N2 gas mixture was tested with a reagent grade Mg(OH)2 aqueous slurry and at least 93.6% of the CO2 potentially capturable was successfully converted into soluble Mg(HCO3)2. These results are promising for the direct decarbonisation of exhaust flue gases with Mg(OH)2 which does not require the pre-compression of CO2 and reduces the cost of the capture process. If the long-term stability of Mg(HCO3)2 in H2O should be demonstrated, the simultaneous capture and storage of CO2 into a single step could be achieved using Mg(OH)2 aqueous slurries. This would constitute a significant improvement of CCS technologies, particularly for small scale power plants and industries located nearby the coast which could store the CO2 emitted directly into the sea as Mg(HCO3)2. 
8.5. Implications of Mg(OH)2 extraction for CCS
The extraction of Mg(OH)2 from dunite with NaOH aqueous systems results in positive net CO2 emissions after a single digestion cycle with theoretical 100% yield of extraction due to the major contributor to the CO2 emissions from the NaOH consumption. The aqueous systems used in the present study contain NaOH in excess respect to the processed dunite, and therefore, the NaOH could be recycled in consecutive digestion batches of fresh dunite. The process would become carbon neutral after 16 – 17 cycles with 50 mol/kg NaOH solution at 100 g/L solid to liquid ratio, reacted at 180 °C for 2 or 6 hours (yield of extraction = 53 and 81%, respectively), assuming that the Mg(OH)2 extracted is fully converted into Mg(HCO3)2. 
The extraction of Mg(OH)2 from dunite with NaOH solid systems is preferable than NaOH aqueous systems because the net CO2 emissions of the process are negative after a single extraction reaction conducted at 250 °C over 1 or 3 hours of reaction (yield of extraction = 65 and 70%, respectively) when Mg(OH)2 is converted into Mg(HCO3)2. 
The amount of CO2 captured from the conversion of Mg(OH)2 into MgCO3 is never sufficient to offset the CO2 emitted under the conditions tested. These results underline the importance of the aqueous carbonation for the conversion of Mg(OH)2 into Mg(HCO3)2. 
It should be noted that the CO2 balance estimated is not inclusive of the CO2 emissions produced during energy intensive operations such as mining, grinding and potential transport of dunite. Therefore, further analysis is recommended to provide a more realistic calculation of the net CO2 emissions of the process.
8.6. Summary
The conditions of reaction used in the present study constitute an improvement respect to the previous work by Blencoe et al., who first proposed the utilisation of an alkaline extracting agent for Mg(OH)2. The large consumption of NaOH and long duration of reaction, recognised as main obstacles for the implementation of Blencoe’s process, have been successfully addressed, and a new extraction process based on solid systems has been developed. For the first time the efficiency of Mg(OH)2 alkaline-based extraction were reported and the mechanism of reaction and implications for CCS discussed. 
The feasibility of Mg(OH)2 extraction from dunite reacted with NaOH was demonstrated, achieving a significant yield of extraction with aqueous and solid systems, i.e. 65 – 81%. The extraction of Mg(OH)2 in NaOH solid systems is preferable over the aqueous systems because it requires smaller amounts of NaOH and shorter duration of reaction, resulting in the negative net CO2 emissions at 250 °C over 1 – 3 hours of reaction when Mg(OH)2 is converted into Mg(HCO3)2. 
The capture of CO2 through conversion of Mg(OH)2 into soluble Mg(HCO3)2 is a key factor to offset the CO2 emissions of the alkaline-based extraction process. The tests conducted on the CO2 capture from a 4 – 5% CO2-N2 gas mixture with Mg(OH)2 aqueous slurry demonstrated that a significant amount of CO2 can be captured via gas-liquid scrubbing through the formation of Mg(HCO3)2 in solution. This is promising for the future implementation of the alkaline-based extraction of Mg(OH)2 from Mg silicate minerals for CCS. 
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Appendix 1 – Supporting data for Chapter 4
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Figure a.1.1: (A) TG and (B) DTG curves for selected products from dunite reaction with NaOH aqueous systems at 90 °C for 6 hours.
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Figure a.1.2: Rietveld Refinement and respective difference plot for products from dunite reaction at 180 °C: (A) 15 mol/kg NaOH reacted for 6 hours, (B) 30 mol/kg NaOH reacted for 6 hours, (C) 45 mol/kg reacted for 6 hours, (D) 40 mol/kg reacted for 24 hours. Data points profile = experimental pattern. Continuous profile = calculated model.
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Figure a.1.3: (A) TG and (B) DTG curves of products from dunite reaction with 50 mol/kg NaOH aqueous system, 100 g/L solid to liquid ratio at 180 °C for different durations of reaction.
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Figure a.2.1: XRD patterns of reaction products from Series 1 at NaOH:H2O mole ratio of 0.5, 1, 2 and 4.
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Figure a.2.2: XRD patterns of reaction products from Series 1.5 at NaOH:H2O mole ratio of 0.5, 1, 2 and 4.
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Figure a.2.3: (A) TG and (B) DTG curves of reaction products from Series 1 at NaOH:H2O mole ratio of 0.5, 1, 2 and 4.
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Figure a.2.4: (A) TG and (B) DTG curves of reaction products from Series 1.5 at NaOH:H2O mole ratio of 0.5, 1, 2 and 4.
[image: ]
Figure a.2.5: XRD patterns for solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio reacted at 130 °C for 1, 3 and 6 hours.
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Figure a.2.6: XRD patterns for solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.7: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio reacted at 130 °C for 1, 3 and 6 hours.
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Figure a.2.8: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio reacted at 180 °C for 1, 3 and 6 hours.


	[image: ]
	[image: ]


Figure a.2.9: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:0.5 mole ratio reacted at 250 °C for 1, 3 and 6 hours.
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Figure a.2.10: XRD patterns for solid systems at dunite:NaOH:H2O 1:2:1 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.11: XRD patterns for solid systems at dunite:NaOH:H2O 1:2:2 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.12: XRD patterns for solid systems at dunite:NaOH:H2O 1:2:4 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.13: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:1 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.14: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:2 mole ratio reacted at 180 °C for 1, 3 and 6 hours.
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Figure a.2.15: (A) TG and (B) DTG curves for solid systems at dunite:NaOH:H2O 1:2:4 mole ratio reacted at 180 °C for 1, 3 and 6 hours.












Appendix 3 – Supporting data for Chapter 6
[image: ]
Figure a.3.1: Rietveld Refinement of product from Mg(OH)2_RG mixed with 1 g H2O and carbonated under supercritical CO2 at 70 °C, PCO2 90 bar, for 1 hour.
[image: ]
Figure a.3.2: XRD patterns of Mg(OH)2_D3 and the respective reaction product from carbonation via CO2 pressure swing over 2.5 hours at 32 °C.
[image: ]
Figure a.3.3: XRD patterns of Mg(OH)2_D4 and the respective reaction product from carbonation via CO2 pressure swing over 2.5 hours at 32 °C.










image54.wmf
22

sp_brucite

K[Mg][OH]

+-

=


oleObject38.bin

image55.wmf
22

sp_magnesite3

K[Mg][CO]

+-

=


oleObject39.bin

image56.wmf
22

sp_nesquehonite3

K[Mg][CO]

+-

=


oleObject40.bin

image57.wmf
22

33

2[Mg][H][HCO]2[CO][OH]

++---

+=++


oleObject41.bin

image58.tiff
Liquid inlet —» <+— Gas inlet
Clean gas out 5
e
Receiver/Feed =]
Vessel > 5 e % |
DGC —» pd]
r A ]
S
e
| s
Outlet - To <«pump .= A Bubble Disengagement section
Receiver SRR AT
Expanded
Bottom Section
Bubble Free zone
(IF REQUIRED) (IF REQUIRED)





image59.tiff
Liquid in
(diameter 1 inch)

High Velocity

Gas-Liquid Jet

Column with cylindrical section
(height 2 m, diameter 50 mm)

Liquid and dissolved gas out
(diameter 0.5 inches)

e Gas 1N

Highly
agitated
Bubble
dispersion

Less
Turbulent

_dispersion




image2.wmf
2

2(g) 2(l)23(aq) (aq)3(aq)(aq)3(aq)

CO HO  HCO HHCO 2HCO

+-+-

+««+«+


image60.wmf
q

l

sin

2

=

n

d


oleObject42.bin

image61.tif
Incident

Diffracted
Ko N 5 Moeem
D F
P I [ —
d
B T t '




image62.wmf
2(s)(s)2(g)

Mg(OH)MgOHO

®+


oleObject43.bin

image63.wmf
0

.

18

%)

wt

(

O

H

×

2

.

58

=

%)

wt

(

)

OH

(

Mg

2

2


oleObject44.bin

image64.tif
Incident e~ beam

Secondary

(ionised) &™: SEM Reflected e~

RHEED

Xrays: EPMA, EDS;
j Light: CL

Auger &

Back-scattered 6™
Z contrast;
topological
‘contrast

‘Sample: Absorption of energy,
n, heating, radiation damage





image65.wmf
2(rp)

2(%)

2(rp)(rp)

100Mg(OH)

Mg(OH)

Mg(OH)Dunite

×

=

+


oleObject45.bin

oleObject1.bin

image66.wmf
(i)(rp)2(rp)

48.3Dunite48.21Dunite40.2Mg(OH)

10010058.2

´´´

=+


oleObject46.bin

image67.wmf
99.58

Dunite

-

99.58

=

(rp)

a


oleObject47.bin

image68.wmf
24(s)(aq)2(l)2(s)23(aq)

MgSiO2NaOHHO2Mg(OH)NaSiO

++®+


oleObject48.bin

image69.tif
Intensity (Arbitrary Unit)

OForsterite  <-Clinochlore < Enstatite =~ ATalc @ Brucite

UWVLWAJ&/J@

oo g
@A 40 mol/kg NaOH

U’\MM 30 mol/kg NaOH

w 20 mol/kg NaOH
L}\AM_A.QM,A_.AJ\_JU\IL,J\ Raw Dunite

1

35

45 55 65

26 (degrees)




image70.tif
Cu Ka

Intensity (Arbitrary Unit)

. OForsterite <-Clinochlore  ATalc ~ ® Brucite

50 mol/kg NaOH

40 mol/kg NaOH

20 mol/kg NaOH
15 mol/kg NaOH

. Raw Dunite

,_JL P /L/\L N A_ 30 mol/kg NaOH
/JL_ N N M
fr  Gme an R ek g s

15 20 25 30 35 40 45 50 55

20 (degrees)

60




image71.tiff
Weight (wt%)

dd

100
95
90
85
80
75

100
95
90
85
80
75

100
95
90
85
80
75

100
95
90
85
80
75

100
95
90
85
80
75
70

Temperature (°C)
200 300 400 500 600

15 mol/kg NaOH

/

20 mol/kg NaOH

30 mol/kg NaOH

. 40 mol/kg NaOH

50 mol/kg NaOH

-

-2

-3

Derivative of weight change (%/minute)

Temperature (°C)
300 400 500 600

15 mol/kg NaOH

\/ 20 mol/kg NaOH

Vm mol/kg NaOH

V 40 mol/kg NaOH

\ f 50 mol/kg NaOH




image72.tiff
Differential Volume (% per um)

4.5

3.5

2.5

——Raw Dunite

— —15 mol/kg NaOH
——25 mol/kg NaOH
......... 30 mol/kg NaOH
_____ 45 mol/kg NaOH

Diameter (um)

10




image3.wmf
24232

11

 MgSiO + CO  MgCO +  SiO

22

®


image73.tiff
Mg(OH), (wt%)

80

70

60

50

40

30

20

10

0180° C 75.3
A90°C
] 6.7
4.8 4.6 5.2
25 3;2 A A A A
N [AY
10 15 20 25 30 35 40 45 50

NaOH Concentration (mol/kg)




image74.JPG
Mo Ka

26 (degrees)

Ayisuayu| pasijewion




image75.JPG




image76.tiff
Forsterite (wt%)

80 1

70

60

50

40

30

20

10

Raw Dunite

15 mol/Kg NaOH
6 hours

30 mol/Kg NaOH
6 hours

45 mol/Kg NaOH

hours 44 mol/kg NaOH
24 hours

10

20 30 40 50 60 70 80 90 100

Brucite (wt%)




image77.tiff
Brucite (wt%)

100

90

80

70

60

50

40

30

20

10

H Rietveld Refinement QPA

mhyc 82
80
73 T
69
T
1
45 45
T
1
16 17
T
.
15 mol/Kg NaOH 30 mol/Kg NaOH 45 mol/Kg NaOH 40 mol/Kg NaOH
6 hours, 180° C 6 hours, 180° C 6 hours, 180° C 24 hours, 180° C




image78.tif
Temperature, °C

NaOH :nngenvririnn, Yo e

38% 67%




image79.tif
Counts (x1.E+3)

2004

=

o

S
n

C—— 100pm SEl ——— 100pNaK = 30m

1100 uUmALK 1100 mSi K € 1100 pmFe K

3 4 5 6 7
Energy (keV)




image80.tif
Counts (x1.E+3)

500+

400+

100+

O-K

T——100pm SEl C—— 100 pnNaK I 30pm

1100 pmAIK 1100 imSi K € 1100 pmiFe K

1 2 3 4 5 6 7
Energy (keV)




image81.tif
92.1

91.0
100 839, 0 T T
g 711 T T J
<z 8 T T
2
8
3 54,6J
° +
§ 40
T
£ 20
g 50 91
0.7 15 23 24
= =

Mg Ni Fe Cr Mn Co Sr Ca Al Si Na Ba

Elements




image82.jpeg




oleObject2.bin

image83.tiff
Co Ka O Forsterite < Clinochlore A Talc @ Brucite  ®NaySiO3

Intensity (Arbitrary Unit)

JL TS DR N P
1

o J\AJLD L N\ anours

__ALW\_M_L_J\JJL»\_A__.__,A‘/L,_W/\ 3 hours
A,A J NN M 2 hours

_A_A__M_.J_A_JAMA_.__J\LM 1 hour

.{}
04 |:||:|AI:I DDD O O

Lo

i

Raw Dunite
15 25 35 45 55 65

20 (degrees)




image84.tiff
100
95
90
85
80
75

100
95
90
85
80
75

100
95
90
85
80
75

Weight (wt%)

100
95
90
85
80
75

100
95
90
85
80
75

Temperature (°C)

200 300 400 50

1

ﬂ

— = < < <

0 600
hour
3 hours

1 5 hours

13

Derivative of weight change (%/minute)

200

Temperature (°C)

300 400

500 600

1 hour

2 hours

3 hours

4 hours

5 hours




image85.tiff
Raw material
and product (g)

>

100 @

]
o
L

@
o
L

N
o
L

[N
o

o
[SIR 2

& Mg(OH),
O Dunite
o
o ]
o ¢ 0
*

2 3 4 5

Time (hour)

Extent of reaction

0.7
0.6
0.5
0.4
0.3
0.2
0.1
0 e

1

*
*
*
2 3 4
Time (hour)




image86.wmf
t

=

n

1

k

a


oleObject49.bin

image87.wmf
1

n

[ln(1)]=t

--

ak


oleObject50.bin

image88.wmf
1

2

1(1)=t

--

ak


oleObject51.bin

image89.wmf
1

3

1(1)=t

--

ak


image4.wmf
325423 22

122

 MgSiO(OH) + CO  MgCO+  SiO +  HO

333

®


oleObject52.bin

image90.wmf
t

=

2

k

a


oleObject53.bin

image91.wmf
[(1)· ln(1)]+=t

--

aaak


oleObject54.bin

image92.wmf
1

2

3

[1(1)]=t

--

ak


oleObject55.bin

image93.wmf
2

3

2

1(1)=t

3

---

aak


oleObject56.bin

image94.wmf
2

3

1(1)=t

--

ak


oleObject3.bin

oleObject57.bin

image95.tif
> fla) = kt

fla) = kt

fla) = kt

0.3
0.25
0.2
0.15
0.1
0.05

0.07

0.06 -

0.05
0.04
0.03
0.02
0.01

2 3 4 5

Time (hour)

Time (hour)




image96.tiff
Raw material

and product (g)

100 @ ® Mg(OH), 1
80 O Dunite 5 0.8
£

60 | - S 06 m N
o = 5 .

40 | s 0 B £ 04

o 2 [ ]
20 - o & 02
om ! ‘ om : :
0 2 3 4 5 6 0 1 2 3 4

Time (hour) B Time (hour)




image97.tiff
fla)=kt

0.12

0.1
0.08
0.06
0.04
0.02

y =0.021x
R? = 0.960
u]
o
T
1 2 3
Time (hour)

fla)=kt

0.2

0.16

0.12

0.08

0.04

y = 0.025x
R?=0.907
a o
[m]
1 2 3 4

Time (hour)




image98.jpeg




image99.tiff




image100.jpeg
Brim ©EOE 11 30 sl 3

g s

T





image101.jpg




image102.png
bt ‘e
& ZokV X7,58

' o




image103.png




image5.wmf
3232

CaSiO  CO  CaCO  SiO

+®+


image104.jpeg
ZakLu 8. 088 Zrm BEBE 11 38 SEI




image105.jpeg




image106.wmf
actual yield of reaction

Percent yield100

theoretical yield of product

=´


oleObject58.bin

image107.wmf
22

MgOHOMg(OH)

+®


oleObject59.bin

image108.tif
Mg(OH), (wt%)

80
70
60
50
40
30
20
10

a1 0 mol/kg NaOH, 50 mol/kg
7 6 hours 45 mol/kg
1 30 mol/kg
7 25 mol/kg
i 20 mol/kg
15 mol/kg
T T T 1
20 40 60 80 100
Yield (%)

Mg(OH). (wt%)

30
70
60
50
40
30
20
10

Yield (%)

100




image109.tiff
Cu Ka OForsterite <~ Clinochlore ®Brucite ¥r Na,SiO; 0ONa,CO3
° ([ ]
=
c
)}
> ([ ]
]
£ i o e
e ] O
i JL ﬁE 0 A 0 U Washed product
Z
v
2 v oo
E * A I
e % oo
_.__.._/\JLAA/\M\UN CRNE Unwashed product
T T T T 1
10 20 30 40 50 60

20 (degrees)




image110.wmf
242223

MgSiO2NaOHHO2Mg(OH)NaSiO

++®+


oleObject60.bin

oleObject4.bin

image111.tiff
AGibbs (KJoule/mole Mg(OH);)

A
S

¢
S

-
S

N
IS}

&
S

o
S

-100

20

O O
o P P B A

O ()-»O

70 120 170 220
Temperature (°C)

270




image112.tiff
o %MggSizos(OH)ﬁgNaOH:ZMg(OH)z+%NazSi03+% H,0
® Mg,Si0s+2NaOH+H,0=2Mg(OH),+Na,SiOs

< 2MgSi03+4NaOH=2Mg(OH),+2Na,Si03

A %Mg35i4010(0H)2+%6 NaOH=2Mg(OH)z+ ENasSiOs $H;0




image113.tiff
Cu Ka O Forsterite <~ Clinochlore  ATalc <Serpentine OEnstatite @ Brucite

Intensity (Arbitrary Unit)

e W TR
2 moles NaOH

U._A_MAM_L,AM 1.5 moles NaOH
MWM 1 mole NaOH

MMWMMW 0.5 moles NaOH
m] o 0 ] O

O 0oQg O O

4
+ % A Of o matls 0O
3 b 0. ; g . Raw Dunite

10 20 30 40 50 60 70

20 (degrees)




image114.tiff
100

95

920

85

100

95

90

85

100

Weight (wt%)

Derivative of weight change (%/minute)

95

90

85

100

95

90

85

Temperature (°C)
200 300 400 500 600

0.5 moles NaOH

1 mole NaOH

1.5 moles NaOH

2 moles NaOH

H

2

-3

-2

-3

-4

-2

-3

Temperature (°C)

200 300 400 500 600
\/ 0.5 moles NaOH
1 mole NaOH

1.5 moles NaOH
2 moles NaOH




image115.tiff
Mg(OH)z (wt%)

40

30

20

10

O dry pellets

T T

0.5 1 15

NaOH (mole/1 mole dunite)

46.8




image116.tiff
Intensity (Arbitrary Unit)

O Forsterite <+ Clinochlore e Brucite

o ol
<+ o .o m] ol Oe
B a2 D MARE XA 59 2 4moles H,0

_J__JJMULM____AA_ALJ\. 2 moles H,0
JL A Mw 1 mole H,0

{ Aran J\_,MJL«_L._._,A.\_,\_JL 0.5 moles H,0

10

—M—M’“A.MA__A_A»LJLJ‘W_A_WMA* dry

20 30 40 50 60
20 (degrees)




image117.tif
Mg(OH), (Wt%)

60

.
50 - o
40 | u
n
30 |
°
TS
20 ‘m *
*
10 |
om | |
0 1 2 3

NaOH/H,0 (mole/mole)

@ Series 2

-~ Series 1.5

-4 Series 1




image118.wmf
 

30.79 · - 7.34 · 

=

2NaOHH2O

Mg(OH)(%)(X)(X)


oleObject61.bin

image119.tif
Mg(OH), (wt%)

y=115.41x

 NaOH:H,0=4:1

2 = -
60 | RLO0O  y=s5484 W NaOH:H,0=2:1
m  R=1.00
N A NaOH:H,0=1:1
50 1 y=24.41x ® NaOH:H,0=1:2
. R*=0.99
40 -
A
30 |, N
n
i A y=6.88x
20 M R*=1.00
L]
10 -
om T T T 1
0 1 2 3 4

H,0 (mole/1 mole dunite)




image6.wmf
+2+

24(s)(aq)(aq)2(s)2(l)

MgSiO+4H2Mg+ SiO+2HO

®


image120.tif
120 4

y=30.79x-7.34
R*=1.00

100 -

[+
o
I

Gradient of linear fitting
F-
o o
| |

N
o
I

o

0 1 2 3
B NaOH/H,0 (mole/mole)




image121.tiff
Mg(OH)2 (wt%)

250

180 Temperature
(°C)

130




image122.png
Temperature, °C

600

200

7 H,0

4H0 L2H0

0

20 40 60 80
NaOH concentration, % ——=

90 %




image123.tif
Metals extracted

>

in solution (%)

100
90
80
70
60
50
40
30
20
10

0

<
B *
J .
1 [ [ ]
[ |

; ;
0.5 1 15

NaOH (mole/1 mole dunite)

Metals extracted

in solution (%)

40
35
30
25
20
15
10

.
o

° 8
®

2

R

05 1 15

NaOH (mole/1 mole dunite)

@Al
OBa
oSr
@Ca
@ Mn
®Fe
Mg





image124.jpeg




image125.jpeg




image126.jpeg




image127.jpeg




image128.jpeg




oleObject5.bin

image129.jpeg




image130.jpeg




image131.jpeg




image132.jpeg




image133.tif
Cu Ka

Intensity (Arbitrary Unit)

OForsterite  ATalc

®Brucite 4 Magnetite

) LAA—,J\k
* o A 250°C, 6 hours

Il

J\.»A__ 250°C, 3 hours

2L

200 a0 L RBN\me
‘

g ILD\ 250°C, 1 hour

10

20

30 40
20 (degrees)

50




image134.tiff
Cu Ka ° ° O Forsterite < Clinochlore @ Brucite

o
| s
6 hours

Intensity (Arbitrary Unit)

20 (degrees)




image135.tiff
100

95

90

85

100

©0
@

Weight (wt%)

o
&

100

95

90

85

200

Temperature (°C)

300

400

500 600

1 hour

3 hours

6 hours

Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600

0
. O thour

1 3 hours

a 6 hours




image136.jpeg
Raw material

>

and product (g)

100 @

o]
o

[}
o

B
o

N
o

o
®

® Mg(OH).
O Dunite

2 3 4 5
Time (hour)




image137.jpeg
wn
< -
=
3
o
° s
[
E
=
~
) -
@ ©
o

o m % o o =
o © ©o ©o o o

uoI30B3. JO JUIIX] (aa]




image138.png
fla)=kt

0.06

0.05

0.04

0.03

0.02

0.01

2 3 4

Time (hour)




image7.wmf
2

3(s)(aq)(aq)2(s)2(l)

CaSiO2HCaSiOHO

++

+®++


image139.jpg




image140.png




image141.jpeg




image142.tif
Extent of reaction

0.7 A

0.5 -
0.4

0.2
0.1

o] %

e OrX

2 3
Time (hour)

4

X 0.5 mole H,0
A 1mole H,0
O 2 mole H,0
¢ 4 mole H,0

® dry pellets





image143.tiff
—0.5mole H,0 ——--1mole H,0 2 mole H,0f |-~ -4 mole H,0

y = 0.016x y = 0.015x y =0.012x y = 0.003x
R2=0.974 R%=0.950 R?=0.996 R2=0.995
0.1 -
0.5 mole H,0

0.08 - Z~ A 1mole H,0
% ......... 3 2 mole H,0
) 0.06
=

0.04

0.02 -© 4 mole H,0

0 ‘

Time (hour)




image144.tiff
Extent of reaction

0.8
0.7
0.6
0.5
0.4
0.3
0.2
0.1

1

1

1

1

1

1

¢ 50 mol/kg
NaOH (aq)

X 0.5 mole H,O

A 1 mole H,0

3 4
Time (hour)





image145.tiff
Yield (%)

100

80

60

40

20

B oy pellets
[l so'id systems (NaOH:H.0 = 4:1)

66

36

1 15 2

NaOH (moles/1 mole of dunite)




image146.tiff
Yield (%)

100

80

D
o
1

40 -

20 +

14

24

20

66
55
’ﬁ‘
6

3

Time (hour)

81

[ solid system, 130 °C
dunite:NaOH:H,0 = 1:2:0.5

[l solid system, 180 °C
dunite:NaOH:H,0 = 1:2:0.5

[ solid system, 250 °C
dunite:NaOH:H,0 = 1:2:0.5

aqueous system, 180 °C
50 mol/kg NaOH





image147.png
C (wt%)

A

W C(wt%)
— —C inraw Mg(OH),_RG

200 300 400 500 600 700

Temperature (°C)

C/Mg (mole/mole)

O C¢/Mg(mole/mole)
— =C/Mgin raw Mg(OH),_RG

0.08 o

0.1

0.06 — — o
0.04 0 g o
0.02

0 - T T T T 1
200 300 400 500 600 700

Temperature (°C)




image148.png
Y @ Brucite <> Hydromagnesite M Periclase [ Forsterite

°
°
°
L 0 ooe o) A~ Mg(OH),_D1,400°C

—

F—.
—
F

Mg(OH),_D1

‘}\__/-;J\—/\_ Mg(OH),_RG, 400 °C

Intensity (Arbitrary Unit)

A
JL ‘ <o A N A MgOH).RG

20 25 30 35 40 45 50 55 60

20 (degrees)




oleObject6.bin

image149.png
100

90

80

70

100

90

Weight (wt%)
S 3 g

(o]
o

(0]
o

70

100

90

80

70

Temperature (°C)

200 300 400 500 600

Mg(OH),_RG

Mg(OH),_RG, 400 °C

Mg(OH),_D1

Mg(OH),_D1, 400 °C

Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600

Mg(OH),_RG

Mg(OH),_RG, 400 °C

Mg(OH),_D1

- Mg(OH),_D1, 400 °C





image150.tif
Intensity (Arbitrary Unit)

e Brucite m Periclase O Forsterite

Mg(OH)2_D2,
400°C, 0.5g H20

Mg(OH)._D1,
400°C, 0.0 g H20

k A Mg(OH)2_D2

Mg(OH)2_RG,
I A s00°c,05gH0

A Mg(OH)2_RG,

400°C, 0.0g H:0

01

0.4 05 0.6

1/d (A7)




image151.png
Weight (wt%)

Temperature (°C)

200 300 400 500 600
100

Mg(OH),_RG
80 -
70 -

100 1 1 1 J

Mg(OH),_RG,

90 - 0.5 g H,0, 400 °C

80 -

70 -

100 1 1 1 J

Mg(OH),_D2
90 -

70 -

100 1 1 1

Mg(OH),_D2,
0.5 g H20, 400 °C

90

70 -

60 -

Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600

Mg(OH),_RG

Mg(OH),_RG,
0.5 g H20,400 °C

i Mg(OH),_D2

Mg(OH),_D2,
0.5 g H»0, 400 °C





image152.png
Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600
e, : A
7\ r
4 H0 ( L

|
//'\ | L
!
] /o /
X J |
1 / &,JI i
[ |
/ |
! |
/ 1 |
] ; ‘
’ \
/ o\ L
;- \
7 / N\ N
S \ sl L
,,,,,,,,,, — N ————

4.00E-09

3.50E-09

3.00E-09

2.50E-09

2.00E-09

1.50E-09

1.00E-09

5.00E-10

0.00E+00

MS response




image153.png
Intensity (Arbitrary Unit)

< Hydromagnesite

k Mg(OH)2_RG, 3 hours

L Mg(OH)2_RG, 1 hour

10

60

° ®Brucite
.
.
.
[03% e Qe J . J
L JL Jt
20 30 40 50

206(degrees)




image154.png
Weight (wt%)

Temperature (°C) Temperature (°C)

150 250 350 450 550 150 250 350 450 550
100 s ‘ 0 ‘
%0 1
80 2
70 - 3
60 a

50 - Mg(OH)2_RG, 1 hour -5 Mg(OH),_RG, 1 hour

O9 Derivative of weight change (%/minute)
o

100

90 - -1

80 -2

70 -3

60 -4

50 -5 4

0 | Mg(OH)2_RG, 3 hours ) Mg(OH)2_RG, 3 hours




image155.png
Intensity (Arbitrary Unit)

® Brucite <& Hydromagnesite

Mg(OH),_RG
1gH,0, 3 hours

Mg(OH),_RG
1gH,0, 1 hour

T T T

10 15 20 25 30 35 40 45 50 55 60

20 (degrees)





image156.tiff
Weight (wt%)

Temperature (°C) Temperature (°C)

150 250 350 450 550 150 250 350 450 550
100 : : w . T o . X . ,
>
90 £ 1
80 £,
EQ_
70 + P 3 4
&
60 H -4
Mg(OH),_RG,
Mg(OH)2_RG, ﬁ
50 1 1gH.0, 1 hour Pe -5 -| 1gH0, 1 hour
100 w . s . ® o . . . .
(]
90 - S 1 -
G
80 Y 2 4
2
70 4 = -3
2
60 - a -4
o
50" Mg(oH):_Rs, Mg(OH);_RG,
40 - 1gH,0, 3 hours B 6 - 1gH,0, 3 hours




image157.wmf
5342253422

Mg(CO)(OH)4HOMg(CO)(OH)4HO

×®+


oleObject62.bin

image8.wmf
_

22

(aq)3(aq)3(s)

MgCOMgCO

+

+®


image158.wmf
534232

Mg(CO)(OH)4MgCOMgOHO

®++


oleObject63.bin

image159.wmf
32

4MgCO4MgO4CO

®+


oleObject64.bin

image160.png
e of weight change (%/minute)

Temperature (°C)

4.00E-09

3.50E-09

3.00E-09

2.50E-09

2.00E-09

1.50E-09

1.00E-09

5.00E-10

0.00E+00

MS response




image161.tif
Mg concentration (mg/L)

1000 [ O Mg(OH),_D3
@ Mg(OH),_D4
°
800 - ® Mg(OH),_D5 o [ ]
600 - o ©O e °
°
400 1 o b
o
2004 © @
009 o
0 _. . T T 1
0 20 40 60

Time (minutes)




image162.tif
Mg concentration (mg/L)

>

Time (minutes)




image163.tif
Mg concentration (mg/L)

10 phlogopite

0 20 40

Time (minutes)




image164.tif
Mg concentration (mg/L)

>

1000 :
i o) o

é o
800 o ! -
600 o i -
: <o o

o o o <
400 °<>° ® L
200 4 © oMg| L

o O pH
0 'o T T : T T T

0 25 50 75 100 125 150

Time (minutes)

12

10




image165.tif
Mg concentration (mg/L)

1000 -

°
800 - . °
: o
600 | o0 @ ¢ o °
40 1o @
© O Mg(OH),_D3
200 1 @ -
> e @ Mg(OH),_D5
o i T———
0 25 50 75 100 125 150

Time (minutes)




oleObject7.bin

image166.png
Temperature (°C) Temperature (°C)

200 300 400 500 600 200 300 400 500 600
100 L L L I 0
95 - 17
— _2 b
90 [
e
S 3
c
85 | —— Mg(OH),_D3 E . — Mg(OH),_D3
;\? — Mg(OH),_D3 - Carb. Q — Mg(OH),_D3 - Carb.
= )
100 L L -~ 0 ———
2 o
e —— oo 1
£ 95 c
20 o
(] S 2
2 9 - -
£
o -
85 - — Mg(OH),_D4 g . — Mg(OH),_D4
— Mg(OH),_D4 - Carb. -.s — Mg(OH),_D4 - Carb.
100 ! o O
2
)
_1 4
J ©
% 2
-
o 2
90 - o
_3 4
85 -
— Mg(OH),_D5 4 | — Mg(OH),_D5
A 50 J — Mg(OH),_D5 - Carb. B . — Mg(OH),_D5 - Carb.





image167.tiff
Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600
4.00E-09
3.00E-09
2.00E-09

— DTG curve
——CO,
a - 1.00E-09
7\ ——-H,0
/
/ \
.......... oo N | 0.00E+00

MS response




image168.png
Intensity (Arbitrary Unit)

O Forsterite <~ Clinochlore  ATalc

)\ ULM

<>Enstatite ©Hornblende ® Brucite

Mg(OH)>_D5 - Carb.

10 20 30 40

26 (degrees)

. Mg(OH)2_D5

50 60




image169.tif
Mg concentration (mg/L)

2000 ——magnesite

1500

1000

500

0 -~
0.000

0.001 0.100

Pressure of CO; (bar)

10.000




image170.png
CO, concentration (%)

Overnight s

hut down

71

- T

% + @ Outlet (day 1)

Olnlet (day 1)

< Inlet (day 2)
& Outlet (day 2)

0 200

0 600 800

Duration (

minutes)




image171.wmf
1

22

2

1

2.25(Lmin)CO(%)CO(%)

CO(mole)time(min)

23.2(Lmole)100

-

-

×-

=´´

×

io


oleObject65.bin

image172.png
CO, captured (mole)

1.8
1.6
1.4
1.2

0.8
0.6
0.4
0.2

e pH < CO,
; . »
o |
o |
160 260 300 460 560 660 700

Time (minutes)

8.9
8.8
8.7
8.6
8.5
8.4
8.3
8.2
8.1

pH




image173.png
Intensity (cps)

9000
8000
7000
6000
5000
4000
3000
2000
1000

® Brucite

<>Hydromagnesite

20 (degrees)





image174.tiff
CO: (g)

10000
5000

-5000
-10000
-15000
-20000
-25000

- = NaOH © Heating at 180 °C, 6h

& MgCOs & Mg(HCOs),
___________________ -o-°
o © 0
Lo
P
$ .
* ¢ * o
L * .
L *
* *
*
L
¢ *

0

T T T T T T T

2 4 6 8 10 12 14 16 18 20 22

Use of NaOH solution (times)




image9.wmf
_

22

(aq)3(aq)3(s)

CaCOCaCO

+

+®


image175.tiff
Net CO, emissions (g)

8000
6000
4000
2000

-2000

-4000 -

-6000
-8000

8 o0,
10 ¢ .
] o MR
¢
Lo 4 CO;is emitted
© . CO; is reduced

1 <

& MgCOs <

<
© Mg(HCOs),
g(HCO) o

0 2 4 6 8 10 12 14 16 18 20 22

Use of NaOH solution (times)




image176.tiff
Net CO, emissions (g)

8000
6000
4000
2000
0
-2000

-4000

<
L
*
*
*
*
*

Led 4 COyis emitted

<> .COz is reduced

|| emecos o
© Mg(HCOs), o

0 2 4 6 8 10 12 14 16 18 20 22

Use of NaOH solution (times)




image177.tiff
Net CO, emissions (g)

>

20000 -+

16000 - . *
. *
. *
12000 ¢ ¢
<
<
<
8000 - SN
<
<
4000 | ®MecOs
© Mg(HCO;),
0 T T T T T T T 1
4 7 10 13 16 19 22 25 28 31 34

1

Use of NaOH solution (times)




image178.tiff
Net CO, emissions (g)

8000
6000
4000
2000

-2000
-4000
-6000
-8000
-10000

¢

*
B *
| < . ¢ o o
o
| g cosis emitted o
| ¥ €O, is reduced © Lo o
1| ®MgCos
© Mg(HCO3).
0 2 4 6 8 10 12 14 16 18 20 22

Use of NaOH solution (times)




image179.tiff
180 °C

900 e
_ igg : il --—-100% yield, Mg(HCO3),
_5_: 500 4 100% yield, MgCOs
8 500 - —ll—CO; produced (NaOH+heating)
400 1 ; 7777777777777777777
A ©® Mg(HCOs)2
300 - A
200 - A A MgCOs
100 T T T
0.5 1 1.5 2

Series




image180.tiff
130°C

CO: (g)

1000
900
800
700
600
500
400
300
200
100

CO; is reduced

(e

2 3 4

Time (hour)

----100% yield, Mg(HCOs),
100% yield, MgCOs

—l—CO; produced (NaOH-+heating)

® Mg(HCOs)

A MgCOs




image181.tiff
180 °C

1000 -
%c0 0o = 0
ggg I & ----100% yield, Mg(HCOs),
E" 600 ----100% yield, MgCO3
o 500
8 400 - ——CO; produced (NaOH+heating)
300 A A
200 - N © Mg(HCO3),
108 ) A MgCOs

B Time (hour)




image182.tiff
250 °C

1000
900
800
700
600
500
400
300
200
100

CO. (g)

CO; is reduced

----100% yield, Mg(HCOs),

0 1 2 3 4

Time (hour)

[ J
-~ 100% yield, MgCO;
—ll—CO; produced (NaOH+heating)
A
© Mg(HCOs).
A MgCOs
1
6




oleObject8.bin

image10.wmf
3254(s)(aq)2(l)22(aq)2(s)

MgSiO(OH)6HCl13HO3MgCl·6HO2SiO

++®+


image183.tiff
Temperature (°C)

200 300 400 500 600
100 . :

98 -

96 -

94 -

100 L L L )

20 mol/kg NaOH
98

94

92 A

100 L L )

25 mol/kg NaOH
98 A

96 -

92 A

100 L L L )
30 mol/kg NaOH

Weight (wt%)

96 -

94 A

100 L L I )
40 mol/kg NaOH

98 A

94 -
92 -

100 L L L )
50 mol/kg NaOH

96 -

94 A

A 90




image184.tiff
Derivative of weight change (%/minute)

-0.4

-0.5

Temperature (°C)

200 300 400 500 600
15 mol/kg NaOH
w 20 mol/kg NaOH
N 25 mol/kg NaOH
. " 1 )
\/ 30 mol/kg NaOH
v 40 mol/kg NaOH
\/ 50 mol/kg NaOH




image185.tif
Mo Ka

Normalised Intensity

26 (degrees)

MW%WWWWWMWWmM





image186.tif
<
o
=
R

Normalised Intensity

900

26 (degrees)

400
100

100
400

200

MWM‘MW;{WMWWMWWWWWW





image187.tif
Mo Ka

Normalised Intensity

26 (degrees)

200 ]
003

3]
1007

C =84

M,m'(VﬂﬂWyWWﬁyWMdmquMmmmme»w





oleObject9.bin

image188.tif
Mo Ka

Normalised Intensif

D 4





image189.tiff
Temperature (°C)

200 300 400 500 600
100

90
80
70

100

; =

=
o o
= c
a g

90
80
70
100
3 hours
90
80
70

100
4 hours

Weight (wt%)

H

90
80

70

100
5 hours

90
80
70
100
90

80

H H
>
o
c
=
7]

70

A o




image190.tiff
400 500 600
1 hour

Temperature (°C)

300

200

2 hours
3 hours
4 hours
5 hours

T T T T T T T
O W N ™ & O f o M § O = g o ¢ O o

(a1nuiw/9%) a8ueyd ySiam jo anneaaqg

6 hours




image191.tif
Cu Ka

Intensity (Arbitrary Unit)

O Forsterite

+Clinochlore ATalc ¢ Enstatite oHornblende e Brucite

u]

* e
sMR o od 5 2mole H,0

A«L_AJLJLW W 1 mole H,0

0.5 mole H,0

10

20

30

M M /\_J\A.,/\ . J\L 0.25 mole H,0
40 50 60

26 (degrees)




image192.tif
Cu Ka OForsterite  <-Clinochlore ¢ Enstatite OHornblende @ Brucite
[ (]

o
+ oY ou Do o ® o

0 0o o] . oo
Q G Roof N 3 mole H,0

.A_L__MLJL,LAA__LJ\ALM)W _NM\ AN 15 mole o
A LJM«_MJ UL_JAAMJ\.J\L 0.75 mole H,0

w 0.375 mole H,0

10 20 30 40 50 60
26 (degrees)

Intensity (Arbitrary Unit)





image193.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

100

90

80

70

60

Temperature (°C)

200 300 400 500 600

0.25 mole H,0

0.5 mole H,0

1 J
1 mole H,0

2 mole H,0





image194.tiff
Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600

Il 1 I J

0.25 mole H,0

1 1 L ]

0.5 mole H,0

L 1 |l j_!

1 mole H,0

L 1 1 J
NS 2 mole H,0





image195.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

100

90

80

70

60

Temperature (°C)

0.375 mole H,0

0.75 mole H,0

200 300 400 500 600
L 1 1 J
| 1 J
L 1 J

1.5 mole H,0

3 mole H,0





image196.tiff
Derivative of weight change (%/minute)

Temperature (°C)

200 300 400 500 600
\[.375 mole H,0
V 0.75 mole H,0
V 1.5 mole H,0
1 1 L ]
V 3 mole H,0





image197.tif
Cu Ka O Forsterite < Clinochlore A Talc <¢Enstatite OHornblende ®Brucite

[}
[ ] O o
O

¥ g [ |

+ 0 AD o o
M‘M.qu 2. 6 hours

Ooe

Intensity (Arbitrary Unit)

JMUVLMALJ M 1 hour

10 20 30 40 50
26 (degrees)




image11.wmf
22(aq)(aq)(aq)2(g)

MgCl·6HOMgCl(OH)HCl5HO

®++


image198.tif
Cu ka O Forsterite <~ Clinochlore @ Brucite

'y
® o
g o ooe \Ro A;D\ M M 6 hours

W_A._JJM_MJU\_A—ﬁMA_AL 3 hours
ML,LJMLUM ‘ M 1 hour
)

Intensity (Arbitrary Unit)

20 30 40 50 60
26 (degrees)

1




image199.tiff
Weight (wt%)

Temperature (°C)

200 300 400 500 600

100 1 L 1 J
1 hour

94 4
92 +

100 1 1 1 J
3 hours

94
92 4

100 1 1 1 J
6 hours

98

92 4

90 -




image200.tiff
Temperature (°C)

300 400 500 600

200

1 hour

3 hours

 \J_ 6hours

LI R B | T T
°© % @M Yo g oy o

(e3nuiw/9;) a8ueyd 1ysiam jo annealaq




image201.tiff
Weight (wt%)

Temperature (°C)

200 300 400 500 600
100 ! L

90 o

J

70 A

100 1 L 1 J
3 hours

90 -

80 A

100 1 L 1
6 hours

90 -

80 o

60 -




image202.tiff
Temperature (°C)

300 400 500 600

200

1 hoar

3 hours
6 hours

(e3nuiw /%) adueyd 1ysiam jo annneAlaq




image203.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

60

200

Temperature (°C)

300

400

1

500 600

|1 hourl





image204.tiff
Temperature (°C)

300 400 500 600

200

1 hour

3 hours
6 hours

(23nuiw /%) a8ueyd 1ySiam jo anneAlq




image205.tif
Cu Ka UOForsterite  <-Clinochlore @ Brucite

Intensity (Arbitrary Unit)

LN ' wmﬁwlhour

10 20 30 40 50 60
206 (degrees)





image206.tif
Cu ka OForsterite  <-Clinochlore <Enstatite oHornblende e Brucite

[
] Ji DD. .D
LM.E m] Q_M_J\J\A_‘Ghours
N AA Joon— AN }\AU\AJ\J\L%OWS

J—LLL\M_AJI\J MJ\JM__A_ALM 1 hour
0 20 30

40 50 60
20 (degrees)

Intensity (Arbitrary Unit)

1




image207.tif
Cu Ka O Forsterite  <-Clinochlore 2 Talc <Enstatite ®Brucite

X ) Tk i A]DDD j D DD
O
A2 ‘\M_J\ o0 J\J\LA »M\_,Ghours
MMLMV 3 hours

Intensity (Arbitrary Unit)

1 hour

10 20 30 40 50 60
206 (degrees)




oleObject10.bin

image208.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

60

Temperature (°C)

200 300 400 500 600
L 1 1 ]
N\ 1 hour
L 1 1 J
3 hours
1 1 J
6 hours





image209.tiff
Temperature (°C)

300 400 500 600

200

1 hour

3 hours
6 hours

o

T
-
'

o

T T T T

, _
¥ o =

(e3nuiw /%) adueyd 1ysiam jo anneausg




image210.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

60

Temperature (°C)

200 300 400 500 600
1 hour

1 1 1 J

3 hours

6 hours





image211.tiff
Temperature (°C)

300 400 500 600

200

1 hour
3 hours
6 houF;

—

T T T T T

(23nu1w /%) 28ueyd 1ySiam jo annealsg




image212.tiff
Weight (wt%)

100

90

80

70

100

90

80

70

100

90

80

70

60

Temperature (°C)

200 300 400 500 600

———____Thour

3 hours

—

6 hours

—_





image213.tiff
Temperature (°C)

300 400 500 600

200

1 hour

3 hours
6 hours

T
N ™ ¥ O o o o ¢ o

(e3nuiw/9;) a8ueyd 1ySiam Jo anneAlnq




image214.JPG
Cu Ka

5000

Intensity (cps)

26 (degrees)




image215.tif
Cu Ka CForsterite  <Clinochlore ATale < Enstatite  CHornblende @ Brucite

Mg(OH);_D3 - Carb.

J‘J‘ M Mw(umz D3

26 (degrees)

Intesnity (Arbitrary Unit)

10




image216.tif
CuKa O Forsterite  <~Clinochlore A Talc ~ <>Enstatite ~OHornblende @ Brucite

Mg(OH)>_D4 - Carb.

Intensity (Arbitrary Unit)

Mg(OH)._D4
1

10 20 30 40 50 60

20 (degrees)




image12.wmf
(aq)2(s)2(aq/s)

2MgCl(OH)Mg(OH)MgCl

®+


oleObject11.bin

image13.wmf
3254(s)44(aq)4(aq)2(s)2(g)424(aq)

MgSiO(OH)6NHHSO3MgSO2SiO5HO3(NH)SO

+®+++


oleObject12.bin

image14.wmf
3(g)2(g)2(l)423(aq)

2NHCOHO(NH)CO

++®


oleObject13.bin

image15.wmf
3(g)2(g)2(l)43(aq)

NHCOHONHHCO

++®


oleObject14.bin

image16.wmf
4(aq)43(aq)2(l)32(s)424(aq)2(g)

MgSO2NHHCO2HOMgCO3HO(NH)SOCO

++®×++


oleObject15.bin

image17.wmf
serpMg

C(wt%)24

Carbon fixation efficiency

12

´´

=

´´

m

mw


oleObject16.bin

image18.wmf
24(s)(aq)2(l)2(s)23(aq)

MgSiO2NaOHHO2Mg(OH)NaSiO

++®+


oleObject17.bin

image19.wmf
23(aq)2(g)2(l)3(aq)2(s)

NaSiO2COHO2NaHCOSiO

++®+


oleObject18.bin

image20.wmf
2(s)3(aq)3(s)(aq)2

2Mg(OH)2NaHCO2MgCO2NaOH2HO

+®++


oleObject19.bin

image21.wmf
(s)2(l)(aq)2(g)2(g)

2NaCl2HO2NaOHClH

+®++


oleObject20.bin

image22.tiff
Saturated
brine

Depleted

Chlorine

Hydrogen

Sodium
jons (Na*)

Hydroxyl
ions (OH™)

lon-exchange membrane

Caustic soda

Caustic soda




image23.tiff
Total consumption: 9 801 kt

Miscellaneous 1645 kt (16.8 %)
Neutralisation of acids, gas

scrubbing, pharmaceuticals, rubber

recycling

Soaps 349 kt (36 %)
Shampoos, cosmetics,
cleaning agents

Mineral oils 139 kt (1.4 %)
Greases, fuel additives

Water treatment 436 kt (4.4 %)

Flocculation of waste, acidity control

Food industries 447 kt (4.6 %)
Fruit and vegetable peelings, ice
cream, thickeners, wrappings

Pulp, paper, cellulose
1336 kt (13.6 %)
Adhesives, heat transfer
printing, newspapers,
books

Rayon 142 kt (1.5 %)
Bedspreads, surgical dressings

Bleach 379 kt (3.9 %)
Textiles, disinfectants

Phosphates 167 kt (1.7 %)
Detergents

Other inorganics 1372 kt
(14.0 %)

Paints, glass, ceramics, fuel
cells, perfumes

Organics 2 818 kt (28.8 %)
Attificial arteries, parachutes,
pen tips, telephones

Aluminium and metals 571 kt (5.8 %)
Greenhouses, car and airplane panels,
steel hardening





image24.wmf
3254(s)424(s)4(s)2(s)2(g)3(g)

MgSiO(OH)3(NH)SO3MgSO2SiO5HO6NH

+®+++


oleObject21.bin

image25.wmf
4(aq)4(aq)424(aq)2(s)

MgSO2NHOH(NH)SOMg(OH)

+®+


oleObject22.bin

image26.wmf
2(s)2(g)3(s)2(g)

Mg(OH)COMgCOHO

+®+


oleObject23.bin

image27.wmf
2(s)(s)2(g)

Mg(OH)MgOHO

®+


oleObject24.bin

image28.wmf
2

2(aq)(aq)(aq)

Mg(OH)Mg2OH

+-

«+


oleObject25.bin

image29.wmf
2

(aq)3(aq)32(aq)

Mg2HCOMg(HCO)

+-

+«


oleObject26.bin

image30.jpeg




image31.tif
Differential Volume (% per um)

>

3.5

2.5

15

0.5

0.1

10

Diameter (um)

100




image32.jpeg




image33.tif
Cu Ka

Intensity (cps)

4500
4000
3500
3000
2500
2000
1500
1000

500

20 (degrees)

O Forsterite
< Clinochlore
H Serpentine
ATale

< Enstatite

© Hornblende




image34.tif
Weight (wt%)

100

e TG curve  ——DTG curve | 0-05

-0.05

0.1
-0.15
Serpentine and Clinochlore
96 T T T T T T T T T -0.2
0 100 200 300 400 500 600 700 800 900 1000

Temperature (°C)

Derivative of weight change (%/minute)




image35.tif
100

10

Diameter (um)

0.1

(wrliad %) swnjop jenuaiagia A




image36.TIF
s % §
Y vk . .
ccV SpotMagn Det WD Exp |————— 10m
150k 30 2500x SE 110 1  BMS Sheffield
e .





image37.TIF
15.0kV 30 10000x SE 11.0 1 BMS Sheffield
g W




image38.JPG
Intensity (cps)

[ ] @ Brucite <> Hydromagnesite
15000+
10000+
[ ]
5000+
[ ]
o S % o
0 T T T T 1
10 20 30 40 50

20 (degrees)

60




image39.jpeg




image40.jpeg




image41.jpeg




image42.jpeg




image43.wmf
2(g)223

COHOHCO*

+«


oleObject27.bin

image44.wmf
233

HCO*HHCO

+-

«+


oleObject28.bin

image45.wmf
2

33

HCOHCO

-+-

«+


oleObject29.bin

image46.wmf
2

HOHOH

+-

«+


oleObject30.bin

image47.wmf
2

2

Mg2OHMg(OH)

+-

+«


oleObject31.bin

image48.wmf
22

33

MgCOMgCO

+-

+«


oleObject32.bin

image1.tiff
The
University
Of
Sheffield.





image49.wmf
22

3232

MgCO3HOMgCO3HO

+-

++«×


oleObject33.bin

image50.wmf
23

1

CO2

[HCO*]

K

P

=


oleObject34.bin

image51.wmf
3

2

23

[H][HCO]

K

[HCO*]

+-

=


oleObject35.bin

image52.wmf
2

3

3

[H][CO]

K

[HCO3]

+-

-

=


oleObject36.bin

image53.wmf
w

K[H][OH]

+-

=


oleObject37.bin

