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Abstract 
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Many countries intend to achieve the safe management of their radioactive wastes through 
geological disposal. In addition, radioactively contaminated land is of global concern. To 
address both of these technical challenges it is imperative to understand the behaviour and 
subsequent migration of radionuclides in the subsurface. This thesis addresses uncertainties 
in the behaviour of the long-lived, risk-driving radionuclides U and Np in their most 
mobile and environmentally relevant oxidation states, U(VI) and Np(V).  

The formation the U(VI) colloidal nanoparticles is identified under the high pH, low 
carbonate conditions expected within the near field of a cementitious Geological Disposal 
Facility (GDF). XAS, SAXS, and TEM have been used to characterise these U(VI) 
colloids as 60 – 80 nm clusters of 1 – 2 nm clarkeite-like (Na uranate) nanoparticles, which 
are stable in cement leachate for a period of at least 5 years. The reactivity of these U(VI) 
colloids towards a range of mineral phases was investigated. In the presence of the 
common rock-forming minerals biotite, orthoclase, and quartz, only limited reactivity was 
observed with > 80 % of the U(VI) remaining in the filtered fraction after up to 5 years of 
reaction. In contact with cement, > 97 % of the U(VI) was removed from solution within 
1 month. Reversibility studies, luminescence spectroscopy, and XAS suggest that a large 
portion of the cement associated U(VI) is in a uranophane-like coordination environment, 
likely incorporated into the C-S-H interlayers or as a stable surface precipitate. Together, 
this suggests that while U(VI) colloids could form in high pH (> 13) cement leachate, 
providing an additional pathway for migration, many of them are likely to be removed 
from suspension by the presence of solid cement, although 2.4 % (1.0 µM) U(VI) remained 
in the filtered fraction even after 21 months of reaction.  

The interaction of aqueous U(VI) and Np(V) with a range of environmentally relevant Mn 
minerals has also been studied under circumneutral to alkaline conditions. Here, extensive 
(up to 99 %) uptake of U(VI) and Np(V) was observed in systems containing δ-Mn(IV)O2, 
triclinic (Na)-birnessite [Na0.5Mn(IV/III)2O4 · 1.5H2O], hausmannite [Mn(III/II)3O4], and 
rhodochrosite [Mn(II)CO3]. The uptake of U(VI) by δ-MnO2 and hausmannite was found 
to be partially irreversible, suggesting that these minerals could be particularly important in 
determining radionuclide migration. XAS indicated that both U(VI) and Np(V) formed 
edge-sharing bidentate adsorption complexes on the surface of δ-MnO2 and hausmannite, 
implying that these complexes are responsible for the observed reversibility. These 
complexes were also identified on triclinic (Na)-birnessite; however, after 1 month of 
reaction U(VI) was found to have migrated into the triclinic (Na)-birnessite interlayer, 
replacing Na+. Reaction with all three investigated Mn oxide phases was rapid, with 
equilibrium being reached within at least 2 weeks. However, whilst U(VI) and Np(V) were 
both extensively removed from solution in systems containing rhodochrosite, these 
reactions were much slower, with equilibrium taking up to 4 months to be established. 
XAS suggested that this was due to the formation of a U(VI) or Np(V) containing 
precipitate on the rhodochrosite surface.  
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1. Thesis Content 

1.1. Thesis Structure 

The thesis is divided into 8 chapters. In Chapter 1, the background and rationale for the 

PhD are described, placing my research in the context of the UK nuclear legacy and the 

safe management of its radioactive wastes. Chapter 2 provides a comprehensive review of 

the literature related to the geodisposal of uranium and neptunium and the management of 

radioactively contaminated land. It is split into broad topics such as: mineral phases, 

radionuclide migration, and radionuclide geochemistry. Chapter 2 also details the aims of 

this thesis and the hypotheses addressed. Chapter 3 discusses the materials and methods 

used throughout this thesis. Chapters 4-7 present the key, novel, research outputs from this 

thesis, specifically concerning the behaviour of uranium and neptunium in environmental 

systems (see below for further details). Finally, in Chapter 8 the main conclusions from 

this thesis are summarised and discussed in the context of the aims and hypotheses. Details 

on individual experimental chapters are as follows:  

Chapter 4 is a reproduction of a paper published in Langmuir entitled “Formation of Stable 

Uranium(VI) Colloidal Nanoparticles in Conditions Relevant to Radioactive Waste 

Disposal”. This work investigates the formation of U(VI) colloids in high pH cement 

leachate. The experiments described in this chapter were designed by P. Bots, G. Law, R. 

Hibberd, K. Morris, and S. Shaw. Experiments and analysis were conducted by P. Bots 

(SAXS, XAS, TEM, geochemical modelling) and R. Hibberd (filtration experiments, 

TEM). The manuscript was prepared by P. Bots and R. Hibberd under the guidance of S. 

Shaw and the PhD supervisors. Analytical assistance was provided by F. Mosselmans, A. 

Brown, J. Doutch, and A. Smith. Additional assistance was provided by G. Law, K. 

Morris, and S. Shaw through editorial advice on an advanced draft of manuscript. 
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Chapter 5 is a manuscript prepared for submission to Applied Geochemistry entitled 

“U(VI) Nanoparticle Stability in the Presence of Minerals Under Alkaline Conditions”. 

This work investigates the stability of U(VI) colloids formed in high pH cement leachate in 

the presence of cement, biotite, quartz, and orthoclase. The experiments conducted for this 

chapter were designed by R. Hibberd, G. Law, N. Bryan, T. Marshall, R. Telchadder, S. 

Shaw, and K. Morris. Experiments were prepared, executed, and analysed by R. Hibberd 

(cement, and selected quartz and orthoclase filtration experiments, XAS, SEM, 

geochemical modelling), G. Law (quartz and orthoclase filtration experiments), T. 

Marshall (biotite filtration experiments, TEM), and R. Telchadder (232U experiments, 

luminescence spectroscopy). The manuscript was written by R. Hibberd under the 

guidance of G. Law, K. Morris, N. Bryan, and S. Shaw. Analytical assistance was provided 

by P. Bots, K. Smith, A. Swinbourne, and L. Natrajan. An advanced draft of the 

manuscript was edited by K. Morris and G. Law, and RWM Ltd. provided advice and 

comments on the final draft. 

Chapter 6 is a manuscript prepared for submission to Environmental Science and 

Technology entitled “Interaction of U(VI) with Mn-Minerals: An EXAFS and reversibility 

study”. The study investigates the interaction of U(VI) with a range of Mn-minerals under 

conditions relevant to the geological disposal of radioactive waste and contaminated land. 

The experiments described in this chapter were designed by R. Hibberd, N. Bryan, K. 

Morris, and G. Law. All experiments were conducted and the resulting data analysed by R. 

Hibberd. The manuscript was written by R. Hibberd under the guidance of G. Law, K. 

Morris, and N. Bryan. Analytical assistance was provided by S. Shaw and A. Fuller. An 

advanced draft of the manuscript was edited by G. Law and K. Morris. 

Chapter 7 is a manuscript prepared for submission to Applied Geochemistry entitled 

“Interaction of Np(V) with Mn-minerals”. The study concentrates on the interaction of 

Np(V) with δ-MnO2, triclinic (Na)-birnessite, hausmannite, and rhodochrosite. The 
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experiments described in this chapter were designed by R. Hibberd, C. Thorpe, K. Morris, 

and G. Law. Experiments were conducted by R. Hibberd (5.24 µM sorption experiments, 

XAS) and C. Thorpe (0.162 µM sorption experiments, XAS) and the resulting data were 

analysed by R. Hibberd. The manuscript was written by R. Hibberd under the guidance of 

G. Law and K. Morris. An advanced draft of the manuscript was edited by G. Law and K. 

Morris.  

1.2. Thesis Overview 

The long-term management of radioactive waste, and contaminated land at legacy nuclear 

sites, is of national and global concern (DECC, 2010; Morris et al., 2011; NDA, 2013; 

Ministry of the Environment Sweden, 2014). In the UK, the cost of decommissioning and 

cleaning up our nuclear legacy is expected to exceed £ 115 billion and take 120 years to 

complete (NDA, 2015).  

Currently, the UK has 400, 000 m3 of Higher Activity radioactive Wastes (HAWs) (NDA, 

2014a) which our Government intends to place in a Geological Disposal Facility (GDF), 

200 – 1000 m underground (DECC, 2015). This GDF will utilise a multi-barrier concept, 

including specially designed waste-forms, containers, and backfills, to retard the migration 

of radionuclides back to the biosphere. Further, the host rock will provide the final barrier 

to the release of radionuclides to the Earth’s surface. Due to the long half-lives of many 

radionuclides present in HAW it is important to ensure these radionuclides remain isolated 

from the biosphere until the threat they pose is negligible. It is therefore necessary to 

understand how they will behave and migrate over the 1000 – 1 x 106 year time scale 

required for radioactive decay to render isolation redundant (Morris et al., 2011), so that an 

appropriate GDF can be designed and constructed.  

The migration of radionuclides through the geosphere is predominantly controlled by their 

solution concentration. Interaction of radionuclides with minerals can reduce the aqueous 
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concentration through sorption, incorporation, and surface-mediated precipitation. The 

formation of colloids can also facilitate the transport of non-aqueous radionuclides with 

groundwater flow (Renshaw et al., 2011).  

Cement will be abundant within a GDF environment as it is one of the proposed backfill 

materials for the geodisposal of Intermediate Level Wastes (ILW). In addition cement, as a 

common construction material, will be used as a structural material in the GDF. Therefore, 

it is likely that the interaction of radionuclides with cement and cement leachate will exert 

significant influence and control over their migration and mobility through the Engineered 

Barrier Systems (EBS). In geological settings, Fe and Mn oxide minerals are ubiquitous 

and have been identified as potentially important reactive phases (Roy, 1981; Dixon et al., 

1990; Post, 1999; NDA, 2010d). Iron oxides are known to be important sinks for 

immobilising risk-driving, cationic actinides such as U and Np. However, their interactions 

with Mn-minerals are poorly constrained. This thesis aims to begin addressing this 

knowledge gap by investigating U(VI) and Np(V) interactions with a range of Mn-minerals 

under conditions relevant to geological disposal. The formation of colloids is also known 

to exert significant control over radionuclide mobility (Parry et al., 2011; Vines and Beard, 

2012; Walther and Denecke, 2013). Therefore, the formation and stability of intrinsic 

U(VI) colloids in high pH cement leachate is also investigated in order to determine their 

potential to increase U(VI) mobility.  
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2. Literature Review 

2.1. The UK Nuclear Industry 

The United Kingdom has a long history of civil nuclear power with the first nuclear reactor 

in Western Europe, GLEEP (the Graphite Low Energy Experimental Pile, sited at Harwell, 

Oxfordshire), achieving criticality in 1947 (Walls, 2011). In 1956 this was followed by the 

first of the Calder Hall reactors (the first full-scale civilian reactor to provide electricity to 

a national grid), then a fleet of Magnox reactors and later, Advanced Gas-cooled Reactors 

(AGR) (Walls, 2011). In 1995, the Magnox and AGR fleet were joined by the UK’s only 

Pressurised Water Reactor (PWR), Sizewell B, which was the last reactor to come online 

in the UK (Walls, 2011). Recently, The UK Government has announced its decision to 

proceed with a deal with EDF to build a new nuclear power station at Hinkley Point 

(Clark, 2016); representing the first new nuclear build in the UK since Sizewell B which 

began supplying electricity to the national grid in 1995 (EDF Energy, 2017).  

2.1.1. Radioactively Contaminated Ground  

Over time nuclear licensed sites and the wider environment can become contaminated as a 

result of accidental and/or authorised release of radioactivity (Cochran et al., 1993; Wu et 

al., 2006; Dounreay Site Restoration Ltd., 2009; Luo et al., 2009; NDA, 2010b; Kimber et 

al., 2011). Contamination can occur as a result of serious accidents such as Fukushima 

(World Nuclear Association, 2016b), Chernobyl (UNSCEAR, 2000), and Three Mile 

Island (USNRC, 2014), but is often caused by leakages and spills that result in the 

contamination of ground and groundwater. It can therefore be necessary to remediate these 

sites (Hunter, 2004; McKinley et al., 2006). In order to achieve this, it is important to 

understand the solubility of radionuclides in groundwater and their interactions with 

minerals and microbes present in soil and rock. This allows their behaviour to be predicted 

and a suitable remediation / management strategy to be developed (Kimber et al., 2011). 
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2.1.1.1. The Sellafield Site 

The Sellafield site is the UK’s largest nuclear site. Its operations encompass a wide range 

of activities including reprocessing spent nuclear fuel, fabricating mixed oxide fuel, and 

the management and storage of nuclear waste (Kimber et al., 2011; Sellafield Ltd, 2016a). 

Both accidental and authorised discharges have occurred from the site and led to the 

radioactive contamination of the subsurface, both within the site boundary and beyond the 

boundary in the Irish Sea, and in groundwater outside of the site (MacKenzie et al., 1999). 

Groundwater monitoring shows the highest areas of activity on site are in the vicinity of 

the separation area (Sellafield Ltd., 2014). This area has been used for reprocessing spent 

nuclear fuel and was subject to significant leaks throughout the 1970s (Hunter, 2004).  

2.1.2. The Nuclear Fuel Cycle 

 

Figure 2.1: The nuclear fuel cycle (from USNRC (2016c)). 

The first step in the nuclear fuel cycle (Figure 2.1) is mining the uranium ore from which 

the fuel is created. This predominantly occurs in Canada, Australia, Kazakhstan, Niger, 

Russia, and Namibia (Wilson, 1996; Sharrad et al., 2011). Conventional open pit or 

underground mines are often used to extract the ore which is then milled and acid leached 
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in order to dissolve the uranium. This method generates significant waste (“tailings”) 

which still contain significant amounts of U and also daughter radionuclides from the 238U 

decay chain and can therefore contain significant radioactivity and require careful 

management to prevent the spread of contamination (Abdelouas, 2006; World Nuclear 

Association, 2016a). Alternatively, in situ leaching can sometimes be utilised to extract 

uranium from loosely packed deposits. Here a leachate solution, often acidic or basic 

groundwater containing an oxidant, is pumped through a uranium containing aquifer before 

being recovered (World Nuclear Association, 2016a). 

Once the uranium containing leachate has been generated it is converted into “yellowcake” 

(U3O8), via a process of solvent extraction and precipitation. The uranium can be enriched, 

if required, and converted into UO2 (by reaction with H2) which is then pressed into fuel 

pellets (USNRC, 2016b). Enrichment is the process by which the relative proportion of 

fissile 235U in the fuel is increased, to power civil light water reactors (e.g. PWRs and 

BWRs) this is generally done to ~ 3 – 5 % 235U (Sharrad et al., 2011; USNRC, 2016b), 

although some reactor designs can use natural uranium (~ 0.78 % 235U; e.g. CANDU) 

(Canadian Nuclear Association, 2016). To enrich the U the yellowcake is first converted to 

UF6, as F only has one stable isotope, 19F. A series of centrifuges are then used to steadily 

concentrate the 235U based on the differing molecular weights of 235UF6, 238UF6, and 234UF6 

(Sharrad et al., 2011; USNRC, 2016a). The enriched U is then used to make fuel pellets 

that are commonly stacked into fuel rods and clad in a heat conductive material to provide 

primary containment of the radioactive material while the fuel is in the reactor core. Once 

the irradiated fuel is removed from a reactor core it can either be reprocessed or enter long-

term be storage until it can be disposed of as spent nuclear fuel. 

2.1.2.1. Radioactive Waste Reprocessing 

The primary purpose of early nuclear reactors was the generation of fissile 239Pu for atomic 

weapons programmes (Walls, 2011). The irradiated nuclear fuel therefore underwent a 
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chemical separation process in order to separate out the desired plutonium. Today the UK 

still performs chemical separations on spent nuclear fuel to remove the potentially useful 

plutonium and uranium from the long-lived fission products and the highly radioactive 

activation products (Sharrad et al., 2011). This is achieved using the PUREX (Plutonium 

URanium EXtraction) process performed by Sellafield Ltd. at THORP (THermal Oxide 

Reprocessing Plant), although this is set to close in 2018 halting the UK’s reprocessing of 

spent nuclear fuel (Sellafield Ltd, 2016b). The PUREX process is, in principle, a solvent 

extraction, and the uranium and plutonium it recovers can then be used to make Mixed 

Oxide (MOX) fuel which can be re-used in nuclear reactors (NDA, 2011; Sharrad et al., 

2011). By recycling the uranium and plutonium the volume of the waste is significantly 

reduced, however, since the remaining waste is largely activation and fission products, the 

waste produced by the PUREX process is of very high specific activity (Morris et al., 

2011; Sharrad et al., 2011). As the UK is one of only a handful of countries to attempt to 

close the nuclear fuel cycle by reprocessing its spent nuclear fuel, its radioactive waste 

inventory differs from that of many “once through” countries (Morris et al., 2011; World 

Nuclear Association, 2016c). 

2.1.3. UK Radioactive Waste Inventory 

Radioactive waste is split into three categories, Low Level Waste (LLW), Intermediate 

Level Waste (ILW), and High Level Waste (HLW) depending on the radioactivity of the 

waste and the heat it generates. To be classified as LLW, the waste must contain 

< 4 GBq / tonne of α or 12 GBq / tonne of β/γ (DECC, 2012). ILW is more radioactive 

than LLW, but does not generate sufficient heat to require this to be taken into account 

when considering its storage and disposal. In contrast, HLW is heat generating and its 

temperature may rise significantly due to its isotopic composition. This must be accounted 

for in the design of HLW storage and disposal facilities (NDA, 2013). There is also a sub-

category of LLW, known as Very Low Level Waste (VLLW), which contains very little 
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radioactivity (< 400 kBq / 0.1 m3) and principally originates from hospitals and 

universities. It is sometimes appropriate for this waste to be disposed of with municipal, 

commercial, or industrial waste (either directly or after incineration) since it does not 

require the same treatment as LLW (NDA, 2009).  

 

Figure 2.2: The UK radioactive waste inventory by a) volume and b) activity (NDA, 

2014a).  

By volume, the UK radioactive waste inventory is predominately LLW and VLLW. 

However, the ~ 6 % by volume of the inventory which represents the ILW and HLW 

(HAW) is responsible for almost all of the activity (Figure 2.2) (NDA, 2013). Uranium and 

plutonium recovered via the PUREX process, as well as spent nuclear fuels, are not 

contained within the waste inventory since these materials may be used to fabricate fuel in 

the future and are therefore not considered to be waste. Currently, these materials are 

designated “zero value assets” (NDA, 2011; POST, 2016).  

2.1.4. Disposal Routes for Radioactive Wastes 

2.1.4.1. The Low Level Waste Repository at Drigg 

Currently the UK only has a disposal route for LLW, which is provided by LLW 

Repository Ltd., at Drigg, Cumbria (LLW Repository Ltd., 2014). This facility accepts 

solid LLW from the nuclear industry, the Ministry of Defence, and other industrial, 

educational, medical, and research establishments. The waste is packaged into metal 

containers which are then filled with a cement based grout to minimise the void space 
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within the containers. Since 1988 these containers have then been placed into low 

permeability, concrete lined vaults, which are capped when filled. The design is intended 

to reduce the ingress of water, in order to maintain the containment of radionuclides by 

increasing the lifetime of the containers and decreasing the flow of water through the 

facility and therefore the transport of radionuclides away from it (LLW Repository Ltd., 

2014). Due to the low level nature of the waste disposed of in this facility, the period of 

isolation, and therefore the requirements of the engineered barrier, are substantially lower 

that of a GDF.   

2.1.4.2. Higher Activity Wastes 

Due to their high radioactivity, HAWs must be isolated from the biosphere to allow 

radioactive decay to reduce the activity until the risk posed is negligible, which will take 

hundreds of thousands of years (Morris et al., 2011). The UK Government and devolved 

administrations for Wales and Northern Ireland intend to achieve the safe disposal of the 

UK’s HAW via a GDF (DECC, 2015). The safety case for a GDF must demonstrate that 

no further intervention would be required to prevent the transport of radionuclides back to 

the biosphere until the risk they pose is negligible. The Scottish policy on the long-term 

management of HAW differs from that of England and Wales and favours a near-surface 

facility as near to the site where the waste was produced as possible (The Scottish 

Government, 2011). As part of this policy it is also necessary for the developers to 

demonstrate how facilities will be monitored and how the waste, or the waste packages, 

could be retrieved (NDA, 2013). The UK Government’s advisory Committee on 

Radioactive Waste Management defines geological disposal as the “burial underground 

(200 – 1000 m) of radioactive waste in a purpose built facility with no intention to retrieve 

the waste once the facility is closed” (CoRWM, 2006; Morris et al., 2011; NDA, 2014b; 

DECC, 2015).  
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The generic design for a UK GDF (Figure 2.3) is based on a multi-barrier concept 

consisting of a wasteform, waste container, buffer or backfill, and the geosphere (Morris et 

al., 2011; NDA, 2014b). The wasteform is designed to provide a stable, durable, and low 

solubility matrix which minimises the release of radionuclides into the groundwater (NDA, 

2010d). The majority of the ILW currently in existence has already been packaged for 

interim storage and eventual disposal (NDA, 2014a). This packaging involves 

encapsulating the waste in steel drums and filling the void space with a cementitious grout 

(NDA, 2010d). This provides mechanical stability and will generate reducing conditions, 

as a result of steel corrosion, retarding radionuclide migration (NDA, 2013). However, UK 

HLW is vitrified, meaning that the radionuclides are an intrinsic part of the wasteform and 

therefore can only be released as the glass is dissolved, even once the container has been 

breached (NDA, 2010d). 

 

Figure 2.3: Schematic illustration of a generic GDF design for UK ILW (from NDA 

(2014b)). 

The primary function of all radioactive waste containers is to provide physical containment 

of the wasteform and isolate it from groundwater. However, the different wastes 
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necessitate different containers. For example, HLW containers are designed to remain 

sealed for as long as possible and are considered to have failed once the container is 

breached (NDA, 2010e), while, ILW has the potential to generate gas meaning the waste 

containers have vents to prevent the build-up of pressure (NDA, 2010e). Therefore ILW is 

not isolated from groundwater even whilst the container remains intact. However, 

groundwater incursion through the vents would be slow meaning flow through the 

container will remain minimal whilst it remains intact. The concept for the disposal of 

spent nuclear fuel is less well developed than that than for other types of waste since the 

decision to stop reprocessing and to dispose of waste as spent nuclear fuel was only taken 

relatively recently (NDA, 2010f; Sellafield Ltd, 2016b).  

A GDF will be constructed underground by creating a series of tunnels and caverns within 

the host rock, leaving voids in the host rock after the waste has been emplaced (Morris et 

al., 2011; NDA, 2014b). Therefore, a backfill (or buffer) material will be used to surround 

the waste containers and to fill tunnels and access shafts. The role of the backfill is two-

fold; firstly it should support the host rock and protect the wasteform, and its container, 

from any geological events. Secondly, the backfill should provide a barrier to both the 

ingress of water to both the wasteform and its container, and to the transport of 

radionuclides and gases out into the geosphere (NDA, 2010e; NDA, 2010d; Morris et al., 

2011; Vines and Beard, 2012). The UK Government has postponed the decision on 

whether the waste must be retrievable (DEFRA et al., 2008; DECC, 2015). Therefore, the 

GDF must be designed so that this option is not excluded, meaning any cementitious 

backfill would also need to be friable. 

The function of a backfill can be fulfilled by using either a low-permeability backfill which 

provides containment due to the substantial time required for both water and radionuclides 

to migrate across the barrier via diffusion, or a porous backfill which controls the chemical 

environment surrounding the waste (NDA, 2010d; NDA, 2010e). The most suitable 
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backfill will depend on the overall GDF design and the type of waste being disposed of 

(NDA, 2010a). For example, the current UK design uses a cementitious backfill to 

surround ILW as this provides a hyper-alkaline environment which encourages the 

precipitation of hydroxides, thereby limiting the solubility and transport of many cationic 

radionuclides (NDA, 2010d). This backfill is particularly suited to ILW since the 

wasteform is also cementitious.  

The host rock of a GDF has several functions. It must provide a stable chemical and 

geological environment which optimises the effectiveness of the EBS, as well as limiting 

the flow of groundwater through the GDF since the majority of processes by which the 

EBS will be degraded are water mediated (NDA, 2010e; NDA, 2014b). The chemistry of 

the groundwater to which the waste packages become exposed is therefore an important 

factor in determining the rate of radionuclide release (NDA, 2010e). However, it is 

inevitable that eventually some radionuclides will breach the backfill, and once this occurs 

the geosphere becomes the final barrier preventing the release of radionuclides to the 

surface (Morris et al., 2011). The migration of radionuclides through the geosphere will 

vary with rock type. This is predominantly controlled by the hydrology of the area, 

although the reaction of radionuclides with minerals will also exert significant control 

(NDA, 2010d). Therefore, in order to understand the migration of radionuclides it is 

essential to understand their reactions with the mineral phases which constitute the host 

rock (Vines and Beard, 2012).  

2.1.5. Conditions within a Cementitious GDF 

Under the current generic safety case for ILW, the majority of the cement within a GDF is 

likely to be the Nirex Reference Vault Backfill (NRVB). This consists of Ordinary 

Portland Cement (OPC), limestone flour, and hydrated lime in a 256:291:100 ratio, mixed 

with water in a 1.8:1 ratio (NDA, 2010e; Butcher et al., 2012; Telchadder et al., 2012). 

After closure a GDF will become re-saturated by groundwater (NDA, 2010e). In a GDF 
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utilising NRVB this will lead to high pH and the formation of C-S-H (Calcium-Silica-

Hydrate) gels (xCaO·SiO2·yH2O) with a Ca : Si ratio of 0.7 – 1.7 (Pointeau et al., 2001; 

Pointeau et al., 2004; Grive et al., 2011). As C-S-H phases have large surface areas and a 

high affinity for both cations and anions (Schlegel et al., 2004), their formation is expected 

to increase the sorption of radionuclides, thereby reducing their mobility (NDA, 2010e). 

The dissolution of NRVB in groundwater creates a hyperalkaline environment, which in 

turn causes the hydrolysis and precipitation of metal ions, thereby limiting the transport of 

cationic radionuclides (NDA, 2010d; Morris et al., 2011). Chambers et al. (2003) have 

investigated the evolution of pH within a GDF by modelling the dissolution of portlandite 

(Ca(OH)2) and C-S-H gel in pure water. It is accepted that the pH of the cement leachate 

will initially be ~ 13 falling to ~ 10.5, 100 000 years after closure, and will contain 

elevated levels of Na, K, and Ca (Small and Thompson, 2009; Butcher et al., 2012). It is 

expected that an alkaline environment will also promote the sorption of cationic 

radionuclides by generating negatively charged surfaces on minerals (NDA, 2010d).  

An abundance of iron metal within the repository, from the wasteform and structural 

materials, is expected to lead to chemically reducing conditions post-closure, as a result of 

iron corrosion (Butcher et al., 2012). These conditions are intended to further decrease the 

mobility of redox sensitive actinides such as U, Np and Pu which tend to form less densely 

charged ‘–yl’ species in their higher oxidation states and are therefore most susceptible to 

hydrolysis (and precipitation) in their reduced states (Morris et al., 2011).  

2.1.6. Conditions in the Far-Field of a Cementitious GDF  

The cement leachate generated by the EBS of a cementitious GDF will create an alkaline 

plume extending out into the far-field known as the Chemical Disturbed Zone (CDZ) 

(NDA, 2010d). The pH of the leachate in the CDZ is expected to gradually fall back to that 

typical of the local groundwater with both time since re-saturation, and distance from the 

facility. Therefore, alkaline to circumneutral pH, as well as reducing, low carbonate 
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conditions are still expected in the far-field of a cementitious GDF (Moyce et al., 2014). 

The behaviour and mobility of radionuclides in this area will be predominantly controlled 

by their interactions with the mineral phases which comprise the host rock in which the 

GDF has been sited (NDA, 2010d).  

2.2. Minerals Phases 

The mineral phases with which a radionuclide containing groundwater comes into contact 

often significantly impact its migration (NDA, 2010d). Radionuclide interactions with 

biotite, quartz, orthoclase, cement, δ-MnO2, triclinic (Na)-birnessite, hausmannite, and 

rhodochrosite have been investigated in this thesis; as such their mineralogy is discussed 

here.  

2.2.1. Biotite, Quartz, and Orthoclase (mineralogy and behaviour at high pH) 

Biotite, quartz, and orthoclase are common, rock-forming, silicate minerals. They are 

ubiquitous in the environment and would be expected to be major constituent phases of the 

host rock of a GDF sited in hard rock (Deer et al., 1992; NDA, 2010a).  

2.2.1.1. Biotite 

Biotite is a layered, iron-bearing, silicate mineral with a 2:1 sheet silicate structure 

(monoclinic, space group C2/m) (Deer et al., 1992). Two layers of Si4+ and Al3+ tetrahedra 

(T) sandwich a layer of Mg+ and Fe2+ octahedra (O) to form T-O-T layers with a negative 

charge (due to the Al3+), which is balanced by interlayer K+ (Bailey, 1984). The Mg : Fe 

ratio of the octahedral layer can be varied to create a series of minerals, including 

phlogopite, siderophyllite, annite, and eastonite, which are collectively known as biotite 

(Rieder et al., 1999). However, annite, the pure Fe end-member, does not occur naturally 

(Deer et al., 1992). Substitution of Al into both the octahedral and tetrahedral sites is 

commonly observed in natural biotite, leading to the formation of siderophyllite 

[K2Fe4Al2(Si4Al4O20)(OH)4] and eastonite [K2Mg4Al2(Si4Al4O20)(OH)4] end-members. 
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Ideally the octahedral sites in biotite are completely filled but vacancies do occur. The 

distribution of octahedral sites occupied by Mg or Fe, as well as the tetrahedral sites by Si 

or Al, is unexplained and appears random, although there is some indication the Fe3+ 

prefers the smaller octahedral sites (Deer et al., 1992).  

The weathering of biotite under environmental conditions always produces kaolinite; 

however, a number of different intermediates can be observed when the conditions, 

chemical environments, and fluid compositions are varied (Gilkes and Suddhiprakarn, 

1979; Meunier and Velde, 1979; Banfield and Eggleton, 1988; Dong et al., 1998). Under 

alkaline conditions biotite dissolution releases both K+ from the interlayer, and Al, Si, Mg, 

and Fe from the framework, into solution. This increase in the solution concentration of Al, 

Mg, and Fe leads to the formation of vermiculite 

(Mg(Mg,Fe3+,Al3+)6[Si4Al4O20](OH)4·nH2O) a sheet silicate mineral with hydrated cations 

in the interlayer (Murakami et al., 2004; Samson et al., 2005; Sugimori et al., 2008). This 

transformation has been shown to occur via a direct modification of the biotite structure, 

continuous 2:1 layers can be observed by transmission electron microscopy (TEM) with 

both 10 Å and 14 Å layers, indicative of biotite and vermiculite, respectively (Banfield and 

Eggleton, 1988). Vermiculitisation is limited by the rate of Al dissolution and leads to an 

overall release of Si and K into solution. 

2.2.1.2. Quartz  

Quartz is a common rock-forming silicate mineral, comprised of Si4+ tetrahedra arranged 

into hexagonal or trigonal helices (trigonal, space group P3121) with the chemical formula 

SiO2 (Deer et al., 1992). Pure quartz is colourless, transparent, and very hard but inclusions 

of other minerals or trace impurities can form a wide variety of colours. Along with its 

chemical durability, the hardness of quartz leads to its abundance in a wide range of 

environments (Deer et al., 1992). Under alkaline conditions the deprotonation of surface Si 

tetrahedra to form ≡Si – O- is thought to lead to the polarisation and subsequent weakening 
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of the Si – O bonds and dissolution of silica. The formation of surface ≡Si – O- species at 

alkaline pH is therefore considered to be a precursor to quartz dissolution; thus quartz 

dissolution is expected at hyperalkaline pH (Brady and Walther, 1989). 

2.2.1.3. Orthoclase 

Orthoclase is a type of K-feldspar with the chemical formula KAlSi3O8. Its crystals have 

monoclinic morphology, although a ‘tweed’ texture can often be observed under a 

microscope which results from fine twinning with strands of triclinic geometry. Once 

formed the very finely twinned lamellae are relatively stable and so remain as pseudo-

monoclinic orthoclase, rather than reordering to form the fully triclinic microcline (Deer et 

al., 2001). Natural orthoclase can contain relatively small amounts of CaAl2Si2O8, although 

this is more common in Na-feldspars, as well as limited amounts of Ba, Ti, Fe2+, Fe3+, Mg, 

Sr, and Mn (Deer et al., 1992). Under the hyperalkaline conditions relevant to this thesis, 

mild stoichiometric dissolution of orthoclase is expected (Deer et al., 2001; Teng et al., 

2001).  

2.2.2. Cement  

One cementitious material currently being considered as a backfill is Nirex Reference 

Vault Backfill (NRVB) (NDA, 2010e; Vines and Beard, 2012). This material has been 

shown to be fluid enough to flow across the vault to reach and surround the waste 

containers and can also be cut using a water jet, aiding the ease of retrieval if required 

(McCall et al., 1997; Crossland, 2007). The NRVB will also undergo partial dissolution 

and create a hyperalkaline environment in which the solubility, and consequently mobility, 

of cationic radionuclides is minimised, as well as providing a mineral surface for sorption 

(Braney et al., 1993; NDA, 2010e).  

Cement generally consist of OPC mixed with an aggregate (typically gravel, sand, or 

crushed rock) and hydrated using water; however, small amounts of chemical admixtures 
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can be added to modify the properties of the final cement (PCA, 2016). Ordinary Portland 

Cement is predominantly a mixture of calcium, silica, alumina, and iron oxides, but will 

normally include other oxide impurities (comprising < 5 %) including Mn, Ti, Mg, K, and 

Na (PCA, 2016). One cubic metre of NRVB contains: 450 kg OPC, 170 kg limestone 

flour, 495 kg hydrated lime, and 615 kg water (Crossland, 2007). Once set, X-ray 

diffraction (XRD) of NRVB has shown it to be predominantly comprised of calcite, with 

significant amounts of calcium hydroxide and portlandite, minor quantities of 

Ca4Al2O6CO3·11H2O and Mg6Al2CO3(OH)16·4H2O (hydrotalcite), and trace amounts of 

ettringite and quartz (Baston et al., 2010). However, this is misleading since cement 

phases, including NRVB, contain large amounts of Calcium-Silicate-Hydrate (C-S-H) 

phases which lack long range order and therefore do not contribute to the XRD pattern. 

The cement phase used throughout this thesis has been chosen to be representative of 

NRVB.  

The cement setting process typically takes place over a period of weeks or months, 

although a viscoelastic skeletal solid capable of supporting applied stress generally forms 

within 24 hours of water addition. When OPC is mixed with water, the very soluble 

phases, such as the aluminates, dissolve. This is rapidly followed by the precipitation of 

much less soluble phases such as ettringite, often leading to the formation of an ettringite 

coating on the aggregate particles. Calcium and silica containing phases are also dissolved 

and the ions re-precipitated as C-S-H phases. These phases covert the concentrated 

suspension of flocculated particles into the viscoelastic skeleton responsible for the initial 

strength and then continue to precipitate in the pore spaces until there is no water, OPC, or 

space remaining. During this time the cement will continue to harden and gain strength as 

the pore spaces become filled, a process known as hardening (Gartner et al., 2001; Nonat, 

2004; Richardson, 2004).  
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C-S-H phases are important in determining radionuclide interactions with cement, and 

have been found to control U(VI) behaviour in systems containing hardened cement paste 

(Macé et al., 2013). The structure of C-S-H phases is related to that of 14 Å tobermorite 

and jennite, and consists of layers of Ca-O flanked by chains of silicate tetrahedra with Ca 

and water in the interlayer (Chen et al., 2004; Bonaccorsi et al., 2005). However, C-S-H 

phases, particularly the C-S-H gels formed upon hydration of OPC, contain a substantial 

concentration of defects leading to a disordered structure (Nonat, 2004). This means C-S-H 

gels can accommodate a range of Ca/Si ratios, which can range from 0.67 to ~ 2 (Chen et 

al., 2004), creating a variety of different C-S-H phases. 

2.2.3. Mn-Minerals 

Mn-minerals, like Fe minerals, are ubiquitous in the environment and Mn oxides often 

occur as coatings or fine grain aggregates (Dixon et al., 1990; Post, 1999). Therefore, they 

will be ubiquitous within the host rock of a GDF sited in higher strength or lower strength 

sedimentary rock, which comprises the final barrier to radionuclide release to the biosphere 

(NDA, 2010c; 2010d).  However, while many studies have shown Fe minerals to 

immobilise radionuclides (Brookshaw et al., 2012 and references therein), Mn-minerals 

have received comparatively little attention despite the co-location of radionuclides with 

Mn-minerals (section 2.4.1.1.3) (Means et al., 1978; Duff et al., 1999; Powell et al., 2006).  
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2.2.3.1. δ-MnO2  

 

Figure 2.4: δ-MnO2 structure, MnO6 octahedra. 

δ-MnO2, along with birnessite, is one of the most common Mn-minerals and is ubiquitous 

in soils and sediments (Burns and Burns, 1977; Chukhrov and Gorshkov, 1981; Post, 1999; 

Dixon and White, 2002; Schulze, 2002). It is a fine-grained poorly crystalline Mn(IV) 

oxide (Roy, 1981; Post, 1999) and is generally considered to have the same structure as 

vernadite (Figure 2.4), but is often denoted δ-MnO2 when produced synthetically (Burns 

and Burns, 1977; Chukhrov et al., 1980; Chukhrov and Gorshkov, 1981; Roy, 1981; 

McKenzie, 1989; Dixon and White, 2002). Biogenic-MnO2 is a common form of Mn oxide 

in the environment (Tebo et al., 1984; Nealson et al., 1988; Tebo, 1991; Tebo et al., 1997; 

Marble et al., 1999; Tebo et al., 2004; Spiro et al., 2010). Some bacterial strains have been 

shown to produce biogenic-MnO2 with a structure very similar to that of δ-MnO2, although 

the crystallinity of the biogenic version is often lower (Bargar et al., 2000; Villalobos et al., 

2003; Webb et al., 2005). Some studies suggest a discrepancy between the affinity of 

δ-MnO2 and biogenic-MnO2 for cationic contaminants (Nelson et al., 1999; Nelson et al., 

2002; Villalobos et al., 2003; Tani et al., 2004; Villalobos et al., 2005; Tanaka et al., 2011; 

Wang et al., 2013), although some authors found δ-MnO2 to be more reactive (Tanaka et 

al., 2011; Wang et al., 2013), while others found the opposite (Nelson et al., 1999; Nelson 
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et al., 2002; Tani et al., 2004; Villalobos et al., 2005). This could be due to variation in 

washing of the biogenic-MnO2 prior to sorption experiments since the presence of organic 

ligands released by the parent bacteria could hinder reactivity, although this hypothesis has 

not yet been tested (Tanaka et al., 2011).  

Some authors view δ-MnO2 as a disordered variety of birnessite (Giovanoli, 1970; 

Giovanoli and Brutsch, 1979), where disorder in the stacking order of the layers leads to 

the loss of the basal planes in the XRD pattern. However, treatment of δ-MnO2 in water at 

high pressure produced additional lines in the diffractions pattern (at approximately 0.96 

and 0.48 nm), while no change was observed in the diffraction pattern of synthetic 

birnessite after comparable treatment (Burns et al., 1974), suggesting these phases are not 

identical. The authors instead related δ-MnO2 to todorokite rather than to birnessite and 

concluded that it should be regarded as a discrete phase. It is now thought that δ-MnO2 

contains both edge-shared and corner-shared Mn octahedra (Manceau et al., 1992; Dixon 

and White, 2002).  

Vernadite is found in nature (Tebo et al., 1984; Tebo, 1991), and δ-MnO2 is synthesised 

(Villalobos et al., 2003), under circumneutral to mildly alkaline conditions and so stability 

under these conditions is expected. Since Mn(IV) is favoured under oxic conditions and at 

high pH (Tebo et al., 2004), δ-MnO2 is also expected to be stable at high pH.  

2.2.3.2. Triclinic (Na)-Birnessite  

Birnessite refers to a group of Mn oxide minerals with the general formula 

(Ca,Na,K,Mn,H)x(Mn(IV/III))2O4·1.5H2O, they are comprised of layers of edge-shared 

MnO6 octahedra separated by water molecules and cations (McKenzie, 1989; Al-Attar and 

Budeir, 2011). Globally birnessites are the most commonly occurring Mn oxides found in 

soils and sediments (McKenzie, 1989; Post, 1999).  
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Figure 2.5: Schematic diagram (a) triclinic Na-birnessite and (b) hexagonal H-birnessite. 

Reproduced from (Ling et al., 2015). 

Birnessite can contain a range of ions in the interlayer (e.g. K+ and Ca2+), leading to a 

group of layered minerals with similar structures (Post et al., 2008). The two major types 

of birnessite are hexagonal birnessite, which is formed under acidic conditions, and 

triclinic (Na)-birnessite, which is formed under alkaline conditions (Glover, 1977; Lanson 

et al., 2002; Fischer, 2011). Both of these birnessite types consist of layers of Mn(III/IV) in 

edge-sharing MnO6 octahedra (Figure 2.5) (Post et al., 2002; Fleeger et al., 2013). 

However, triclinic (Na)-birnessite does not contain any cation vacancies and instead has a 

higher Mn(III):Mn(IV) ratio (~1:3) (Villalobos et al., 2005). However, a large number of 

vacancies are expected in hexagonal birnessite to compensate for the Mn2+, Mn3+, and H+ 

which replace the hydrated Na+ in the interlayer (Lanson et al., 2002; Ling et al., 2015). 

Some of these vacancies are capped by Mn2+ which reduces the symmetry of the phase 

(Lanson et al., 2002; Ling et al., 2015). The presence of Mn(III) leads to a permanent 

negative charge on the layer, in triclinic (Na)-birnessite this is balanced by Na+ contained 

in the single layer of water molecules present in the 7 Å interlayer. The acidification of 

triclinic (Na)-birnessite leads to its conversion to hexagonal H-birnessite (Fischer, 2011). 

Here, the interlayer cations are leached from the interlayer and replaced by H+. Ling et al. 

(2015) suggest that hexagonal birnessite is favoured below pH 8.2, while triclinic 

(Na)-birnessite is favoured above this pH. The authors also observed that a portion of the 

Mn2+ in the interlayer of hexagonal birnessite was replaced by Na+ when exposed to a high 
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pH solution containing Na+ (Ling et al., 2015). Fleeger (2012) found that when hexagonal 

birnessite was added to a 0.1 M NaOH solution at pH 13, it was transformed into triclinic 

(Na)-birnessite within 20 minutes.  

2.2.3.3. Hausmannite  

Hausmannite has the formula Mn(II)Mn(III)2O4. It has a spinel-like structure with the 

Mn(II) located in tetrahedral sites while the Mn(III) is located in octahedral sites (Figure 

2.6) (Goodenough and Loeb, 1955; Jarosch, 1987; McKenzie, 1989; Post, 1999; Dixon and 

White, 2002). However, while most spinels are cubic, hausmannite is tetragonal 

(McKenzie, 1989; Dixon and White, 2002).  

 

Figure 2.6: Hausmannite structure. Blue = Mn(III) octahedra; red = Mn(II) tetrahedra. 

Hausmannite is susceptible to oxidation under alkaline conditions and is therefore less 

common in soils than δ-MnO2 or birnessite (McKenzie, 1989). However, whilst the 
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formation of hausmannite in soils is improbable, it may persist in a physically protected, 

coated form (Dixon and White, 2002), or under reducing conditions. Chukhrov and 

Gorshkov (1981) examined 100 soils from a range of countries and found hausmannite to 

be the 5th most common Mn-mineral. In the presence of oxygen hausmannite undergoes 

slow oxidation to manganite (MnOOH) (Bricker, 1965; Kirillov et al., 2009). As a result, 

the hausmannite used in this thesis was formed and handled anaerobically and its stability 

was monitored periodically.  

Cornell and Giovanoli (1988) found that at 70°C and under very high pH conditions, 

hausmannite underwent a slow conversion to birnessite, although this process was not 

complete after a period of several months. The conversion still occurred when KOH was 

replaced with NaOH, while decreasing the temperature to 25°C significantly decreased the 

rate. However, the transformation of hexagonal birnessite into hausmannite has been 

observed at mildly alkaline pH (8.0 – 8.5) in the presence of Mn2+
(aq) (Lefkowitz et al., 

2013). 

2.2.3.4. Rhodochrosite  

 

Figure 2.7: Rhodochrosite structure. Pink = Mn; purple = Carbonate. 
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Rhodochrosite (MnCO3) is a Mn(II) carbonate mineral often found in hydrothermal veins 

(Roy, 1981). It crystallises in a trigonal system (Roy, 1981; Doner and Gossel, 2002), 

giving a crystal structure (Figure 2.7) similar to that of calcite (Roy, 1981) and siderite and 

is often found in solid solution with calcite (Roy, 1981). Rhodochrosite has low solubility 

(Doner and Gossel, 2002), and forms under alkaline reducing conditions with high CO2 

partial pressures (Hem, 1963). 

2.3. Radionuclide Migration 

When radionuclides are released into the geosphere their migration can be influenced by a 

number of abiotic process, including: the redox conditions, precipitation, sorption and 

incorporation reactions, and the presence or formation of colloids. In addition microbes 

and associated biogeochemical processes can also have an important impact on the 

migration of radionuclides (Konhauser et al., 2002; Lloyd and Macaskie, 2002; Lloyd, 

2003; NDA, 2010d; West et al., 2010; Newsome et al., 2014). For example, microbes can 

couple the oxidation of carbon compounds to the reduction of radionuclides, which in turn 

leads to the formation of less soluble oxidation states (Lovley et al., 1991; Lovley and 

Phillips, 1992; Francis et al., 1994; Shelobolina et al., 2004; Wu et al., 2006). Further, 

some microorganisms can incorporate radionuclides into insoluble biominerals (Macaskie 

et al., 1992; Mondani et al., 2011), sorb them onto their cell structure (Beveridge and 

Murray, 1980; Suzuki and Banfield, 1999; Lloyd and Macaskie, 2000), or produce biofilms 

(Anderson et al., 2007). However, while these processes are important, this thesis focuses 

on the abiotic processes that influence radionuclide migration.  

2.3.1. Precipitation  

The purpose of creating a hyperalkaline environment is to encourage the precipitation of 

radionuclides (NDA, 2010d; Vines and Beard, 2012; NDA, 2014b). Under hyperalkaline 

conditions cationic radionuclides, especially those with high charge density, will hydrolyse 
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water leading to the formation of insoluble hydroxide phases. For example U(IV) exists in 

solution as U4+
(aq), with a high charge density. It is therefore strongly attracted to the Oδ- 

atom of a water molecules, to which it forms a bond, breaking one of the O-H bonds and 

releasing H+ (as H3O+) into solution. This process forms U(IV) hydroxides which are then 

expected to precipitate out of solution, immobilising the U(IV). However, U(VI) exists in 

solution as the uranyl species, [U(VI)O2]2+, with a much lower charge density. This means 

that while [U(VI)O2]2+ is still attracted to the Oδ- of water molecules this interaction is no 

longer strong enough to break the O-H bonds. Hydroxides are therefore not as readily 

formed, hence the reduction of U(IV) to U(VI) is desirable within a GDF.  

In addition to high pH, the proposed cementitious backfill for ILW (NRVB) will also form 

a leachate with high K+ and Na+, and later Ca+, concentrations (Small and Thompson, 

2009; Butcher et al., 2012). This is expected to lead to the oversaturation of a range of 

radionuclide-containing sodium and calcium phases, such as uranates, further limiting 

radionuclide solubility (Yamamura et al., 1998; Gorman-Lewis et al., 2008). Given this, it 

is critical to understand how U(VI) will behave at high pH and in the presence of the high 

alkali and alkaline earth concentrations (particularly, Na+, K+, Ca2+) expected in cement 

leachates. This is particularly important as an unforeseen mechanism which allowed 

uranium to remain in the aqueous phase could lead to increased migration away from a 

GDF.  

2.3.2. Sorption  

The migration of radionuclides can be impeded by their sorption to a range of minerals in 

the geosphere (NDA, 2010c). Sorption is a general term and encompasses a number of 

ways in which ions can interact with mineral surfaces. These include the formation of both 

outer-sphere and inner-sphere adsorption surface complexes, as well as absorption via 

cation exchange and incorporation (Krauskopf and Bird, 1995; Sposito, 2004). During 

outer-sphere adsorption an ion retains its hydration sphere and is electrostatically bonded 
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to the surface through these water molecules. Alternatively, inner-sphere adsorption 

complexes can form where the ions hydration sphere is lost and a bond is formed directly 

with the mineral surface (Krauskopf and Bird, 1995; Sposito, 2004). Cation exchange is 

observed on minerals whose structural framework possesses a permanent negative charge 

due to isomeric substitution, which is then balanced by cations. It is common in layered 

minerals (such as birnessite; section 2.2.3.2) and clays (Al-Attar and Dyer, 2002; 

Beresford, 2005; Lopano et al., 2011; Seliman et al., 2014). Here, interlayer, or structural, 

cations are exchanged for absorbing contaminant cations. Since inner-sphere adsorption 

results in a stronger interaction with the surface than outer-sphere adsorption, it is 

important to determine the mechanism by which adsorption occurs in order to predict the 

impact on contaminant mobility as the extent and rate of desorption is expected to differ 

(Strawn and Sparks, 1999; Catalano et al., 2008).   

Occasionally, generally at high adsorbate concentration, adsorption can also lead to the 

formation of a surface precipitate (Sposito, 2004). This can occur when there is a high 

density of ions adsorbed onto a surface (or in a particular area of a surface) and these are 

well organised on a lattice, which in turn can lead to the formation of a phase on top of the 

original surface.  

The extent of the sorption of an ion to a mineral is often described using Rd and Kd values. 

Both of these represent the ratio of the ion concentration in solution to that on the solid 

([solution]/[solid]), however, while Kd values must describe at system at equilibrium, Rd 

values can be used to describe the ratio at any given point. As well as the mineral present, 

the Kd value of a system is also dependent on the solid:solution ratio, ionic strength, and 

pH (OECD and NEA, 2012). However, by determining the Kd value under a range of 

conditions it is possible to determine thermodynamic logK values, for the reaction of a 

specific radionuclide with a specific mineral (Appelo and Postma, 2005). Thermodynamic 

logK values are independent of these parameters and can therefore be used in 
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thermodynamic models to predict the migration of radionuclides in various scenarios 

(Appelo and Postma, 2005).  

In models used to predict radionuclide mobility, sorption to bulk mineral phases is 

generally assumed to be reversible (NDA, 2010d). In the case of outer-sphere complexes, 

which do not require the exchange of a ligand to become desorbed, this is generally a valid 

assumption. However, systems containing inner-sphere adsorption complexes, or where 

radionuclides are located in the interlayer of layered minerals, can exhibit irreversibility 

(Pan et al., 2004; Sajih et al., 2014; Sheng et al., 2014; Boggs et al., 2015; Fuller et al., 

2015). For this reason it is important to understand the mechanism of sorption and to 

investigate desorption. In order to study the desorption of radionuclides from minerals the 

process is encouraged, usually by the addition of a competing ligand, surface, or metal 

(e.g. Sims et al., 1996; Park and Hahn, 1999; Rigol et al., 2000; Iijima et al., 2010; Sherriff 

et al., 2015), or by the removal of the residual radionuclide from the solution phase (e.g. 

Park and Hahn, 1999; Markai et al., 2003; Um et al., 2004; Savoye et al., 2006; Sajih et al., 

2014). These experiments can then be used to generate Rd values (Rd = [solid (mol/g)] / 

[solution (mol/mL)]) which can be compared to Kd values to indicate irreversibility in a 

system (Sajih et al., 2014).  

2.3.2.1. Incorporation 

As well as adsorbing to the surface of a mineral, radionuclides can also become 

incorporated into mineral structures. This generally occurs when a mineral phase is formed 

in the presence of radionuclides which then become substituted into the mineral structure 

(NDA, 2010d). However, incorporation can also occur when a mineral phase is in dynamic 

equilibrium with a solution, i.e. it is constantly dissolving and re-precipitating. As this re-

precipitation occurs radionuclides which have been adsorbed onto the mineral surface via 

inner-sphere sorption, can become ‘buried’ in the mineral structure, taking the place of 

chemically similar elements as the phase extends around them (Krauskopf and Bird, 1995; 
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NDA, 2010d). Generally, when radionuclides become incorporated into a mineral structure 

they take the place of an ion with a similar ionic radius (Krauskopf and Bird, 1995). A 

similar sized ion is required since a small distortion in the structure can usually be 

tolerated, while a large distortion is likely to lead to the disruption of the mineral structure. 

For example, the lattice of magnetite, which normally contains Fe(II) and Fe(III), is able to 

expand or contract in order to accommodate cations with different radii (Cornell and 

Schwertmann, 2003). As a result, magnetite is capable of incorporating a range of trace 

metals (e.g. Co2+, Ni2+, Zn2+, Cu2+, Mn2+, and Cd2+) into its structure (Sidhu et al., 1978). 

Substitution by ions with the same charge is ideal. However, similarly charged ions can 

often also be accommodated though this creates a charge imbalance. This can be addressed 

by further substitution,  incorporation of an additional ion, or the creation of a vacancy site 

(Appelo and Postma, 1999). In the case of magnetite, Ti(IV) can be incorporated into 

structure in the place of Fe(III), which is then accompanied by the reduction of the 

remaining Fe(III) in the unit cell to Fe(II) to maintain the charge balance (Pearce et al., 

2006). In birnessites cation vacancies (sometimes capped with Mn2+) are a common 

mechanism of maintaining charge balance, although this can also be achieved by altering 

the Mn(III)/Mn(IV) ratio (Appelo and Postma, 1999). Once radionuclides have been 

incorporated into minerals they can only be released back into solution by the dissolution 

of the host phase. Given this, structurally incorporated radionuclides are much less 

accessible and their migration is likely to be significantly retarded (Vines and Beard, 2012; 

Marshall et al., 2014).  

2.3.3. Colloids  

Whilst adsorption of radionuclides to, and absorption into, bulk mineral phases decreases 

their mobility, this may not be the case if a radionuclide is associated with a nano-

particulate colloidal phase. The term colloid is used to describe a particle 1 – 1000 nm in 

size, in at least one dimension, and implies that the particles are dispersed within a medium 
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(IUPAC, 1997). Due to their small size, Brownian motion can keep colloids suspended in 

solution over geological timescales making them relevant to geological disposal (Wold, 

2010). Colloids formed within a GDF, or transported though it by groundwater flow, have 

the potential to promote the migration of radionuclides (Vines and Beard, 2012). This is 

particularly important for cationic radionuclides, which are expected to precipitate out as 

hydroxides or sorb to mineral phases, since the formation of colloids could allow them to 

remain in solution, facilitating transport by diffusion and advection. 

There are two ways in which colloids can facilitate the transport of radionuclides. Firstly, 

radionuclides can sorb to pre-formed colloids. This is generally caused by the high 

negative charge density associated with colloid surfaces, which prevents aggregation, 

causing the electrostatic attraction of cationic radionuclides which then sorb to negatively 

charged binding sites. Secondly, radionuclides may form colloidal precipitates of which 

they are an intrinsic part.  

Intrinsic colloids formed from a range of radionuclide oxides have been observed (Walther 

and Denecke, 2013) (e.g. Pu(OH)4 (Parry et al., 2011) and ThO2 (Walther and Denecke, 

2013)). Studies showing radionuclides bound to a range of colloids (Swanton et al., 2009), 

including NRVB-derived colloids (Gardiner et al., 1998; Swanton et al., 2009) and colloids 

of iron oxides (Gardiner et al., 1990) have also been observed. At the Nevada Test Site, 

USA, plutonium and fission products such as Co, Cs, and Eu from nuclear weapons tests 

have been found to have migrated 1.3 km from the original detonation site over 

approximately 30 years. This is significantly faster than predicted by models which do not 

include a contribution from colloid-facilitated transport. Plutonium, for example, was 

found to be associated with the colloidal (7 – 1000 nm) fraction, suggesting that colloidal 

transport was responsible for its accelerated migration (Kersting et al., 1999). Further 

investigation of the site revealed U was also present in colloidal form, associated with Cs 

and silicates, and as an oxide hydrate (Utsunomiya et al., 2009). The migration of colloid 
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associated Pu over 3 km has also been observed at Mayak, a Russian nuclear waste 

reprocessing facility (Novikov et al., 2006). Here, migration was found to occur at a 

comparable rate to that observed at the Nevada Test Site. Nano–secondary ion mass 

spectrometry suggested that the mobile Pu was associated with iron oxides (Novikov et al., 

2006). 

Similarly to aqueous radionuclides, colloids can also be removed from solution by sorption 

to mineral surfaces (Arnold et al., 2006; Walther and Denecke, 2013), although this is not 

generally expected at high pH when many colloids and mineral surfaces would be expected 

to be negatively charged. Colloids can also aggregate and settle out of solution, particularly 

under changing geochemical conditions, although again this is not generally expected at 

high pH due to the electrostatic repulsion caused by the negative surface charges. 

However, it is important to determine the stability of any colloids which could form under 

conditions within a GDF due to their potentially large impact on radionuclide migration.  

2.4. Radionuclide Geochemistry 

2.4.1. Uranium  

The nuclear industry has produced large quantities of waste uranium worldwide. Much of 

this is stored as spent nuclear fuel or ILW, and is destined for geological disposal. In 

addition many nuclear sites around the globe suffer from uranium contamination of the 

surface and/or subsurface. The two most abundant isotopes of uranium are 238U and 235U, 

which both undergo decay via emission of an alpha particle to 234Th and 231Th, 

respectively. Given its prevalence, and the long half-lives of both 238U and 235U 

(t½ = 4.46 x 109 years and t½ = 7.03 x 108 years, respectively), uranium behaviour will play 

an important role in any GDF safety case.  

In ILW, uranium will be present in a range of redox states including, but not limited to, 

U(VI) and U(IV) (Health and Safety England et al., 2007). Under reducing conditions, 
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highly insoluble U(IV) (section 2.3.1) would normally be expected to dominate uranium 

behaviour. However, under alkaline, mildly reducing conditions U(VI) is expected to be 

relatively stable and is likely to be present for a significant time post-closure (Gaona et al., 

2012). U(VI) exists in solution as the linear uranyl moiety UO2
2+, the solubility of which is 

limited by equilibrium with the solid alkali/alkaline-earth “uranates" (e.g. 

Na(UO2)O(OH)·(H2O)0-1 and CaUO4) which dominate speciation. Very low solution 

concentrations (~10-9 M) of U(VI) are therefore expected in solution (Yamamura et al., 

1998; Gorman-Lewis et al., 2008).  

!"#(%) + (#"()) 	↔ 	(#!",(-.) 	↔ 	((-.)/ +	(!",(-.)0 	↔ 	2((-.)/ +	!",(-.)#0  

(2.1) 

Under atmospheric conditions, CO2 dissolves in water to form carbonate (CO3
2-) (Equation 

2.1). In alkaline solutions H+
(aq) released when (H2CO3(aq) splits into H+

(aq) and HCO3
-
(aq)) is 

increasingly desired as the pH decreases, driving the equilibrium to the right. In turn this 

increases the carbonate concentration in solution and decreases the pH (Stumm and 

Morgan, 1996; White, 2013). The presence of carbonate and bicarbonate ligands in 

solution increases the solubility of UO2
2+ as these react to form very stable, soluble 

complexes (Barnett et al., 2000; Runde, 2000). This means that carbonate complexes 

generally control U(VI) solubility in alkaline systems containing carbonate. However, very 

low dissolved carbonate concentrations are expected within a GDF since this will be 

isolated from air after the initial emplacement period and calcite precipitation is expected 

to remove much of the residual carbonate from solution (Dow and Glasser, 2003; Smith et 

al., 2015). Therefore, for an experiment to be relevant to deep geological disposal, the 

dissolved carbonate concentration must be controlled. In the absence of carbonate, 

hydroxide species such as UO2(OH)2, UO2(OH)3
-, and UO2(OH)4

2- dominate U(VI) 

speciation under hyperalkaline conditions. These complexes have low solubility with 
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aqueous U(VI) concentrations in the order of nM (Barnett et al., 2000; Runde, 2000; 

Choppin, 2006).  

 

Figure 2.8: Speciation of 1 ppm U(VI) and log total dissolved carbonate (broken line) as a 

function of pH. Log PCO2 = -3.5 in 0.1 M NaNO3. Taken from (Barnett et al., 2000). 

As the pH decreases with both distance from the facility and time since closure, U(VI) 

speciation will become increasingly influenced by positively charged hydroxide species, 

such as UO2(OH)+ and (UO2)3(OH)5
+, until they dominate at ~ pH 8 (Figure 2.8). Below 

pH 5, free UO2
2+ dominates U(VI) speciation (Kaplan et al., 1998). 

2.4.1.1. Interactions of U(VI) with Minerals 

2.4.1.1.1. Biotite, Quartz, and Orthoclase 

The interaction of U(VI) with biotite at circumneutral pH has been observed in low 

carbonate systems (Brookshaw et al., 2015). However, much lower levels of sorption are 

observed in systems with elevated carbonate concentrations due to the formation of uranyl-

carbonate species (Ames et al., 1983; Brookshaw et al., 2015). Modest reduction of U(VI) 
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to U(IV) has also been observed over extended periods of time in a low carbonate biotite 

system (Ilton et al., 2006). The uptake of U(VI) has not been as widely studied under high 

pH conditions; although the co-location of U and biotite has been seen under mildly 

alkaline (pH 8.9 – 9.2), reducing conditions at the Tono uranium deposit, Japan (Yoshida, 

1994). More generally, the interaction of any cations with biotite under alkaline conditions 

has received little attention in the literature (alkaline alteration of biotite is discussed in 

section 2.2.1.1.).  

The sorption of U(VI) to both orthoclase (Arnold et al., 1998; Walter et al., 2005; 

Nebelung and Brendler, 2010) and quartz (Arnold et al., 1998; Arnold et al., 2001; Ilton et 

al., 2012b) has been observed at circumneutral pH. Above pH 8.5 and in the presence of 

carbonate, the formation of soluble uranyl-carbonate species leads to U(VI) remaining in 

solution in the presence of both quartz (Schmeide et al., 2000; Fox et al., 2006; Nebelung 

and Brendler, 2010) and feldspars (Chardon et al., 2008; Ding et al., 2014; Richter et al., 

2016). In contrast, in the absence of carbonate, and therefore under conditions relevant to 

this study, U(VI) has been found to sorb to quartz (Prikryl et al., 2001) at alkaline pHs of 

up to pH 9.5. In systems containing orthoclase, molecular dynamics simulations have 

predicted the formation of inner-sphere UO2(CO3)2
2- surface complexes at pHs above 9, 

albeit at low (0.1 µM) U(VI) concentrations (Kerisit and Liu, 2012; Kerisit and Liu, 2014), 

suggesting U(VI) sorption to feldspars under alkaline conditions.  

Uptake of up to 60 % U(VI) from pH 6 and pH 10 solution by the feldspars microcline and 

plagioclase has been observed. However, this was reduced at pH 10 in contact with 

atmospheric CO2 due to the formation of very stable uranyl carbonate complexes (Chardon 

et al., 2008). At pH 6 the authors found a threshold initial U(VI) concentration above 

which U(VI) uptake by plagioclase increased dramatically, suggesting the formation of a 

surface precipitate. This was supported by scanning electron microscopy (SEM) and 

atomic force microscopy (AFM), although these techniques found randomly orientated and 
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distributed becquerelite crystals on the plagioclase surface, suggesting the surface did not 

play a particularly important role in precipitation (Chardon et al., 2008). The adsorption of 

U(VI) to quartz at circumneutral pH was also suggested when columns packed with quartz 

were found to retard U(VI) migration through said columns (Mibus et al., 2007).  

2.4.1.1.2. Cement 

Numerous studies have observed that the introduction of hardened cement paste, or C-S-H 

phases, into a system containing aqueous U(VI), results in the removal of U(VI) from 

solution (Harfouche et al., 2006; Tits et al., 2008; Wieland et al., 2010; Tits et al., 2011; 

Macé et al., 2013). This uptake has been found to be particularly strong (with Rd values in 

the region of 105 – 106 L kg-1) and fast (equilibrium was reached within 10 days), 

suggesting and these phases may play an important role in controlling the solution U(VI) 

concentration (Tits et al., 2008). The authors also found that increasing pH decreased 

U(VI) uptake, meanwhile an increased aqueous Ca concentration, caused an increase in 

U(VI) uptake. This suggests that Ca must have a significant influence on U(VI) uptake. 

Luminescence spectroscopy of U(VI) associated with C-S-H phases identified the presence 

of four uranium coordination environments: aqueous U(VI)O2(OH)4
2-, a Ca uranate 

precipitate, and two uranyl silicate-like coordination environments – one of which was 

thought to be a surface complex and the other was thought to be incorporated into the 

C-S-H interlayer (Tits et al., 2008). Macé et al. (2013) and Harfouche et al. (2006) used 

extended X-ray absorption fine structure spectroscopy (EXAFS) to study the interaction of 

U(VI) with C-S-H phases at pH 13.3. At low loadings (< ~ 0.5 mM) a single uranyl 

silicate-like uranium coordination environment was identified which was consistent with 

the incorporation of a uranyl hydroxide species (e.g. U(VI)O2(OH)4
2-) into the C-S-H 

interlayer. In addition, at concentrations > ~ 0.5 mM U(VI), a Ca-uranate-like phase was 

also observed suggesting that precipitation of a Ca-uranate phase controls U(VI) solubility 

at elevated concentrations (Macé et al., 2013). The Ca-uranate-like environment has also 
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been observed by Moroni and Glasser (1995), Tits et al. (2008; 2011), and Smith et al. 

(2015) over a variety of U(VI) concentrations.  

2.4.1.1.3. Mn-minerals 

The interaction of U(VI) with iron oxide and hydroxide minerals has received significant 

attention in the literature and these minerals have been found to be particularly important 

in controlling the U(VI) concentration in groundwater (Li and Kaplan, 2012). The sorption 

of U(VI) to, or incorporation into, iron oxide or hydroxide minerals has been widely 

observed in the literature (Lenhart and Honeyman, 1999; Moyes et al., 2000; Sherman et 

al., 2008; Yusan and Akyil, 2008; Ilton et al., 2012a; Sun et al., 2012; Marshall et al., 

2014). However, the impact of Mn-minerals on U(VI) migration has received 

comparatively little attention, despite their abundance.  

Plutonium has been found sorbed to δ-MnO2 and rancieite (a Ca-rich member of the 

birnessite group), under circumneutral pH conditions (McKenzie, 1989; Powell et al., 

2006; Francis and Dodge, 2015). Micro-focus XRF mapping has also shown plutonium to 

be predominately associated with Mn oxides and smectites, as opposed to the Fe oxides 

which were found to be present in greater abundance (Duff et al., 1999). Mn-minerals 

therefore have the potential to significantly affect the migration of cations, including 

U(VI), through the subsurface. This is supported by the work of Al-Attar and Dyer (2002), 

Mukherjee et al. (2013), and Zou et al. (2010), who observed the removal of U(VI) from 

solution by birnessite, δ-MnO2, and birnessite coated sand, respectively. All three studies 

found U(VI) removal decreased above ~ pH 6; however, all experiments were carried out 

under oxic conditions in the presence of atmospheric CO2. Therefore, the observed 

decrease in sorption at alkaline pHs likely reflects the formation of soluble uranyl 

carbonate complexes, as frequently observed in studies of U(VI) to Fe oxides (Waite et al., 

1994; Barnett et al., 2000; Stewart et al., 2010).  
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In a limited number of cases, EXAFS has been used to study the coordination environment 

of Mn oxide associated uranium. Webb et al. (2006) use the technique to study the 

influence of U(VI) concentration on the structure of Mn oxides formed biogenically in its 

presence, as well as the coordination of U(VI) within the solid phase. The authors found 

that low (< 1 µM) U(VI) concentrations had little effect on Mn oxide formation, with a 

hexagonal phyllomanganate formed with U(VI) adsorbed as a bidentate surface complex. 

However, at U(VI) concentrations < 4 µM, Mn oxide formation was visibly supressed and 

a Mn oxide with a poorly ordered tunnel structure, similar to that of todorokite, was 

formed. The U(VI) associated with the Mn phase was predominantly found in the tunnels 

as a tridentate complex.  

Wang et al. (2013) investigated the adsorption of U(VI) to synthetic and biogenic MnO2. 

Sorption to synthetic MnO2 (δ-MnO2) was near complete after 48 hours at neutral pH, but 

was inhibited at alkaline pH due to the formation of uranyl-carbonate complexes. Sorption 

to biogenic MnO2 followed the same trends and was only marginally less extensive in the 

same timeframe. The U LIII–edge EXAFS of both minerals were best fit by a split 

equatorial O shell, indicative of inner-sphere surface complexation, and two U-Mn 

distances (3.3 – 3.4 and 4.0 – 4.4 Å), suggesting the presence of multiple surface 

complexes. In the presence of 5 mM carbonate the addition of a C at ~ 2.9 Å was required 

to model the data, suggesting the formation of a ternary uranyl carbonate complex.  

The uptake of U(VI) by synthetic hexagonal birnessite has been studied under acidic 

conditions (Rihs et al., 2014). Here, the split equatorial O shell, required to reproduce the 

EXAFS, indicated formation of an inner sphere complex at pH  3 – 6. At pH 3 and 4 the fit 

included a Mn shell at ~ 3.4 Å suggesting the formation of a bidentate surface complex; 

this is absent at pH 6 which suggests a change in the coordination environment. However, 

the data lacks the resolution to determine whether there is an extended U-Mn distance. The 

uptake of U(VI) by K-birnessite has also been observed (Brennecka et al., 2011). EXAFS 
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of the U-LIII edge suggested the equatorial O shell could be split, although this could not be 

conclusively determined (Brennecka et al., 2011).  

The majority of these studies investigate the interaction of U(VI) with Mn minerals at 

acidic or circumneutral pH conditions. Relatively few study the high pH, low carbonate 

conditions expected in the far-field of a GDF, and none of them investigates the 

reversibility of any of these interactions. In order to understand how the presence of these 

potentially important mineral phases could impact the migration of U(VI) through the far-

field of a GDF, it is important to study the interaction of U(VI) with Mn minerals and their 

reversibility, under the relevant geochemical conditions.  

2.4.1.1.3.1. Other Relevant Mn Oxide, Cation Interactions 

Relatively few authors have studied the interaction of U(VI) with Mn-minerals, 

particularly under alkaline conditions. It is therefore important to consider the literature in 

which U(VI) interacts with structurally similar minerals, as well as the interaction of a 

range of cations with Mn-minerals – this section summarises the relevant literature. 

The uptake of Tl(I) by hexagonal birnessite has been observed at pH 8, with EXAFS 

suggesting that this was most likely sorbed as an outer-sphere complex (Peacock and 

Moon, 2012). In contrast, Cs+ exchanges for the interlayer Na+ in a series of sequential 

steps (Lopano et al., 2009). Firstly, the octahedral sheets delaminate and all of the 

interlayer Na+ ions in that layer are replaced by Cs+, which is then followed by the rapid 

reassembly of the sheet structure. The authors found that this preferentially occurred in 

successive sheets of the same birnessite platelets, leading to localised areas of 

Cs-birnessite. This is in agreement with kinetic modelling of cation exchange in the system 

(Lopano et al., 2011). The removal of CoCl+ and Sr2+ from pH 5 solution has also been 

observed via exchange with hydrogen ions in the interlayer hydroxyl groups of 
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K-birnessite, the layers of which alternate between that of hexagonal and triclinic 

birnessite (Ghaly et al., 2016).  

The sorption on Pu(VI) to hausmannite in the presence of carbonate has been found to 

reach a maximum at pH 8, presumably due to the formation of soluble carbonate 

complexes above this pH (Shaughnessy et al., 2003). X-ray Absorption Spectroscopy 

(XAS) showed that the majority of the Pu adsorbed to the hausmannite surface had been 

reduced to Pu(IV) and the EXAFS were consistent with the formation of inner-sphere 

sorption complexes.  

The sorption of As(III) and As(V) to hausmannite has been observed under acidic 

conditions (Parsons et al., 2009; Silva et al., 2012; Li et al., 2015). Some authors also 

found evidence suggesting sorbed As(III) had been oxidised to As(V) by hausmannite 

(Parsons et al., 2009). Li et al. (2015) also found that > 85 % sorption of As(V) at pH 11. 

Similar behaviour has been observed with Cr(III) and Cr(VI) sorption observed at acidic 

pH (Weaver and Hochella Jr, 2003; Cantu et al., 2014), with some evidence for the 

oxidation of Cr(III) (Weaver and Hochella Jr, 2003). The removal of Zn, Cu, Co, and Ni 

from solution at pH 3 – 6 has been observed upon the addition of hausmannite, although 

only 3.5, 10, 3.2, and 2 % removal of the cations from solution was observed, respectively, 

and precipitation of Cu(OH)2 was observed in the Cu containing system (McKenzie, 1972). 

There are no laboratory studies of the interaction of U(VI) with rhodochrosite in the 

published literature to date. However, U(VI) has been found to sorb to or be coprecipitated 

with siderite (FeCO3) (Ithurbide et al., 2009; Ithurbide et al., 2010; O'Loughlin et al., 2010) 

and calcite (CaCO3) (Geipel et al., 1997; Reeder et al., 2000; Reeder et al., 2001; Elzinga 

et al., 2004; Reeder et al., 2004; Rihs et al., 2004; Dong et al., 2005; Wang et al., 2005). 

These are both carbonate minerals, possessing the trigonal 2345 space group. Trace 

concentrations of uranium are also often found incorporated into natural calcites (Sturchio 

et al., 1998; Kelly et al., 2003). Although XAS suggested that this uranium was substituted 
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into the Ca2+ sites as U(IV), with a further 2 Ca2+ ions replaced by Na+ ions to maintain 

charge balance (Ishikawa and Ichikuni, 1984; Sturchio et al., 1998). Kelly et al. (2003) 

found U(VI) was incorporated into the calcite lattice in place of a Ca2+ and 2 CO3
2-, again 

the charge was balanced by the non-local substitution of Ca2+ by Na+.  

When calcite grows, steps are formed (Figure 2.9), creating a variety of potential sorption 

sites for cations with differing preferences. Elzinga et al. (2004) and Rihs et al. (2004) 

suggested that uranyl sorption to calcite is best explained by the formation of an inner-

sphere surface calcium-uranyl-carbonate complex. While Rihs et al. (2004) goes on to 

suggest that uranyl can only sorb the calcite at an edge step, or adjacent to a Ca vacancy or 

pit due to steric hindrance (Figure 2.9).  

 

Figure 2.9: Ball and stick representation of calcite with uranyl complexed on the surface. 

Reproduced from (Rihs et al., 2004). 

Uptake of U(VI) onto siderite has also been observed over the pH range 7 – 9 (Ithurbide et 

al., 2009). At pH 7 this was associated with minor reduction to U(IV) (O'Loughlin et al., 

2010). At pH 9 X-ray Photoelectron Spectroscopy (XPS) showed the presence of two 

uranium oxidation states on the siderite surface, suggesting reduction of U(VI) to U(IV) by 

the siderite surface (Ithurbide et al., 2009). Uranyl retention on siderite decreased with 

increasing pH and carbonate concentration, pressumably due to the formation of soluble 

U(VI) carbonate species (Ithurbide et al., 2009). Ithurbide et al. (2010) suggest U(VI) 

removal occurs via two different mechanisms. At pH 7 siderite is thought to dissolve 

vacancy 
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releasing iron into solution, causing co-precipitation, followed by reduction. Whereas, at 

pH 9, the results are consistent with the uptake of U(VI) by the surface, reduction and 

precipitation of U3O8.  

2.4.1.1.3.2. Reversibility of Cation Interactions with Mn-minerals  

Assuming that U(VI) becomes associated with Mn-minerals, it is important to understand 

the reversibility of this interaction in order to predict the long-term stability of these 

U-Mn-mineral complexes and therefore their effect on uranium migration and subsurface 

behaviour. However, there are currently no studies investigating the reversibility of 

uranium uptake by Mn-minerals in the published literature. Although the desorption of 

Zn(II) from acid birnessite (Li et al., 2004) and manganite (γ-MnOOH) (Pan et al., 2004) 

has been studied. Zn(II) sorbed to acid birnessite at pH 5.5 was found in a corner-sharing 

octahedral interlayer complex. This was located above and below vacancies in the layers of 

MnO6 octahedra, and was coordinated with interlayer H2O molecules. Upon replacement 

of the solution phase with an identical Zn(II)-free version, sorption was found to be highly 

reversible (Li et al., 2004). Interestingly, the same treatment of Zn(II) sorbed to manganite 

found uptake to be largely irreversible at pH 7.5 (Pan et al., 2004). In this case the Zn(II) 

was sorbed in both edge-sharing and corner-sharing inner-sphere complexes. The authors 

hypothesise that observed irreversibility results from the formation of more energetically 

favourable edge-sharing complexes, while the Zn(II) sorbed as corner-sharing complexes 

is reversibly bound. Partial irreversibility has also been observed in the sorption of Eu(III) 

to β-MnO2 at pH 6 (Sheng et al., 2014). Again, this has been attributed to a bidentate, 

edge-sharing, inner-sphere surface complex identified by EXAFS.  

2.4.2. Neptunium  

237Np is produced in the cores of nuclear reactors when 235U undergoes neutron capture, 

and by the alpha decay of 241Am and 241Pu. The half-life of 237Np is long (2.144 x 106 years 
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(Nichols et al., 2008; Yoshida et al., 2011)) and it decays primarily to 233Pa via the 

emission of an alpha particles. 237Np contributes significantly to the activity of HLW 

(Figure 2.10), particularly as the waste ages due to its long half-life and ingrowth from 

241Am (Ojovan and Lee, 2014).  

 

Figure 2.10: The change in activity of the HLW remaining after the processing of 1 ton of 

spent nuclear fuel with time (reproduced from (Ojovan and Lee, 2014)). 

Neptunium has two oxidation states which are of environmental importance, Np(IV) and 

Np(V). Np(IV) dominates under reducing conditions (Choppin, 2006; Law et al., 2010) 

and behaves similarly to U(IV) (sections 2.4.1 and 2.3.1); it is expected to undergo 

hydrolysis resulting in relatively low solubility (Yoshida et al., 2011). Under oxidising 

conditions, Np(V) is expected to dominate (Hursthouse et al., 1991; Choppin, 2006). Much 

like U(VI), Np(V) exists as the neptunyl ion (NpO2
+) (Keeney-Kennicutt and Morse, 1984; 

Hursthouse et al., 1991; Yamamoto et al., 1991; Kaszuba and Runde, 1999; Zavarin et al., 

2012). However, the charge density of NpO2
+ ion is lower than that of UO2

2+, due to its 

lower overall charge, making NpO2
+ less susceptible to hydrolysis and therefore more 

soluble (Runde, 2000; Choppin, 2006; Yoshida et al., 2011).  
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Figure 2.11: Speciation of Np(V) solution with a pCO2 = -3.5 log [CO2] (Np(V) = 

1 x 10 -5 M; I = 0.01 M). Reproduced from (Schmeide and Bernhard, 2010).  

The comparative stability of NpO2
+ means that it typically exists free in solution as 

NpO2
+

(aq) at pH < 10 (Schmeide and Bernhard, 2010), and that Np(V) is relatively soluble 

in circumneutral aqueous solutions compared to other actinides (Nitsche and Edelstein, 

1985; Nitsche, 1987; Nitsche, 1991; Nitsche et al., 1993; Novak et al., 1996; Turner et al., 

1998). Above pH 10 the formation of aqueous hydroxide complexes is observed (e.g. 

NpO2OH(aq)) (Schmeide and Bernhard, 2010). However, in the presence of CO2, highly 

soluble carbonate complexes form meaning NpO2
+ speciation (much like that of UO2

2+ 

(section 2.4.1)) is sensitive to carbonate concentration (Figure 2.11) (Heberling et al., 

2008; Schmeide and Bernhard, 2010). Therefore, the presence of carbonate generally 

reduces Np(V) sorption to mineral surfaces (Turner et al., 1998; Arai et al., 2007; 

Schmeide and Bernhard, 2010). Together with the reduced charge density of NpO2
+, this 

leads to Np being considered as potentially the most mobile transuranic (Runde et al., 

1996; Kaszuba and Runde, 1999).  
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2.4.2.1. Interactions of Np(V) with Minerals 

The sorption of Np(V) to the Mn(III) minerals hausmannite (Mn3O4) and manganite 

(γ-MnOOH) has been investigated as a function of Np(V) concentration and pH (Wilk et 

al., 2005). Uptake from solutions containing 10-6, 10-5, and 10-4 M Np(V) increased from 

~ 20 % pH 4 to a maximum of ~ 80 % at pH 7, in the presence of both hausmannite and 

manganite. The authors suggested that the rapid kinetics of this uptake meant it could 

likely be attributed to a diffusion controlled surface reaction. At increasingly alkaline pH, 

sorption to both minerals decreased due to the formation of anionic carbonate species. The 

oxidation state of the mineral associated and solution phase Np was investigated using 

XANES. Significant (up to ~ 80 %) reduction of Np(V) to Np(IV) was observed in some 

of the mineral samples analysed. Analysis by optical absorption spectroscopy showed no 

reduction of Np(V) in solution samples contacted with manganite unless samples had been 

introduced to the X-ray beam in order to perform XAS. This implied that the observed 

reduction of Np(V) was occurring in the beam, either as a direct result of interaction with 

the beam, or at least that the beam catalysed reduction. This is an important finding since it 

throws into question the reduction of Np(V) in other systems characterised by XAS. For 

example, Np(IV) on the surface of iron oxides (Nakata et al., 2002) and iron sulphides 

(Moyes et al., 2002) has previously attributed to the reduction of Np(V) by the mineral, but 

this could in fact in an artefact of the XAS. The EXAFS collected of Np on hausmannite 

and manganite at pH 8 also suggest it is present as Np(IV) since no axial oxygens can be 

fitted, indcating the neptunyl moiety is no longer present. The presence of a Np backscatter 

at ~ 3.83 Å suggests the formation of a precipitate, and therefore also indicates to presence 

of Np(IV).  

The investigation of the sorption of Np(V) to δ-MnO2 (Tanaka et al., 2011), revealed 

greater than 95 % sorption of Np(V) to synthetic δ-MnO2 at pH 6.1. However, when 

sorption to biogenic Mn oxide was investigated under the same conditions no sorption of 
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Np(V) was observed. This was attributed to complexation with organic ligands released 

from the fungal cells used to produce the biogenic Mn oxide, which was not washed prior 

to addition. 

The association of Np with Mn oxides has also been suggested by Kenna (2009), who 

found Np to be predominantly associated with Mn and Fe oxides in sediment collected 

from the Ob River (Siberia). While Thorpe et al. (2015) found that under Mn-reducing 

conditions, extended by the addition of δ-MnO2 to microcosms containing natural 

sediment, Np(V) was reduced to Np(IV)(s).  

In general, the literature is lacking laboratory studies investigating Np interactions with 

mineral phases due to the specialised facilities, training, and experience required to study 

this challenging element safely. The literature is particularly lacking in studies 

investigating Mn minerals, with the four studies discussed above constituting the entirety 

of the literature. Given the risk-driving nature of Np-237 and the potential importance of 

Mn minerals, this is a significant knowledge gap, which is important for predicting Np 

behaviour in both geological disposal and contaminated land scenarios.  

2.5. Thesis Aims 

This project investigates the interaction of U(VI) and Np(V) with geological disposal / 

environmentally relevant mineral phases in order to better inform U and Np migration 

pathways in the geosphere. The project has two main aims: (1) to examine the formation of 

U(VI) colloids and their stability in the presence of mineral phases representative of the 

near- and far-field of a GDF; (2), to examine the interaction of U(VI) and Np(V) with a 

range of Mn-minerals under conditions relevant to geological disposal and contaminated 

land. Batch studies and X-ray absorption spectroscopy have been used throughout to 

determine the extent and nature of interaction.  
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The hypotheses tested in this thesis are: 

• 4.2, 42, and 252 µM U(VI) will be removed from solution under high pH 

conditions representative of geological disposal. 

• U(VI) nanoparticles formed in high pH cement leachate will be removed 

from solution by the addition of cement, biotite, quartz, and orthoclase. 

• U(VI) is removed from high pH cement leachate by incorporation into the 

interlayer of the C-S-H phases in cement. 

• U(VI) and Np(V) are removed from solution by sorption to δ-MnO2, 

triclinic (Na)-birnessite, hausmannite, and rhodochrosite under 

circumneutral to high pH conditions relevant to geological disposal. 

• The sorption of U(VI) to δ-MnO2, triclinic (Na)-birnessite, hausmannite, 

and rhodochrosite is reversible. 
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3. Experimental Methods 

This project has utilised a range of geochemical, mineralogical, radiometric, and 

spectroscopic techniques to understand the interaction of uranium and neptunium with 

mineral phases. This chapter focuses on the theory of each technique; experimental details 

relevant to each research chapter are also provided.  

3.1. Safety 

All chemicals used and reactions undertaken during the preparation of this thesis were first 

subject to a risk-assessment in accordance with the Control of Substances Hazardous to 

Heath (COSHH) and subsequently appropriate precautions were then taken. In addition, 

statutory controls manage the supply and manipulation of radioactive materials, and 

ionisation radiation can be harmful to human health. Therefore, safety training was 

required prior to work, and strict protocols and operating procedures were in place 

throughout this project. All work was conducted in compliance with the institution’s 

guidelines, Ionising Radiation Regulations 1999, Environmental Permitting Regulations 

2010, and the Health and Safety at Work Act 1974.  

3.2. Thermodynamic Calculations 

Thermodynamic calculations were performed using PHREEQC V3.3.7 (Parkhurst and 

Appelo, 2013) to determine the saturation indices of a range of mineral phases. In work 

investigating U(VI) colloids and their stability (Chapter 4 and 5) the impact of changing 

the solution chemistry on the supersaturated phases was investigated. In Chapters 6 and 7, 

PHREEQC was used to ensure the radionuclide concentrations used were below the 

solubility limits. Both the SIT (Specific-ion Interaction Theory; ThermoChimie v.8.0 

September 2011) and the Lawrence Livermore National Laboratory (LLNL, V8 R6, April 

2015) databases were used. 
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3.3. Atmospheric Controls 

A large portion of this work was performed at high pH, and as a result CO2 exclusion was 

required. In addition, some experiments (e.g. those investigating hausmannite) also 

required the exclusion of O2. For atmosphere sensitive work a glove box was used, with O2 

sensitive experiments conducted under argon (British Oxygen Company (BOC)) or 

Oxygen Free Nitrogen (BOC), and CO2 sensitive experiments conducted under Oxygen 

Free Nitrogen (BOC) or lab air which had been passed through three dreschels containing 

14 M NaOH (laboratory grade) which were used to remove CO2. 

3.4. Cement Leachate, Uranium Colloid, and Cement / Mineral Preparations  

The chemicals used throughout were analytical reagent grade, except where otherwise 

stated, and all solutions were made using Milli-Q (18.2 ΩM) water. 

3.4.1. Cement Leachate and Uranium Colloid Preparation 

Colloidal U(VI) nanoparticles were prepared in a pH 13.3 synthetic cement leachate 

representative of the young cement leachate expected in UK ILW disposal (Berner, 1992; 

Bots et al., 2014). Here, 5.19 g KOH (0.1 mol), 3.80 g NaOH (0.1 mol), and 10.1 mg 

Ca(OH)2 (0.14 mmol) were dissolved in 1 L of degassed water (final pH 13.3 ± 0.1) and 

filtered to < 0.22 µm (PVDF filter). The young cement leachate was then spiked with a 

U(VI) stock solution (2.52 mM U(VI) in 0.001 M HCl) to a final concentration of 42 µM 

U(VI) in order to generate stable colloidal U(VI) nanoparticles (Bots et al., 2014; Smith et 

al., 2015). 

3.4.2. Cement 

Cement representative of the backfill material used in the UK generic intermediate level 

safety case was prepared (Telchadder et al., 2012) under CO2 free conditions from 

Ordinary Portland Cement (OPC), limestone flour and hydrated lime in the wt:wt ratio 



90 
 

265:291:100. Once mixed the cement was reacted for 20 minutes and then hydrated at a 

ratio of 1.8:1 (solid:water). The mixture was then stirred for 3 hours prior to curing for 

28 days. Once cured, the cement was crushed with a pestle and mortar and sieved to 

< 63 µm. The surface area of the crushed and sieved fraction was measured using N2 

Brunauer-Emmett-Teller (BET; section 3.11) analysis. Synthesis was confirmed by XRD 

(section 3.10), environmental scanning electron microscopy (ESEM; section 3.12.1), and 

energy dispersive X-ray spectroscopy (EDX; section 3.12.2). 

3.4.3. δ-Mn(VI)O2 

The δ-MnO2 synthesis was adapted from Villalobos et al. (2003). KMnO4 solution (0.2 M, 

1.28 L) was added slowly over 5 minutes, with vigorous stirring, to a solution of MnCl2 

(0.3 M, 1.28 L). A NaOH (0.5 M, 1.44 L) solution was then added to the mixture slowly 

over 35 minutes, with vigorous stirring, to form a black precipitate. The suspension was 

then allowed to settle for 4 hours before determining the pH as 7.0 and decanting and 

discarding the supernatant. The remaining suspension was centrifuged (17000 g, 

20 minutes, 20°C) and the supernatant discarded. The resulting mineral paste was washed 

5 times with NaCl (1 M) and then 10 times with Milli-Q water with centrifuging (17000 g, 

20 minutes, 20°C) performed between washing steps. The final mineral suspension was 

confirmed to be pH 8.0 and was then stored below 5°C in the dark. Synthesis was 

confirmed by XRD (section 3.10), ESEM (section 3.12.1), and EDX (section 3.12.2); BET 

(section 3.11) was used to determine the surface area.  

3.4.4. Triclinic (Na)-Birnessite [Na0.5Mn(III/IV)2O4 · 1.5H2O]  

The triclinic (Na)-birnessite synthesis was adapted from Villalobos et al. (2003). MnCl2 

(0.16 M, 0.32 L) solution was added slowly, over 40 minutes to a NaOH (7.6 M, 0.36 L) 

solution, to form a pink gel like phase. KMnO4 (0.2 M, 0.32 L) solution was then added to 

the mixture slowly, over 50 minutes, with vigorous stirring, to form a dark grey precipitate. 
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The mixture was stirred for a further 2 hours before heating to 55°C for 24 hours. The 

supernantant was then discarded; the mineral paste was washed 5 times with NaCl (1 M), 

and then with Milli-Q water until the pH of the suspension reached 9.8, with centrifuging 

(17000 g, 20 minutes, 20°C) performed between washing steps. This was stored below 5°C 

in the dark. Synthesis was confirmed by XRD (section 3.10), ESEM (section 3.12.1), and 

EDX (section 3.12.2); BET (section 3.11) was used to determine the surface area.  

3.4.5. Hausmannite [Mn(II/III)3O4]  

The hausmannite synthesis was adapted from McArdell et al. (1998). All solutions were 

sparged with N2 prior to reaction. The synthesis and subsequent manipulations were 

carried out under N2 to prevent the conversion of hausmannite to manganite (Kirillov et al., 

2009). A solution of MnSO4 (0.06 M, 1.5 L) was heated to 60°C before the addition of 

H2O2 (8.8 M, 30.75 mL). To this, NH4OH (0.2 M, 0.45 L) solution was added slowly 

(1 mL per second). The resulting suspension was heated to 95°C and maintained at this 

temperature for 6 hours before being allowed to cool overnight. The mineral was then 

washed 10 times with Milli-Q water (with centrifuging (17000 g, 20 minutes, 20°C) 

performed between washing steps), re-suspended, and stored under N2. Synthesis was 

confirmed by XRD (section 3.10), ESEM (section 3.12.1), and EDX (section 3.12.2); BET 

(section 3.11) was used to determine the surface area.  

3.4.6. Rhodochrosite [MnCO3]  

Rhodochrosite was purchased from Alfa Aesar and characterised using XRD (section 

3.10), ESEM (section 3.12.1), EDX (section 3.12.2), and BET (section 3.11) prior to use.  
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3.5. 232U Separation 

 

Figure 3.1: The 228Th decay series. 

The half-life of 232U is 68.9 years with the radionuclide undergoing α decay to 228Th. This 

and further daughters are also unstable and undergo further radioactive decay (Figure 3.1) 

(Smith et al., 1988) and as a result, 232U must be separated from its daughters prior to use 

as a U tracer. This can be achieved by exploiting the differing chemical behaviour of U(VI) 

from that of its daughters (Figure 3.1). Under acidic conditions (5 M HCl) U(VI) has a 

higher affinity for UTEVA resin (Morgenstern et al., 2002). A 5 M HCl solution of 

232U(VI) in secular equilibrium (purchased from Areva) was therefore passed through a 

column containing UTEVA resin, so that only the U(VI) was taken up by the column. 

Subsequent washes with 5 M HCl ensured any remaining daughters were eluted. The 

232U(VI) fraction was then removed from the column by washing with a less acidic HCl 

solution (0.1 M). Once collected, the 232U(VI) fraction was concentrated via evaporation 
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and then partially re-diluted using water. This was done to both increase the specific 

activity and to increase the pH (to pH 3) of the spike so that any pH adjustment caused to 

the mineral-containing solutions was minimised and resulted in a spike of UO2Cl2(aq) in 

HCl. All HCl used was analytical regent grade and all solutions were made using Milli-Q 

(18.2 MΩ) water.  

Due to the ingrowth of 228Th and its daughters, experiments utilising 232U to investigate U 

behaviour are time limited. Following separation, a 3 month window was employed during 

which the ingrowth of daughters into 232U was considered to be negligible.  

3.6. Batch experiments 

Batch experiments have been utilised to assess the formation and stability of U(VI) 

nanoparticles in pH 13.3 young cement leachate in the presence of a range of mineral 

phases. They have also be used to investigate the interactions of U(VI) and Np(V) with a 

range of Mn minerals over circumneutral to alkaline pH, in solutions containing a 

background electrolyte of 0.01 M NaClO4. All chemicals used were analytical regent grade 

and all solutions were made using Milli-Q (18.2 MΩ) water. 

3.6.1. U(VI) Nanoparticle Formation 

Young cement leachate was spiked with U(VI)O2Cl2(aq) in HCl (purchased from British 

Nuclear Fuels Limited) to give experiments with three U(VI) concentrations, 4.2 µM, 

42 µM (run in triplicate), and a single 252 µM U(VI) system. Solution samples were 

removed periodically and filtered using 0.22 µm PVDF, 0.10 µm PVDF, and 0.02 µm 

Anotop syringe filters, as well as collecting unfiltered settled solutions to characterise the 

different colloidal fractions in the reacted solutions (Bots et al., 2014). Samples were 

acidified with H2SO4 (4 M) prior to storage, and after an appropriate dilution the major 

cations in solution samples were analysed by inductively coupled plasma – atomic 

emission spectrometry (ICP-AES) and ICP – mass spectrometry (ICP-MS; section 3.7). 
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Solid samples were collected from the 252 µM system after centrifugation at 1700 g for 

5 minutes. At selected timepoints, suspended particles were captured on positively charged 

C-SMART Plus (Dune Sciences) or carbon coated (Agar Scientific) TEM grids. 

Isopropanol was used the remove the supernatant in order to minimize the effect of drying 

on the solids.  

3.6.2. U(VI) Nanoparticle Stability 

Young cement leachate containing U(VI) colloids was equilibrated for 24 hours and the pH 

was determined as 13.3. The pH then remained stable throughout the experiments (within 

0.2 pH units). 10 g L-1 of the crushed and sieved (< 63 µm) cement was added to the batch 

reaction systems. Experiments were run at three U(VI) concentrations, 4.2 µM, 42 µM (run 

in triplicate), and a single 252 µM U(VI) system. Solution samples were filtered using 

0.22 µm PVDF, 0.10 µm PVDF, and 0.02 µm Anotop syringe filters, as well as collecting 

unfiltered settled solutions to characterise the different colloidal fractions in the reacted 

solutions (Bots et al., 2014). Samples were acidified with H2SO4 (4 M) prior to storage, 

and after an appropriate dilution the major cations in solution samples were analysed by 

ICP-AES and ICP-MS (section 3.7). Solid samples were also collected periodically after 

centrifugation at 1700 g for 5 minutes.  

3.6.3. Radionuclide sorption to Mn minerals 

3.6.3.1. Uranium 

Tracer level (5.27 x 10-5 µM) sorption experiments were carried out using 232U(VI) 

(prepared as described in section 3.5) to investigate the behaviour of environmentally 

relevant concentrations of U(VI) with varying Mn minerals. A depleted uranium (DU) 

stock (2.10 mM U(VI)O2Cl2(aq) (British Nuclear Fuels Limited) in 0.001 M HCl)  was also 

used to investigate U(VI) uptake at higher concentration (1 µM) and to allow XAS 

analysis.  
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Tracer sorption experiments were performed in 100 mL batch experiments in triplicate at 

pH 10.5, 9.0, and 7.5. Here, the mineral slurry (or solid rhodochrosite) (0.01 g) was added 

to water, containing NaClO4 (0.01 M) as background electrolyte. These were adjusted to 

the appropriate pH using HCl and NaOH, prior to spiking with 232U(VI) (40 kBq mL-1) to 

give a 232U concentration of 10 Bq mL-1 (5.27 x 10-5 µM). Samples were taken 

periodically, centrifuged (10 mins, 15000 g), acidified, mixed with scintillation cocktail, 

and counted using liquid scintillation counting (LSC; section 3.9) to determine the 

concentration of 232U remaining in solution. Samples were also taken to monitor the pH.  

Experiments using depleted uranium were performed in the same way and were also 

carried out in triplicate at pH 10.5, 9.0, and 7.5. However, the experiments were spiked to a 

U(VI) concentration of 1 µM, analysed using ICP-MS, and scaled to 1 L batch experiments 

to provide sufficient mineral for XAS.  

3.6.3.2. Neptunium 

The sorption of 237Np(V) to Mn minerals at pH 7.5 was investigated using 100 mL batch 

experiments. Mineral slurry (or solid rhodochrosite) (0.5 g) was added to water, containing 

NaClO4 (0.01 M) as background electrolyte. The pH was adjusted using HCl and NaOH 

prior to spiking with 237Np(V) (3.67 kBq mL-1; 0.59 mM Np(V)O2NO3(aq) in 0.1 M HNO3; 

purchased from the National Physics Laboratory) to give a 237Np concentration of 32.4 Bq 

mL-1 (5.23 µM). Samples were taken periodically, centrifuged (10 mins, 15000 g), 

acidified, mixed with scintillation cocktail and counted using LSC (section 3.9) to 

determine the concentration of 237Np remaining in solution. Samples were also taken to 

monitor the pH.  
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3.6.4. Reversibility Experiments 

The reversibility of U(VI) sorption at both tracer (5.27 x 10-5 µM) and depleted (1 µM) 

U(VI) concentrations was investigated using triplicate experiments at pH 10.5, 9.0, and 

7.5.  

Batch experiments (comparable to the sorption experiments described in section 3.6.2.1.), 

containing 0.005 g of Mn mineral were set up in 50 mL centrifuge tubes. These were pH 

adjusted using HCl and NaOH, spiked with U(VI), and allowed to equilibrate for at least 1 

week. Equilibration was confirmed by determining the solution phase U concentration. The 

experiments were then centrifuged (20 mins, 6000 g) and the supernatant replaced with an 

identical solution without U. The mineral was then re-suspended. Samples were taken 

periodically and analysed, as described above (section 2.5.2), to determine the pH and U 

concentration (as well as Mn concentration in experiments containing 1 µM U).   

3.7. Inductively-Coupled Plasma Mass Spectrometry (ICP-MS) and Inductively-

Coupled Plasma Atomic Emission Spectrometry (ICP-AES) 

ICP-MS and ICP-AES were used to measure the solution concentration of U and Mn in 

experiments investigating sorption of 1 µM U(VI) to Mn minerals, and concentration of U 

and other cations (K, Na, Ca, Al, Si), in experiments investigating the stability of U(VI) 

nanoparticles. ICP-MS has a lower tolerance than ICP-AES for dissolved solids (< 0.1 

versus 1 – 5 %) but has lower limits of detection (0.01 versus 10 ppb). Both techniques use 

a nebuliser to form an aerosol, which is then injected into an Ar plasma and ionised in an 

inductively coupled plasma. Different methods are then used to measure the concentration 

of the ions (Mendham et al., 2000).  

In ICP-MS a quadrupole is used to select for ions with a specific mass/charge ratio which 

then generate a pulse when they reach the detector, allowing quantification of ions with a 

particular m/z. ICP-AES promotes the ions into an excited state and then measures the 
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intensity of the light emitted at wavelengths characteristic of the relaxation of the element 

of interest to its ground state electronic configuration (Mendham et al., 2000).  

Samples were prepared for analysis by centrifugation to remove any suspended solids and 

diluted with 2 % nitric acid (ARISTAR) to an appropriate concentration (< 100 ppb for 

ICP-MS, < 10 ppm for ICP-AES). Analysis was performed on an Agilent 7500CX using a 

MicroMist nebuliser (ICP-MS) or a Perkin-Elmer Optima 5300 DV (ICP-AES). Standards 

were diluted from a 10 ppm VWR certified standard and run every 10 samples.  

 

Plasma gas flow rate 15 mL/min 
Auxiliary gas flow rate 0.2 mL/min 
Nebuliser gas flow rate 0.75 mL/min 

RF power 1300 w 
Sample pump speed 1.5 mL/min 

Table 3.1: ICP-AES machine parameters. 

3.8. pH 

Solution pH was measured using a Mettler Toledo SevenEasy meter with a Mettler Toledo 

InLab®Micro Pro (51343162) pH electrode. This was calibrated using 3 buffers (pH 4, 7, 

10, or 12.46, depending on the expected pH of the sample). The electrode was immersed in 

the solution to be measured and, once stable, a reading was taken. If stability had not yet 

been reached after 30 seconds, a reading was taken at this point (due to the tendency of the 

pH to drift upward as a result of carbonate equilibria). pH measurements were recorded to 

2 decimal places and quoted to 1 decimal place with an error of ± 0.1 pH units. 

3.9. Liquid Scintillation Counting (LSC) 

Liquid scintillation counting was used to measure the concentration of 232U and 237Np in 

solution – both are α emitting radionuclides. Samples were neutralised using HCl (2 %; 

analytical reagent grade) and mixed with scintillation cocktail. The vials were then shaken 
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and left in a dark fridge for 24 hours prior to counting on a 1220 QUANTULUS ultra-low 

level scintillation spectrometer. Both Scintisafe 3 (Fisher Scientific) and Optiphase 

Hisafe 3 (Perkin Elmer) were used for the 232U work, analysis with 232U standards showed 

that results obtained using these scintillation cocktails were comparable. All analysis of 

237Np was done using Optiphase Hisafe 3 (Perkin Elmer) as a scintillation cocktail.  

Scintillation cocktails contain a solvent which absorbs energy released during α or β decay 

and becomes excited. This energy is then transferred to a scintillator molecule which then 

relaxes back to its ground state electronic configuration, emitting a photon. The emitted 

photons can then be counted allowing the activity of the sample to be calculated since each 

α or β decay results in the emission of one photon (Neame and Homewood, 1974). Blanks, 

containing Milli-Q (18.2 MΩ) water, HCl, and scintillation cocktail, as well as standards, 

were run confirming a low background (< 3 counts per hour) and 100 % efficiency.  

3.10. X-Ray Diffraction (XRD) 

Powder X-ray diffraction (XRD) was used to confirm the identity of mineral phases. A 

dried sample was ground using a pestle and mortar and suspended in isopropanol (IPA). 

The suspension was then transferred to a glass slide and the IPA allowed to evaporate prior 

to analysis using a Bruker D8 Advance X-ray diffractometer. For air sensitive samples, 

sample preparation was performed inside a N2 atmosphere glovebox with the sample then 

transferred to and analysed inside an air-tight sample holder. The sample was rotated 

through 360° throughout analysis (except air-sensitive samples where the sample holder 

prevented this) in an attempt to reduce any preferred orientation bias and ensure all 

d-spacings were represented. The X-ray angle of incidence was varied to give diffraction 

angles (2θ) of 5° to 70°, the intensity of the diffracted X-ray beam was then measured at 

each angle to generate a diffraction pattern. This diffraction pattern is characteristic of the 

mineral since the peaks are representative of the d-spacings between the layers within the 

mineral, as described by Bragg’s law (2d sinθ = nλ) (Putnis, 1992).  
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Background subtraction of XRD patterns was performed using EVA (Bruker AXS V3) and 

peaks were matched to reference patterns from the International Centre for Diffraction 

Data (ICDD) Powder Diffraction Database. Typically, crystalline phases comprising more 

than 5 % of a sample can be detected using XRD, although amorphous phases can be more 

difficult to detect.  

3.11. Brunauer-Emmett-Teller (BET) 

The Brunauer-Emmett-Teller (BET) method was used to determine the specific surface 

area of mineral samples (Brunauer et al., 1938). A mineral sample was dried under a flow 

of N2, using a Micrometrics FlowPrep 060 sample degas system, for more than 19 hours. 

The adsorption of N2 to the sample was then determined over a range of negative pressures 

at liquid nitrogen temperature using a Micromeritics Gemini V BET surface area analyser. 

Since the volume of N2 required to form a monolayer can be measured, this allowed the 

surface area to be calculated per unit mass of solid.  

3.12. Electron Microscopy 

Since electrons have a much shorter wavelength than visible light, electron microscopy 

provides a much higher resolution image than is possible using light microscopy. Electron 

microscopy was used to identify mineral phases and to look for minor contaminant phases. 

Energy-Dispersive X-ray spectroscopy (EDX) was used to obtain information about the 

elemental composition of a sample, while selected area electron diffraction (SAED) 

provided crystallographic information.  

3.12.1. Environmental Scanning Electron Microscopy (ESEM) 

An ESEM (Philips XL30 ESEM-FEG) was used to confirm the identity and purity of 

mineral phases using both imaging and EDX (section 3.12.2) techniques. ESEM is 

advantageous over SEM since it allows the sample chamber to remain hydrated, meaning 

samples do not have to be dry in order to be analysed. Here, an electron beam passes 
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through an atmosphere of water vapour before striking the sample (Griffin, 2007). 

Secondary electrons are then liberated from the sample and are captured by the detector, 

generating an image when the beam is scanned across the sample. In addition to facilitating 

the imaging of moist samples and enabling the use of a lower vacuum, the presence of the 

water vapour also reduces surface charging. However, this functionality was not utilised in 

this thesis and analysis was performed in high-vacuum mode. Backscattered electrons, 

originating in the beam and scattered backwards by the sample, can also be used to 

generate images. Since the heavier elements backscatter more electrons, these appear 

brighter in images collected in backscattered mode (Davis, 2005).  

3.12.2. Energy Dispersive X-ray Spectroscopy (EDX) 

Energy dispersive X-ray spectroscopy was performed on both the ESEM and TEM 

(sections 3.12.1 and 3.12.3, respectively) using an Oxford Instruments INCA EDX 

(ESEM) or Oxford X-max SD detector (TEM) system to investigate the chemical 

composition of the sample. This technique uses the electron beam to promote atoms within 

the sample into an excited state. These then relax back to their ground state electronic 

configuration, emitting X-rays of energy characteristic of the transition, which allows the 

originating element to be identified (McLaren, 1991; Brydson, 2011).  

3.12.3. Transmission Electron Microscopy (TEM) 

Transmission electron microscopy was used to investigate the location and local 

coordination of radionuclides associated with mineral phases. In this technique an electron 

beam, in a vacuum, is focussed using a series of electromagnetic lenses before being 

passed through the sample, and entering the detector. Analysis was performed on a Philips 

CM200 field emission gun transmission electron microscope (FEG-TEM) with an Oxford 

Instruments 80 mm X-Max SD detector. 
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3.12.4. Selected Area Electron Diffraction (SAED)  

Since the electron beam passes through the sample in TEM, crystal planes can diffract the 

electrons, producing SAED patterns. These SAED patterns can give either spot patterns or 

rings depending on the crystallinity of the sample. Spots can provide information about the 

position of specific atoms, while rings give information about lattice spacing between 

planes (similar to XRD, section 3.10). SAED patterns can be used to identify mineral 

phases by matching the ring spacing to reference standards from the International Centre 

for Diffraction Data (ICDD) database.  

3.13. X-Ray Absorption Spectroscopy (XAS) 

XAS is an element specific synchrotron technique used to determine the oxidation state 

and local coordination environment of targeted elements. Synchrotrons generate a broad 

spectrum of electromagnetic radiation by accelerating electrons. The electrons are held at a 

constant relativistic speed and their path bent into a circle using bending magnets. When 

the path of the electrons is altered by the bending magnets (or by insertion devices) 

electromagnetic radiation is emitted. In order to use this radiation for XAS, a 

monochromator is used to select only X-rays of the desired energy, meaning a very pure 

beam of X-rays of a variable energy can be produced (Calvin, 2013).  

This X-ray beam is used to eject a core electron from atoms of the target element within 

the sample, leaving a core vacancy. As a result an electron from a higher energy orbital 

‘falls’ down to fill the vacancy, and the atom relaxes back to its ground state electronic 

configuration. This relaxation is associated with an energy release characteristic of the 

particular transition which occurred; this energy is released as an X-ray. Since different 

electrons within the absorbing atom have different binding energies dependent on their 

orbital, the energy of the incident X-ray beam can be altered to target electrons in a 

particular orbital. The shell from which an excited electron originates is denoted as K, L, or 
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M representing the 1st, 2nd, and 3rd principle quantum numbers, respectively. In XAS the 

energy of the incident X-ray beam is increased gradually until it has enough energy to eject 

the target electron. At this point the measured absorption increases dramatically creating a 

feature known as the edge, giving rise to the terms K-edge, L-edge, and M-edge (Calvin, 

2013).  

An XAS spectrum can be spilt into two regions, the XANES and the EXAFS (sections 

3.13.1 and 3.13.2, respectively). The XANES region includes the pre-edge, absorption 

edge, and first ~ 50 eV of the post-edge (the near-edge) and can be used to identify the 

average oxidation state of the absorbing element. The EXAFS region extends from 

~ 50 eV above the edge up to 1000 eV into the post-edge and can provide information 

about the coordination environment of the absorbing atom (Calvin, 2013).  

3.13.1. X-ray Absorption Near Edge Structure (XANES) 

Features in the XANES region as well as the position of the edge, can be used to identify 

the average oxidation state of the element of interest. Pre-edge features can result from the 

excitation of a core electron to a higher energy orbital rather than into the continuum, while 

the binding energies, and therefore the position of the edge, can be slightly altered by the 

valence state of the absorber. For example, the increased charge density of U(VI) 

compared to U(IV) means its electrons have slightly high binding energies and U(VI) 

therefore has an edge energy ~ 4 - 8 eV higher than that of U(IV). The comparison of 

XANES with reference spectra can also be used to provide limited information about the 

coordination environment, for example, whether U(VI) is located in a uranyl or uranate 

environment. A uranyl coordination environment produces a characteristic shoulder at 

~ 17190 eV due to the short axial U=O bonds, this feature is absent in the XANES of 

U(VI) in uranate coordination environments (Farges et al., 1992).  
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3.13.2. Extended X-ray Absorption Fine Structure (EXAFS) 

The EXAFS region can extend up to 1000 eV into the post-edge, although this is 

dependent on the sample and data quality is typically poor further from the absorption 

edge. The oscillations observed in this region are due to the X-rays emitted during the 

relaxation of the absorbing atom propagating out through the material. These X-rays can be 

elastically scattered by neighbouring atoms, some will also be backscattered and will 

return to the absorber undergoing constructive or destructive interference as they do so. 

This means that the atoms surrounding the absorber determine the EXAFS spectrum which 

can therefore be used to deduce structural information. The frequency of an oscillation is 

inversely proportional to the distance of the scatterer from the absorber, the amplitude is a 

result of the degeneracy of the scatterer, and the shape is related to the chemical identity of 

the scatterer. However, since EXAFS is the sum of all of the fluoresced and back-scattered 

X-rays within a sample area, it provides information on the average coordination 

environment (Calvin, 2013).  

3.13.3. XAS Sample preparation, data collection, and analysis 

The XAS contained in this thesis was performed at Diamond Light Source (UK) on 

beamlines B18 and I20, at The SOLEIL synchrotron (France) on the MARS beamline, and 

at ANKA Light Source (Germany) on the INE-beamline. Spectra were collected using 

either a 9 or a 36 element Ge detector on B18, a 36 element Ge detector on I20, a 

12 element Ge detector on MARS, and a 5 element detector on INE. Both U and Np 

spectra were collected on their respective LIII edges and, where possible, Y or Zr in-line 

standards (K-edge) were used as a reference. 

Mineral phases containing ~ 1000 – 2500 ppm U, or 1000 – 300 ppm 237Np, were analysed 

using XAS. For U analysis performed on B18 at Diamond Light Source the solid U 

containing samples were sandwiched between wax pellets and loaded into cryo-vials, while 
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samples analysed on the MARS beamline at The SOLIEIL synchrotron were loaded into 

specially designed aluminium and tooled steel sample holders with Kapton windows. 

Solution samples were also loaded into cryo-vials. Neptunium containing samples were 

measured on I20 at Diamond Light Source and on the INE-beamline at ANKA Light 

Source and were loaded into specially prepared Perspex holders, sealed with 2 layers of 

Kapton tape, and heat sealed into a plastic bag. All data were collected in fluorescence 

mode and, where possible, at liquid nitrogen temperatures.  

The Demeter software package was used to background subtract and normalise the data, 

and to fit the EXAFS (Ravel and Newville, 2005). The significance of adding additional 

shells to EXAFS models was assessed using the F-test (Downward et al., 2007).  

3.14. Small Angle X-ray Scattering (SAXS) 

Small angle X-ray scattering (SAXS; Porod, 1951; Guinier, 1963; Hiemenz and 

Rajagopalan, 1997) can provide information about the size, morphology, and concentration 

of particles. Like XAS (section 3.13), SAXS experiments are often performed at 

synchrotron facilities to utilise high intensity X-rays and improve sensitivity. An X-ray 

beam is passed through a sample and the extent of elastic scattering determined by 

detectors placed a given distance and angle from the sample. The scattering pattern can 

then be used to determine the size, size distribution, and surface properties of the particles 

within the sample, as well as the density of said particles.  
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Chapter 4. Formation of Stable Uranium(VI) Colloidal Nanoparticles in 

Conditions Relevant to Radioactive Waste Disposal 

 

This chapter is a manuscript published in the journal Langmuir in October 2014. 

Supporting Information published with this manuscript is included following the 

manuscript.  

The full citation of the published manuscript is as follows:  

Bots, P., Morris, K., Hibberd, R., Law, G.T.W., Mosselmans, J.F.W., Brown, A.P., 

Doutch, J., Smith, A.J., Shaw, S., (2014). Formation of Stable Uranium(VI) Colloidal 

Nanoparticles in Conditions Relevant to Radioactive Waste Disposal. Langmuir 30, 14396 

– 14405. doi:10.1021/la502832j 

 
 



Formation of Stable Uranium(VI) Colloidal Nanoparticles in
Conditions Relevant to Radioactive Waste Disposal
Pieter Bots,† Katherine Morris,† Rosemary Hibberd,†,‡ Gareth T. W. Law,‡ J. Frederick W. Mosselmans,§

Andy P. Brown,∥ James Doutch,§ Andrew J. Smith,§ and Samuel Shaw*,†

†Research Centre for Radwaste & Disposal, and Williamson Research Centre, School of Earth, Atmospheric and Environmental
Sciences, Faculty of Engineering and Physical Sciences, The University of Manchester, Manchester M13 9PL, U.K.
‡Centre for Radiochemistry Research, School of Chemistry, Faculty of Engineering and Physical Sciences, The University of
Manchester, Manchester M13 9PL, U.K.
§Diamond Light Source Ltd., Diamond House, Harwell Science and Innovation Campus, Didcot, Oxfordshire OX11 0DE, U.K.
∥School of Process, Environmental and Materials Engineering, Faculty of Engineering, University of Leeds, Leeds LS2 9JT, U.K.

*S Supporting Information

ABSTRACT: The favored pathway for disposal of higher
activity radioactive wastes is via deep geological disposal. Many
geological disposal facility designs include cement in their
engineering design. Over the long term, interaction of
groundwater with the cement and waste will form a plume
of a hyperalkaline leachate (pH 10−13), and the behavior of
radionuclides needs to be constrained under these extreme
conditions to minimize the environmental hazard from the
wastes. For uranium, a key component of many radioactive
wastes, thermodynamic modeling predicts that, at high pH,
U(VI) solubility will be very low (nM or lower) and controlled
by equilibrium with solid phase alkali and alkaline-earth uranates. However, the formation of U(VI) colloids could potentially
enhance the mobility of U(VI) under these conditions, and characterizing the potential for formation and medium-term stability
of U(VI) colloids is important in underpinning our understanding of U behavior in waste disposal. Reflecting this, we applied
conventional geochemical and microscopy techniques combined with synchrotron based in situ and ex situ X-ray techniques
(small-angle X-ray scattering and X-ray adsorption spectroscopy (XAS)) to characterize colloidal U(VI) nanoparticles in a
synthetic cement leachate (pH > 13) containing 4.2−252 μM U(VI). The results show that in cement leachates with 42 μM
U(VI), colloids formed within hours and remained stable for several years. The colloids consisted of 1.5−1.8 nm nanoparticles
with a proportion forming 20−60 nm aggregates. Using XAS and electron microscopy, we were able to determine that the
colloidal nanoparticles had a clarkeite (sodium−uranate)-type crystallographic structure. The presented results have clear and
hitherto unrecognized implications for the mobility of U(VI) in cementitious environments, in particular those associated with
the geological disposal of nuclear waste.

■ INTRODUCTION
Many countries including the U.K., USA, and former Soviet
Union have significant legacies of radioactive waste materials
due to their long history of nuclear power generation and
military activities. Typically, the long-term strategy for nuclear
waste management of higher activity materials is containment
in a geological disposal facility (GDF) within the deep
subsurface.1 Currently, in many nations, GDF designs are at a
generic stage and will be developed as site selection proceeds.
Essentially, the design of a GDF is focused on limiting the
mobility and migration of radionuclides.2 Typically, the
mobility of radionuclides, and particularly uranium, in the
subsurface is governed by solubility and adsorption to
geological materials.3 In addition, colloidal transport has the
potential to significantly enhance radionuclide migration in
geodisposal relevant conditions.3,4 However, it is not known

whether stable U(VI) colloids form under geochemical
conditions relevant to radioactive waste disposal in GDFs.
Most scenarios for intermediate level waste (ILW) disposal

in a GDF utilize cementitious materials. For example, ILW is
typically grouted with Portland cement and emplaced in steel
drums, and engineering of any subsurface disposal facility will
require use of structural cement.5,6 In addition, some GDF
designs are likely to utilize cementitious backfill.2,5,7,8 Post
closure, groundwater will resaturate the GDF and interact with
the cementitious material forming hyperalkaline leachate (pH
10−13) with elevated concentrations of K, Na, and Ca.9

Specifically, during the initial stages of the evolution of a GDF,
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the pH of the hyperalkaline leachate may reach values in excess
of 13 due to dissolution of sodium and potassium hydroxide
phases present in the cementitious materials used.9 During
operation, the GDF will be open to the atmosphere and hence
will be aerobic. Chemically reducing conditions are expected to
dominate post closure as iron corrosion will consume any
oxidants. Typically, within ILW, uranium will be the most
significant radionuclide by mass.5 Furthermore, the ILW will
contain uranium in both oxidation states, i.e., U(VI) and U(IV).
However, it is noteworthy that under alkaline and slightly
reducing conditions U(VI) is expected to be relatively stable
and may exist within a GDF for a significant period post
closure.10

The benefit of using cementitious materials in the design of a
GDF is that U(VI) is expected to exhibit low solubility in the
resulting hyperalkaline environment.11 At the pH values of
cement leachates (pH 10−13), aqueous U(VI) concentration
in equilibrium with, i.e., alkali/alkaline-earth uranates (e.g.,
Na(UO2)O(OH)·(H2O)0−1 and CaUO4) will be very low
(∼10−9 M).11,12 Furthermore, U(VI) adsorbs strongly to the
surfaces of many solid phases (e.g., iron oxides,13−15

silicates,14,16 and cement related phases17,18) which will be
ubiquitous in the GDF. These factors are predicted to
significantly reduce the concentration of aqueous U(VI) in a
cementitious GDF. Furthermore, even though the aqueous
concentration of carbonate is expected to be low in the deep
subsurface, it is noteworthy that the presence of carbonate
could significantly enhance U(VI) mobility through the
formation of soluble uranium(VI)−carbonate and calcium−
uranium(VI)−carbonate complexes.12−14,19

Significantly, U(VI) mobility could also be enhanced by
colloids formed within or transported through the GDF.3,20

Depending on the physical and chemical state of these colloidal
nanoparticles (e.g., surface charge) and the prevailing geo-
chemical conditions, colloids could facilitate the transport of
U(VI) into the geosphere.3,4 Previous studies have identified
cement and sediment derived colloidal particles3,20 with
complexed radionuclides3 and intrinsic radionuclide colloids
(e.g., ThO2

4 and Pu(OH)4
21) as potentially important transport

vectors.3,4 Recently, complexation of uranium and plutonium to
iron oxides has been implicated in their migration in
groundwater.22 Furthermore, uranates, among other U(VI)
colloids, have been identified as a potential transport vector,23

and plutonium(IV) colloidal transport has been inferred at the
Nevada Test Site, Nye County, NV, USA.24,25

Despite the widely recognized relevance of colloidal
transport in radioactive waste disposal and the potential
significance of U(VI) in waste disposal, few studies have
focused on the formation of colloidal U(VI) nanoparticles. As a
result, the aim of this study was to explore the potential for
colloidal U(VI) nanoparticle formation in a hyperalkaline
synthetic cement leachate (pH > 13) representative of the early
stages of the evolution of a GDF. Additionally, where colloidal
nanoparticles were found to be present, their characteristics and
stability were then determined by conventional chemical and
microscopy techniques combined with synchrotron based in
situ small-angle X-ray scattering (SAXS) and X-ray adsorption
spectroscopy (XAS).

■ METHODS
To investigate the speciation of U(VI) in conditions relevant to
cementitious GDFs, a synthetic cement leachate (pH ∼ 13.1) was
prepared by dissolving KOH (0.19 mol), NaOH (0.19 mol), and

Ca(OH)2 (0.27 mmol) (all AnalaR grade) in 2 L of degassed,
deionized water.9,17,18 Prior to use, this was filtered through a 0.22 μm
polyvinylidene fluoride (PVDF) syringe filter in a CO2 controlled (<1
ppm of CO2) anaerobic chamber where all subsequent manipulations
were performed. A 2.52 mM U(VI)O2(NO3)2 stock solution (pH ∼
2.3) was used to spike the cement leachate to 4.2, 42, and 252 μM
U(VI), after which the pH of 13.1 was confirmed. A time point series
of samples were then taken up to 32 months. At each time point,
separate samples were filtered using 0.22 μm (PVDF), 0.10 μm
(PVDF), and 0.02 μm (Anotop) syringe filters, and one sample was
unfiltered and undisturbed. The resulting samples were acidified to 2%
HNO3 and analyzed for total U using ICP-MS (Agilent 7500cx).

PHREEQC26 calculations were performed to determine the
equilibrium concentrations of U(VI) in the synthetic cement leachate
when a single U(VI) phase precipitated. These phases included the
minerals clarkeite (Na(UO2)O(OH)·(H2O)0−1), becquerelite (Ca-
(UO2)6O4(OH)6·(H2O)8), compreignacite (K2(UO2)6O4(OH)6·
(H2O)7), and several Ca/Na uranate phases. The PHREEQC
calculations were performed using the SIT (specific ionic theory)
database, which includes thermodynamic information on clarkeite,
becquerelite, and compreignacite from Gorman-Lewis et al.12 and
sodium and calcium uranates from O’Hare et al.27 The thermodynamic
equilibrium constants of uranyl hydroxide complexes as determined by
Zanonato et al.28 were also included.

Small Angle X-ray Scattering. SAXS was used to characterize
suspended/colloidal particles in the 42 μM U(VI) experiments, as
described earlier, using beamline I22 at Diamond Light Source. All
analyses were performed using a monochromatic X-ray beam at 12
keV and a 4 or 10 m camera length. Scattering patterns were collected
using a 2D PILATUS 2 M detector.29 Two sets of experiments were
performed. First, samples aged for 1 week, 20 months, and 32 months
were characterized. Here, the samples were injected into a quartz
capillary in line with the X-ray beam and SAXS patterns were
collected. Second, in situ time-resolved SAXS analyses were performed
to study the formation of colloidal U(VI) nanoparticles. These
experiments were performed at the I22 experimental hutch by spiking
the synthetic cement leachate to a final concentration of 42 μM U(VI).
The solution was then stirred for ∼15 s, injected into a quartz capillary
in-line with the X-ray beam, and sealed. SAXS measurements were
started concurrently to the U(VI) spike. Typically, the first full
scattering frame was acquired at ∼2 min after the injection of the
U(VI) spike. Scattering patterns were collected for up to 7 h at a 1−10
s/frame collection rate.

SAXS Data Analyses. The scattering patterns from the aged
samples, collected using the 4 and 10 m camera lengths, were
combined to form a single scattering pattern with a large scattering
vector (q) range. All SAXS patterns were modeled using the Irena
macro for Igor Pro.30 Additionally, the SAXS patterns from the in situ
time-resolved experiments were analyzed to determine the invariant
(Q) and I(0),31 described in detail in the Supporting Information (SI).
In short, Q and I(0) are a function of the scattering volume and the
density of the scatterers and I(0)/Q is a function of the particle
volume (eq 1, Vp is the particle volume in Å3).31−33 Additionally,
separate Q and I(0), and thus I(0)/Q, can be estimated for particle
populations with different particle volumes in a dilute suspension34 to
track the evolution of different particle populations.

≈I
Q

V(0)
p (1)

Solid Characterization. At selected time points, suspended
particles were captured on either carbon coated (Agar Scientific) or
positively charged C-SMART PLUS (Dune Sciences) transmission
electron microscope (TEM) grids and the supernatant was removed
using isopropanol to minimize the effect of drying on the solids
formed during the experiments. TEM images were taken using a
Philips CM200 field emission electron gun transmission electron
microscope (FEG-TEM). Chemical composition of the solids was
analyzed using energy dispersive X-ray spectroscopy (EDX) with an
Oxford Instruments 80 mm X-Max SD detector running the AZTEC
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software. TEM images were analyzed using image processing software
ImageJ.35

X-ray absorption spectroscopy (XAS) analyses were performed at
beamline B18 at Diamond Light Source, at the U LIII-edge using a
Si(111) monochromator at liquid nitrogen temperature. Two samples
were analyzed; first, a solid sample from the 252 μM U(VI)
experiment was prepared by centrifuging at 2600g. The residue was
then analyzed in transmission mode. Second, a 1 mL solution aliquot
of the 42 μM U(VI) experiment aged for 1 month was analyzed in
fluorescence mode. XAS data analyses were performed using Athena
and Artemis from the Demeter software package using FEFF6.36

■ RESULTS AND DISCUSSION
During the 252 μM U(VI) experiments a yellow precipitate
formed and solution analyses showed that the U(VI)
concentration in all of the filtered samples decreased to 1.4
μM (Figure 1a) over 28 days. Conversely, the unfiltered (and
undisturbed) solution samples only showed a minor decrease in
the U(VI) concentration to ∼200 μM U(VI) (Figure 1a)
suggesting the presence of a colloidal U(VI) component with
particle size > 0.22 μm in the 252 μM U(VI) experiment.
Interestingly, the 42 and 4.2 μM U(VI) experiments did not
show any visible precipitation or removal of U(VI) from
solution during filtration up to 32 months (Figure 1b). This is
in contrast to the thermodynamic modeling using
PHREEQC,26 which showed the solutions were (highly)
supersaturated with respect to several calcium and sodium
uranate phases (Table 1). It is worth noting that the
introduction of carbonate (including Ca−UO2−CO3 com-
plexes19) due to the dissolution of calcite had no significant
effect on the equilibrium concentrations in Table 1. These
results indicated that, in the 42 and 4.2 μM systems, U(VI) was
either dissolved in a supersaturated metastable state or that
stable colloidal U(VI) nanoparticles (≤0.02 μm) were present.
Small Angle X-ray Scattering. SAXS patterns of the aged

solutions from the 42 μM U(VI) experiments are presented in

Figure 2a. The observed scattering intensity suggests that
colloidal U(VI) was present in the 42 μM U(VI) experiments.
The best fit to the SAXS patterns using the Irena fitting package
consisted of a two particle population model: Smaller/primary
particles (high q values) were modeled using a form factor for
spherical particles, and larger particles (low q values),
presumptively aggregates of the primary particles, were
modeled using the form factor for algebraic globules.37,38 In
all cases the scattering patterns were modeled as dilute systems
reflecting the (relatively) low concentration of U(VI). Fits to
the respective scattering patterns are shown in Figure 2a, and
the fit parameters are given in Table 2. Briefly, by 2.3 h, the
primary particles reached a mean diameter of 1.54 ± 0.05 nm
and 57 ± 12% of the scattering solids formed aggregates with a
mean diameter of 22.4 ± 2.8 nm (Table 2). Beyond 2.3 h, there
was little significant change in the particle populations over 32
months, with a primary particle diameter of 1.60−1.82 nm and
between 33−57% of the scattering solids within aggregates of
42.2−60.0 nm. The only significant change in the particles over
the observation period was an increase in the mean aggregate
diameter from 22.4 to 56.0 nm between 2.3 h and 1 week. The
results from the SAXS patterns were supported by TEM images
of 1 h and 1 month samples from parallel experiments, with
evidence for 1−2 nm primary particles which formed
aggregates to 20−60 nm in size (Figure 2b). The aggregate
morphology observed by TEM was consistent with the
algebraic globules form factor used in the SAXS modeling
approach. It should however be noted that air drying
nanoparticle suspensions for TEM analysis could alter
aggregate morphology;39 however, due to the consistency
between the SAXS and TEM analyses we are confident that the
TEM images are a representation of the in situ colloidal
nanoparticles. Overall, the SAXS analyses indicate that the
U(VI) in this system was present as colloidal U(VI)
nanoparticles and underwent very little change from 2.3 h up

Figure 1. Solution data from the 252 μM U(VI) experiment (a) and the 42 and 4.2 μM U(VI) experiments (b). The error bars on the data from the
42 μM U(VI) experiment are the standard deviation of triplicate experiments; the results from filtering the solutions through 0.1 and 0.22 μm filters
from the 42 and 4.2 μM U(VI) experiments showed no differences compared to the plotted results and are given in Figure 2 in the SI.

Table 1. PHREEQC26 Calculations on the Concentration of U(VI) in Equilibrium with Selected Phases in the Cement
Leachatea

U(VI) concn (μM) in equilibrium with solid phase

exp (μM U(VI)) measd U(VI) concn (μM) Compb CaUO4 CaU2O7
c Becqd clarkeitee

252 1.88 ± 0.02f 180 131 35.8 50.4 0.00935
42 44.7 ± 2.9 42.0 9.15 × 10−6 13.4 42.0 0.00926
4.2 4.27 ± 0.05 4.20 6.21 × 10−6 4.20 4.20 0.00925

aNote that when the concentrations calculated are identical to the input concentrations, these phases are below saturation in the corresponding
experiment. bCompreignacite: K2(UO2)6O4(OH)6·(H2O)7

cCalcium uranate trihydrate: CaU2O7·(H2O)3
dBecquerelite: Ca(UO2)6O4(OH)6·

(H2O)8
eClarkeite: Na(UO2)O(OH)·(H2O)0‑1

fThe printed values are the averages of all filtered samples and their standard deviation
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to 32 months. Interestingly, the 0.02 μm filtration samples from
the 42 μM U(VI) experiment showed no removal from solution
(Figure 1) even though TEM and SAXS analysis suggest the
presence of aggregates > 20 nm (Figure 2 and Table 2). This
suggests artifacts from filtration and/or facile disaggregation of
colloidal nanoparticles upon forced filtration through 20 nm
pores.
Time-resolved I(0) data from the in situ 42 μM U(VI)

experiments (4 and 10 m camera length) are shown in Figure
3a. The above background I(0) in the first scattering pattern
collected (at ∼2 min; Figure 3a) suggested particle formation
prior to ∼2 min. Between 2 min and 2.3 h, I(0) increased 10-

fold (Figure 3a, dashed vertical line). After this initial increase,
I(0) decreased slightly (Figure 3a) possibly due to aggregate
growth (Table 2).
Fitting (Irena) the SAXS patterns from the 42 μM U(VI)

experiments yielded time-resolved size information for the
aggregates, but due to the low intensity of the scattering
patterns at high q values, fitting of the primary particle model
was not achieved. However, it was possible to determine I(0)
and Q for each particle population. Figure 3b shows the I(0)/Q
(which relates to particle volume; eq 131−33) for the aggregates
and primary particles, and aggregate volume, calculated from
the size determined using Irena. The aggregate volume (Irena)
and I(0)/Q values as a function of time are consistent (Figure
3b), giving confidence that I(0)/Q reflects particle volume
trends in the 42 μM U(VI) experiment. The aggregate diameter
increased up to ∼22.4 nm (Figure 3b and Table 2) during the
first 1.5 h of the experiment (Figure 3b, vertical line) and then
remained constant. This initial growth of the aggregates was
presumably due to primary particle aggregation and/or
nucleation of particles on the aggregate surface. Between
∼1.5 and ∼2.3 h the aggregate size did not increase, while I(0)
increased about 3-fold (Figure 3). This indicates that
continuous formation of colloidal nanoparticles/aggregates
occurred after the aggregate size reached a maximum. The
I(0)/Q for the primary particles remained constant (Figure 3b),
indicating that the primary particles formed at ∼1.5 nm (Table
2) in diameter and did not change in size. Thus, the formation
mechanism of the primary particles was likely nucleation
dominated, with no significant particle growth occurring (e.g.,
ripening).40,41

The persistence of a significant fraction of unaggregated
primary particles (Table 2) could have been caused by the high
pH. The pH at the point of zero charge for several uranyl oxy-
hydroxides is 4−4.5.42 It is thus clear that U(VI) (oxyhydr)-
oxide nanoparticles would have a highly negative surface charge
at pH 13.1. Thus, electrostatic repulsion would minimize
(further) particle aggregation consistent with our observations
and potentially reduce the interaction of U(VI) with materials
present in a cementitious GDF system.

Solid Characterization. HR-TEM images of the colloidal
nanoparticles (1 day and 1 month) from the 42 μM U(VI)
experiment are shown in Figure 4b,d. The 1−2 nm particles
collected after 1 h (Figure 2b) lacked any resolvable lattice
fringes, suggesting an amorphous character. By contrast, the
nanoparticles from 1 day to 1 month had visible lattice fringes
(emphasized by circles, Figure 4b,d) which were spaced at 3.0−
3.3 Å. Reflecting on this, the primary particles in the 42 μM
U(VI) experiments initially formed as amorphous nano-
particles, potentially due to the aggregation of stable
prenucleation clusters akin to the observed dynamically ordered
liquid-like oxy-anion polymers (DOLLOP) observed during the

Figure 2. (a) Small angle X-ray scattering patterns from the 42 μM
U(VI) experiments (continuous black lines) including the fits (dashed
gray lines). The fit to the pattern collected from the 32 month sample
has also been divided between the scattering from the primary particles
and the aggregates (dotted gray lines). (b) TEM images of the
colloidal U(VI) nanoparticle 1 h and 1 month after spiking the cement
leachate with U(VI).

Table 2. Results of the Fits from the SAXS Patterns from the 42 μM U(VI) Experiments

primary particles aggregates fraction of aggregated particles

sample name mean diam (nm)a polydispersitya,b mean diam (nm)a polydispersitya,b [Vaggr/(Vaggr + Vprim)] × 100 (%)a,c

2.3 h 1.54 ± 0.05 0.20 ± 0.20 22.4 ± 2.8 1.62 ± 0.25 57 ± 12
1 week 1.60 ± 0.26 0.63 ± 0.11 56.0 ± 18.2 1.06 ± 0.23 33 ± 15
20 month 1.82 ± 0.22 0.48 ± 0.15 42.2 ± 11.6 1.48 ± 0.86 44 ± 16
32 month 1.75 ± 0.16 0.47 ± 0.11 60.0 ± 30.0 2.44 ± 0.17 57 ± 14

aThe errors were evaluated by calculating the range less 1.05 times the minimum χ2. bThe polydispersity is defined as the standard deviation of the
log-normal distribution of the particles. cVprim and Vaggr represent the calculated volumes for the primary particles and aggregates respectively.
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formation of amorphous calcium carbonate.43,44 Furthermore,
the amorphous uranium nanoparticles became nanocrystalline
during the course of a day. The crystallinity of the nanoparticles
is also emphasized by visible polycrystalline rings in the selected
area electron diffraction patterns (SAED, Figure 4c) collected
from the 1 day sample. Additionally, the EDX analyses of the
nanoparticles formed during the 42 μM U(VI) experiments
show that the particles consisted of U, Na, K, and Ca (Figure
5).
HR-TEM image from a 1 week sample collected from the 4.2

μM U(VI) experiment shows crystalline nanoparticles of 2−5

nm within a ∼10 nm aggregate (Figure 4a). This confirms that
U(VI) colloids also formed in the 4.2 μM U(VI) experiment
and were of a similar size and aggregation state to those formed
in the 42 μM U(VI) experiment. Furthermore, TEM
characterization shows that the crystallinity (lattice fringes
spaced at 3.0−3.3 Å, emphasized by circles in Figure 4a) and
composition (U, Na, K, and Ca, Figure 5) of the nanoparticles
were also similar to those from the 42 μM U(VI) experiment.
High-resolution TEM (HR-TEM) images of the particles

throughout the 252 μM experiments show small crystalline
platelets with lattice fringes spaced at 5.9−6.2 Å (arrows, Figure

Figure 3. a) I(0) for the 42 μM U(VI) experiments collected using a 4 and 10 m camera length; the data from both experiments were aligned for
clarity; b) I(0)/Q (particle volume; eq 1 and SI) for the aggregates and the primary particles calculated from the experiment performed using the 4m
camera length including the aggregate volume calculated from the fitting results using the Irena macro.

Figure 4. High-resolution TEM images from the 4.2 μM U(VI) experiment after 1 week (a) and the 42 μM U(VI) experiments after 1 day (b) and 1
month (d), including a SAED image from the particles after 1 day (c); selected primary particles with lattice spacings of 3.0−3.3 Å in the images are
highlighted by white circles (a, b, and d); also shown are TEM images of the uranium particles formed during the 252 μM U(VI) experiments after
10 min (e and f), 1 week (h and i), and 1 month (j and k), including a SAED image from the particles after 1 week (g); the arrows in the images (e,
h, and j) point toward the platelets where lattice spacings of 5.9−6.2 Å are visible.
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4e,h,j) and 3.0−3.3 Å. These particles formed part of larger
aggregated structures (Figure 4f,I,k). At 10 min, these platelets
were 2−10 nm in size and the 5.9−6.2 Å lattice fringes were
aligned in some adjacent particles, indicating that the particle
size may be increasing via oriented attachment.45 After 1
month, the crystalline domains with 5.9−6.2 Å lattice fringes
grew to about 25 nm in diameter with a width of ∼4 nm
(arrows, Figure 4j). These observations confirm that initially
nanocrystalline particles formed from solution and grew
through oriented attachment.45

The SAED patterns from the 42 and 252 μM U(VI)
experiments (Figure 4c,g) and EDX spectra (Figure 5) from the
aggregates from the 4.2, 42, and 252 μM U(VI) experiments

were all similar (Figure 4a,b,d,e,h,j). This implies the same
phase formed in all three systems even though their
morphologies (Figure 4) and filtration behavior (Figure 1)
differed. The positions of the dominant diffraction rings in the
SAED images (Figure 4c,g) correspond to d-spacings of ∼3.2,
∼2.7, 1.9, and 1.6 Å, which indicates that the particles were the
alkali/alkaline-earth metal uranate phase clarkeite (Figure 3 in
the SI).46,47 This explains the 5.9−6.2 Å lattice fringes which
correspond to the d-spacing of the (003) diffraction peak,
which can be related to the distance between adjacent U layers
in the uranate structure. The lack of the 5.9−6.2 Å lattice
fringes in the particles from the 4.2 and 42 μM U(VI)
experiments is likely caused by the limited size of the
nanoparticles or limited order between adjacent U layers.
Finally, TEM analyses suggest that in all experiments, initially
nanoparticles formed (1−5 nm) from solution which then
aggregated. In the 252 μM experiment the freshly formed
nanoparticles crystallized presumably via oriented attachment
to form larger platelets.
The U LIII-edge XANES spectra from the 252 μM U(VI)

experiment precipitate and a solution aliquot from the 42 μM
U(VI) experiments are plotted in Figure 6a. Also plotted are
the XANES from uranate17,48 and uranyl standard (Figure 6a)
compounds. Both spectra from the experimental samples show
relatively broad white lines at ∼17.178 keV (dashed line B,
Figure 6a) similar to the uranate standard, while the uranyl
standard has a sharper white line at ∼17.176 keV (dashed line
A, Figure 6a). In addition, the positions of the resonance
features in both experimental XANES spectra match those of

Figure 5. EDX spectra from the uranium particles, imaged using TEM
(Figure 4a,d,j). The EDX peaks are indexed with the corresponding
chemical symbol (for uranium the L and M lines were observed; only
the latter are shown), the copper in the EDX spectra is caused by the
TEM grids, and the silicon is likely caused by contamination from the
TEM grid box.

Figure 6. (a) Normalized XANES spectra from the precipitate from the 252 μM U(VI) experiment and the 42 μM U(VI) solution samples and a
uranate (CaUO4)

17,48 and an in-house uranyl (UO3) standard. The vertical dashed line represents the position of the multiple scattering of the axial
UO bonds from uranyl. (b) Stick and ball representation of the clarkeite structure used to model the EXAFS spectrum, the dashed outline shape
denotes the unit cell of clarkeite. (c) Fourier transform of the EXAFS collected from the precipitate of the 252 μM U(VI) experiment. (d) EXAFS
from the precipitate of the 252 μM U(VI) experiment.
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the uranate standard (dashed lines C−F, Figure 6a).49 This
indicates that, in the 42 μM U(VI) experiment, uranium is
predominantly present as colloidal uranate nanoparticles, rather
than as dissolved uranyl or a solid uranyl compound.
The extended X-ray adsorption fine structure (EXAFS)

spectrum and corresponding Fourier transform for the 252 μM
U(VI) precipitate are shown in Figure 6c,d. Four consecutive
fits were performed on the EXAFS spectrum. The first fit was
calculated using only U−O and U−U bonds from clarkeite.47,51

As observed in the TEM-EDX analyses, the composition of the
precipitated phase included Na, Ca, and K (Figure 5). Thus,
three subsequent fits were refined by including Na, K, or Ca.47

The U−Oaxial bond length of 1.87 Å corresponds to the U−
Oaxial bond lengths in uranate phases (1.86−1.97 Å)17,51,52 and
is longer than the U−Oaxial bond lengths in uranyl phases
(1.70−1.82 Å).52,53 Furthermore, the U−Oeq1 of 2.22 Å is
comparable to U−Oeq1 distances calculated for several layered
metal uranate phases at 2.15−2.30 Å17,51,52 while U Oeq1
distances in uranyl phases are 2.27−2.49 Å.51,53 Combined
with the SAED (Figure 4g) and the XANES (Figure 6a), this
confirms the formation of an alkali/alkaline-earth uranate phase
in the 252 μM U(VI) experiments (and, by extension, in the 4.2
and the 42 μM U(VI) experiments). Furthermore, adding Na,
K, or Ca to the EXAFS model significantly improved the overall
fit (Table 3) with the result resembling the structure of
clarkeite ((Na,K,Ca)UO2O(OH)·(H2O)0−1, Table 4 and
Figure 6b−d).47,51 However, in relation to the structure
previously determined,47 the oxygen coordination around
uranium appears distorted; the U − Oeq distances were split
between bond lengths of 2.22 and 2.54 Å (Table 3) instead of
only at 2.30 Å (Table 4). This is similar to the observation of
Catalano and Brown51 (Table 4) who explained this by
suggesting clarkeite is not truly hexagonal, and variable
hydration of clarkeite could cause multiple uranium crystallo-
graphic positions and changes in the cation occupation.
Furthermore, the U−Na distance is ∼5% shorter than
previously determined,47,51 which could be caused by
distortions induced by variable hydration or the incorporation
of foreign elements such as Ca and K in the interlayer (Figure
5).51 Interestingly, the EXAFS fits were also improved by the
addition of K and Ca (Table 3), indicating that these may be

replacing some of the Na in the interlayer of clarkeite, which
has been observed previously in natural samples.47 Thus, the
identification of a clarkeite-type phase containing a mixture of
Na, K, and Ca is confirmed, which is consistent with the
formation of similar phases in other high-pH systems.54,55

Nanoparticle Solubility. As discussed previously uranium
in the 4.2 and 42 μM U(VI) experiments (Figure 6a) was
present as colloidal clarkeite nanoparticles. Additionally, the
PHREEQC calculations show that if the solutions were in
equilibrium with clarkeite, 100.0 and 99.8% of the U(VI) would
be in the solid phase in the 42 and 4.2 μM U(VI) experiments,
respectively. However, because reducing the size of nano-
particle tends to increase their solubility,56 a smaller proportion
of U(VI) could be in the solid phase. The solubility of a phase
tends to increase with decreasing nanoparticle size as described
(increasing specific surface area, A (m2/mol)) via eq 2,57−59

σ= +K K A
RT

log[ ] log[ ] 2
3sp,nano sp (2)

where Ksp and Ksp,nano are the ion activity products at
equilibrium with a bulk and nanoparticulate phase, respectively
(Ksp = 109.4),12 T is the absolute temperature (239 K), R is the
universal gas constant (8.3145 J/K), and σ is the surface free
energy (J/m2). However, the surface free energy of clarkeite is

Table 3. Summary of the EXAFS Parameters Fitted for a Uranium Phase without Na, for Clarkeite (NaUO2O(OH)·(H2O)0−1)
and for Clarkeite Where Sodium Was Substituted for Potassium and Calcium (K-Clarkeite and Ca-Clarkeite, Respectively)

no Na clarkeite K-clarkeite Ca-clarkeite

reduced χ2 80.93 49.56 67.30 64.67

R-factor 0.0140 0.00835 0.0118 0.0113

confidencea (%) 95 62 70

E0 1.37(82) 2.04(66) 1.28(85) 1.44(81)

Nb Rb σ2b Rb σ2b Rb σ2b Rb σ2b

U−Oax 2 1.87(1) 0.0047(9) 1.87(1) 0.0040(4) 1.87(1) 0.0041(5) 1.87(1) 0.0041(4)
U−Oeq 4.5 2.22(1) 0.006(1) 2.22(1) 0.0055(3) 2.22(1) 0.0054(4) 2.22(1) 0.0054(4)
U−Oeq 1 2.53(3) 0.008(4) 2.54(2) 0.009(3) 2.54(3) 0.008(3) 2.54(3) 0.008(3)
U−Na 1 3.54(2) 0.004(2)
U−K 1 3.76(5) 0.011(6)
U−Ca 1 3.72(4) 0.011(5)
U−U 3 3.83(1) 0.0060(9) 3.83(1) 0.0055(5) 3.82(1) 0.0054(5) 3.82(1) 0.0054(5)
U−U 1 4.30(3) 0.0060c 4.30(2) 0.0055c 4.29(2) 0.0054c 4.29(2) 0.0054c

aConfidence level whether the fit was significantly improved by adding the Na, K, or Ca shell compared to the uranium phase without Na; calculated
using the F-test for EXAFS.50 bN is the coordination number, R is the distance between uranium and the scatterer, and σ2 is the Debye−Waller
factor. cConstrained parameter.

Table 4. Clarkeite Uranium Coordination Environment
Obtained from Literature, Modeled from an XRD Pattern
and an EXAFS Spectrum

clarkeite N R

XRD47 U−Oax 2 1.888
U−Oeq 6 2.299
U−Na 6 3.725
U−U 6 3.954

EXAFS51 U-Oax 2 1.868
U-Oeq 3.3 2.28
U-Oeq 1.7 2.51
U−Na 2 3.71
U−U 2 3.73
U−U 2 3.88
U−U 2 4.60
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unknown; therefore, we have estimated σclarkeite using the
Gibbs−Thomson equation (eq 3).60

σ* = Ω
⎜ ⎟

⎡
⎣⎢

⎛
⎝

⎞
⎠
⎤
⎦⎥

r
k T

2

ln
KB
IAP

sp (3)

where r* is the critical nucleus radius (m), kB is the Boltzmann
constant (1.38 × 10‑23 J/K), IAP is the ion activity product of
the solution with respect to clarkeite prior to nucleation
(calculated for the 42 μM U(VI) experiment as 1013.35), and Ω
is the crystal volume per unit formula as described by the IAP
(a third of the unit cell of clarkeite, 0.0797 nm3).12,47 It is
noteworthy that the nanoparticles nucleate as an amorphous
phase. However, no thermodynamic information is available on
amorphous uranate phases. Thus, we assumed that the
thermodynamic properties of the amorphous phase are close
to clarkeite. As discussed earlier, the SAXS and TEM analyses
indicate that the U(VI) nucleated as ∼1.5 nm particles (r* ≈
0.75 nm); therefore this value was used as an upper limit for the
critical nucleus size. The clarkeite unit cell size was used as the
lower limit of the critical nucleus size (r* ≈ 0.4 nm). Using
these values resulted in a σ for clarkeite of 0.085−0.16 J/m2,
which is low compared to the σ of metaschoepite (0.94 J/m2)
and uraninite (0.47 J/m2).57,61 The rate of crystal growth and
ripening (e.g., Ostwald ripening) are proportional to σ;58,59

therefore, such a low σ could explain the lack of significant
ripening of the primary particles following nucleation.
Combined with the inhibition of aggregation caused by a
highly negative surface charge, this explains the long-term
stability (>32 months) of the colloidal U(VI) nanoparticles.
The σ of 0.085−0.16 J/m2 can now be used in eq 2 to

estimate the solubility of clarkeite nanoparticles with a diameter
of 1.5 nm (A ≈ 1.9 × 104 m2/mol). The resulting Ksp,nano
(109.8−1010.2) was included in the PHREEQC calculations on
U(VI) equilibrium concentrations in the experimental solutions
(95 mM Na, 95 mM K, and 0.14 mM Ca) with 42 and 4.2 μM
U(VI) experiments. This predicted equilibrium concentrations
of ≤0.07 μM U(VI), and as described previously, the
equilibrium concentration changed minimally (∼0.074 μM
U(VI)) when equilibrium with calcite was added to the
PHREEQC calculations. These values would mean that 99.8
and 98.3% of the U(VI) would be in the solid phase in the 42
and 4.2 μM U(VI) experiments, respectively. This supports our
interpretation that U(VI) is predominantly colloidal in all
experiments rather than dissolved uranyl.

■ CONCLUDING REMARKS
This study has identified the formation of nanoparticulate,
stable U(VI) clarkeite-type colloids at high-pH conditions
relevant to geological disposal and contaminated land.8,9,23,55

Time-resolved scattering data and TEM images showed that
these particles nucleate as amorphous nanoparticles (o.d. =
1.5−1.8 nm) within a few minutes and that ∼50% of the
colloids are present as aggregates 20−60 nm in size, which is
stable for over 2.5 years. Within 1 day the nanoparticles
crystallize and exhibit a clarkeite-type crystal structure.
The long-term stability of U(VI) as a nanoparticulate phase

at high-pH conditions is a significant new observation.
Thermodynamic calculations show that clarkeite-type U(VI)
nanoparticles are oversaturated at very low concentrations (>
0.07 μM) even when including equilibrium with calcium
carbonate into the system. This suggests that these clarkeite

nanoparticles may be significant across a range of systems and
may help explain the high “solubility” of U(VI) observed under
high-pH conditions by past workers18 which was previously
ascribed to formation of aqueous UO2(OH)4

2− species. The
results presented suggest that under high-pH conditions there
is a potential new mechanism for U(VI) to be transported as a
colloidal phase in cementitious environments.
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SAXS data analyses 
The Irena macro uses an extension of equation 1 (a summation to 
account for multiple particle shapes, sizes and polydispersity) to 
fit the scattering intensity within a Small Angle X-ray Scattering 10 

(SAXS)  pattern 1, 2: 

 !"#$ % &'()'*+,-"#, /$0"#$ (1) 

where I(q) is the scattering intensity at each value of the 
scattering vector q (Å-1). The absolute scattering intensity caused 
by particles in a medium is dependent on the particle 15 

concentration in g / ml (c) and the electron density of all the 
particles in mole equivalents / g (MW). I(q) is described by the 
form factor (P(q,d)) which accounts for the intra-particle 
interference of particles with a diameter of d, and the structure 
factor (S(q)) which accounts for all inter-particle interferences of 20 

X-rays. Scattering analyses were performed on very dilute 
solutions (e.g. 42 µM U(VI)), thus inter-particle interferences of 
X-rays can be neglected and the structure factor approximates 
unity. KSAXS is a constant that represents the scattering contrast in 
SAXS.  25 

Additionally, the SAXS patterns from the in-situ time resolved 
experiments were also analysed using the method described by 
Liu et al.3. The Guinier region of a SAXS scattering pattern 
(qRg < 1.3) can be approximated with equation 22, 4-6 where Rg is 
the radius of gyration (equation 3).2 The I(0) is the extrapolated 30 

intensity at q=0 in a ln(I(q)) vs. q2 plot (a Guinier plot), and is a 
function of the particle volume (Vp), particle number (n) and 
electron density difference between the particles and the medium 
(∆ρ; equation 4). 2, 3, 7  
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SAXS patterns can be visualized using a Kratky plot (I(q)q2 vs. q 
(Fig. 1). From a Kratky plot, the invariant (Q) can be calculated 
by integration of the scattering pattern from q = 0 to q = ∞ 40 

(equation 5)2, 5, 7. Q is a function of the fraction of the scattering 
particles (φ) and ∆ρ (equation 6).2, 3, 7 In equation 6, (1 – φ) can 
be assumed to be approximately unity in a dilute system. Hence, 
equation 7 can be rewritten as a function of the particle volume 
and particle number (equation 7). 45 
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When I(0) and Q have been determined, these can be used to 
calculate the particle volume and particle number using equations 50 

8 and 9, respectively.2-4 
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If a dilute suspension (no inter-particle interferences of X-rays) 
has two particle populations with a sufficient difference in 55 

particle size, the scattering from the individual particle 
populations show features at different q values in the scattering 
patterns and Kratky plots (Fig. 1). From this, a Q and I(0) can be 
estimated for both particle populations, separately. Thus equation 
8 and 9 can also be used to estimate the Vp (and thus the particle 60 

diameter) and particle number (and thus the volume fraction for 
each particle population) for both particle populations. An 
example of this type of analysis from a simulated scattering 
pattern with two particle population is given in Fig. 1 and Table 
1.8 65 

 
Fig. 1 Simulation of a SAXS pattern on a log-log scale (a) and the 

corresponding Kratky plot (b) from a system with 2 particle populations 
as described in Table 1. 

Table 1 Calculations performed on the simulated SAXS pattern shown in 70 

Fig. 1. 

 Simulated   Estimated using equation 5, 7 and 8  

Population Particle 
diameter 

Volume 
fraction 

 I(0) Q Particle 
diameter 

Volume 
fraction 

1 20 nm 50 %  1143 0.0306 20.7 nm 49 % 
2 2000 nm 50 %  8.96E8 0.0316 1892 nm 51 % 

 
It has to be noted that the results from equations 8 and 9 are only 
quantitative when full scattering patterns (qmin → 0 and 
qmax → ∞) are collected and the absolute intensity is known.9 If 75 

data are missing at large q values then Vp will be overestimated, 



while if data are missing at low q values of Vp will be 
underestimated. Furthermore, additional information on the 
structure of the particles would need to be collected (∆ρ) to allow 
the calculation of the absolute particle numbers.  

Solution chemistry  5 

 
Fig.2 Solution data from the 42 µM U(VI) and 4.2 µM U(VI) 

experiments; the error bars on the data from the 42 µM U(VI) experiment 
are the standard deviation of triplicate experiments 

 10 

Selected Area Electron Diffraction 

 
Fig. 3 Selected Area Electron Diffraction images from the 1 day 42 µM 

U(VI) and the 1 week 252 µM U(VI) experiments, the quarter circles 
represent the Bragg reflections for clarkeite that are more than 10% the 15 

intensity of the maximum intensity peak (the thickness of the quarter 
circles is proportional to the intensity of the reflections). Miller indices 

for Bragg reflections more than 25% the intensity of the maximum 
intensity peak are labelled   
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Chapter 5. U(VI) Nanoparticle Stability Under Alkaline Conditions in 

the Presence of Rock Forming Minerals and Cement 

 

This chapter is a manuscript prepared for submission to the journal Applied Geochemistry. 

Supporting Information supplied with this manuscript is included following the 

manuscript.  
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Abstract  

Colloidal U(VI) nanoparticles have been observed and fully characterised in high pH 

(pH > 13.1) synthetic cement leachate as uranate-like phases. Here, we investigate the 

stability of these colloids (42 µM U) in reaction systems containing rock-forming minerals 

and cement phases at pH 13.3. These conditions are relevant to the early stages of 

intermediate level radioactive waste disposal where cementitious materials will be utilised 

and where extremely high pH cement leachate is expected post-disposal. The U(VI) 

colloids were stable and remained largely in solution in the presence of biotite, orthoclase, 

and quartz for at least 18 months. By contrast, when contacted with cement, > 97 % of the 

U(VI) colloids were retained on solids over 21 months. Experiments conducted at trace 

concentrations of U(VI) (2.0 x 10-10 M) showed similar levels of sorption to cement with 

less than 4 % U remaining in solution after 48 hours. Even at this trace concentration, 

under the high pH conditions of the experiment, ultrafiltration showed that nearly all of the 

U (~ 79 %) was present in the 3 – 10 kDa size range as colloids. Together, these data 

confirm that U(VI) colloids are poorly reactive with biotite, orthoclase, and quartz but that 

significant reactivity occurs in systems containing cement phases. EDTA was then used as 

a competing ligand to test the strength and reversibility of the U(VI) interaction with 

cement at low U concentrations (2.0 x 10-10 M). Here, high concentrations of EDTA 

(> 0.01 M) reduced the extent of U(VI) sorption at apparent equilibrium when the ligand 

was added to the radionuclide prior to contact with cement. In contrast, the addition of 

EDTA to a pre-equilibrated system of U(VI) and cement resulted in significantly less 

desorption suggesting some fraction of the U(VI) was irreversibly bound. Luminescence 

spectroscopy was used to analyse U sorption in these experiments and here, the dominant 

spectral contribution was from a U(VI) species consistent with surface complexation or 

incorporation, but a feature consistent with the presence of uranate was also apparent. 

X-ray Absorption Spectroscopy from the higher U concentration cement experiment also 
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found that U(VI) was either sorbed or incorporated and/or precipitated in a 

uranophane-like coordination environment. This suggests that changes in solution 

chemistry, surface-mediated precipitation, or sorption of the U(VI) nanoparticles to the 

cement surface also contributed to the removal of U(VI) from solution. These results have 

important implications for U(VI) mobility under geological disposal facility conditions.  
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1. Introduction 

The development of a safe method for the disposal of higher activity radioactive wastes 

(HAW) is a priority issue globally (DECC, 2010; Morris et al., 2011; NDA, 2013; Ministry 

of the Environment Sweden, 2014). Currently, the United Kingdom (UK) intends to 

implement geological disposal of its HAWs, underground (200 – 1000 m) in a purpose 

built Geological Disposal Facility (DECC, 2015). At present the UK has a generic design 

for Intermediate Level Waste (ILW) disposal, utilising a multi-barrier concept. This 

consists of the waste-form (grouted ILW), the waste container (typically steel/iron), and 

backfill, with the geosphere providing the final and ultimate barrier to radionuclide 

migration (Morris et al., 2011; NDA, 2014). One backfill currently being considered is a 

cementitious material, Nirex Reference Vault Backfill (NRVB), a mixture of Ordinary 

Portland Cement (OPC), limestone flour, and hydrated lime (NDA, 2014). In addition, 

cementitious grout, which also contains OPC, will be used to encapsulate ILW (Cronin and 

Collier, 2012), and a significant amount of cement will likely be employed in the 

construction of the geological disposal facility (GDF) structure. After the closure of any 

GDF located in a higher strength host rock, the facility will become saturated with regional 

groundwater (NDA, 2014). This groundwater will initially cause dissolution of the NaOH 

and KOH constituents of the cementitious phases, followed by the portlandite (CaO) 

fraction and Calcium-Silicate-Hydrate (C-S-H) phases, generating hyperalkaline (pH 10 – 

>13) leachate with elevated levels of K+, Na+, and Ca2+ ions (Small and Thompson, 2009; 

Butcher et al., 2012). These leachates will form a high pH Chemically Disturbed Zone 

(CDZ) in the surrounding host rock (Berner, 1992; Bots et al., 2014; Moyce et al., 2014). 

After closure, the engineered barrier system will degrade and long-lived radionuclides in 

the packaged waste are expected to be released. 

By mass, uranium is the most significant radionuclide present in ILW (Marshall et al., 

2014; RWM, 2015). The UK also has a significant stockpile (approximately 
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185,000 tonnes) of depleted, natural and low enriched uranium from reprocessing 

operations which may also be designated for disposal in the deep subsurface, and U(VI) 

may comprise a significant component of this waste (RWM, 2015). 

Initially, conditions within the GDF will be oxic, and will develop to become reducing 

over 100’s of years (Grive et al., 2009; NDA, 2010; Grive et al., 2011). Despite the 

chemically reducing environment, under alkaline conditions U(VI) may be stabilised and 

could therefore persist for a significant period post closure (Gaona et al., 2012; Bots et al., 

2014; Smith et al., 2015). One of reasons for using a cementitious backfill is the low 

predicted solubility of uranium in the hyperalkaline cement leachates (Yamamura et al., 

1998). The alkali and alkali-earth uranates (e.g., Na(UO2)O(OH)·(H2O)0−1 and CaUO4) are 

highly insoluble at elevated pH, so that aqueous U(VI) concentrations at pH 10 are 

predicted to be in the order of 10-9 M at equilibrium (Yamamura et al., 1998; Gorman-

Lewis et al., 2008). The concentration of U(VI) in the CDZ is also expected to be low as a 

result of its adsorption to, and incorporation within, mineral phases, including the abundant 

cementitious materials present within the facility and silicate minerals in the host rock 

(Moyce et al., 2014). Several studies have observed that the introduction of hardened 

cement paste into a system containing aqueous U(VI) results in the removal of U from 

solution (Harfouche et al., 2006; Tits et al., 2008; Wieland et al., 2010; Tits et al., 2011; 

Macé et al., 2013). Macé et al. (2013) found that U(VI) uptake was controlled by sorption 

to C-S-H phases at pH 13.3. Both extended X-ray absorption fine structure spectroscopy 

(EXAFS ;Harfouche et al., 2006; Macé et al., 2013) and luminescence spectroscopy (Tits 

et al., 2011) have been used to probe the coordination environment of U associated with 

cement phases on reaction with aqueous U(VI) between pH 10 and 13.3. These studies 

concluded that the uranyl hydroxide species, U(VI)O2(OH)4
2-, was sorbed to the surface or 

incorporated into the interlayer of the C-S-H phases in a uranyl silicate, uranophane-like 

environment, when the initial aqueous U(VI) concentration was below ~ 0.5 mM. In 
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addition, at concentrations > ~ 0.5 mM U(VI), a Ca-uranate-like precipitate was also 

observed suggesting that precipitation of uranate phases controls U(VI) solubility at 

elevated concentrations (Macé et al., 2013). The Ca-uranate like environment has also been 

observed by Moroni and Glasser (1995), and Tits et al. (2008; 2011) over a variety of 

U(VI) concentrations. 

U(VI) has also been shown to sorb strongly to a range of naturally occurring minerals 

likely present within the CDZ of a GDF. These include iron oxides (Moyes et al., 2000; 

Dodge et al., 2002), which have a high sorption capacity and are ubiquitous in the 

subsurface, as well as common rock forming silicates (Sylwester et al., 2000; Davis et al., 

2004), and carbonates (Smith et al., 2015). The sorption of aqueous U(VI) on to biotite 

(Ames et al., 1983; Ilton et al., 2004; Brookshaw et al., 2015), chlorite (Singer et al., 2009; 

Brookshaw et al., 2015), orthoclase (Kerisit and Liu, 2014), and quartz (Froideval et al., 

2003; Uyuşur et al., 2014) has been observed under ambient pH and low carbonate 

conditions, relevant to geological disposal. The presence of carbonate in the system can 

have a marked impact on the mobility of U(VI) as soluble uranyl-carbonate complexes can 

form, preventing sorption to, or incorporation within, mineral surfaces thereby maintaining 

U(VI) mobility (Grenthe et al., 1992; Pabalan and Turner, 1997; Murphy and Shock, 1999; 

Reeder et al., 2000). In fact, the concentration of aqueous carbonate will be low within the 

facility post closure since, under alkaline cementitious conditions, dissolved carbonate is 

expected to react with Ca leached from the cement and precipitate as calcite to a solubility 

limit of ~ 0.006 mM at pH 13.3 (Dow and Glasser, 2003; Smith et al., 2015). Aqueous 

U(VI) is therefore expected to be largely immobile both within and in the CDZ of a GDF 

as a result of adsorption and solubility constraints.  

Interestingly, colloids are widely known to facilitate the transport of heavy metals (e.g. Hg, 

Ni, Co, Pb) in the subsurface in some systems (Lowry et al., 2004; Sen and Khilar, 2006; 

Bin et al., 2011) and have been implicated in the migration of uranium (Wang et al., 2013; 
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Bots et al., 2014; Smith et al., 2015) and plutonium (Kersting et al., 1999; Utsunomiya et 

al., 2009) in a range of engineered and natural environments. Intrinsic colloids comprised 

of radionuclides (Walther and Denecke, 2013), as well as mineral colloids with 

radionuclides bound to them, including cement derived colloids, have been reported 

(Gardiner et al., 1998; Wieland and Spieler, 2001; Missana et al., 2008). However, in order 

to facilitate radionuclide migration colloids must remain stable in solution, not aggregate, 

and/or become attached to surfaces. Recently, the formation of colloidal uranate-like 

nanoparticles (1 – 2  nm in diameter) has been identified in a pH 13.1 synthetic cement 

leachate equilibrated with 4.2 µM or 42 µM U(VI), when the solution was supersaturated 

with respect to sodium and calcium uranate phases (Bots et al., 2014). These colloids were 

shown to be stable in solution (in the absence of any other solid phase) for periods of  

> 2.5 years; stability was also observed in the presence of calcite for > 18 months (Smith et 

al., 2015). These observations have obvious ramifications for enhanced U transport in the 

deep subsurface. Reflecting this, here we investigate the stability of these colloidal U(VI) 

nanoparticles in a representative hyperalkaline young cement leachate (pH 13.3) in the 

presence of biotite, orthoclase, quartz, and cement. Biotite, orthoclase, and quartz were 

chosen as they are representative of common rock forming minerals expected in higher 

strength rock (a potential host geology for a GDF), while the cement phase was chosen 

since both structural cement and cementitious backfill will be abundant within an ILW 

disposal facility (Morris et al., 2011; NDA, 2014).  

 

2. Materials and Methods 

2.1. Solid Phases 

Biotite was sourced from Silver Crater Mine, Canada. Orthoclase and quartz were sourced 

from the British Geological Survey. The single minerals were ground on a mechanical 

agate ball mill and sieved to obtain a 125-250 µm fraction which was isopropanol washed 
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prior to use in experiments. Mineral identification was confirmed using X-ray diffraction 

(XRD; Bruker D8Advance; Supporting Information Figure 1). Morphological 

characterisation of the mineral fractions was also conducted via scanning electron 

microscopy (SEM; FEI XL30 ESEM-FEG; Supporting Information Figure 2). Samples 

were prepared on standard 1 cm aluminium stubs with an adhesive carbon pad and carbon 

coated prior to imaging. The cement was made under CO2 free conditions from Ordinary 

Portland Cement, limestone flour and hydrated lime in the wt:wt ratio 265:291:100 and 

reacted for 20 minutes. This material is representative of the backfill material used in the 

UK generic intermediate level safety case (Telchadder et al., 2012). The cement was then 

hydrated at a ratio of 1.8:1 (solid:water) and the mixture stirred for 3 hours prior to curing 

for 28 days. Once cured, the cement was crushed with a pestle and mortar under CO2 free 

N2 and sieved to < 63 µM prior to sorption experiments. The surface area of the prepared 

biotite, orthoclase, quartz, and cement was measured using N2 Brunauer-Emmett-Teller 

(BET) analysis (Micromeritics Gemini V, with a Flowprep 060 sample degas system, 

Supporting Information Table 1). The experimental work described below was carried out 

under either a CO2 free, or O2 and CO2 free (N2), atmosphere as appropriate.  

 

2.2. Young Cement Leachate and Uranium Colloid Preparation 

Colloidal U(VI) nanoparticles were prepared in a pH 13.3 synthetic cement leachate 

representative of the young cement leachate expected in ILW disposal (Bots et al., 2014). 

Briefly, 5.19 g KOH (0.1 mol), 3.80 g NaOH (0.1 mol), and 10.1 mg Ca(OH)2 (0.14 mmol) 

(all AnalaR grade) were dissolved in 1 L of degassed, deionised water (final pH 13.3 ± 0.1) 

and filtered to < 0.22 µm (PVDF filter). The young cement leachate was then spiked with a 

U(VI) stock solution (2.52 mM U(VI) in 0.001 M HCl) to a final concentration of 42 µM 

U(VI) (~ 10 mg L-1) or 4.2 µM U(VI) (~ 1 mg L-1) to generate stable colloidal U(VI) 

nanoparticles (Bots et al., 2014; Smith et al., 2015). Select experiments were run at 
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252 µM U(VI) where U(VI) phases have been shown to be oversaturated (Bots et al., 

2014). 

 

2.3. Uranium Colloid Reactions with Minerals and Cement 

In all systems, the pH 13.3 young cement leachate containing U(VI) colloids was 

equilibrated for 24 hours prior to reaction with solids. Here, 10 g L-1 of the crushed, sieved, 

and washed single minerals biotite, orthoclase, and quartz were added to the colloid 

bearing solution and the pH of these experiments then remained stable throughout (within 

0.1 pH units). Periodically, samples were removed from each experiment and centrifuged 

at 16000 g for 5 minutes. Solution samples were taken from the resulting supernatant and 

filtered (less than 0.45 µm; PES or nylon filters used). Solid samples for XRD and SEM 

were washed in isopropanol to remove any residual salt and dried in a desiccator under an 

O2 and CO2 free N2 atmosphere prior to analysis. 

For the cement system, the same pre-equilibrated, 10 g L-1 set up was used. Cement 

reaction experiments were run at three U(VI) concentrations, 4.2 µM and 42 µM (run in 

triplicate) where the U(VI) colloid was stable, and 252 µM U(VI) where U(VI) is 

oversaturated (Bots et al., 2014). To characterise the different colloidal fractions in the 

reacted solutions, solution samples were filtered using 0.22 µm, 0.10 µm, and 0.02 µm 

syringe filters (PVDF or Anotop), as well as collecting unfiltered settled solutions (Bots et 

al., 2014). Selected solid samples were also collected periodically after centrifugation at 

16000 g for 5 minutes and prepared for SEM and XRD (as described in section 2.1). 

Samples for transmission electron microscopy (TEM) were also prepared by submerging 

C-SMART Plus TEM grids (Dune Sciences) in the suspension to be analysed followed by 

washing with isopropanol, and drying in a desiccator under an O2 and CO2 free N2 

atmosphere prior to characterisation. 
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The major cations in solution samples were analysed by inductively coupled plasma – 

atomic emission spectrometry (ICP-AES; Perkin Elmer 2400 DV) and total U by ICP – 

mass spectrometry (ICP-MS; Agilent 7500cx). PHREEQC (Parkhurst and Appelo, 2013) 

was used to model the expected thermodynamic speciation of U(VI) in the experimental 

systems. The ANDRA SIT (ThermoChimie v.8.0 September 2011) database which 

included the relevant sodium and calcium uranate phases (O'Hare et al., 1976), as well as 

clarkeite and becquerelite (Gorman-Lewis et al., 2008), was used for all thermodynamic 

calculations across all U concentration discussed.   

 

2.4 Trace Uranium Reaction with Cement 

Batch experiments were also performed at trace uranium concentrations ([U(VI)] = 

2.0 x 10-10 M) using the radiotracer 232U. Reactions were completed at two solid : solution 

ratios, 5 and 20 g L-1. The surface area was measured using N2 BET analysis 

(Micromeritics Gemini V, with a Flowprep 060 sample degas system, Supporting 

Information Table 1). All of the trace U experiments were performed using water which 

had been pre-equilibrated with cement for 24 hours. The solutions were sampled following 

centrifugation (15000 g; 5 minutes; approximately equivalent to filtration with a 0.5 µm 

pore size filter). The U concentrations were then measured using a Quantulus 1220 liquid 

scintillation counter. Etylenediaminetetraacetic (EDTA) concentrations were measured 

using UV-visible spectroscopy (Cary Varian 500 scan UV-Vis-nIR Spectrophotmeter; 

range 200-800 nm; typical scan rate 600 nm min-1) (Telchadder et al., 2012). Post reaction, 

the solution phase was analysed for size fractionation using a Millipore device attached to 

a nitrogen cylinder, according to the technique of Pitois et al. (2008) with membranes of 

pore size 100, 10 and 3 kDa (approximately equivalent to 3.1, 1.4 and 0.9 nm, 

respectively). Before use, the reaction cell and the membranes were washed repeatedly 

with deionized water and pre-treated with 10-4 M Eu(NO3)3 solution to saturate the 
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membrane sorption sites to prevent artefacts associated with sorption of radionuclides 

(Pitois et al., 2008). Experiments were also performed with EDTA to give final 

concentrations of 0.001 or 0.1 M of the complexant. In some experiments, the ligand was 

allowed to equilibrate with the U(VI) before the introduction of cement, whilst in others, 

the U(VI) was added to the cement prior to the addition of the ligand. 

 

2.6. Characterisation of Uranium Interactions with Solids 

2.6.1 Luminescence Spectroscopy 

Cement (10 g L-1) and portlandite (as a standard) were added to pre-equilibrated young 

cement leachate containing U(VI) (42 µM), this was allowed to react for 24 hours before 

separation of the solid phases prior to luminescence spectroscopy analysis to probe the 

U(VI) speciation. Steady-state emission spectra were recorded in Young’s tap appended 

quartz cuvettes on an Edinburgh Instrument FP920 Phosphorescence Lifetime 

Spectrometer. The system was equipped with a 5 watt microsecond pulsed xenon 

flashlamp (with single 300 mm focal length excitation and emission monochromators in 

Czerny Turner configuration) and a red sensitive photomultiplier in a Peltier (air cooled) 

housing (Hamamatsu R928P) at 77 K, using a liquid nitrogen cooled Edinburgh 

Instruments cryo-dewar. A delay and gate were applied during emission measurements 

where indicated. Lifetime data were recorded following 375 nm and 405 nm excitation 

with an EPL 375 and EPL 405 picosecond pulsed diode laser (Edinburgh Instruments), 

using time correlated single photon counting (PCS900 plug-in PC card for fast photon 

counting). Lifetimes were obtained by a tail fit on the data or by a reconvolution fit using a 

solution of Ludox in water as the scatterer, and the quality of fit judged by minimization of 

reduced chi-squared and residuals squared.  
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2.6.2. X-ray Absorption Spectroscopy 

In samples run at 42 µM U(VI) from 1 and 21 months exposure to cement where uranium 

removal had occurred, solids were collected for X-ray Absorption Spectroscopy (XAS) 

analysis. Samples were prepared by centrifuging (6000 g for 5 minutes) to obtain a mineral 

paste with a U-loading of approximately 1000 mg kg-1. The paste was then mounted under 

CO2 free Ar atmosphere in a double contained, air-tight XAS sample cell and stored 

at - 80oC prior to analysis. Analysis was performed at beamline B18 at Diamond Light 

Source on the U-LIII absorption edge using a Si(111) monochromator with samples 

maintained at liquid nitrogen temperature. Samples were analysed in fluorescence mode 

using a 9 or 36 element Ge detector with an in-line Y-reference used for energy calibration. 

Background subtraction, data normalisation, and fitting of the EXAFS were performed 

using the Demeter software package (Ravel and Newville, 2005). During fitting, FEFF 6 

was used to calculate structural models of Ca-uranate (Loopstra and Rietveld, 1969), 

clarkeite (Finch and Ewing, 1997) and α-uranophane (Viswanathan and Harneit, 1986) 

from their crystal structures. Typically, data were fitted over a k-range of 3 – 13.3 Å-1. The 

Hanning window function was used and all data were fitted in R-space (typical range, 

1.25 – 4 Å).  

 

2.6.3. Electron Microscopy 

Cement which had been exposed to synthetic young cement leachate containing 42 µM 

U(VI) colloids for 21 months was examined using SEM. The SEM images were collected 

on an FEI XL30 ESEM-FEG using backscatter electron imaging, equipped with an Oxford 

Instruments Inca EDX. SEM samples were mounted on a carbon pad, carbon coated and 

imaged. 
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A sample of biotite exposed to young cement leachate containing 42 µM U(VI) was 

suspended in isopropanol, loaded on to a copper-coated TEM grid with holey-carbon, and 

the isopropanol was then allowed to evaporate prior to analysis using TEM. TEM images 

were collected using a Philips CM200 field emission gun TEM/STEM (FEGTEM) with 

Supertwin Objective lens, cryoshield, Oxford Instruments Inca EDX system and Gatan 

Imagaing Filter. Images were analysed using the processing software ImageJ (Abramoff et 

al., 2004). 

 

3. Results and Discussion 

3.1. U(VI) Colloid Stability in the Presence of Biotite, Orthoclase, and Quartz 

 

Figure 1. Concentration of uranium remaining in solution (< 0.45 µm) after biotite (■), 

orthoclase (▲), and quartz (●) were added to young cement leachate containing 42 µM 

U(VI). Error bars are 1σ from three replicates. Where not visible, error bars are within the 

symbol size. 
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To assess the stability of U(VI) colloids in contact with common rock forming minerals, 

U(VI) colloid bearing young cement leachate (Bots et al., 2014) was reacted with biotite, 

orthoclase, and quartz (1 : 100 solid : solution ratio) for up to 250 weeks under controlled 

conditions (Figure 1). Throughout, the majority of the U(VI) remained filterable 

(< 0.45 µm) when in contact with the minerals over extended periods (Figure 1). This 

indicates that reaction of the colloidal uranium nanoparticles with the solid phases was 

limited and indicates the U(VI) remained stable in solution as a colloidal phase. 

Interestingly, in the case of biotite, approximately 20 % (7 µM) of the U(VI) was removed 

from the filterable fraction after 2.5 years contact (Figure 1). 

 

 Initial 
(mM)  

Final time 
point after 

equilibration 
with biotite 

(mM) 

Final time 
point after 

equilibration 
with 

orthoclase 
(mM) 

Final time 
point after 

equilibration 
with quartz 

(mM) 

After 10 
minutes 

equilibration 
with cement 

(mM) 

After 1 month 
equilibration 
with cement 

(mM) 

After 21 
months 

equilibration 
with cement 

(mM) 

Na 91.1 109 83.7 83.3 78.0 ±0.8  75.7 ± 0.6 75.1 
K 75.8 93.1 117 117 65.7 ± 0.6 65.4 ± 0.4 63.3 
Ca 0.13 0.066 0.032 0.001 1.4 ± 0.02 1.5 ± 0.06 1.10 
Al - 0.078 0.45 0.044 - - 0.078 
Si 0.08 4.51 1.63 14.8 13.9 ± 2.5 11.4 ± 2.0 0.161 

Table 1. Comparison of the initial young cement leachate composition with that measured 

by ICP-AES after equilibration with 10 g L-1 biotite, orthoclase, quartz, and cement after 

filtration (< 0.45 µm). Errors are 1σ from three replicates. 

 

In filtered samples taken from pure mineral systems, the young cement leachate Na and K 

concentrations remained relatively stable (100 ± 18 mM; Table 1) throughout the 

experiment. However, in all reacted systems, increased concentrations of Si and Al were 

observed compared to the young cement leachate (Table 1) suggesting that partial 

dissolution of all three minerals occurred. Despite these bulk changes, in the orthoclase and 

quartz experiments no removal of U(VI) was observed from the filterable (< 0.45 µm) 

fraction. This suggests that in these systems, U(VI) colloid stability was not significantly 
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affected by Si and Al dissolution. The Ca concentrations decreased significantly from 

0.14 mM in the young cement leachate to 0.07, 0.03, and 0.001 mM in the biotite, 

orthoclase, and quartz systems, respectively. This is consistent with either the sorption of 

Ca to the mineral phase (Schaefer, 1991) or the precipitation of Ca containing phase(s) 

from solution (Heberling et al., 2008). Again, the removal of Ca did not significantly 

influence U(VI) colloid behaviour in the orthoclase and quartz fractions. 

During reaction, the U(VI) was present as uranate-like colloids which are expected to be 

much more negatively charged than the aqueous UO2(OH)4
2- species (Bots et al., 2014). 

This significant change in U(VI) speciation presumably explains the contrast between the 

poor reactivity of the U(VI) colloidal phase with the single mineral phases observed in our 

systems compared to parallel studies at ambient pH where aqueous uranyl species will 

dominate. The sorption of U(VI) to biotite (Ilton et al., 2004; Brookshaw et al., 2015), 

orthoclase (Arnold et al., 1998; Walter et al., 2005; Nebelung and Brendler, 2010), and 

quartz (Arnold et al., 1998; Arnold et al., 2001) has previously been observed at 

circumneutral pH. Up to pH 9.5 under low carbonate (< 3 ppm) conditions, the sorption of 

aqueous U(VI) to quartz has been observed from solutions with initial U(VI) 

concentrations of 0.2 µM (Prikryl et al., 2001), despite the formation of negatively charged 

U(VI) solution species (UO2(OH)3)- and (UO2(CO3)3)4- which will be subject to 

electrostatic repulsion from the surface. Aqueous U(VI) sorption to biotite (Yoshida, 1994) 

and orthoclase (Kerisit and Liu, 2014) is also anticipated at modestly high pH (~ 9) under 

both low and atmospheric carbonate conditions, respectively. This is despite the 

dominance of negatively charged uranyl hydroxide (UO2(OH)3)- and ((UO2)3(OH)7)- and 

carbonate (UO2(CO3)3)4- and (UO2(CO3)2)2- species in these systems, which are expected 

to undergo electrostatic repulsion from the biotite, orthoclase, and quartz surfaces which 

are also predicted to be negatively charged (point of zero charge: ~ 2, < 1, and ~ 7, 

respectively; Butler and Ginley, 1978; Vochten et al., 1991; Olin et al., 2006; Kosmulski, 
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2009; Kosmulski, 2012; Bots et al., 2014). In aqueous systems reaction with the negatively 

charged mineral surface is expected to occur via the positively charged UO2
2+

(aq) species, 

with which the dominant negatively charged species will be in equilibrium (Prikryl et al., 

2001). However, our experiments have been designed to investigate the reaction of colloids 

with mineral surfaces and therefore U(VI) colloids are expected to be the reactive species. 

Colloidal U(VI) is expected to be more negatively charged than the aqueous U(VI) species 

(Bots et al., 2014). This is consistent with the experimental data and suggests there is 

sufficient electrostatic repulsion to prevent sorption to the mineral surfaces as observed in 

past work in these colloid dominated systems (Smith et al., 2015). Overall, the detection of 

uranium in the filtered fraction after contact with biotite (2.5 years), orthoclase (5 years), 

and quartz (1.5 years) demonstrates long term stability of the U(VI) colloidal phase despite 

some dissolution / reprecipitation of the minerals as evidenced by the removal of Ca from 

solution and the release of Si and Al observed over the course of the reaction (Table 1). 

The detection of uranium in the filtered fraction after 5 years contact with orthoclase also 

extends the period of U(VI) colloid stability probed by Bots et al. (2014).  

 

Figure 2. TEM image of a U rich area of the biotite fines after contact with young cement 

leachate containing 42 µM U(VI) (see Supporting Information Figure 3 for EDX). 
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Interestingly, while the majority (~ 80 %, 25 µM) of the U(VI) remained filterable 

(< 0.45 µm) when the colloid was contacted with biotite, ~ 20 % was slowly removed from 

solution over the course of the experiment (2.5 years; Figure 1). In a sample taken at 

18 months, ~ 20 % of the U(VI) colloid had been removed from solution and the reacted 

biotite was characterised using TEM (Figure 2). Here, energy dispersive X-ray 

spectroscopy (EDX) showed discrete uranium rich areas within the biotite fines with co-

location of U, Fe and Ca (EDX2; Supporting Information Figure 3). The precipitation of 

U(VI) as Ca-uranate like phase from the biotite containing experiment was 

stoichiometrically possible (33 – 25 µM U and 130 – 66 µM Ca). Indeed, precipitation of 

Ca uranate has previously been observed from solutions at pH > 13 (Macé et al., 2013; 

Smith et al., 2015) with precipitation occurring only in the presence of mineral surfaces 

(Macé et al., 2013; Smith et al., 2015). However, the precipitation of Ca-uranate seems 

unlikely to control U(VI) sorption to biotite for two reasons: firstly, in the systems 

containing orthoclase and quartz, Ca removal occurred but U(VI) was not removed; 

secondly, the removal of Ca and U(VI) in the biotite system was not clearly correlated 

(Figure 1 Supporting Information Figure 4). Alternatively, the modest U(VI) removal in 

biotite may be explained by reductive precipitation of U(VI) to poorly soluble U(IV) via 

reaction with Fe(II). Here, the slow reduction of U(VI), and the subsequent precipitation or 

sorption of poorly soluble U(IV) phases has previously been observed in systems 

containing biotite (Ilton et al., 2004; Ilton et al., 2006; Brookshaw et al., 2015). Overall, 

removal of a small fraction of U(VI) occurred in the biotite systems forming discreet U, Ca 

and Fe rich areas in the biotite with both Ca-uranate precipitation and U(VI) reduction 

possible pathways for this process. 
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3.2 U(VI) Colloid Stability in the Presence of Cement 

3.2.1. Changes in Solution Chemistry in the Cement Systems 

The stability of the U(VI) colloids was also assessed in the presence of cement by 

introducing a solid cement phase to the U(VI) colloid bearing young cement leachate. Past 

work has shown under these conditions and in young cement leachate the U(VI) colloids 

consisted of  primary particles 1 – 2 nm in diameter which were persistent over 2.5 years 

(Bots et al., 2014). In systems assessing the reaction of U(VI) colloids with solid cement, 

filtration was performed using 0.02 µm, 0.10 µm, and 0.22 µm filters to explore the nature 

of the solution phase more fully. The concentration of U(VI) in all filtrates was essentially 

the same within error, thus only the < 0.02 µm fraction is fully discussed here (major 

cation data are supplied in Supporting Information Figure 5 and full U data in Supporting 

Information Figure 6).  

The addition of the solid cement to the U(VI) colloid bearing young cement leachate 

altered the porewater chemistry within the first 10 minutes of reaction. Compared to the 

initial leachate, the Ca concentration increased 10 fold, from 0.13 mM to 1.40 ± 0.02 mM, 

and the concentration of Si increased from 0.02 mM to 13.9 ± 2.5 mM (Table 1; 

Supporting Information Figure 5). Over the same period the Na and K concentrations both 

decreased by ~ 15 % (from 91.1 to 87.0 ± 0.8 mM, and from 75.8 to 65.7 ± 0.4 mM, 

respectively).  The increase in Ca concentration was presumably as result of the rapid 

dissolution of portlandite (Ca(OH)2) within the cement matrix (Berner, 1992), while the 

elevated Si concentration is typical of a solution in equilibrium with a cement phase in 

which rapid and partial dissolution of C-S-H phases has occurred (Berner, 1992). 

Following this initial reactivity, the Ca and Si porewater chemistry then remained stable 

from 10 minutes to 1 month with respect to K, Na, Ca, Al, and Si concentrations. In order 

to investigate long term behaviour in this system, a further time point was also taken after 

21 months. Between 1 and 21 months, Na, K, and Al concentrations remained constant, the 
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Ca decreased slightly (from 1.5 to 1.1 mM), and there was a significant reduction in the Si 

concentration (from 11.4 to 0.16 mM; Table 1 and Supporting Information Figure 5). The 

decrease in the concentration of Ca and Si between 1 and 21 months suggests the 

precipitation of Ca / Si containing phases, which has been widely observed under 

hyperalkaline conditions (Tang et al., 1995; Moyce et al., 2014; Nakashima et al., 2014; 

Fernández et al., 2016). 

 

3.2.1.1. Thermodynamic Calculations 

To further understand the U(VI) behaviour in the cement system, a series of 

thermodynamic modelling calculations using PHREEQC (V3.3.7) (Parkhurst and Appelo, 

2013) were run using the ANDRA SIT (ThermoChimie v.8.0 September 2011) database. 

In the high pH (13.3) young cement leachate, U(VI) (4.2 – 252 µM) is predicted to be 

supersaturated with respect to several calcium and sodium uranate phases including 

Ca-uranate (CaUO4(cr)); clarkeite (NaUO2O(OH)·(H2O)0-1); and Na2U2O7 (Supporting 

Information Table 2). The solution composition was then re-modelled with the evolved 

young cement leachate composition after 10 minutes, 1 month, and 21 months reaction 

with cement. Under these conditions CaUO4(cr), clarkeite, and Na2U2O7 remained 

supersaturated at all time-points and, interestingly, uranophane, a U(VI) silicate phase 

relevant in cementitious systems (Macé et al., 2013), was also supersaturated after 

10 minutes and 1 month of reaction. However, after 21 months of reaction the observed 

decrease in the aqueous Si concentration in the reacted systems (Table 1) meant that 

uranophane was no longer predicted to be supersaturated. Since uranophane, which 

contains uranium in a uranyl coordination environment, is supersaturated at shorter time-

points, these modelling data indicate that uranium phases containing uranium in both 

uranate and uranyl coordination environments (e.g. Ca-uranate, clarkeite, Na2U2O7, and 

uranophane) are possible in these systems. For the single mineral phase solutions for 



128 
 

biotite, orthoclase, and quartz at the end of reaction where only limited U(VI) removal 

(< 20 %) was observed, PHREEQC calculations found that uranophane was undersaturated 

whilst clarkeite and Ca-uranate were predicted to be supersaturated (Supporting 

Information Table 3). Overall the thermodynamic modelling data suggest that uranophane 

is supersaturated in the cement system at shorter timepoints but becomes undersaturated 

between 1 and 21 months of reaction. This indicates that U(VI) could be present in a 

uranyl like coordination environment as a uranophane precipitate, or sorbed or 

incorporated within C-S-H phases, as previously observed in the literature (Zhao et al., 

2000; Harfouche et al., 2006; Tits et al., 2011; Macé et al., 2013; Tits et al., 2014).  

 

3.2.2. U(VI) Filtration Results 

 

Figure 3. Concentration of uranium remaining in young cement leachate equilibrated with 

A = 252 µM U(VI) and B = 4.2 µM U(VI) and then exposed to 10 g L-1 cement; ■ = 0.02 

µm filtered; ● = unfiltered; ▲ = 0.02 µm filtered control containing no cement. 

 

When a solution containing 252 µM U(VI) was contacted with cement, significant 

(94.3 %) removal of U(VI) occurred during the 24 hour equilibration without mineral 

present with only 1.0 µM U(VI) remaining filterable (< 0.02, < 0.10, and < 0.22 µm) after 

28 days (Figure 3A). This is similar to the behaviour of the control experiment with no 
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cement, where 1.9 µM U(VI) was filterable (< 0.02 µm) after 28 days (Figure 3A), and 

showed comparable kinetics. Past work in parallel systems at 252 µM U(VI) documented a 

similar drop in filterable (< 0.02 µm) U(VI) which was due to the formation and 

aggregation of a clarkeite-like precipitate (Bots et al., 2014). Thus, in the cement system at 

252 µM U(VI), solution data from the current experiments suggest precipitation of an 

oversaturated uranate-like phase similar to that observed in Bots et al. (2014), rather than 

any significantly enhanced reactivity with the cement surfaces (Figure 3). Interestingly, 

thermodynamic calculations using the evolved young cement leachate composition at 

1 month showed that the filterable (< 0.02 µm) solutions, which contained 1.0 µM U(VI) at 

the experimental end point, remained supersaturated with respect to the uranate phases, 

clarkeite and Ca-uranate (Supporting Information Table 2). This implies even after 

significant U(VI) removal to solids, the evolved solution was supersaturated with respect 

to clarkeite and Ca-uranate and therefore likely contains U(VI) colloids. 

 

Figure 4. Concentration of uranium remaining in young cement leachate containing 42 µM 

U(VI) in contact with cement; ■ = 0.02 µm filtered, ● = 0.1 µm filtered, ▲ = 0.22 µm 

filtered, ▼ = unfiltered, ◄ = 0.02 µm filtered control containing no cement. Error bars are 

1σ from three replicates.  
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In the experiments containing 4.2 µM U(VI), reaction with the cement again lead to 

significant reduction in the filterable (< 0.02, < 0.10, and < 0.22 µm) U(VI) concentration, 

with only 0.1 µM U(VI) remaining after 28 days in all three filtrates (Figure 4B). A similar 

reduction in the filterable (< 0.02 µm) U(VI) concentration was observed in systems 

containing 42 µM U(VI), where 1.2 ± 0.1 µM U(VI) remained filterable in all three 

filtrates after 28 days of reaction. Over 21 months this U concentration then remained 

constant (Figure 4B). Reaction of the U(VI)-colloids with cement led to significant 

removal of U from the filtrates in the 4.2 and 42 µM U(VI) systems. However, the U(VI) 

concentrations remaining filterable, after extended reaction in these systems (0.1 and 

1.2 ± 0.1 µM, respectively), were still elevated (100 – 1000 fold) compared to the 

thermodynamically predicted solubility of alkaline earth uranates of ~ 1 nM anticipated in 

a high pH (10 – 13) cement leachate (Supporting Information Table 2) (Yamamura et al., 

1998; Gorman-Lewis et al., 2008; Bots et al., 2014). This predicted oversaturation again 

suggests that the filterable U(VI) was likely present as U(VI)-colloids. Overall, despite the 

significantly enhanced reactivity of the U(VI) colloid to cement compared to biotite, 

orthoclase, and quartz, the filtration results suggest that U(VI) colloids are persistent in the 

< 0.02 µm filterable fraction over extended times. This has important implications for 

U-solubility in conditions relevant to geological disposal.   

The removal of U(VI) from the < 0.02 µm filterable fraction in the 4.2 µM and 42 µM 

U(VI) systems is attributed to enhanced reactivity in the cement systems either through the 

cement dissolution altering porewater chemistry and/or the minerals providing surfaces for 

reaction. This is because, in the absence of any mineral surface, 42 µM U(VI) remained 

filterable (< 0.02 µm) over 2.5 years (Bots et al., 2014) and in systems containing calcite 

(Smith et al., 2015), orthoclase, and quartz (this study) no significant removal occurred. 

The enhanced reactivity of the U(VI)-colloids with the cement phase could be due to the 

higher point of zero charge of C-S-H phases (~ pH 10), compared to that of orthoclase and 
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quartz (< 1 and ~ 7, respectively) (Diamond et al., 1963; Butler and Ginley, 1978; Vochten 

et al., 1991; Kosmulski, 2009; Kosmulski, 2012). At pH 13.3, cement would be expected 

to have a lower net negative charge than the single mineral phases investigated. Since the 

U(VI)-colloids are also expected to be negatively charged at pH 13.3 (Bots et al., 2014), a 

lower net negative charge on the mineral surface would be expected to reduce the 

electrostatic repulsion between the U(VI)-colloids and the mineral surface, potentially 

enhancing reactivity.  

In terms of the bulk chemistry of the 42 µM U(VI) cement system between 1 and 

21 months of reaction, the filterable (< 0.02 µm) Ca and Si concentrations decreased 

(Table 1; section 3.2.1). This suggests the precipitation of Ca / Si containing phases was 

occurring, which is consistent with past work in hyperalkaline systems (Tang et al., 1995; 

Nakashima et al., 2014; Fernández et al., 2016). However, the majority of the U(VI) (97 %, 

40.8 µM) was removed within the first month (Figure 4), during which time the porewater 

concentration of Ca and Si remained relatively elevated. In fact, as the Ca and Si 

concentrations are in significant excess compared to the U(VI) concentrations (Table 1), it 

is difficult to determine whether the removal of either of these elements from the filterable 

(0.02 µm) fraction coincides with that of uranium. Certainly at bulk scale the U(VI) and Ca 

removal do not seem to correlate. The removal of colloidal U(VI) as Ca-uranate, from a 

pH 10.5 cement leachate, has previously been observed in the presence of both a calcite 

surface and increased (200 µM) Ca porewater concentrations (Smith et al., 2015). In the 

absence of the calcite surface the U(VI) remained stable in solution at pH 10.5. In cement 

leachate with a comparable composition to the initial young cement leachate investigated 

in this study (pH 13.3., 135 µM Ca), no U(VI) was removed from solution in the presence 

of calcite (Smith et al., 2015). This suggests that both the increased Ca concentration due 

to portlandite dissolution and the calcite surface are required for Ca-uranate formation 

(Smith et al., 2015). In our system, the removal of U(VI) from the filterable (< 0.02 µm) 
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fraction was similarly slow, presumably due to only the small fraction of truly dissolved 

U(VI) being able to react (Smith et al., 2015). Interestingly, U(VI) remained filterable in 

contact with orthoclase and quartz for at least 18 months (Figure 1), suggesting the that 

type of surface present is also important.  

 

3.2.3 Trace 232Uranium Reaction with Cement 

 

Figure 5. Percentage of U232
(aq) remaining in solution after contact with cement 

([UT]   =  2.0 x 10-10 M). Error bars are 1σ from three replicates. 

 

232U(VI) was used to further explore the behaviour of U(VI) with cement at ultra-trace 

concentrations (2.0 x 10-10 M). Figure 5 shows the percentage of 232U(VI) remaining in 

solution after centrifugation (nominally < 0.5 µm filtration) plotted vs. equilibration time. 

U(VI) was removed from solution rapidly, and only small quantities (< 4 %) could be 

detected in solution after 48 hours. Within the narrow range studied here (5 – 20 g L-1), the 
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solid:solution ratio did not appear to make a large difference to the concentration of U(VI) 

remaining in solution. However, when the cement was removed from the experiment 

before the addition of 232U(VI), the majority of the uranium (98 %) remained in solution, 

showing that the presence of the surface was required to promote U(VI) association with 

the solid phase, presumably by either surface complexation and/or surface precipitation. 

After reaction with cement, the supernatant was ultra-filtered to separate different fractions 

(100, 10, and 3 kDa PES membranes). The results showed that 79 % of the U(VI) in the 

solution phase was present as clusters or colloidal material (i.e. > 3 kDa fractions, 

nominally greater than ~1 nm) with only 21 % present as free ions in solution (< 3 kDa, 

nominally less than ~ 1 nm). Indeed, the majority of the U(VI) (78 %) was present in the 

3 – 10 kDa (nominally 0.9 – 1.4 nm) colloidal fraction. Hence, even at the much lower 

U(VI) concentrations explored with the 232U spike these data suggest the solution phase 

was still dominated by colloids. 

PHREEQC (V3.3.7) (Parkhurst and Appelo, 2013) modelling and the ANDRA SIT 

(ThermoChimie v.8.0 September 2011) database were used to interpret the solubility of the 

U(VI) in the tracer experiments. Here, results showed that even at ultra-trace 

concentrations, the system was supersaturated with respect to Ca-uranate (CaUO4(cr), 

saturation index +3.96). Interestingly, unlike the cement leachate containing > 4.2 µM 

U(VI), uranophane was undersaturated at trace (10-10 M) concentrations, suggesting that 

any uranophane-like coordination environments observed in these ultra-trace systems were 

due to sorption rather than precipitation. The ultrafiltration data show that the majority of 

the U(VI) remaining in solution after reaction with cement was found in the smallest 

colloidal fraction (3 – 10 kDa, 78%). The combined modelling and ultrafiltration results, 

coupled to the recent work of (Bots et al., 2014), suggest that a uranate-like phase is 

expected to form presumably as a colloidal phase. When a cementitious surface is present, 

it seems that these colloids are destabilised and similar to the work at higher U 
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concentrations, U(VI) becomes reactive to the cement phases. For the U(VI) that did 

remain in true solution, the speciation was predicted to be dominated by just two species 

(UO2(OH)4
2-, 84 %; UO2(OH)3

-, 16 %), with negligible contributions from carbonate 

complexes. However, the ultrafiltration and speciation modelling suggest that the most 

important competitor for sorption on the cement is likely to be colloids even at these ultra-

trace U(VI) concentrations. 

 

Figure 6. Effect of EDTA on the sorption of 232U to cement (20 g L-1, [UT] = 2.0 x 10-10 

M); (A) effect of EDTA on sorption; (B) comparison of sorption and desorption. Error bars 

are 1σ from three replicates. 

 

To determine the extent of reversibility of 232U sorption to cement, a series of experiments 

using EDTA as a competing ligand were performed. No significant sorption of EDTA to 

cement was detected in the experiments. Figure 6A shows the change in solution phase 

U(VI) concentration with time as a function of EDTA concentration at a solid:solution 

ratio of 20 g L-1. In this experiment, the U(VI) and EDTA were allowed to equilibrate prior 

to the introduction of the cement. The amount of U(VI) remaining in solution increases 

with increasing EDTA concentration with essentially no enhanced solubility observed for 

the 0.001 M and 0.01 M EDTA experiments, and with up to 29 % solubility for 0.1 M 

EDTA.   
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To determine the reversibility of U(VI) association with the cement phases in the 

experimental systems, uranyl was pre-equilibrated with cement (20 g L-1) for 48 hours 

before the addition of EDTA (0.1 M) (Figure 6B). There was a slight temporary 

enhancement in the solution U(VI) concentration accompanying the addition of EDTA, but 

this subsequently decreased, and by the end of the experiment, the solution U(VI) 

concentration was within error of that for the system with no EDTA. The reason for the 

short-term increase in U(VI) concentration is uncertain, but is probably due to the transient 

suspension of cement particles following the sudden change in solution chemistry or to the 

physical disturbance of the system associated with the replacement of the solution. The 

most significant result is that in the U(VI) uptake experiment, 0.1 M EDTA suppressed 

U(VI) reaction with the cement. However, when the same concentration of 0.1 M EDTA 

was added once the U(VI) had become associated with the cement phase, it did not reverse 

this uptake process. This suggests that the vast majority of U(VI) was irreversibly bound to 

the cement in the experiments. The origin of the irreversibility cannot be deduced from the 

batch experimental data. However, it is unlikely to be due to the formation of simple 

surface complexes, since these should be available for exchange with the solution. It is 

more likely that the irreversibility is due to the precipitation of a uranium containing phase, 

in agreement with PHREEQC calculations which also suggested the supersaturation and 

precipitation of U(VI) phases is possible.  

PHREEQC calculations were performed to predict the effect of EDTA on the uranium 

speciation. The EDTA was predicted not to compete with hydroxide as a uranyl ligand, 

even at the highest EDTA concentration (0.1 M), where the uranyl EDTA complex 

accounts for only 3.3 × 10-7 % of the aqueous U(VI), because of competition for EDTA 

binding from Ca2+. However, PHREEQC does predict an effect on U(VI) solubility, since 

EDTA is predicted to complex very effectively with Ca2+, reducing the free calcium 

concentration. The result is that CaUO4(cr) is no longer predicted to be supersaturated. 
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However, for the lower EDTA concentrations (0.01 and 0.001 M), CaUO4(cr) was still 

supersaturated, as the EDTA concentration was still too low to suppress the calcium 

concentration sufficiently. Hence, the speciation predictions are qualitatively consistent 

with the experimental observations (Figure 6), since 0.1 M EDTA was able to prevent the 

removal of uranium from solution, whilst the lower concentrations were not: the speciation 

calculations suggest that the higher concentration could prevent CaUO4 precipitation 

because of Ca-EDTA complexation, whilst the lower concentrations will not. Hence, the 

behaviour in the EDTA experiments may be interpreted in terms of a competition between 

colloid formation in solution and (irreversible) association with the solid. 

 

3.2.4. Luminescence Spectroscopy of Cement Systems 

 

Figure 7. Luminescence data (solid lines) and literature standards from Tits et al. (2011) 

(dashed lines) of solid phases (10 g L-1) equilibrated with a U(VI) solution (4.2 µM) for 

24 hours. 
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Figure 7 shows the spectra for trace concentrations of U(VI) (4.20 µM) associated with 

cement and portlandite after 24 hours of reaction. Relevant U(VI) standards (Tits et al., 

2011) are also plotted for comparison. The portlandite sample shows the presence of a 

Ca-uranate-like species. However, there is also an additional feature which does not appear 

in the Ca-uranate standard, and is located in the region where a surface complexed or 

incorporated uranyl species would be expected (Tits et al., 2011). The uptake of U(VI) by 

C-S-H component of cement has previously been observed by Tits et al. (2011) and 

Aggarwal et al. (1990). Indeed, Tits et al. (2011) identified four different luminescent 

U(VI) species in C-S-H suspensions which included a spectrum which indicated some 

incorporation into the framework of C-S-H. In Figure 7 the small peaks in the portlandite 

sample at around 505 nm (19800 cm-1) suggest that a modest amount of incorporation or 

surface complexation may have occurred. In contrast to the portlandite sample, the cement 

spectrum is broad suggesting a heterogeneous nature. The main features are once again in 

the region expected of surface complexed or incorporated uranyl species. However, given 

that the majority of the U(VI) was found to be irreversibility bound to the cement after 

48 hours equilibration time in experiments utilising EDTA as a competing ligand, it is 

expected these features in the luminescence spectrum of cement resulted from incorporated 

uranyl species, as opposed to surface complexes. In addition to these uranyl features, there 

is also a tail to low energy in the cement spectrum, which appears in the same place as the 

Ca-uranate feature in the portlandite spectrum, suggesting the presence of mixed 

uranyl/uranate-like species. 
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3.3.5. Electron Microscopy of Cement Systems 

 

Figure 8. Backscattering electron image of cement reacted young cement leachate 

containing 42 µM U(VI) for 21 months. The circled area shows a U rich area as 

determined by EDX (Inset). 

 

To further investigate the nature of U(VI) removal from the filterable (< 0.02 µm) fraction, 

a sample of the cement which had been exposed to young cement leachate containing 

42 µM U(VI) for 21 months was analysed using electron microscopy. SEM images showed 

the solid reaction products had an amorphous structure similar to that of the fresh cement. 

In back-scattering mode, it was possible to identify regions of high electron density 

typically 1 – 2 µm in diameter (Figure 8) and EDX confirmed the presence of uranium in 

these areas. This suggests that a portion of the uranium has aggregated and been deposited 

on the cement surface and similar to past work with U(VI)(aq) systems with cement (Tits et 

al., 2011; Macé et al., 2013). 
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3.2.6. X-Ray Absorption Spectroscopy of Cement Systems 

 

Figure 9. Uranium LIII-edge XANES spectra of cement equilibrated with 42 µM U(VI) for 

1 and 21 months compared with reference spectra. Black = uranophane (Macé et al., 2013; 

Scheinost et al., 2013), brown = Schoepite, red = uranate-like precipitate from Bots et al. 

(2014), blue = 1 month cement equilibrated, green = 21 month cement equilibrated, pink = 

CaUO4 (Macé et al., 2013; Scheinost et al., 2013). The two vertical lines close to the white 

line show the position of the top of the white line in the uranyl (scheopite) and uranate 

(CaUO4) standards. Line (A) and arrows (B) highlight features related to axial and 

equatorial U – O bonds, respectively.   

 

X-ray absorption spectroscopy was used to further probe the local coordination 

environment of uranium associated with the solid phase in the cement system after 1 and 

21 months of reaction in the pH 13.3 young cement leachate. The edge energy and the 

post-edge structure of the XANES spectra (Figure 9) were compared with standard 
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U LIII-edge spectra from uranophane [Ca(UO2)2(SiO3OH)·5H2O] (Macé et al., 2013), 

schoepite (UO3·2H2O), Ca-uranate (Macé et al., 2013; Scheinost et al., 2013), and a 

clarkeite (sodium uranate)-like  phase freshly precipitated from 252 mM U(VI) doped 

young cement leachate (Bots et al., 2014). The white line of the XANES spectra of the 

solid cement phase after 1 month reaction with a 42 µM U(VI) colloidal suspension was 

broad and the edge position (~ 17173 eV) was consistent with both the Ca-uranate standard 

and the sodium uranate precipitate identified by Bots et al. (2014), suggesting the presence 

of a significant fraction of uranate in the sample. However, the presence of the resonance 

feature at ~ 17190 eV (Line (A), Figure 9) in the XANES is characteristic of the uranyl 

moiety (Farges et al., 1992), as observed in the uranophane standard. Together these 

observations suggest there is a contribution to the average sample spectrum from U(VI) in 

both a uranate and a uranyl environment. This is significant since Macé et al. (2013) 

observed U(VI) sorbed to, or incorporated into, C-S-H phases in a uranyl coordination 

environment, while U(VI) precipitated from solutions containing U(VI) colloids has been 

documented in a uranate coordination environment (Bots et al., 2014; Smith et al., 2015). 

Although it is noteworthy that the uranyl containing phase uranophane was also predicted 

to be supersaturated after 1 month (Supporting Information Table 2), and may contribute to 

the uranyl contribution to the XANES. Therefore, the XANES suggests that after 1 month 

reaction the cement associated uranium is present as both surface uranate precipitates and 

either sorbed / incorporated uranyl species, or uranophane. After 21 months reaction 

between the cement and the colloidal suspension, the XANES spectra retained its uranate-

like edge positon and structure. However, the characteristic uranyl resonance feature (Line 

A), Figure 9) became less pronounced in the XANES, suggesting that the U(VI) 

coordination environment in the aged sample was increasingly dominated by a uranate-like 

environment with reaction time. Overall, the XANES spectra after 21 months reaction 

were similar to that of the uranate precipitate identified by Bots et al. (2014) in young 
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cement leachate doped with 252 µM U(VI), suggesting uranate was increasingly dominant 

in this sample. 

The EXAFS data collected from the U-LIII edge of cement reacted with young cement 

leachate containing 42 µM U(VI) colloids for 1 and 21 months were fitted with clarkeite 

(sodium uranate, NaUO2O(OH)·(H2O)0-1), uranophane (Ca(UO2)2(SiO3OH)2·5H2O), and 

Ca-uranate (CaUO4) models to assess the goodness of fit between these different species. 

The uranophane-like model was chosen since a contribution from a uranyl species was 

identified in the XANES spectra collected after 1 month reaction (Figure 9). In addition, 

U(VI) has been found in a uranyl silicate-like environment when removed from solutions 

containing low mM concentrations (< ~ 0.5 mM) of U(VI) by C-S-H phases (Macé et al., 

2013), and U(VI), uranyl bearing silicates were found to control uptake by hardened 

cement pastes (Wieland et al., 2010). At higher U(VI) concentrations (~ 4 mM), U(VI) is 

also observed in a Ca-uranate-like coordination environment (Macé et al., 2013). Given the 

relatively high Ca concentration observed in our experimental system (1.1 – 1.5 mM, 

Table 1 and Supporting Information Figure 5) and the uranate type features in the XANES 

(Figure 9), the EXAFS were also fitted using a Ca-uranate model. In recent work in 

comparable systems but without any reactive solids, a clarkeite (sodium uranate)-like 

precipitate was identified at high U(VI) (252 µM) concentrations and stable clarkeite-like 

nanoparticles were found at lower U(VI) (42 µM) concentration (Bots et al., 2014), 

therefore fitting to a clarkeite (sodium uranate, NaUO2O(OH)·(H2O)0-1) model was also 

assessed.  
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Figure 10. EXAFS of cement equilibrated with young cement leachate containing 42 µM 

colloidal U(VI) for (A) 1 month and (B) 21 months. The data for fits are for the 

uranophane model across k-range of 3 -13.3 Å-1 and 4 -12.5 Å-1.  

 

Reaction 
Time 

Structure and 
backscatter 
path 

N R (Å) σ2 (Å2) ∆E0 (eV) S0
2 R-factor 

1 month Uranophane       

 Oax 2 1.85(1) 0.0033(7)    

 Oeq1 4.5 2.26(2) 0.0059(11)    

 Oeq2 1.5 2.44(6) 0.0095(66)    

 Si 2 3.14(4) 0.0150(50) 5.0 1* 0.0178 

21 months Uranophane       

 Oax 2 1.87(1) 0.0043(9)    

 Oeq1 4.5 2.28(1) 0.0061(12)    

 Oeq2 1.5 2.49(4) 0.0086(61)    

 Si 1.5 3.18(4) 0.0114(60) 9.5* 1* 0.0270 

Table 2. EXAFS best fit parameters for 42 µM U(VI) equilibrated in young cement 

leachate and exposed to cement for 1 and 21 months. R = atomic distance; N = 

coordination number; σ2 (Å2) = Debye-Waller factor; ∆E0 (eV) = energy shift from Fermi 

level; S0
2 = amplitude factor; R-factor = normalised least squares residual.Coordination 

numbers were fixed and multiple scattering paths were included for the axial oxygens in all 

systems. * Denotes fixed parameter. Errors are presented in parentheses and are 1σ of last 

decimal. 
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After 1 month reaction, fitting to the uranophane model best reproduced the data (Figure 

10, Table 2). When the data were fitted to the clarkeite and Ca-uranate models the Na and 

Ca distances were unphysically short (3.30 and 3.52 Å, Supporting Information Table 4) 

(Takahashi et al., 1993; Skakle et al., 1997), as a result these models were considered to be 

less credible. For the uranophane fit, the model U-Oax bond distance (1.85 Å) was between 

that expected in uranate (1.86 – 1.97 Å) (King, 2002; Catalano and Brown, 2004; Macé et 

al., 2013) and uranyl (1.70 – 1.82 Å) (Thompson et al., 1997; King, 2002) coordination 

environment. However, the split equatorial oxygen shell fitted with U-Oeq distances at 

2.26 Å and 2.44 Å, these distances are within error of those observed in uranophane 

(Ginderow, 1988; Macé et al., 2013). The addition of a Si shell at 3.14 Å also significantly 

improved the fit, as determined by the F-test (see Supporting Information Table 5) 

(Downward et al., 2007), and again was within error of the Si backscatterer in uranophane 

(Ginderow, 1988). These data suggest that after 1 month reaction the U(VI) can be best 

fitted in a uranophane-like coordination environment but clearly there is complexity within 

the spectrum. The EXAFS spectrum is representative of a range of U(VI) reactivity with 

both the adsorption of U(VI) or incorporation of U(VI) into C-S-H phases (Macé et al., 

2013), and the precipitation of uranophane all relevant to the data.  

After 21 months reaction with the colloidal U(VI) suspension modest changes in the 

EXAFS were observed (Figure 10). Fitting to a clarkeite or Ca-uranate structure, again, 

gave Na and Ca bond distances which were significantly shorter (3.41 Å and 3.53 Å, 

respectively) than those expected in these compounds (3.6 – 3.7 Å) (Takahashi et al., 1993; 

Skakle et al., 1997). When the data were fitted to the uranophane structure, the best fit to 

the spectrum was produced by a U-Oax distance of 1.87 Å, a split equatorial oxygen shell 

with U-Oeq distances of 2.28 Å and 2.49 Å, and a U-Si distance of 3.18 Å (Table 2). The 

equatorial oxygen fit and the Si backscatterer are in good agreement with those previously 

reported for uranophane (Ginderow, 1988; Macé et al., 2013), suggesting a significant 
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portion of the U(VI) remains present in a uranophane-like coordination environment either 

as a sorption complex or as a precipitate. However, the clear increase in the U-Oax bond 

distance from 1.85 Å to 1.87 Å with time suggests that the average U(VI) coordination 

environment has become increasingly uranate-like. This is supported by the goodness of fit 

for the 1 month and 21 month samples for a uranophane-like fit which show a worsening 

of fit with ageing (from 0.0178 to 0.0270). This interpretation is supported by XANES 

which shows a clear reduction in the “yl” shoulder at ~ 17190 eV after 21 months (A, 

Figure 9) suggesting a decrease in the proportion of U(VI) present in a uranyl coordination 

environment. Finally, the PHREEQC calculations suggest that uranophane is no longer 

oversaturated at 21 months (Supporting Information Table 2).  

Overall, the XAS suggest that the proportion of the U(VI) present in a sorbed, 

incorporated, or precipitated uranyl-silicate environment decreased over time, from 1 to 

21 months reaction, and that the proportion present as a uranate precipitate increased over 

this period. This suggests that over the long term, U(VI) favoured the formation of uranate 

precipitates over sorption to, or incorporated into, C-S-H phases or the formation of 

uranophane-like precipitates.  

 

4. Conclusions and Relevance to Geological Disposal 

U(VI) colloidal nanoparticles (42 µM) of the type identified by Bots et al. (2014) were 

found to be stable in contact with orthoclase and quartz in high pH (13.3) young cement 

leachate over periods of up to 5 years. Interestingly, in contact with biotite, removal of 

~ 20 % of the U(VI) was observed from the < 0.02 µm filterable fraction. TEM analysis of 

the solid biotite from this system found discrete uranium rich areas, co-located with Ca and 

Fe. This suggested either formation of a Ca and U(VI) containing phase or the reductive 

precipitation of U(IV). By contrast, when the colloids were in contact with cement, more 
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than 97 % of the U(VI) was removed from the < 0.02 µm filterable fraction within 

1 month. Despite this significant removal, the remaining solution was still supersaturated 

with respect to a number of uranate phases, suggesting the residual U(VI) in solution likely 

remained in a colloidal phase. The uptake of the U(VI) colloid by cement was consistent 

over a wide concentration range (2.0 x 10-10 – 4.2 x 10-5 M). This was likely due to the 

increase in Ca concentrations observed in the solution reacted with cement compared to the 

single mineral experiments. X-ray absorption spectroscopy of the U(VI)-amended cement 

after 1 and 21 months reaction in the young cement leachate was undertaken. After 

1 month reaction U(VI) was predominantly present in a uranophane like environment. This 

was likely due to U(VI) both sorbing to, or incorporating into, the cement in a 

uranyl-silicate-like environment (or the precipitation of the uranyl phase uranophane) with 

the XANES suggesting uranate-like uranium was also present in the sample at tens of 

percent levels (above detection thresholds). Luminescence spectroscopy on 4.2 µM 

experiments also showed evidence for both U(VI) incorporated into the C-S-H interlayer 

and precipitated as a uranate-like phase. After 21 months reaction, EXAFS fitting 

suggested the proportion of the U(VI) present as a uranate-like phase increased. The 

precipitation of a uranate phase suggests the reduction of the U(VI) concentration in the 

< 0.02 µm filterable solution is caused by the change in solution chemistry resulting from 

the partial dissolution of cement over the reaction time. This is in contrast to sorption to, or 

incorporation into, C-S-H phases, where U(VI) would be expected to be in a uranyl-like 

uranophane-type environment. There is also evidence of significant irreversibility in these 

systems, which would be consistent with incorporation within the structure of a mineral 

phase and/or the precipitation of a very stable surface precipitate, such as calcium uranate. 

SEM images of cement after 21 months contact with the colloidal suspension show 

discrete uranium rich areas, consistent with the precipitation of uranate or uranophane like 

phases.  
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Overall, U(VI) colloids are poorly reactive with common rock forming minerals, with up 

to 94 % remaining in the < 0.02 µm filterable fraction after up to 5 years contact. Greater 

reactivity was observed upon reaction with cement, where 97 % of the U(VI) was removed 

within the first month. However, 2.4 % (1.0 µM) of the U(VI) remained stable in the 

< 0.02 µm filterable fraction after 21 months reaction. This stable, colloidal fraction 

represents 1000 times the solution U(VI) concentration predicted by thermodynamic 

modelling and could have a significant impact on uranium mobility in hyperalkaline 

conditions.  
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SI Figure 1. XRD of starting minerals, biotite (black), quartz (pink), orthoclase (red), and 

cement (blue). * denotes identifying peaks. 
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SI Figure 2. SEM images of minerals prior to experimentation. A = biotite, B = orthoclase, 

C = quartz, D = cement. The plated morphology of biotite, tabular morphology of 

orthoclase, euhedral morphology of quartz, and the powdered particulate morphology of 

the cement confirmed the phase identity. The chemical purity of the minerals was 

confirmed by EDX with only the following elements identified: biotite, Fe, O, K, Mg, F, 

Si, Al; orthoclase, Si, O, Al, K; quartz, Si, O; and cement, O, Mg, Al, Si, S, K, Ca.  

 

 

 

 

 

 



155 
  

Mineral Surface area (m2g-1) 
Biotite 0.69 ± 0.1 
Quartz 0.05 ± 0.002 

Orthoclase 0.52 ± 0.02 
Cement (< 63 µm)  

Cement (125 – 251 µm) 
13.3 ± 0.1 

14.6 
SI Table 1. Surface areas of starting minerals, as determined by BET. 
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SI Figure 3. EDX spectra of areas of a TEM image (Figure 2) taken of biotite solid after 

1 year in contact with young cement leachate containing 42 µM U(VI) colloids.  

EDX2 taken of the biotite fine shown in Figure 2 clearly shows the presence of U, 

co-located with Fe and Ca. Uranium could not be detected in EDX1 which showed the 

presence of O, Si, Mg, Fe, K, and Al.  
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SI Figure 4. Ca and U concentration in < 0.45 µm filtered cement leachate spiked with 

42 µM U(VI) colloids and equilibrated with 10 g L-1 biotite. 
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SI Figure 5. Elemental composition of cement leachate containing 42 uM U(VI) after 

exposure to cement, as determined by ICP-AES. Black = 0.02 µm filter, red = 0.1 µm 

filter, blue = 0.2 µm filter, pink = unfiltered. Error bars are 1σ from three replicates. 
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SI Figure 6. Cement leachate equilibrated with A = 252 µM U(VI) and B = 4.2 µM U(VI) 

and exposed to 10 g L-1 cement; ■ = 0.02 µm filtered, ▼ = 0.1 µm filtered,  ♦ = 0.22 µm 

filtered, ●  = unfiltered.  
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Saturation 
Indices 

Spiked to 4.2 µM 
U(VI) 

Spiked to 42 µM U(VI) Spiked to 252 µM 
U(VI) 

Start 
(4.2 µM 
U(VI)) 

End (0.1 
µM 

U(VI)) 

Start 
(42 µM 
U(VI)) 

10 
minutes 
(27 µM 
U(VI)) 

1 month 
(1.2 µM 
U(VI)) 

21 
months 
(1.1 µM 
U(VI)) 

Start (252 
µM 

U(VI)) 

End (1.0 
µM 

U(VI)) 

Clarkeite 2.54 0.89 3.54 3.71 2.34 1.93 4.32 1.89 
U2O7Na2 1.29 - 3.29 3.62 0.89 0.07 4.84 - 
CaUO4 5.72 5.05 6.72 6.80 5.48 6.09 7.50 6.05 

Uranophane - - - 3.77 0.92 - - - 
SI Table 2. Saturation indices of a selection of uranium containing phases, as determined by thermodynamic modelling, in cement leachate exposed to solid 

cement at the experimental end point (U concentrations determined by ICP-MS). Where no figure is given the phase is under-saturated. 
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 Cement 
leachate 

Equilibrated 
with biotite 
for 2.5 years 

Equilibrated 
with 

orthoclase 
for 5 years 

Equilibrated 
with quartz 
for 5 years 

Clarkeite 2.14 2.03 1.84 1.87 
U2O7Na2 0.48 0.27 - - 
CaUO4 6.22 4.74 4.35 2.85 

Uranophane - - - - 
SI Table 3. Saturation indices of a selection of uranium containing phases in cement 

leachate containing 42 µM U(VI) equilibrated with single mineral phases as determined by 

thermodynamic modelling, leachate composition determined by experimentation. Where 

no figure is given the phase is not supersaturated. 
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Reaction 
Time 

Structure and 
backscatterer 
path 

N R (Å) σ2 (Å2) ∆E0 (eV) S0
2 R-factor 

1 month Clarkeite       

 Oax 2 1.83(1) 0.0040(18)    

 Oeq 5 2.26(1) 0.0081(25)    

 Na 2 3.30(3) 0.0131(53) 2.41 1.0 0.0210 

 Ca-Uranate       

 Oax 2 1.83(1) 0.0035(6)    

 Oeq 4.5 2.25(1) 0.0061(6)    

 Ca 2 3.52(3) 0.0163(48) 2.1 1* 0.0198 

21 months Clarkeite       

 Oax 2 1.87(0) 0.0045(6)    

 Oeq1 4.5 2.29(1) 0.0064(8)    

 Oeq2 1.5 2.50(2) 0.0063(29)    

 Na 2 3.41(2) 0.0084(33) 9.5* 1* 0.0147 

 Ca-Uranate       

 Oax 2 1.85(1) 0.0058(9)    

 Oeq1 4.5 2.24(1) 0.0055(12)    

 Oeq2 1.5 2.41(3) 0.0086(67)    

 Ca 2 3.53(2) 0.0108(30) 2.25* 1* 0.0172 

SI Table 4. Alternative EXAFS fit parameters for 42 µM U(VI) equilibrated in young 

cement leachate and exposed to cement for 1 and 21 months. R = atomic distance; N = 

coordination number; σ2 (Å2) = Debye-Waller factor; ∆E0 (eV) = energy shift from Fermi 

level; S0
2 = amplitude factor; R-factor = normalised least squares residual. Coordination 

numbers were fixed and multiple scattering paths were included for the axial oxygens in all 

systems. * Denotes fixed parameter. Errors are presented in parentheses and are 1σ of last 

decimal. 
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Reaction 
time Model 

R-factor 

Without the 
Na/Ca/Si shell 

Reported fit and 
confidence (%) 

of the addition of 
the Na/Ca/Si 

shell 

Addition or 
removal of the 
split equatorial 

oxygen shell 

1 month 

Clarkeite 0.0335 0.0210 
99 % 0.0199 

Ca uranate 0.0327 0.0194 
100 % 0.0192∆ 

Uranophane 0.0302 0.0178 
99 % 0.0252 

21 months 

Clarkeite 0.0327 0.0147 
100 % 0.0483 

Ca uranate 0.0402 0.0172 
100 % 0.0290 

Uranophane 0.0415 0.0270 
97 % 0.0500 

SI Table 5. Comparison of the R-factors of fits to the EXAFS of cement exposed to 

cement leachate containing 42 µM U(VI). Subsequent fits have either the Ca, Na, or Si 

shell removed, or the split equatorial oxygen shell added or removed. Confidence was 

determined using the F-test (Downward et al., 2007). ∆ Fit contained numerous 

correlations. 
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Abstract 

Manganese minerals are ubiquitous and potentially reactive phases that could retard the 

migration of radionuclides through the geosphere. Here, we investigate the interaction of 

U(VI) with δ-Mn(IV)O2, triclinic (Na)-birnessite [Na0.5Mn(III/IV)2O4 · 1.5H2O], 

hausmannite [Mn(II/III)3O4], and rhodochrosite [Mn(II)CO3] under alkaline to 

circumneutral pH conditions relevant to the geological disposal of radioactive waste and 

radioactively contaminated land. Uranium uptake onto all of the Mn oxide minerals was 

strong (> 84 %) across the whole pH range and at both U(VI) concentrations investigated 

(5.27 x 10-5 µM and 1 µM). Adsorption to rhodochrosite was slower and less extensive, 

with 25 ± 0.8 % of the U(VI) remaining in solution. Evidence of partially irreversible 

sorption, and the formation of edge-sharing bidentate inner-sphere adsorption complexes, 

were identified by X-ray Absorption Spectroscopy (XAS) and desorption experiments in 

systems containing δ-MnO2 and hausmannite. Inner-sphere adsorption complexes were 

also identified on the surface of rhodochrosite and in triclinic (Na)-birnessite systems after 

4 hours of reaction. However, after 720 hours, U(VI) in the triclinic (Na)-birnessite system 

was found to have migrated into the mineral’s interlayer, located in Na+ sites. Together, 

these results suggest that Mn minerals will be an important factor controlling U(VI) 

transport in the geosphere. The identification of irreversible sorption to δ-MnO2 and 

hausmannite suggests that these minerals will be particularly important in retarding U(VI) 

migration.  
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1. Introduction 

Being able to accurately predict the mobility of uranium (U) in the geosphere is crucial to 

the safe implementation of radioactive waste geological disposal (Morris et al., 2011). 

Uranium dominates the geodisposal waste inventory (Marshall et al., 2014; RWM, 2015) 

and given its long half-life (4.5 x 109 years for U-238), it will eventually escape primary 

containment. Once released into the subsurface, U sorption to minerals and/or co-

precipitation reactions could act to lessen its migration (Fox et al., 2006; Chardon et al., 

2008; Sherman et al., 2008; Ilton et al., 2012b; Macé et al., 2013; Marshall et al., 2014). 

However, many repository designs for the geological disposal of intermediate level waste 

(ILW) use cementitious materials that will weather and create an alkaline, cation rich 

environment (a so-called Chemically Disturbed Zone (CDZ)) upon ingress of groundwater 

into the facility (NDA, 2010b; Butcher et al., 2012; Moyce et al., 2014). U(VI) is expected 

to be relatively stable in the CDZ (Gaona et al., 2012), but cement weathering should 

encourage hydrolysis of U and precipitation of poorly soluble alkali and alkali-earth 

uranates (Yamamura et al., 1998; Gorman-Lewis et al., 2008), lessening groundwater 

transport; however, some U will still be transported out of the repository into the 

surrounding host rock. Here, the groundwater pH will buffer towards ~ pH 7 with time and 

distance from the repository. Understanding U migration through this environment will 

require a detailed assessment of U interaction with common minerals under alkaline to 

circumneutral ambient pH. This information may also prove useful in predicting U 

behaviour in shallow aquifers at nuclear contaminated sites (e.g. Sellafield, Savannah 

River; MacKenzie et al., 1999; Barnett et al., 2000; Bea et al., 2013; Sellafield Ltd., 2014).  

The transport of U(VI) in subsurface environments is predominately controlled by 

reduction to U(IV) (Law et al., 2011; Renshaw et al., 2011), dissolution/precipitation 

(Giammar and Hering, 2001; Duff et al., 2002), and sorption/desorption reactions (NDA, 

2010a; and references therein). Uranium (as U(VI)) has been observed to sorb to a wide 
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range of mineral surfaces, including clays (Pabalan and Turner, 1997; Sylwester et al., 

2000; Missana et al., 2004), silicate minerals (Fox et al., 2006; Wang et al., 2014), cements 

(Harfouche et al., 2006; Wieland et al., 2010; Tits et al., 2011; Gaona et al., 2012; Macé et 

al., 2013), and metal oxide and hydroxide minerals (Lenhart and Honeyman, 1999; Moyes 

et al., 2000; Sherman et al., 2008; Yusan and Akyil, 2008; Sun et al., 2012). Uranium can 

also be incorporated into a range of neo-forming minerals, for example calcite (Reeder et 

al., 2000) and iron oxides (Ilton et al., 2012a; Marshall et al., 2014). However, other 

actinides (e.g. Np and Pu) have also been reported to associate preferentially with Mn 

minerals in heterogeneous environmental samples (Duff et al., 1999; Powell et al., 2006; 

Francis and Dodge, 2015). Manganese minerals are common in the environment and will 

likely pervade both the far-field of a geological disposal facility (GDF) and shallow 

subsurface and contaminated nuclear sites (Roy, 1981; Dixon et al., 1990; Post, 1999; 

NDA, 2010a). The interaction of U with Mn minerals therefore presents a potentially 

significant mechanism for retarding U(VI) subsurface migration, particularly given that 

analogous iron oxide and hydroxide minerals have been found to be important for U 

(Lenhart and Honeyman, 1999; Moyes et al., 2000; Sherman et al., 2008; Yusan and Akyil, 

2008; Ilton et al., 2012a; Li and Kaplan, 2012; Sun et al., 2012; Marshall et al., 2014). 

Mn oxides in natural systems are predominantly formed by bacteria via the catalysis of 

Mn(II) oxidation, which occurs even at low dissolved O2 concentrations (Tebo, 1991; 

Clement et al., 2009). These minerals are therefore expected to persist under the mildly 

reducing conditions such as those expected in the far-field of a GDF. Their formation is 

also expected where groundwater contains relatively high levels of Mn(II), as has been 

found at radioactively contaminated sites (Campbell et al., 2011). Mn(IV) and Mn(III) 

containing Mn oxides can also oxidise immobilised U(IV) to much more soluble U(VI) 

(Fredrickson et al., 2002; Liu et al., 2002; Chinni et al., 2008), meaning that adsorption and 

desorption reactions to/from these highly biogeochemically active phases could exert 
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significant control over U mobility. The removal of U(VI) from solution by birnessite, 

δ-MnO2, and birnessite coated sand has been observed above ~ pH 6 under atmospheric 

conditions (Al-Attar and Dyer, 2002; Zou et al., 2010; Mukherjee et al., 2013). Extensive 

(> 95 %) adsorption to δ-MnO2 has been observed in the absence of carbonate at relatively 

high (50 µM) U(VI) concentrations, with a mixture of surface complexes formed (Wang et 

al., 2013). While Webb et al. (2006) found that when < 1 µM U(VI) was present during the 

formation of biogenic MnO2, the U(VI) adsorbed as a bidentate surface complex. Further, 

extended X-ray absorption fine structure spectroscopy (EXAFS) has been used to study U 

associated with hexagonal birnessite and K-birnessite under acidic conditions, with pH 

dependent edge-sharing bidentate and layer vacancy-capping sorption sites identified 

(Brennecka et al., 2011; Rihs et al., 2014).   

Despite the aforementioned work, U(VI) interactions with Mn minerals are still poorly 

understood, especially under the alkaline, low carbonate conditions relevant to UK ILW 

geological disposal. Reflecting this, here we use batch sorption and desorption experiments 

in conjunction with X-ray absorption spectroscopy techniques to investigate the interaction 

and degree of reversibility of U(VI) when reacted with a range of environmentally relevant 

Mn minerals that encompass a range of Mn oxidation states (namely: δ-Mn(IV)O2, triclinic 

(Na)-birnessite [Na0.5Mn(III/IV)2O4 · 1.5H2O], hausmannite [Mn(II/III)3O4], and 

rhodochrosite [MnCO3]) across pH range (7.5-10.5). 

 

2. Materials and methods 

2.1.  Mineral preparation 

Rhodochrosite was purchased from Alfa Aesar. δ-MnO2, triclinic (Na)-birnessite, and 

hausmannite were synthesised chemically, with the preparation methods detailed below. 

All chemicals were analytical reagent grade and all water was Milli-Q (18.2 MΩ). Mineral 
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formation was confirmed using X-ray diffraction (XRD; Bruker D8Advance; Supporting 

Information Figure 1) prior to use. Scanning electron microscopy (SEM; FEI XL30 

ESEM-FEG; Supporting Information Figure 2) was utilised to confirm morphology and 

energy dispersive X-ray spectroscopy (Supporting Information Figure 3) was performed to 

confirm mineral purity. SEM samples were prepared on standard 1 cm aluminium stubs 

with an adhesive carbon pad and carbon coated prior to imaging to limit charging. The 

surface areas of the δ-MnO2, triclinic (Na)-birnessite, hausmannite, rhodochrosite were 

measured using N2 Brunauer-Emmett-Teller (BET) analysis.  

 

2.1.1. Mn mineral synthesis 

The δ-MnO2 synthesis was adapted from Villalobos et al. (2003). KMnO4 solution (0.2 M, 

1.28 L) was added slowly, over 5 minutes, with vigorous stirring, to a solution of MnCl2 

(0.3 M, 1.28 L). NaOH (0.5 M, 1.44 L) solution was then added to the mixture slowly over 

35 minutes, with vigorous stirring, to form a black precipitate. The suspension was then 

allowed to settle for 4 hours. The pH of the supernatant was then measured as 7 and the 

majority of the supernatant was decanted and disposed of. The remaining suspension was 

then centrifuged (17000 g, 20 minutes, 20 °C) and the majority of the supernatant was 

discarded. The resulting mineral paste was washed 5 times with NaCl (1 M) and then 

10 times with water, with centrifuging (17000 g, 20 minutes, 20 °C) conducted between 

washes. The mineral suspension was finally adjusted to pH 8 using NaOH and was then 

stored below 5 °C in the dark prior to use. 

The triclinic (Na)-birnessite synthesis was adapted from Villalobos et al. (2003). MnCl2 

(0.16 M, 0.32 L) solution was added slowly, over 40 minutes, to a NaOH (7.6 M, 0.36 L) 

solution, to form a pink gel like phase. A KMnO4 (0.2 M, 0.32 L) solution was then added 

to the mixture slowly, over 50 minutes, with vigorous stirring, to form a dark grey 
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precipitate. The mixture was stirred for a further 2 hours before heating to 55 °C for 

24 hours. The supernatant was then discarded and the mineral paste was washed 5 times 

with NaCl (1 M), followed by washing with Milli-Q (MQ) water until the pH of the 

suspension reached 9.8, with centrifuging (17000 g, 20 minutes, 20 °C) performed between 

steps. The mineral paste was centrifuged (17000 g, 20 minutes, 20 °C) between washing 

steps and stored in the dark and below 5°C prior to use. 

The hausmannite synthesis was adapted from McArdell et al. (1998). All solutions were 

sparged with N2 prior to reaction. The synthesis and subsequent manipulations were 

carried out under N2 to prevent the conversion of hausmannite to manganite (Kirillov et al., 

2009). A solution of MnSO4 (0.06 M, 1.5 L) was heated to 60 °C before the addition of 

H2O2 (8.8 M, 30.75 mL). To this NH4OH (0.2 M, 0.45 L) solution was added slowly (1 mL 

per second). The resulting suspension was heated to 95 °C and maintained at this 

temperature for 6 hours before being allowed to cool overnight. The resulting mineral was 

washed 10 times with water (with centrifugation between washes; 17000 g, 20 minutes, 

20 °C), re-suspended, and stored under N2.  

 

2.2.  Uranium spike preparation 

232U was separated from its daughters prior to use using a 2 mL UTEVA resin column 

(Eichrom) that was pre-conditioned with HCl (5 M, 3 x 5 mL). The unseparated 

232U(VI)Cl2 stock solution (80 kBq mL-1, 2 mL) was adjusted to 5 M HCl and loaded onto 

the column. 228Th(IV) and its daughters were eluted from the column using HCl (5 M). The 

232U(VI) was then eluted using HCl (0.1 M). A more concentrated depleted uranium (DU) 

stock solution was made for use in higher concentration experiments by dissolving UO3 

(1 g) in HCl (1 M, 10 mL). In order to keep the volume and acidity of the U spikes used in 
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subsequent experiments as low as possible, both the purified 232U(VI) and DU stock 

solutions were concentrated and the pH adjusted to 3 using HCl and MQ water. 

 

2.3.  Sorption experiments 

Batch sorption experiments investigating U(VI) uptake by each of the minerals were 

carried out under CO2 controlled conditions. Tracer level experiments were carried out 

using 232U(VI). DU was used in experiments needing higher U concentrations and samples 

of the mineral phase from these experiments were analysed by XAS to determine the U 

oxidation state and coordination environment on solids. Experiments containing δ-MnO2, 

triclinic (Na)-birnessite, or hausmannite were performed at pH 10.5, 9.0, and 7.5. Due to 

carbonate equilibria, experiments containing rhodochrosite were performed at pH 9.3. All 

experiments were performed in triplicate. 

 

2.3.1. 232U(VI) tracer sorption experiments 

Mineral (0.01 g) was added to 100 mL batch experiments, containing NaClO4 (0.01 M) as 

background electrolyte. These were adjusted to the appropriate pH using HCl and NaOH, 

prior to spiking with 232U(VI) (40 kBq mL-1) to give a 232U concentration of 10 Bq mL-1. 

Samples were taken periodically, centrifuged (10 minutes, 15000 g), acidified, mixed with 

liquid scintillation fluid (Scintisafe 3, Fisher Scientific or later, Optiphase Hisafe 3, Perkin 

Elmer, investigations using U232 found these gave comparable results) and analysed using a 

1220 QUANTULUS ultra-low level scintillation spectrometer to determine the 

concentration of 232U remaining in solution. Samples were also taken to monitor the pH. 
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2.3.2. Higher concentration U(VI) sorption experiments 

Mineral (0.1 g) was added to 1 L batch experiments, containing NaClO4 (0.01 M) as 

background electrolyte. These were adjusted to the appropriate pH using HCl and NaOH, 

prior to spiking with DU (0.5 mg mL-1) to give a U(VI) concentration of 1 µM. Samples 

were taken periodically, centrifuged (10 minutes, 15000 g), acidified, diluted and analysed 

by inductively coupled plasma – mass spectrometry (ICP-MS; Agilent 7500cx) to 

determine U and Mn concentrations in solution. Samples were also taken to monitor the 

pH, and the solids were collected for XAS (see below). An additional pH 7.5 birnessite 

experiment was also set up, this was stopped after 4 hours to provide an additional time 

point for XAS. 

 

2.4.  Reversibility experiments 

The reversibility of the sorption of both 232U(VI) and depleted U(VI) to each of the 

minerals was investigated at pH 10.5, 9.0, and 7.5. Experiments were performed in 

triplicate and set up in the same manner as the sorption reactions (described in section 2.3), 

except that experiments were scaled down to 50 mL. Equilibration prior to desorption was 

confirmed by determining the solution U concentration. The experiments were then 

centrifuged (20 minutes, 6000 g) and the supernatant was replaced with an identical 

solution without any added U(VI) before re-suspending the mineral. Samples were taken 

periodically and analysed, as described above (section 2.3), to determine the pH and U 

concentration (as well as Mn concentration in experiments containing 1 µM DU). 
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2.5.  X-ray Absorption Spectroscopy (XAS) 

Mineral samples labelled with DU were analysed by XAS to examine the speciation and 

local coordination environment of U on the solids. Analysis was performed at beamline 

B18 at Diamond Light Source, UK and the MARS beamline at the SOLIEL synchrotron, 

France on the U-LIII absorption edge using a Si(111) monochromator in both cases. 

Samples were analysed in fluorescence mode using a 36 element (Diamond) or a 

12 element (Soleil) Ge detector. Samples were prepared by centrifuging (6000 g for 

5 minutes) to obtain a mineral paste with a U-loading of > 1000 mg kg-1. The paste was 

then mounted in a double contained, gas tight XAS sample cell. An yttrium foil reference 

was used for energy calibration at both beamlines. Background subtraction, data 

normalization, and fitting to the EXAFS spectra were performed using the Demeter 

software package (Ravel and Newville, 2005). For EXAFS fitting, FEFF 6 was used to 

calculate structural models of U sorbed to Mn oxides. All data were fit in R-space (typical 

range, 1 – 4 Å). 
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3. Results and discussion 

3.1.  Sorption experiments 

3.1.1. 232U(VI) tracer experiments  

 

Figure 1. 232U remaining in solution in systems containing 0.1 g L-1 (A) = δ-MnO2, (B) = 

triclinic (Na)-birnessite, (C) = hausmannite, and (D) = rhodochrosite. Systems contained 

0.01 M NaClO4 as background electrolytes and the initial 232U concentration was 

5.27 x 10-5 µM. Error bars are 1σ. (For pH measurements see Supporting Information 

Figure 5). 
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Figure 2. U(VI) remaining in solution in systems containing 0.1 g L-1 (A) = δ-MnO2, (B) = 

triclinic (Na)-birnessite, (C) = hausmannite, and (D) = rhodochrosite. Systems contained 

0.01 M NaClO4 as background electrolytes and the initial U(VI) concentration was 1 µM. 

Error bars are 1σ. (For pH measurements see Supporting Information Figure 6). 

 

The uptake of U(VI) by a range of Mn minerals (δ-MnO2, triclinic (Na)-birnessite, 

hausmannite, and rhodochrosite) was investigated over a circumneutral to alkaline pH 

range. Following the addition of 232U(VI) to tracer concentration experiments, to give an 

initial solution concentration of 5.27 x 10-5 µM, 232U(VI) was rapidly removed from 

solution across the whole pH range in all mineral systems (Figure 1). Removal was fastest 

in the presence of δ-MnO2, here 96 ± 0.4 % of the added 232U(VI) was removed from 

solution within 10 minutes (0.167 hours) and equilibrium (3 ± 0.3 % (1.7 x 10-6 µM) U(VI) 

remaining in solution) was attained within 96 hours (Figure 1A). Triclinic (Na)-birnessite 
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and hausmannite removed at least 71 ± 2 % and 80 ± 0.6 % of the added 232U(VI) from 

solution, respectively, within the first 10 minutes. Removal then continued over the next 

168 and 96 hours, respectively, until equilibrium was reached with < 5 % 232U(VI) 

remaining in solution in all systems (Figure 1B and 1C). Varying the pH of the δ-MnO2 

and triclinic (Na)-birnessite systems, through circumneutral to alkaline conditions, did not 

influence either the rate, or the extent of uptake in tracer 232U(VI) experiments (Figure 1A 

and 1B). However, in the hausmannite systems, while the concentration of 232U(VI) 

remaining in solution at equilibrium was similar across the pH range (1.4 ± 0.5 % at pH 

10.5; 1.0 ± 0.2 % pH 9.0; 4.7 ± 2.2 % at pH 7.9), the rate at which equilibrium was 

achieved was substantially slower in the pH 7.9 systems. Interestingly, this system took 

96 hours to reach equilibrium, as opposed to 4 hours in the pH 9.0 and 10.5 systems 

(Figure 1C); the reason for this is unclear since it seems to contrast with observations made 

in more (1 µM) concentrated U(VI) systems (section 3.1.2, Figure 2C). 

Reaction of tracer concentrations of 232U(VI) with rhodochrosite was much slower and 

sorption experiments were halted after 4 months (due to 228Th ingrowth) before 

equilibrium was attained (Figure 1D). At this time, 13.5 ± 6 % (7.1 µM) of the 232U(VI) 

still remained in solution (Figure 1D). This could be partially due to the lower surface area 

of rhodochrosite (8.22 ± 0.04 m2g-1), which is significantly lower than that of δ-MnO2, 

triclinic (Na)-birnessite, and hausmannite (101.5 ± 0.5 m2 g-1, 84.7 ± 0.8 m2 g-1, and 

48.6 ± 0.4 m2 g-1, respectively). The reaction of 232U(VI) with rhodochrosite is slower than 

that observed to the other Mn minerals, with at least 5 times less U(VI) having been 

removed from solution after 10 minutes (0.167 hours, Figure 1). However, while the 

surface areas differ by an order of magnitude they remain present in vast excess compared 

to the low 232U(VI) concentration of 5.27 x 10-5 µM 232U(VI). This implies that there is an 

additional reason for the slow uptake of 232U(VI) by rhodochrosite, suggesting the 

mechanism of uptake is not simple adsorption to the surface as is likely for the other Mn 
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minerals. As rhodochrosite is a carbonate mineral the formation of U(VI) carbonate 

complexes in solution is expected for this system. These are expected to be in rapid 

equilibrium with aqueous cationic U(VI) species and are therefore only expected to delay 

sorption momentarily, or to prevent it entirely. Indeed, sorption of U(VI) to calcite 

(CaCO3, an isostructral carbonate mineral) has been investigated assuming steady state has 

been reached within a few days (Elzinga et al., 2004; Rihs et al., 2004). This slow uptake 

of U(VI) by rhodochrosite is consistent with the precipitation, or surface-mediated 

precipitation, of a U(VI) containing phase (Giammar and Hering, 2001; Smith et al., 2015), 

or the incorporation of U(VI) into the rhodochrosite structure (Marshall et al., 2014).  

 

3.1.2. Higher concentration sorption experiments 

When higher (1 µM) concentrations of U(VI) were used to study the interaction with 

δ-MnO2, equilibrium was reached within 10 minutes with < 5 % (< 0.05 µM) U(VI) 

remaining in solution, and with the extent and rate of U(VI) unaffected by solution pH 

(Figure 2A). This suggests that δ-MnO2 has a high affinity for U(VI) and would readily 

remove it from circumneutral and alkaline solutions upon contact across a range of 

concentrations. In systems containing triclinic (Na)-birnessite, equilibrium was established 

within the first 96 hours of reaction, although significant removal (70 – 80 %) was seen 

during the first 10 minutes (Figure 2B). The kinetics of this reaction were also unaffected 

by pH. However, equilibrium was reached with 6 ± 0.5 % and 5 ± 0.6 % (0.06 and 

0.05 µM), respectively, remaining in solution in systems at pH 9.3 and 8.4. In contrast, at 

pH 10.6, 16 ± 2 % (0.16 µM) of the added U(VI) remained in solution at equilibrium 

(Figure 2B). Triclinic (Na)-birnessite has a point of zero charge (PZC) of ~ pH 2 – 3 

(McKenzie, 1981; Appelo and Postma, 1999; Yang and Wang, 2001; Tan et al., 2008) and 

is therefore expected to be negatively charged over the alkaline to circumneutral pH range 

investigated in this study. Consequently, reaction of cationic U(VI) species with the 
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surface is expected to occur via the cationic uranyl species UO2
2+. Speciation modelling 

(Supporting Information Table 1) and Choppin (2006) suggest that the proportion of 

positively charged uranyl species decreases with increasing pH, and that negatively 

charged uranyl hydroxide species will dominate U(VI) speciation at pH 10.5. This suggests 

that observed reduction in the reactivity of U(VI) with triclinic (Na)-birnessite at pH 10.6 

(84 ± 2 %, as opposed to > 94 % sorption) is likely due to increased competition from 

hydroxide ions, meaning that the position of equilibrium is shifted away from U(VI) 

complexation with the mineral and towards the formation of aqueous U(VI) species at 

increased pH.  

In contact with hausmannite, 50 – 70 % of the 1 µM U(VI) was removed from solution 

within the first 10 minutes of reaction (Figure 2C). However, the remaining 30 – 50 % of 

the U(VI) was stable in solution for 168 – 336 hours, after which time the U(VI) 

concentration in the pH 8.8 and 7.7 systems decreased further to 0.04 and 0.03 µM (4 ± 0.9 

and 3 ± 0.7 %), respectively, after 720 hours. In the pH 10.4 systems, 38 ± 2 % of the 

U(VI) remained stable in solution, in contact with hausmannite, for 720 hours. 

Hausmannite can oxidise to manganite in the presence of oxygen; however, analysis of the 

mineral morphology before and after sorption experiments by SEM (Supporting 

Information Figure 4) confirmed that no appreciable amount of oxidation occurred during 

the course of the experiment. The PZC of hausmannite is disputed with reported values 

ranging from < pH 5 to > pH 10 (Backes et al., 1995; Shaughnessy et al., 2003; Wilk et al., 

2005). However, similarly to triclinic (Na)-birnessite, it is likely that the supressed sorption 

of U(VI) to hausmannite at pH 10.4, when compared to pH 8.8 and 7.7, was due the 

decrease in cationic U(VI) solution species at alkaline pH (Supporting Information Table 

1) (Choppin, 2006) and therefore reduced affinity for a negatively charged surface. The 

decrease in U(VI) uptake at alkaline pH is in contrast to the tracer level hausmannite 

containing systems, in which removal of U(VI) from solution appeared to be slower in the 
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lowest pH (7.9) systems (section 3.1.1, Figure 1C). This could suggest that either the 

sorption capacity has been exceeded in the high 1 µM U(VI) experiments, or that the 

mechanism of U(VI) uptake was different at different U(VI) concentrations. 

 

Figure 3. Rd(a) and Rd(d) values for sorption and reversibility experiments investigating 

the reaction of U(VI) with a range of Mn minerals (0.1 g / L) at circumneutral to alkaline 

pH. Black = 1 µM sorption; Red = 1 µM desorption; Blue = 5.27 x 10-5 µM sorption; Pink 

= 5.27 x 10-5 µM desorption. A = δ-MnO2 pH 10.5; B = δ-MnO2 pH 9.2; C = δ-MnO2 pH 

7.8; D = triclinic (Na)-birnessite pH 10.5; E = triclinic (Na)-birnessite pH 9.2; F = triclinic 

(Na)-birnessite pH 8.1; G = hausmannite pH 10.5; H = hausmannite pH 9.1; I = 

hausmannite pH 7.8; J = rhodochrosite pH 9.5.  
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The interaction of 1 µM U(VI) with rhodochrosite (Figure 2D) was much slower and less 

extensive, with equilibrium taking 42 days to be established and with 25 ± 0.8 % 

(0.25 µM) U(VI) remaining in solution. Again, the lower surface area of rhodochrosite 

could be partially responsible for the lower reactivity when compared to the other Mn 

minerals. The lower surface area of rhodochrosite is more likely to have an effect in the 

more concentrated 1 µM depleted U(VI) system since the excess of surface sites for 

sorption will be reduced. However, the kinetics of U(VI) removal from solution are the 

same at both concentrations (Figure 3J), suggesting the mechanism of uptake is the same, 

and therefore that the slow sorption kinetics are not purely due to the lower surface area of 

rhodochrosite.  

Overall, the sorption of U(VI) to δ-MnO2, triclinic (Na)-birnessite, hausmannite, and 

rhodochrosite was found to be similar to sorption to Fe minerals, which are known to be 

important in controlling U(VI) migration through the subsurface. This similar sorption was 

confirmed when comparable Rd(a) values were calculated for sorption experiments (68000 

– 75000; section 3.2, Figure 3) (Li and Kaplan, 2012). 

 

3.2.  Reversibility experiments 

The solution phase was removed from the sorption experiments after they attained 

equilibrium. It was then replaced by an identical, pH adjusted, U-free solution. The U 

concentration in the solution was then monitored to determine whether equilibrium was re-

established or whether there was an element of irreversibility in the system. Rd values were 

calculated (Equation 1) for both the adsorption (Rd(a)) and desorption (Rd(d)) reactions at 

both U(VI) concentrations investigated. The results are summarised in Figure 3. 

!" = $%&$'&()*(+%&	%&	-+&')*.	(-%.	0123)
$%&$'&()*(+%&	+&	5%.6(+%&	(-%.	723)  (Equation 1) 
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Sorption of U(VI) to δ-MnO2 produced the highest Rd(a) values, showing that, of the four 

Mn minerals studied, U(VI) sorbed most strongly to δ-MnO2. The Rd(a) values for 

adsorption to δ-MnO2 were comparable at both U(VI) concentrations and across all 3 pHs 

(Figure 3A-C), suggesting that the mechanism of uptake was the same in all six δ-MnO2 

sorption systems. The Rd(d) values calculated for the desorption of 232U(VI) from δ-MnO2 

across the pH range are ~ 1 – 2 orders of magnitude higher than those in the sorption 

experiments (Figure 3A-C). This means that equilibrium was not fully re-established, and 

therefore that the uptake of U(VI) by δ-MnO2 was at least partially irreversible in the tracer 

232U(VI) systems. Therefore, U(VI) must be associated with δ-MnO2 by at least two 

different mechanisms, one reversible and one irreversible. In the higher concentration 

systems irreversibility was only observed in the circumneutral system (Figure 3A-C). 

Irreversibility can result from processes where the element of interest becomes an intrinsic 

part of the structure (Fuller et al., 2015), such as incorporation or surface-precipitation, or 

redox processes (Brookshaw et al., 2015), which are unlikely in the case of U(VI) reacting 

with δ-Mn(IV)O2, or the formation of strong adsorption complexes (Pan et al., 2004).  

Rd(a) values for U(VI) uptake by hausmannite from the higher (1 µM) concentration 

sorption experiments were significantly lower (~ 1 order of magnitude; Figure 3G-I) than 

those calculated for tracer 232U(VI) (16000 ± 5000 versus 750000 ± 100000). This is 

consistent with qualitative analysis of U(VI) sorption data (section 3.1), and suggests that 

sorption was stronger in the tracer 232U(VI) systems. Rd(d) values were significantly higher 

than Rd(a) values across the pH and concentration range investigated (Figure 3G-I), 

suggesting that like δ-MnO2, the uptake of U(VI) by hausmannite was partially 

irreversible. All the hausmannite systems appeared to have reached equilibrium within the 

first 10 minutes of reaction. However, in some (pH 7.7 and 8.4) of the higher concentration 

systems further rapid uptake of U(VI) was observed between 168 and 672 hours. It is 

possible that this was an artefact of the way in which the experiments were conducted, or 
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due to an external factor, such as the disturbance of the systems or the ingress of oxygen. 

However, no evidence of the oxidation of hausmannite to manganite was visible in 

environmental SEM (ESEM) images of reacted hausmannite (Supporting Information 

Figure 4), suggesting that the observed rapid U(VI) uptake was not due to alteration of the 

mineral. Interestingly, no additional U(VI) uptake was observed during the course of the 

1 month pH 10.5 sorption experiment, and occurred at different time points in the pH 9.0 

and 7.5 sorption experiments, as well as occurring in the pH 7.5 desorption experiment. 

This implies that it was real and could be due to a second, kinetically slow sorption 

mechanism, the onset of which was likely pH dependent.  

At ~ pH 10.5 in systems containing triclinic (Na)-birnessite, U(VI) uptake is weaker in the 

more concentrated (1 µM U(VI)) experiments (Figures 1B and 2B), an effect which 

became less pronounced as the pH decreased. Therefore, at ~ pH 10.5, Rd(a) values in the 

tracer 232U(VI) sorption experiments (107 ± 400000)  were much higher than those in 

higher concentration systems (78000 ± 1000), indicating stronger uptake at lower U(VI) 

concentrations. Comparison of Rd(d) values with the corresponding Rd(a) values (Figure 

3D-F), shows that in each case either the values were within experimental error, or the 

Rd(a) > Rd(d). This is typical of a reversible system (Missana et al., 2004) and suggests 

U(VI) is taken up reversibly by triclinic (Na)-birnessite.  

Uptake of U(VI) by rhodochrosite had a larger Rd(a), and was therefore stronger, at the 

tracer 232U(VI) concentration (68000 ± 10000) than at the higher concentration 

(7400 ± 4000). The desorption of tracer 232U(VI) concentrations from rhodochrosite could 

not be studied due to the long time period required to reach equilibrium and the short 

window available for analysis prior to the ingrowth of 228Th. At the higher concentration, 

Rd(d) > Rd(a) at the final time point. However, while equilibrium was not reached in the 

desorption experiment, it is likely that, given the slow uptake kinetics observed (Figures 

1D and 2D), Rd(d) = Rd(a) at equilibrium and that U(VI) uptake would be reversible. This 
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slow release of U(VI) would be consistent with the U(VI) having become incorporated into 

rhodochrosite, or reduced to U(IV) and subsequently precipitated out of solution. The 

incorporation of U into minerals isostructural to rhodochrosite, such as calcite (Sturchio et 

al., 1998; Kelly et al., 2003) and siderite (O'Loughlin et al., 2010) has been observed. The 

interaction of U(VI) with siderite and calcite is also sometimes associated with its 

reduction to U(IV) (Ithurbide et al., 2009; Ithurbide et al., 2010; O'Loughlin et al., 2010), 

but reduction is not always observed (Reeder et al., 2000; Kelly et al., 2003; Rihs et al., 

2004). 
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3.3.  X-ray Absorption Spectroscopy  

3.3.1. X-ray Absorption Near Edge Spectroscopy (XANES) 

 

Figure 4. U LIII-edge XANES spectra of Mn minerals equilibrated with 1 µM U(VI) 

compared with reference spectra. Sample descriptions are summarised in Table 1.  
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XANES data were collected from the U-LIII edge of select samples of four minerals 

exposed to 1 µM U(VI) at a range of pHs from alkaline to circumneutral (Figure 4). The 

spectra were compared to a UO2 and schoepite (UO3·2H2O) standard (Opel et al., 2007; 

Scheinost et al., 2013). The U in all samples was clearly present as U(VI), owing to the 

uniform presence of the uranyl dioxygenyl multiple scattering resonance feature at 

~ 17190 eV (Farges et al., 1992). The edge position of U(VI) in schoepite is 17172 eV 

(Marshall et al., 2014) while that of U(IV) is 17168 eV (Francis and Dodge, 2008). All 

edge positions in the experimental samples were within 1.0 eV of the expected U(VI) edge 

position (Supporting Information Table 2), confirming the presence of U(VI). However, 

during analysis of the pH 10.4 and 7.7 hausmannite samples it was not possible to collect 

an inline calibration, while reference foils taken before and analysis showed beam drift.  

The XANES data show that no U(VI) reduction took place in the presence of any of the 

Mn minerals investigated (Figure 4). The abiotic reduction of U(VI) to U(IV) by Fe(II), 

and the subsequent precipitation of U(IV) hydroxide phases has previously been observed 

in natural sediments and Fe(II) containing minerals (Regenspurg et al., 2009; Hyun et al., 

2012; Latta et al., 2012; Singer et al., 2012; Fox et al., 2013). However, the redox couples 

for the reduction of U(VI) to U(IV) by hausmannite [Mn(II/III)3O4] and rhodochrosite 

[Mn(II)CO3] are not favourable (Atkins, 1998; Fredrickson et al., 2002; Rinklebe et al., 

2017), meaning the reduction of U(VI) was not expected in the systems studied here. The 

lack of U(VI) reduction means that the observed removal of U from solution is due to the 

sorption of U(VI) on to the mineral surfaces or incorporation into their structures.  
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3.3.2. EXAFS 

3.3.2.1.  δ–MnO2 

 

Figure 5. EXAFS of Mn minerals equilibrated with 1 µM U(VI). Sample descriptions are 

summarised in Table 1.  

 

 

 

 

 



189 
 

Sample and 
backscatter path N R (Å) σ2 (Å2) ∆E0 (eV) S0

2 R-factor 

δ-MnO2 pH 7.8 (1 month) (a) 

Oax 2 1.78(1) 0.0020(6)    

Oeq1 2 2.27(3) 0.0046(27)    

Oeq2 4 2.40(1) 0.0046(27)    

C 1.2 2.91(3) 0.0032(40)    

Mn 0.8 3.37(2) 0.0048(20) 3.36(1.39) 1.04(6) 0.0036 

δ-MnO2 pH 9.0 (1 month) (b) 

Oax 2 1.78(1) 0.0025(5)    

Oeq1 2 2.26(2) 0.0053(24)    

Oeq2 4 2.40(1) 0.0053(20)    

C 0.9 2.90(3) 0.0032(38)    

Mn 1.2 3.36(1) 0.0068(14) 3.27(0.97) 1.00(6) 0.0023 

δ-MnO2 pH 10.4 (1 month) (c) 

Oax 2 1.79(1) 0.0026(10)    

Oeq1 2 2.24(3) 0.0063(27)    

Oeq2 4 2.39(1) 0.0063(27)    

Mn 1.1 3.36(2) 0.0068(24) 6.29(1.27) 1.05(10) 0.0130 

Triclinic (Na)-birnessite pH 7.9 ( 4 hours) (d) 

Oax 2 1.79(1) 0.0018(4)    

Oeq1 2 2.23(2) 0.0046(14)    

Oeq2 4 2.39(1) 0.0046(14)    

Mn 1 3.34(2) 0.0077(27) 3.80(1.03) 1* 0.0091 

Triclinic (Na)-birnessite pH 7.8 ( 1 month) (e) 

Oax 2 1.78(1) 0.0026(6)    

Oeq1 5 2.46(1) 0.0047(7)    

Oeq2 2 2.85(2) 0.0031(21)    

Mn1 2 3.80(3) 0.0058(29)    

Mn2 3 3.99(2) 0.0057(22)    

Mn3 1 4.38(5) 0.0054(58) 5.79(1.02) 1* 0.0136 

Triclinic (Na)-birnessite pH 9.1 ( 1 month) (f) 

Oax 2 1.78(1) 0.0020(7)    

Oeq1 5 2.45(1) 0.0044(8)    

Oeq2 2 2.86(1) 0.0023(15)    

Mn1 3 3.84(2) 0.0054(23)    

Mn2 4 4.02(2) 0.0048(22)    

Mn3 1.5 4.34(4) 0.0070(59) 5.99(0.78) 1.07 0.0059 

Triclinic (Na)-birnessite pH 10.3 ( 1 month) (g) 

Oax 2 1.78(1) 0.0027(6)    

Oeq1 4.5 2.46(1) 0.0036(6)    

Oeq2 2 2.86(1) 0.0030(20)    

Mn1 2 3.80(3) 0.0057(29)    

Mn2 3 4.00(2) 0.0052(21)    

Mn3 1 4.38(6) 0.0067(74) 5.95(1.00) 1* 0.0131 

Hausmannite pH 7.7 (1 month) (h) 

Oax 2 1.80(2) 0.0034(2)    

Oeq1 4 2.32(4) 0.0054(34)    

Oeq2 2 2.50(8) 0.0054(34) 9.14(3.34) 0.84(15) 0.0320 

Table 1 continues overleaf 
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Hausmannite pH 8.4 (1 month) (i) 

Oax 2 1.81(1) 0.0026(8)    

Oeq1 2 2.33(2) 0.0038(29)    

Oeq2 3 2.46(1) 0.0038(29)    

C 2.3 2.94(2) 0.0056(33)    

Mn 1 3.44(3) 0.0074(31) 9.38(1.30) 0.98(76) 0.0086 

Hausmannite pH 10.4 (1 month) (j) 

Oax 2 1.81(1) 0.0025(8)    

Oeq1 1.5 2.26(2) 0.0039(18)    

Oeq2 3.5 2.44(1) 0.0039(18)    

C 2.4 2.92(3) 0.004*    

Mn 1.5 3.45(2) 0.0057(27) 7.13* 1* 0.0337 

Rhodochrosite pH 9.0 (1 month) (k) 

Oax 2 1.79(2) 0.0029(6)    

Oeq1 2 2.22(2) 0.0058(20)    

Oeq2 4 2.39(2) 0.0058(20) 3.21(1.52) 1* 0.0237 

Table 1. Summary of the EXAFS parameters of fits to Mn minerals exposed to solutions 

containing 1 µM U(VI). R = atomic distance; N = coordination number; σ2 (Å2) = Debye-

Waller factor; ∆E0 (eV) = energy shift from Fermi level; S0
2 = amplitude factor; R-factor = 

normalised least squares residual. Coordination numbers were fixed and multiple scattering 

paths were included for the axial oxygens in all systems. * Denotes fixed parameter. Errors 

are presented in parentheses and are 1σ of last decimal. 

 

The EXAFS of the δ-MnO2 associated U(VI) was best fit by a split equatorial oxygen 

shell, indicative of inner-sphere surface complexation, over the circumneutral to alkaline 

pH range investigated (Table 1 and Figure 5). The addition of a Mn shell at 3.36 – 3.37 Å 

suggests that the U(VI) was bound to the surface as an edge-sharing, bidentate complex, as 

observed by Wang et al. (2013). However, the coordination number of this Mn shell range 

was 1.2 – 0.8, suggesting that this coordination environment may only represent 

approximately half of the δ-MnO2 associated U(VI). At alkaline pH, Wang et al. (2013) 

observed a limited contribution to the EXAFS from Mn backscatterers at both 3.3 – 3.4 Å 

and 4.0 – 4.4 Å which was attributed to the presence of multiple surface U(VI) complexes. 

At pH 8.4, in the absence of carbonate and when bound to synthetic δ-MnO2, the 

contribution to the EXAFS from Mn backscatterers was dominated by a 4.0 – 4.4 Å shell. 
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The authors suggested that this resulted from a monodentate, or bidentate bridging, 

coordination environment. When added to our model this additional 4.0 – 4.4 Å Mn shell 

did improve the fit across the pH range studied (7.8 – 10.4); however, it was not significant 

and was therefore omitted from the model (Supporting Information Table 3). The addition 

of a C backscatterer, with a coordination number of 0.9 – 1.2 at 2.9 Å significantly 

improved the fit of the pH 7.8 and 9.0 systems. This suggests that despite low carbonate 

present in these experiments, U(VI) was adsorbed to the mineral surface as a ternary 

carbonate complex, which have previously been identified on the surface of Mn oxides 

with birnessite-like and todorokite-like structures (Webb et al., 2006). The U-C bond 

distance modelled in our δ-MnO2 systems (2.90 – 2.91 Å) is comparable with that 

previously found in Mn oxide systems (2.85 – 2.95 Å) (Webb et al., 2006) and that 

observed in iron oxide systems (~2.89 Å) (Bargar et al., 1999). However, the C 

coordination number in our systems was significantly lower than the U triscarbonate 

surface complexes identified on ferrihydrite in the presence of CO2 (Rossberg et al., 2009). 

Interestingly, at the highest pH investigated (pH 10.4), where carbonate solubility would 

be expected to be highest, the addition of a C backscatterer did not significantly improve 

the fit.  

The EXAFS suggest that, under circumneutral to alkaline pH at low carbonate conditions, 

U(VI) adsorbs to the surface of δ-MnO2 as a bidentate inner-sphere complex. However, the 

low coordination number of the Mn backscatterer in the model suggests that multiple sites 

are involved in adsorption and that there may also be other U(VI) coordination 

environments present. This is concurrent with observations made in the desorption 

experiments where evidence of irreversibility was observed across all pHs when 232U(VI) 

was adsorbed to δ-MnO2 (section 3.2). The formation of irreversible Zn(II) and Eu(III) 

bidentate, edge-sharing adsorption complexes have previously been observed on Mn 
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oxides (Pan et al., 2004; Sheng et al., 2014), while adsorption of Zn(II) in tridentate, 

corner-sharing complexes was reversible (Li et al., 2004). 

 

3.3.2.2. Triclinic (Na)-birnessite 

In order to investigate the mechanism of U(VI) uptake on triclinic (Na)-birnessite, a 

sample of the mineral reacted at pH 7.9 for 4 hours was initially analysed by XAS. The 

EXAFS spectra of this sample were best fit by a split equatorial oxygen shell, suggesting 

inner-sphere adsorption, and a Mn shell at 3.33 Å (Table 1 and Figure 5). This is a similar 

model to that used to fit spectra collected from U(VI)–amended δ-MnO2 (section 3.3.2.1), 

suggesting the same bidentate, edge-sharing adsorption complex is initially formed when 

U(VI) is reacted with triclinic (Na)-birnessite (Webb et al., 2006; Wang et al., 2013; Rihs 

et al., 2014).  

Further XAS samples were taken from across the circumneutral to alkaline pH range 

investigated (7.8 – 10.3) after 1 month (720 hours) of reaction. The EXAFS from these 

samples were best fit by a split equatorial oxygen shell containing 4.5-5 O at 2.45 – 2.46 Å 

and 2 O at 2.85 – 2.86 Å (Table 1 and Figure 5). Three shells of Mn backscatterers could 

be added at ~ 3.82, 4.00, and 4.37 Å, with the F-test (Downward et al., 2007) showing that 

the addition of each of these shells produced a significant improvement in the fit 

(Supporting Information Table 3). The Mn backscatterers at ~ 3.82 and 4.00 Å can be 

explained if the [U(VI)O2]2+ ion replaced a Na+ in the interlayer, as a range of interlayer 

Na – Mn distances exist in triclinic (Na)-birnessite, including 3.758, 3.806, 3.934, 4.084, 

4.128, 4.146 Å (Post et al., 2002). The 2 O backscatterers at 2.85 – 2.86 Å observed in our 

systems are also predicted by a model of U(VI) located in the Na+ interlayer sites of 

triclinic (Na)-birnessite. Na – O distances of 2.46 and 2.74 Å are found as the interlayer 

Na+ ions are located slightly (0.28 Å) closer to one sheet than the other, even when no 
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vacancies are present (Lanson et al., 2002). Further scrutiny of the structure also found Na 

– O bond distances of 2.88 Å, which could explain the elongation of the average U – Oeq2 

distances to 2.85 – 2.86 Å as observed in our systems. An additional Mn backscatterer was 

also identified at 4.40 Å, which likely results from the same interlayer site as the previous 

two Mn shells, since a Mn backscatterer would also be expect at ~ 4.5 Å.  

By the time the 4 hour EXAFS sample was taken 87 % of the U(VI) had already been 

removed from solution. The observed change in the U coordination environment therefore 

suggests that U(VI) initially adsorbed in an edge-sharing, bidentate complex and then 

migrated into the interlayer to replace Na+ over the course of 1 month (720 hours). This 

implies that U(VI) associated with triclinic (Na)-birnessite is likely to be susceptible to 

release by cation exchange. This is supported by reversibility experiments (section 3.2, 

Figure 3) which suggest that after 2 months equilibration the U(VI) was more easily 

removed from triclinic (Na)-birnessite than from δ-MnO2 and hausmannite, where an 

inner-sphere, edge-sharing, bidentate surface complex was observed. This also means the 

U(VI) cannot be structurally incorporated into the Mn oxide sheets since this would be 

expected to be less easily reversible than the adsorption complex formed in the δ-MnO2 

and hausmannite systems.  

 

3.3.2.3. Hausmannite 

The EXAFS spectra of U(VI) associated with hausmannite were best fit by a split 

equatorial oxygen shell across circumneutral to alkaline pH, suggesting inner-sphere 

adsorption (Table 1 and Figure 5). The addition of a C and a Mn shell also significantly 

improved the fits at pH 10.4 and 8.4, as determined by the F-test (Downward et al., 2007) 

(Supporting Information Table 3). A further Mn shell at 4.0 – 4.4 Å could be added to 
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improve the fit; however this was not statistically significant. In the pH 7.7 system neither 

the addition of a C, nor a Mn shell, produced a significant improvement in the fit.   

The presence of a Mn backscatterer at 3.44 – 3.45 Å suggests the formation of bidentate, 

edge-sharing U(VI) adsorption complexes with a Mn backscatterer at 3.3 – 3.4 Å also 

having been identified on δ-MnO2, hexagonal birnessite, and birnessite-like and 

todorokite-like Mn oxides (Webb et al., 2006; Brennecka et al., 2011; Wang et al., 2013; 

Rihs et al., 2014). Desorption data (section 3.2), which suggests sorption is partially 

irreversible, implies that there may be more than one sorption complex present in these 

systems. This is supported by the improvement in fit observed when a Mn backscatterer at 

4.0 – 4.4 Å is added to the model (Supporting Information Table 3), suggesting that a small 

portion of either monodentate or bridging bidentate coordination complexes may also be 

formed (Webb et al., 2006; Wang et al., 2013). If the kinetics of formation of these two 

complexes differ this could explain the ‘two-step’ sorption behaviour observed in the pH 

7.7 and 8.8 1 µM U(VI) systems (Figure 2C), where 50 – 70 % of the U(VI) is removed 

from solution within the first 10 minutes of reaction. The U(VI) solution concentration is 

then stable for 168 – 336 hours, before further sorption reduces the U(VI) solution 

concentration to < 5 %. The formation of irreversible, Zn(II) bidentate, edge-sharing,  

inner-sphere adsorption complexes, as suggested by the Mn backscatterers at 3.44 and 

3.45  Å, have previously been observed on Mn oxides (Pan et al., 2004; Sheng et al., 

2014), while partial irreversibility has been attributed to the concurrent formation of 

reversible Zn(II) tridentate, corner-sharing complexes (Li et al., 2004). Variation in the 

relative kinetics of formation of different surface complexes with pH could explain the 

variation in reversibility observed over the circumneutral to alkaline pH range studied.  

 



195 
 

3.3.2.4. Rhodochrosite 

The introduction of a split equatorial oxygen shell to the model of the EXAFS spectra of 

U(VI) associated with rhodochrosite significantly improved the fit to data (Figure 5, Table 

1, Supporting Information Table 3). This is consistent with the adsorption of U(VI) to the 

mineral surface as an inner-sphere complex. However, the U – Oeq1 bond length 

(2.22 ± 0.02 Å) was shorter than that found in U(VI) surface complexes with Mn oxides 

(this study) (Webb et al., 2006; Brennecka et al., 2011; Wang et al., 2013; Rihs et al., 

2014). In addition, the sorption of U(VI) to rhodochrosite was much slower than that to 

δ-MnO2 and hausmannite where inner-sphere surface complexes were observed. U(VI) has 

previously been seen to form both a surface precipitate, and to be incorporated into the 

structurally analogous CaCO3 mineral calcite (Elzinga et al., 2004; Smith et al., 2015). 

EXAFS of U(VI) precipitated on the surface of calcite revealed a coordination 

environment of 2 axial O at 1.81 Å and a split equatorial oxygen shell, with 2.5 O at 

2.23 Å and 2.5 O at 2.40 Å (Smith et al., 2015). Structurally incorporated U(VI) has been 

found with a coordination environment of 2 axial O at 1.78 Å, 2 equatorial O at 2.20 Å, 

and 4 equatorial O at 2.38 Å (Reeder et al., 2001; Smith et al., 2015). With the exception of 

the variation in coordination number, which favours an incorporated structure, the U(VI) 

coordination environment found in our rhodochrosite associated U(VI) system (Table 1 

and Figure 5) was within error of U(VI) both incorporated into calcite and precipitated 

onto the surface. The lack of any U-U backscatterer suggests incorporation is a more likely 

mechanism, since a U precipitate would be expected to contain U neighbours. Although 

this could result from a disordered precipitate structure containing a range of U phases with 

a range of U-U distances which cannot be identified by a bulk technique such as EXAFS. 

However, the desorption data (Figure 3J) showed that the equilibrium U(VI) solution 

concentration was re-established at the same slow rate at which sorption occurred (Figure 

1D and 2D), supporting an incorporation mechanism which is likely to be rate limited by 
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the rate of mineral turnover. The inclusion of C or Mn shells in the model did not 

significantly improve the fit and were therefore discarded.  

 

4. Conclusions 

U(VI) has been found to be taken up strongly to a range of Mn minerals (δ-MnO2, triclinic 

(Na)-birnessite, hausmannite, and rhodochrosite). Rd(a) values of sorption were found to be 

comparable to those describing uptake by Fe minerals (Li and Kaplan, 2012). XANES 

analysis of sorbed U found U(VI) present in all experimental systems and no evidence of 

reduction was observed.  

The uptake of U(VI) by δ-MnO2 was rapid (< 10 minutes) and extensive (> 95 %) at both 

5.27 x 10-5 µM and 1 µM U(VI) concentrations, and over the circumneutral to alkaline 

conditions investigated. Partially irreversible uptake was observed over the whole pH 

range at the lower (5.27 x 10-5 µM) U(VI) concentration and at pH 7.8 in the more 

concentrated (1 µM) U(VI) systems. EXAFS identified the formation of edge-sharing 

bidentate inner-sphere adsorption complexes on δ-MnO2. Uptake of U(VI) by triclinic 

(Na)-birnessite was also found to be rapid (< 168 hours) at both U(VI) concentrations 

investigated. At 5.27 x 10-5 µM U(VI) uptake was stronger and independent of pH; 

however, at 1 µM U(VI) uptake was marginally less extensive (84 ± 2 %) at pH 10.4. 

Sorption of U(VI) to triclinic (Na)-birnessite was found to be reversible at both U(VI) 

concentrations studied and over the whole circumneutral to alkaline pH range. After 

4 hours reaction EXAFS showed U(VI) to be present adsorbed to the triclinic 

(Na)-birnessite surface as the same edge-sharing bidentate inner-sphere adsorption 

complex identified in the δ-MnO2 systems. However, after 720 hours of reaction the U(VI) 

was found to have migrated into the interlayer of the triclinic (Na)-birnessite and replaced 

Na+. At low (5.27 x 10-5 µM) U(VI) concentrations, adsorption by hausmannite was also 
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rapid (> 97 % adsorption within 96 hours) across the circumneutral to alkaline pH range. 

However, at higher (1 µM) U(VI) concentrations uptake appeared to occur via an initially 

fast but later slower, ‘two-step’ adsorption process, which was slower at high pH. Partial 

irreversibility was observed across all the systems investigated and EXAFS identified the 

formation the edge-sharing bidentate inner-sphere complex identified in the δ-MnO2 

systems. Uptake of U(VI) by rhodochrosite was found to be slower and less extensive than 

that observed to the Mn oxide minerals investigated, with equilibrium taking 6 weeks 

(1008 hours) to be established in systems containing 1 µM U(VI) and 25 ± 0.8 % of the 

U(VI) remaining in solution. Desorption experiments showed slow kinetics and suggested 

U(VI) may be being reversibly incorporated into the rhodochrosite structure or forming a 

surface precipitate.  

The strong uptake of U(VI) by Mn minerals observed here suggests they could play an 

important role in retarding U migration in the geosphere, meaning the transport of U away 

from a GDF though the host-rock, and through shallow aquifers at contaminated nuclear 

sites, could be slower. Additionally, the partially irreversible formation of edge-sharing 

bidentate U(VI) adsorption complexes on δ-MnO2 and hausmannite implies that these 

minerals could further reduce the U mobility.  
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SI Figure 1. XRD of starting materials, red = δ-MnO2; black = triclinic (Na)-birnessite; 

blue = hausmannite; pink = rhodochrosite. The characteristic diffraction peaks (*) were 

compared to those reported in the literature to confirm mineral identity and purity: δ-MnO2 

(Villalobos et al., 2003), triclinic (Na)-birnessite (Villalobos et al., 2003), hausmannite 

(Park et al., 2015), and rhodochrosite (Graf, 1961). 
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SI Figure 2. SEM images of starting materials, A = δ-MnO2; B = triclinic (Na)-birnessite; 

C = hausmannite; D = rhodochrosite.  

The starting minerals were analysed by SEM to determine their morphology and compared 

to previously reported literature (Sternbeck, 1997; Qiu et al., 2011; Rihs et al., 2014). This 

was particularly important for hausmannite since it can oxidise to manganite, which is 

difficult to differentiate by XRD. The formation of hausmannite was confirmed by the 

‘fluffy’ spherical particles; the absence of needles indicates absence of manganite (Kirillov 

et al., 2009). The δ-MnO2 consisted of characteristically small particles, the triclinic 

(Na)-birnessite consisted of platelets, and the rhodochrosite formed much larger globules.  
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SI Figure 3. Energy dispersive X-ray spectra (EDX) of starting materials A = δ-MnO2; B 

= triclinic (Na)-birnessite; C = hausmannite; D = rhodochrosite. EDX spectra were taken 

from the starting minerals to confirm the absence of common contaminant metals such as 

Fe. 
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 1 µM U(VI) 5.27 x 10-5 µM U(VI) 

U(VI) species pH 7.5 
(M) 

pH 9.0 
(M) 

pH 10.5 
(M) 

pH 7.5 
(M) 

pH 9.0 
(M) 

pH 10.5 
(M) 

UO2(OH)2 9.54E-07 4.20E-07 2.24E-08 5.03E-11 2.22E-11 1.18E-12 

UO2(OH)3
- 4.16E-08 5.79E-07 9.77E-07 2.19E-12 3.05E-11 5.15E-11 

UO2OH+ 4.29E-09 5.98E-11 1.01E-13 2.26E-13 3.15E-15 5.32E-18 

(UO2)3(OH)5
+ 6.84E-11 1.85E-13 8.87E-19 1.00E-23 2.72E-26 1.30E-31 

UO2
2+ 3.02E-11 1.33E-14 7.13E-19 1.59E-15 7.02E-19 3.76E-23 

(UO2)3(OH)7
- 2.39E-11 6.46E-11 3.09E-13 3.50E-24 9.47E-24 4.53E-26 

(UO2)2(OH)2
2+ 1.38E-12 2.69E-16 7.66E-22 3.84E-21 7.46E-25 2.13E-30 

(UO2)4(OH)7
+ 5.92E-13 7.07E-16 1.80E-22 4.57E-30 5.46E-33 1.39E-39 

UO2Cl+ 3.21E-13 1.42E-16 7.54E-21 1.69E-17 7.46E-21 3.97E-25 

UO2(OH)4
2- 2.83E-14 1.25E-11 6.69E-10 1.49E-18 6.59E-16 3.53E-14 

(UO2)3(OH)4
2+ 1.38E-14 1.18E-18 1.79E-25 2.02E-27 1.73E-31 2.62E-38 

UO2Cl2 1.45E-16 6.40E-20 3.40E-24 7.65E-21 3.37E-24 1.79E-28 

(UO2)2OH3+ 6.21E-17 3.82E-22 3.46E-29 1.73E-25 1.06E-30 9.62E-38 

UO2ClO3
+ 1.06E-32 4.65E-36 2.48E-40 5.56E-37 2.45E-40 0 

SI Table 1. U(VI) speciation in 1 and 5.27 x 10-5 µM U(VI) sorption experiments as 

calculated by PHREEQC using the LLNL database. No supersaturated phases were 

identified in any of the solutions.  
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SI Figure 4. ESEM image of hausmannite reacted with 1 µM U(VI) at pH 10.4 for 

1 month, confirming no oxidation to manganite had taken place (as indicated by the 

absence of needles (Kirillov et al., 2009)). 
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Sample White line (eV) E0 (eV) 

δ-MnO2 pH 7.8 (1 month) (a) 17176.0 17172.3 

δ-MnO2 pH 8.9 (1 month) (b) 17176.0 17172.0 

δ-MnO2 pH 10.4 (1 month) (c) 17176.0 17171.9 

Triclinic (Na)-birnessite pH 7.9 (4 hours) (d) 17176.0 17171.0 

Triclinic (Na)-birnessite pH 7.8 (1 month) (e) 17176.0 17172.2 

Triclinic (Na)-birnessite pH 9.1 (1 month) (f) 17176.0 17171.3 

Triclinic (Na)-birnessite pH 10.3 (1 month) (g) 17176.0 17172.0 

Hausmannite pH 7.7 (1 month) (h) 17176.0 17172.3 

Hausmannite pH 8.4 (1 month) (i) 17176.0 17172.0 

Hausmannite pH 10.4 (1 month) (j) 17176.0 17172.5 

Rhodochrosite pH 9.0 (1 month) (k) 17176.0 17172.0 

SI Table 2. White line and edge position of XANES spectra of U associated with a range 

of Mn minerals.  

 

 

 

 

 

 

 

 

 

 

 



212 
 

  Split Oeq  Mn C Mn Mn 

δ-MnO2 pH 7.8  
(1 month) (a) 

R-factor 0.0168 0.0070 0.0036 0.0024  

Significance  100 % 98 % 94 %  

δ-MnO2 pH 9.0  
(1 month) (b) 

R-factor 0.0193 0.0048 0.0023   

Significance  100 % 99 %  

δ-MnO2 pH 10.4  
(1 month (c) 

R-factor 0.0262 0.0130  0.0122  

Significance  100 %  67 %  
Triclinic (Na)-
birnessite pH 7.9 
(4 hours) (d) 

R-factor 0.0180 0.0091    

Significance  100 %    

Triclinic (Na)-
birnessite pH 7.8 
(1 month) (e) 

R-factor 0.0471 0.0362  0.0266 0.0136 

Significance  98 %  98 % 100 % 

Triclinic (Na)-
birnessite pH 9.1 
(1 month) (f) 

R-factor 0.0466 0.0284  0.0151 0.0059 

Significance  100 %  100 % 100 % 

Triclinic (Na)-
birnessite pH 10.3 
(1 month) (g) 

R-factor 0.0500 0.0368  0.0269 0.0131 

Significance  99 %  98 % 100 % 

Hausmannite pH 
7.7 (1 month) (h) 

R-factor 0.0320 0.0243 0.0256   

Significance  68.6 % 60.7 %   

Hausmannite pH 
8.4 (1 month) (i) 

R-factor 0.0329  0.0179 0.0086 0.0065 

Significance   99.6 % 99.5 % 76.6 % 

Hausmannite pH 
10.4 (1 month) (j) 

R-factor 0.0831  0.0564 0.0337 0.0299 

Significance   100 % 99 % 56 % 

Rhodochrosite pH 
9.0 (1 month) (k) 

R-factor 0.0237     

Significance 98 %     
SI Table 3. Statistical significance of the sequential addition shells to the models fitting 

EXFAS data as determined by the F-test (Downward et al., 2007). Shells included in the 

final fit are coloured green. Shells with no data did not improve the fit. 
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SI Figure 5. pH of U-232 sorption experiments. A = δ-MnO2; B = triclinic (Na)-birnessite; 

C = hausmannite; D = rhodochrosite. Black = A; Red = B; Blue = C.  
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SI Figure 6. pH of NU sorption experiments. A = δ-MnO2; B = triclinic (Na)-birnessite; C 

= hausmannite; D = rhodochrosite. Black = A; Red = B; Blue = C.  
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Chapter 7. Interaction of Np(V) with Mn minerals 

 

This chapter is a manuscript prepared for submission in the journal Applied Geochemistry. 

Supporting Information provided with this manuscript is included following the 
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Abstract 

The long-term behaviour and migration of key risk-driving radionuclides, such as 

neptunium-237, is of significant concern for the safe management of radioactive wastes. 

The interaction of Np(V) with a range of Mn minerals has been investigated using batch 

sorption studies and X-ray Absorption Spectroscopy (XAS), under circumneutral pH 

conditions relevant to the far-field of a geological disposal facility containing radioactive 

wastes, or radioactively contaminated land. Strong uptake of Np(V) was observed by 

δ-MnO2, triclinic (Na)-birnessite, and rhodochrosite, with > 90 % removal of Np from 

solution within 1 month for all systems. The interaction of Np(V) with δ-MnO2 and 

triclinic (Na)-birnessite was found to be particularly rapid, with 96.4 ± 0.2 % and 

95.9 ± 0.7 %, respectively, being removed from solution with the first 10 minutes of 

reaction. Np-LIII edge XAS of δ-MnO2, triclinic (Na)-birnessite, and rhodochrosite found 

Np(V) present in the neptunyl moiety. EXAFS of δ-MnO2 and triclinic (Na)-birnessite 

found that edge-sharing, bidentate adsorption complexes had been formed. The interaction 

of Np(V) with hausmannite was also investigated and found to be less extensive than that 

to the other Mn minerals investigated in some systems, although greater than 55 % 

sorption was observed in all systems. XANES of the hausmannite amended Np suggested 

the presence of neptunate or Np(IV), while the EXAFS showed that this was only a small 

proportion and the majority of the Np was present as Np(V) in inner-sphere, edge-sharing, 

bidentate adsorption complexes.  
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1. Introduction 

The safe management of radioactive wastes from both the civil nuclear industry and from 

the production of nuclear weapons is of global public concern, especially given the advent 

of new nuclear build (Walls, 2011). Neptunium-237 is an alpha-emitting radioactive 

isotope with a long half-life (2,144,000 years). It contributes significantly to the 

radioactivity of High Level radioactive Waste (HLW) as 237Np is a radiogenic progeny of 

241Am (Ojovan and Lee, 2014). Combined with the high predicted solubility of Np(V) 

species, this means that 237Np is a key risk-driving radionuclide in radioactive wastes since 

it could potentially migrate over large distances in the geosphere (Runde et al., 1996; 

Kaszuba and Runde, 1999; Frohlich, 2015). Understanding neptunium (Np) behaviour in 

the subsurface is therefore crucial to accurately predict its mobility and migration, which is 

relevant for the management of radioactivity contaminated land and for the disposal of 

radioactive waste in a deep geological disposal facility.  

The mobility of Np in the geosphere is expected to be predominantly controlled by its 

redox chemistry. The most environmentally significant oxidation states are Np(IV) and 

Np(V), whilst Np(VI) may also be stable under certain, strongly oxidising, alkaline 

conditions (Hennig et al., 2009). Under reducing conditions Np(IV) is expected to 

dominate (Choppin, 2006). The solubility of Np(IV) in water at circumneutral pH is low 

(< 10-8 M) as a result of hydrolysis and the subsequent precipitation of poorly soluble 

Np(IV)-hydroxide phases (Kaszuba and Runde, 1999; Yoshida et al., 2011). By contrast, 

Np(V) is the most stable of the pentavalent actinides and the dioxygenyl NpO2
+ species is 

expected to dominate under circumneutral, oxidising conditions (Keeney-Kennicutt and 

Morse, 1984; Hursthouse et al., 1991; Yamamoto et al., 1991; Kaszuba and Runde, 1999; 

Morris et al., 2000; Choppin, 2006; Law et al., 2010; Zavarin et al., 2012; Bots et al., 

2016). The high solubility of NpO2
+ (up to 10-4 M) is due to its low charge density, 

meaning that it is less susceptible to hydrolysis (Runde, 2000; Choppin, 2006; Yoshida et 
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al., 2011). The solubility of Np(V) is also increased by the formation of stable, negatively 

charged, carbonate species (Clark et al., 1995; Runde et al., 1996; Choppin, 2006).  

Interaction with mineral phases and precipitation reactions are also likely to limit NpO2
+ 

mobility in the subsurface (Moyes et al., 2002; Law et al., 2010; NDA, 2010; Brookshaw 

et al., 2015; Scheinost et al., 2016). Sorption to a range of mineral phases has previously 

been observed, including cement (Tits et al., 2014), clays (Frohlich, 2015; Amayri et al., 

2016; Nagasaki et al., 2016), silicates (Brookshaw et al., 2015), carbonates (Zavarin et al., 

2005; Heberling et al., 2008a; Heberling et al., 2008b; Scheinost et al., 2016), and metal 

oxide minerals, including Mn- and Fe- oxyhydroxides (Wilk et al., 2005; Tanaka et al., 

2011; Li and Kaplan, 2012; Muller et al., 2015; Yang et al., 2015; Bots et al., 2016; 

Virtanen et al., 2016; Wylie et al., 2016). Interestingly, Mn-oxides in Yucca Mountain 

Tuff, have been found to preferentially sorb Pu(V) despite the presence of more abundant 

Fe oxides (Duff et al., 1999). Neptunium has also been found predominantly associated 

with Mn (and Fe) oxides in sediment collected from the Ob River (Siberia) (Roy, 1981; 

Dixon et al., 1990; Post, 1999; Kenna, 2009; NDA, 2010). Further, plutonium 

(Shaughnessy et al., 2003; Powell et al., 2006; Francis and Dodge, 2015), Eu(III) (Sheng et 

al., 2014), and U(VI) (Al-Attar and Dyer, 2002; Webb et al., 2006; Zou et al., 2010; See 

Chapter 6; Brennecka et al., 2011; Mukherjee et al., 2013; Wang et al., 2013; Rihs et al., 

2014) have also been found to react readily with Mn oxides. This suggests that Mn-oxides, 

which are ubiquitous in the subsurface (Roy, 1981; Dixon et al., 1990; Post, 1999; NDA, 

2010), may play an important role in determining radionuclide mobility. 

The mobility of Np(V) in the subsurface can also be lessened via reduction to Np(IV); 

however reduction mechanisms are somewhat unclear. For example, in axenic cultures and 

under conditions optimal for growth, neither Shewanella putrefaciens or Citrobacter sp. 

alone could remove Np(V) from solution (Lloyd et al., 2000). However when cultured 

together, Shewanella putrefaciens reduced Np(V) to Np(IV) coupled to the oxidation of 
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H2, whilst Citrobacter sp. facilitated bioprecitation of Np(IV) (Lloyd et al., 2000). Further, 

Shewanella oneidensis (a common metal reducing bacteria, in anexic culture) and 

Desulfovibrio species (in a sulfate-reducing consortium) successfully reduced Np(V) and 

removed it from solution (Rittmann et al., 2002; Icopini et al., 2007). However, Geobacter 

metallireducens and Geobacter sulfurreducens cannot reduce Np(V) (Renshaw et al., 

2005; Icopini et al., 2007). In more complex sediment systems, Np(V) reduction was found 

to be commensurate with microbially mediated Mn and Fe reduction (Law et al., 2010; 

Thorpe et al., 2015), but Np(V) reduction was also observed in analogue sterile systems 

that contained biogenic Fe(II) (Law et al., 2010). This implicates Mn and Fe minerals in 

Np redox cycling; Mn minerals have also previously been identified as important mineral 

phases in uranium redox cycling (Fredrickson et al., 2002; Liu et al., 2002; Chinni et al., 

2008). Finally, abiotic reduction of Np(V) to Np(IV) has also been documented in a range 

of single mineral systems: mackinawite (Moyes et al., 2002), magnetite (Nakata et al., 

2002; Wylie et al., 2016), green rust (Christiansen et al., 2011), and biotite and chlorite 

(Brookshaw et al., 2015).  

There are few studies investigating the interaction of radionuclides with Mn minerals, 

despite their relative abundance in the subsurface. This is compounded by the radiological 

challenges associated with studying Np, and as a result the interactions of Np with Mn 

minerals are poorly understood. In order to accurately predict the migration of Np(V) 

through the subsurface, it is important to determine the mechanism of any interaction with 

mineral phases. Therefore, this study uses carefully controlled batch sorption experiments 

in conjunction with X-ray absorption spectroscopy techniques to investigate the interaction 

of Np(V) with a range of Mn minerals, namely: δ-Mn(IV)O2, triclinic (Na)-birnessite 

[Na0.5Mn(IV/III)2O4 · 1.5H2O], hausmannite [Mn(III/II)3O4], and rhodochrosite 

[Mn(II)CO3]. These minerals are common in the subsurface and encompass a range of Mn 

oxidation states. The experiments have been conducted at circumneutral pH and are 
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relevant to geological disposal over long timescales as well as for the assessment of 

radioactively contaminated land. In addition, studies such as these provide an important 

analogue for aiding the prediction of Pu(V) behaviour since Pu(V) and Np(V) posses 

similar chemical behaviour while Pu is notoriously difficult to work with due to it high 

radiotoxicity and range of simultaneously available oxidation states.  

 

2. Materials and Methods 

Neptunium-237 is an alpha-emitting radioactive isotope with beta/gamma-emitting 

daughters. Radioisotopes should be handled by suitably qualified and experienced 

personnel in a properly equipped laboratory, and any work should follow an appropriate 

risk assessment. The possession and use of radioactive material is subject to statutory 

controls.  

 

2.1. Mineral preparation 

Rhodochrosite was purchased from Alfa Aesar. δ-MnO2, triclinic (Na)-birnessite, and 

hausmannite were synthesised chemically, with the preparations detailed below. All 

chemicals were analytical regent grade and all water was Milli-Q (18.2 MΩ). Prior to 

reaction with Np(V), mineral formation was confirmed using X-ray diffraction (XRD; 

Bruker D8Advance; Supporting Information Figure 1) prior to use. Scanning electron 

microscopy (SEM) samples were prepared on standard aluminium stubs with an adhesive 

carbon pad and carbon coating was completed prior to imaging to limit sample charging 

(FEI XL30 ESEM-FEG; Supporting Information Figure 2). SEM was used to confirm 

morphology and energy dispersive X-ray spectroscopy (EDX; Supporting Information 

Figure 3) was used to confirm chemical composition. The surface area of the δ-MnO2, 

triclinic (Na)-birnessite, hausmannite, rhodochrosite was measured using N2 B.E.T 
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analysis (Micromeritics Gemini V, with a Flowprep 060 sample degas system; Supporting 

Information Table 1).  

2.1.1. Mn mineral synthesis  

The δ-MnO2 synthesis was adapted from Villalobos et al. (2003). KMnO4 solution (0.2 M, 

1.28 L) was added slowly, over 5 minutes, with vigorous stirring, to a solution of MnCl2 

(0.3 M, 1.28 L). NaOH (0.5 M, 1.44 L) solution was then added to the mixture slowly over 

35 minutes, with vigorous stirring, to form a black precipitate. The suspension was then 

allowed to settle for 4 hours. After this time the pH of the supernatant was measured as 7 

and the majority of the supernatant was decanted and disposed of. The remaining 

suspension was centrifuged (17000 g, 20 minutes, 20 °C) and thereafter the remaining 

supernatant was discarded. The resulting mineral paste was washed 5 times with NaCl 

(1 M) and then 10 times with water, with centrifuging (17000 g, 20 minutes, 20 °C) 

conducted between washes. The mineral suspension was finally adjusted to pH 8 using 

NaOH and was then stored in the dark at 5 °C prior to use. 

The triclinic (Na)-birnessite synthesis was adapted from Villalobos et al. (2003). MnCl2 

(0.16 M, 0.32 L) solution was added slowly, over 40 minutes to NaOH (7.6 M, 0.36 L) 

solution, to form a pink gel like phase. KMnO4 (0.2 M, 0.32 L) solution was then added to 

the mixture slowly, over 50 minutes, with vigorous stirring, to form a dark grey precipitate. 

The mixture was stirred for a further 2 hours before heating to 55 °C for 24 hours. The 

supernatant was then discarded and the mineral paste washed 5 times with NaCl (1 M), 

followed by washing with MQ water until the pH of the suspension reached 9.8, with 

centrifuging (17000 g, 20 minutes, 20 °C) performed between steps. The mineral paste was 

centrifuged (17000 g, 20 minutes, 20 °C) between washing steps and stored in the dark at 

5 °C.  
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The hausmannite synthesis was adapted from McArdell et al. (1998). All solutions were 

sparged with N2 prior to reaction. The synthesis and subsequent manipulations were 

carried out under N2 to prevent the conversion of hausmannite to manganite (Kirillov et al., 

2009). A solution of MnSO4 (0.06 M, 1.5 L) was heated to 60 °C before the addition of 

H2O2 (8.8 M, 30.75 mL). NH4OH (0.2 M, 0.45 L) solution was then added slowly (1 mL 

per second). The resulting suspension was heated to 95 °C and maintained at this 

temperature for 6 hours before being allowed to cool overnight. The resulting mineral was 

washed 10 times with water (with centrifugation between washes; 17000 g, 20 minutes, 

20 °C), re-suspended, and stored under N2.  

 

2.2.  Neptunium spike preparation 

A small aliquot of NaOH solution was added to a mixed oxidation state (Np(IV/V)), 

radiochemically pure, 237Np stock solution (LEA-CERCA, France) to precipitate the 

radionuclide. The resulting Np precipitate was washed three times with MQ water 

(18.2 MΩ; with centrifuging carried out in between) and the washed precipitate was then 

dissolved in HNO3 (6 M), and heated gently with addition of 2 drops 10 % H2O2 to 

facilitate oxidation to Np(V). After visible colour change (olive green to emerald green, 

indicative of Np(V)) the Np was again precipitated with NaOH, washed three times in MQ 

water (as described above), and finally dissolved in HCl (0.1 M). UV-vis-NIR (Schimadzu, 

UV-1800) spectrum (Supporting Information Figure 4) was used to confirm speciation as 

Np(V) with diagnostic Np(V) peaks present at 618 and 980 nm and no contribution from 

peaks at 723 and 960 nm (indicative of Np(IV)). 

2.3. Sorption experiments 

Batch sorption reactions investigating Np(V) uptake by δ-MnO2, triclinic (Na)-birnessite, 

hausmannite, and rhodochrosite were carried out at two 237Np(V) concentrations (0.162 
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and 5.24 µM). Selected, Np-amended samples from the higher Np(V) sorption experiments 

were analysed by X-ray Absorption Spectroscopy (XAS) to determine the Np oxidation 

state and coordination environment after reaction with the Mn minerals. In addition, 

experiments parallel to those with lower (0.162 µM) Np(V) concentrations were also 

spiked to higher activities to provide solid samples with > 450 mg kg-1 Np for analysis by 

XAS.   

PHREEQC (Parkhurst and Appelo, 2013) was used to model the expected thermodynamic 

speciation of Np(V) in the experimental systems with the Lawrence Livermore National 

Laboratory (LLNL, V8 R6, April 2015) database. 

 

2.3.1. Lower level (0.162 µM Np(V)) experiments 

Mineral (0.3 g) was added to 30 mL of adapted synthetic groundwater recipe (Supporting 

Information Table 2) without CaCO3 (to avoid calcite precipitation) (Wilkins et al., 2007). 

The pH was then adjusted to 7 using HCl and NaOH prior to spiking with 237Np(V) to give 

a 237Np concentration of 1 Bq mL-1 (0.162 µM). Samples were taken periodically, 

centrifuged (10 minutes, 15000 g), acidified, diluted and analysed by ICP-MS (Agilent 

7500cx) to determine Np concentrations in solution. Samples were also taken to monitor 

the pH. Experiments were performed in triplicate. Experiments containing rhodochrosite 

were performed at pH 9.3 as the experiment buffered to this pH. 

 

2.3.2. Higher level (5.24 µM Np(V)) experiments  

The sorption of 5.24 µM 237Np(V) to Mn minerals at pH 7 was investigated in select 

experiments. Mineral (0.5 g) was added to MQ water (18.2 MΩ, 100 mL), containing 

NaClO4 (0.01 M) as background electrolyte. The pH was adjusted using HCl and NaOH 
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prior to spiking with 237Np(V) (3.67 kBq mL-1) to give a 237Np concentration of 32.4 Bq 

mL-1 (5.24 µM). Samples were taken periodically, centrifuged (10 minutes, 15000 g), 

acidified, mixed with scintillation cocktail (Optiphase Hisafe 3, Perkin Elmer) and 

analysed using a 1220 QUANTULUS ultra-low level scintillation spectrometer to 

determine the concentration of 237Np remaining in solution. Samples were also taken to 

monitor the pH, and the solids were collected for XAS (see below). Due to carbonate 

equilibria, experiments containing rhodochrosite were performed at pH 9.3. 

 

2.4. X-ray Absorption Spectroscopy  

From higher activity experiments, select reacted samples labelled with Np were analysed 

by X-ray Absorption Spectroscopy (XAS) to examine the speciation and local coordination 

environment of Np on the solids. Samples were analysed in fluorescence mode on the Np-

LIII absorption edge. Analysis was performed at either beamline I20 at Diamond Light 

Source, UK, using a Si(111) monochromator and a 36 element Ge detector, or at the INE-

beamline at ANKA Light Source, Germany, using a Ge(422) monochromator and a 

5 element Ge detector.  Samples were prepared by centrifuging (6000 g, 5 minutes) to 

obtain a mineral paste with a Np-loading of greater than several hundred ppm. The mineral 

pastes were then mounted in triple contained, gas tight and approved XAS sample cells. An 

in-line Zr reference foil was used for energy calibration. Background subtraction, data 

normalization, and fitting to the extended X-ray absorption fine structure (EXAFS) spectra 

were performed using the Demeter software package (Ravel and Newville, 2005). For 

EXAFS fitting, FEFF 8 was used to calculate structural models of Np sorbed to Mn oxides. 

All data were fit in R-space (typical range, 1 – 4 Å).  
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3. Results and discussion 

3.1. Np(V) sorption experiments 

 

Figure 1. 237Np remaining in solution in contact with Mn minerals. (A) = 0.162 µM 

Np(V), 10 g L-1 Mn mineral, pH 7; (B) = 5.24 µM Np(V), 5 g L-1 Mn mineral, pH 7.5. 

Error bars are 1σ. (For pH measurements see Supporting Information Figure 5).  

 

Following the addition of 0.162 µM Np(V) to synthetic groundwater containing a range of 

Mn minerals, rapid removal of Np from solution was observed in all systems (Figure 1). 

Thermodynamic calculations showed that there were no supersaturated Np containing 

phases in any system (Supporting Information Table 5), meaning that any removal from 

solution resulted from the presence of the mineral phases. Removal was particularly rapid 

in systems containing δ-Mn(IV)O2 and triclinic (Na)-birnessite 

[Na0.5Mn(IV/III)2O4·1.5H2O] where only 3.6 ± 0.2 % (0.006 ± 0.0002 µM) and 4.1 ± 0.7 % 

(0.007 ± 0.001 µM) of the Np(V) remained in solution after 10 minutes, respectively. In 

experiments containing elevated Np(V) concentrations (5.24 µM Np(V)), rapid Np(V) 

removal from solution was observed in systems containing δ-MnO2 (0.16 %, 0.008 µM, 

remained in solution after 7 hours). However, the removal of Np(V) from solution by 

triclinic (Na)-birnessite at the elevated Np(V) concentration (5.24 µM Np(V)) was slower 
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than that by δ-MnO2 (1.7 %, 0.47 µM remained in solution after 5.25 days), but remained 

extensive (0.8 %, 0.05 µM Np(V) in solution after 1 month). This is comparable to the 

reactivity of U(VI) with these minerals in similar systems, where < 5 % of the 

5.27 x 10-5 µM U(VI) remained in solution after 10 minutes (See Chapter 6). However, 

when the U(VI) concentration was increased to 1 µM, equilibrium took longer to establish 

in both systems (1 and 4 days, in the δ-MnO2 and triclinic (Na)-birnessite systems, 

respectively; See Chapter 6). This suggests that the reaction of Np(V) with δ-MnO2 and 

triclinic (Na)-birnessite is similar to that of U(VI). Extensive uptake of U(VI) by 

(Na)-birnessite has also been observed at pH 3 (Kd = 105) after 0.5 – 8 hours contact, 

however the kinetics of this reaction were not investigated (Al-Attar and Dyer, 2002). The 

sorption of Np(V) to birnessite [(Na0.3Ca0.1K0.1)Mn(IV/III)2O4·1.5H2O], cryptomelane 

[KxMn(IV/II)8O16], and pyrolusite [Mn(IV)O2] was investigated in the presence of 

atmospheric carbonate concentrations by Zhao et al. (2005). In this past work, 

approximately 20 % of the initial 3.4 µM Np(V) was associated with the minerals after 

4 weeks, with the majority of this being removed from solution within 1 day, and 

equilibrium taking ~ 1 month to be established (Zhao et al., 2005). This suggests that it is 

important to consider the kinetics of sorption over a longer timeframe.  

In Chapter 6 the morphology of hausmannite [Mn(III/II)3O4] reacted with U(VI) under 

comparable conditions was monitored by SEM and found that this remained unchanged, 

indicating that oxidation to manganite [Mn(III)O(OH)] had not taken place. In the current 

work, sorption of Np(V) to hausmannite was slower and less extensive than that to δ-MnO2 

and triclinic (Na)-birnessite (Figure 1). In the more concentrated 5.24 µM Np(V) system, 

0.19 µM (3.6 %) Np(V) remained in solution after 1 month. This is consistent with the 

uptake of U(VI) by hausmannite, which has been found to remove > 95 % of the U(VI) for 

solution at equilibrium (See Chapter 6). Less extensive (~ 20 – 60 %) sorption of Np(V) to 

hausmannite has been observed by Wilk et al. (2005). However, these experiments were 
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halted after 48 hours and our time-resolved sorption data (Figure 1) suggests that 

equilibrium may not have been reached, since 2 weeks were required to establish 

equilibrium even in the less concentrated system. Interestingly, a similar proportion (45 %) 

of U(VI) was observed sorbed to hausmannite after 2 weeks of reaction (See Chapter 6). 

This system also appeared to be at equilibrium before a further reduction in the U(VI) 

solution concentration was observed (See Chapter 6), which suggests that there could be 

two mechanisms of radionuclide uptake by hausmannite, one of which is delayed. This 

could explain the seemingly greater proportion of Np(V) uptake observed at higher Np(V) 

concentrations, if the 0.162 µM Np(V) system had reached the same pseudo equilibrium 

after 2 weeks. Cobalt and Cd have previously been observed to have both fast and slow 

desorption mechanisms from hausmannite, which also suggests that hausmannite has a 

slow secondary cation uptake process (Backes et al., 1995).  

The sorption of Np(V) to rhodochrosite [Mn(II)CO3] was slower than to the three Mn 

oxide minerals investigated here, with equilibrium taking 2 weeks to be established and 

20 times more Np(V) remaining in solution after 24 hours in the less concentrated 

rhodochrosite system than the equivalent systems containing δ-MnO2 and triclinic 

(Na)-birnessite (Figure 1). However, over 2 weeks, the uptake of Np(V) by Mn(II) bearing 

rhodochrosite was extensive (Rd > 103) with the concentration remaining in solution at 

equilibrium (0.007 ± 0.004 µM, 4.2 ± 2 % Np left in solution) being within error of that 

observed in systems containing δ-MnO2 and triclinic (Na)-birnessite. This slow uptake is 

typical of both incorporation or the formation of a surface precipitate and has previously 

been observed with U(VI) uptake by rhodochrosite (See Chapter 6). The removal of Np(V) 

by the analogous Fe(II) bearing mineral siderite, has also been found to be extensive 

(Rd > 105) after 7 days interaction, although the Np(V) was found to have been reduced to 

Np(IV) (Scheinost et al., 2016) likely due to reaction with Fe(II) in siderite.  
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3.2.  X-ray Absorption Spectroscopy 

3.2.1. XANES 

 

Figure 2. Np LIII-edge XANES spectra of Mn minerals equilibrated with Np(V) compared 

with reference spectra. Black = δ-MnO2; red = triclinic (Na)-birnessite; orange = 

rhodochrosite; blue = hausmannite; green = aqueous Np(IV) standard (Hennig et al., 

2009); pink = neptunyl(V) standard (Hennig et al., 2009; Scheinost et al., 2013); brown = 

neptunate(V) standard (Smith et al., 2016).  Line A shows the position of the white line in 

the neptunyl standard. Line B and arrows C show features related to axial and equatorial 

Np – O bonds, respectively.   



231 
 

The XANES of selected samples of Mn minerals equilibrated with Np(V) were collected 

from the Np-LIII edge (Figure 2). The sample spectra were compared to an aqueous 

neptunyl (Np(V)O2
+) standard (Hennig et al., 2009; Scheinost et al., 2013), a solid 

neptunate (Na3Np(V)O4) standard (Smith et al., 2016), and an aqueous Np(IV)4+ standard 

(Hennig et al., 2009; Scheinost et al., 2013). Comparison with the reference spectra shows 

that the Np associated with the δ-Mn(IV)O2, triclinic (Na)-birnessite 

[Na0.5Mn(IV/III)2O4·1.5H2O], and rhodochrosite [Mn(II)CO3] were similar to the neptunyl 

standard. Specifically, there was little or no change in either the white line position or the 

post edge resonance features when compared to the Np(V) neptunyl standard despite the 

presence of Mn(II) in rhodochrosite and Mn(III) in triclinic (Na)-birnessite confirming 

reduction had not occurred (Supporting Information Table 3). The neptunyl coordination 

environment in these samples is confirmed by the presence of two resonance features 

between 17620–17627 eV and 17652–17659 eV (lines B and arrows C, Figure 2), which 

result from multiple scattering of the ejected photon along the actinide – axial oxygen 

(Np-Oax) and actinide – equatorial oxygen (Np-Oeq) scattering paths within the linear 

dioxygenyl neputunyl ions, respectively (Farges et al., 1992; Den Auwer et al., 2003; Den 

Auwer et al., 2004; Denecke et al., 2005; Lozano et al., 2009; Bots et al., 2016). There is 

an inverse relationship between the position of these resonance features in the XANES 

spectra and the lengths of the Np-O bonds, as is observed with U(VI) (Farges et al., 1992; 

Marshall et al., 2014; Bots et al., 2016). This means that as the lengths of Np-Oax and 

Np-Oeq bonds converge, the resonance features become further apart in energy and appear 

less pronounced, eventually resulting in a spectrum which reflects a neptunate-like 

coordination environment (Figure 2).  

This is significant since the XANES of the Np(V) reacted hausmannite [Mn(III/II)3O4] 

differs from the neptunyl standard and the other mineral samples. Here, most notably the 

post edge resonance feature between 17620–17627 eV, indicative of the dioxygenyl axial 
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oxygen, is reduced in intensity. Interestingly, reduction of hausmannite associated Np(V) 

to Np(IV) during XAS has been reported (Wilk et al., 2005). The authors attributed this 

reduction to the X-ray beam either as a direct result of interaction with the beam, or due to 

catalysis, since analysis by optical absorption spectroscopy showed no reduction of Np(V) 

in solution samples contacted with hausmannite unless samples had been introduced to the 

X-ray beam in order to perform XAS. In our work the XANES data can be interpreted as 

intermediate between Np(V) and Np(IV) (Figure 2). It is also interesting that the 

hausmannite sample has similar features to the Np(V) neptunate standard and reflects the 

non-diagnostic nature of Np LIII-edge XANES (Denecke et al., 2005). Overall, the Np(V) 

reacted δ-MnO2, triclinic (Na)-birnessite, and rhodochrosite show a Np(V) neptunyl like 

XANES standard whilst the hausmannite which contains Mn(II) and Mn(III) shows clear 

differences consistent with either partial reduction to Np(IV) or a Np(V)-neptunate like 

coordination environment. 
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3.2.2. EXAFS 

3.2.2.1. δ-MnO2 

 

Figure 3. Np LIII-edge EXAFS spectra of Mn minerals equilibrated with Np(V). A = R 

space; B = k space; a = δ-MnO2; b = triclinic (Na)-birnessite; c = rhodochrosite; d = 

hausmannite; black = data; red = fit; sample descriptions are summarised in Table 1. 
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Sample N R (Å) σ2 (Å2) ∆E0 (eV) S0
2 R-factor 

δ-MnO2 pH 7.3 (1 month) (a) 

Oax 2 1.85(1) 0.0033(8)    

Oeq1 1.5 2.23(2) 0.0046(14)    

Oeq2 4.3 2.43(1) 0.0046(14)    

Mn 1.1 3.41(2) 0.0077(30) 10.8(1.1) 1* 0.0029 

Triclinic (Na)-birnessite pH 7.0 (1 month) (b) 

Oax 2 1.86(1) 0.0051(18)    

Oeq1 1.5 2.22(4) 0.0067(22)    

Oeq2 4.3 2.45(2) 0.0067(22)    

Mn 2 3.49(3) 0.0080(28) 13.3(1.8) 1* 0.0070 

Rhodochrosite pH 9.3 (1 month) (c) 

Oax 2 1.85(1) 0.0043(17)    

Oeq1 1.7 2.25(4) 0.0055(31)    

Oeq2 4.3 2.47(3) 0.0055(31) 12.0(2.4) 1* 0.0310 

Hausmannite pH 7.3 (1 month) (d) 

Oax 2 1.86(1) 0.0089(18)    

Oeq 5 2.38(2) 0.0104(18)    

Mn 2 3.37(3) 0.0115* 11.1(2.1) 0.8* 0.0292 

Table 1. Summary of the EXAFS parameters of fits to Mn minerals exposed to solutions 

containing Np(V). R = atomic distance; N = coordination number; σ2 (Å2) = Debye-Waller 

factor; ∆E0 (eV) = energy shift from Fermi level; S0
2 = amplitude factor; R-factor = 

normalised least squares residual. Coordination numbers were fixed and multiple scattering 

paths were included for the axial oxygens in all systems. * Denotes fixed parameter. Errors 

are presented in parentheses and are 1σ of last decimal. 

 

The EXAFS data collected from the Np-LIII edge of δ-MnO2 reacted with 237Np(V) (Figure 

2) was best fit by 2 axial O at 1.85 Å, a split equatorial shell (1.5 Oeq at 2.23 Å and 4.3 Oeq 

at 2.43 Å), and a Mn backscatterer at 3.41 Å (Table 1). The axial and equatorial oxygen 

backscatters at 1.85, 2.23, and 2.41 Å confirm the presence of Np in the neptunyl moiety 

reinforcing interpretation of the XANES data for this sample (Figures 2 and 3) and 

comparable to neptunyl sorbed to other metal oxide minerals (Combes et al., 1992; Bots et 

al., 2016). The split equatorial oxygen shell also suggests that Np(V) formed an inner-

sphere adsorption complex on the surface of δ-MnO2. The fit to Np(V) associated with 

δ-MnO2 was significantly improved by the addition of a Mn shell at 3.41 Å (Supporting 



235 
 

Information Table 4). In samples of U(VI) adsorbed to δ-MnO2 (Wang et al., 2013; See 

Chapter 6) and other Mn minerals such as hexagonal birnessite, hausmannite, and 

birnessite-like and todorokite-like Mn oxides (Webb et al., 2006; See Chapter 6; 

Brennecka et al., 2011; Wang et al., 2013; Rihs et al., 2014), a Mn backscatterer at 3.3 –

 3.4 Å has been found to be indicative of edge-sharing, bidentate adsorption complexation. 

This has also been observed in Np(V) complexation to Fe oxides (Arai et al., 2007; Bots et 

al., 2016) and corundum (α-Al2O3) (Virtanen et al., 2016). Therefore the presence of a Mn 

shell at 3.41 Å in our spectra of Np(V) associated with δ-MnO2 suggests that Np(V) is 

present as an inner-sphere, edge-sharing, bidentate adsorption complex.  

 

3.2.2.2. Triclinic (Na)-birnessite 

The Np-LIII edge EXAFS spectra of Np(V) associated with triclinic (Na)-birnessite fitted 

best with 2 axial O at a distance of 1.86 Å (Table 1) and a split equatorial oxygen shell 

with 1.5 Oeq at 2.22 Å and 4.3 Oeq at 2.45 Å. The fit was significantly improved by the 

addition of 2 Mn backscatterers at 3.49 Å. These data again suggest Np(V) is adsorbed to 

the surface as an inner-sphere complex and the split equatorial shell is consistent with this 

(Webb et al., 2006; Marshall et al., 2014). The formation of edge-sharing bidentate 

adsorption complexes on Mn oxide minerals has previously been indicated by the presence 

of a Mn backscatterer at 3.3 – 3.4 Å (Pan et al., 2004; Webb et al., 2006; Arai et al., 2007; 

Brennecka et al., 2011; Wang et al., 2013; Marshall et al., 2014; Rihs et al., 2014; Sheng et 

al., 2014; See Chapter 6; Bots et al., 2016; Virtanen et al., 2016). While the Mn 

backscatterers observed in this system is at 3.49 Å, this is only slightly longer than those 

previously seen in edge-sharing bidentate adsorption complexes, and (given the relatively 

large interatomic distance and the error associated with this) likely results from a similar 

complex.  
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3.2.2.3. Rhodochrosite 

The Np-LIII edge EXAFS from rhodochrosite was best fit by 2 axial O at 1.85 Å, and a 

split equatorial oxygen shell with 1.7 Oeq at 2.25 Å and 4.3 at 2.47 Å (Table 1) confirming 

the presence of Np(V). A C backscatterer could only be added at an unphysical distance 

and was therefore excluded from the final fit. A split equatorial oxygen shell suggests the 

formation of inner-sphere adsorption complexes. However, EXAFS of Np(V) adsorbed to 

isostructural calcite showed a single equatorial oxygen shell of 5 O at 2.46 Å (Heberling et 

al., 2008a). Np(V) structurally incorporated into the Ca sites within the calcite structure 

also showed a single shell of ~ 4 equatorial oxygens at 2.40 Å (Heberling et al., 2008b). A 

split equatorial O shell with similar distances to those observed here (2.20 – 2.25 Å and 

2.38 – 2.45 Å) has been seen when U(VI) was precipitated on a calcite surface (Elzinga et 

al., 2004; Smith et al., 2015), suggesting a Np(V) containing precipitate may be forming in 

our system. The formation of a surface precipitate would explain kinetically slow removal 

of Np(V) from solution (Figure 1). While the U(VI) precipitates were formed in calcite 

systems containing much higher actinide concentrations, Elzinga et al. (2004) found that 

precipitate formation began at lower U(VI) concentrations when the solutions were not 

kept saturated with carbonate. The authors suggest that this reduces the formation of U(VI) 

tricarbonates in solution and therefore reduces the formation of carbonate adsorption 

complexes (Elzinga et al., 2004). The absence of all but dissolved carbonate from the 

equilibrated rhodochrosite in our systems may inhibit the formation of Np(V) carbonate 

adsorption complexes and lead to the formation of a Np(V) precipitate on the 

rhodochrosite surface.  
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3.2.2.4. Hausmannite  

The XANES of Np-amended hausmannite was inconsistent with neptunyl speciation and 

could be explained by either the reduction to Np(IV) or the formation of a distorted Np(V), 

neptunate like species (Figure 2). However, modelling of the EXAFS required 2 Oax to be 

fitted at 1.86 Å (Table 1) suggesting neptunyl was dominant in the sample. The best fit to 

also contained a single equatorial O shell with 5 O at 2.38 Å, and 2 Mn backscatterers at 

3.37 Å (Table 1). This model is very similar that used to describe Np(V) adsorbed to the 

surface of δ-MnO2 and triclinic (Na)-birnessite as an edge-sharing bidentate complex, 

except that in these models the equatorial O shell is split. The presence of even a small 

amount of Np(IV) in a Np(V) sample has previously been shown to obscure the 

characteristic ‘yl’ features in the XANES due to the small shift in the edge position 

associated with the change in Np oxidation state (Denecke et al., 2005). This suggests that 

the apparent discrepancy between the XANES and the EXAFS could be explained by the 

reduction of a small proportion of the Np(V) to Np(IV), however, this cannot be 

reproduced in EXAFS modelling.  

 

4. Conclusions 

Neptunium(V) has been found to sorb to a range of Mn minerals at circumneutral pH 

(δ-MnO2, triclinic (Na)-birnessite, hausmannite, and rhodochrosite). Sorption to both 

δ-MnO2 and triclinic (Na)-birnessite was found to be rapid and extensive with > 95 % 

removal of Np from solution within the first 10 minutes of reaction in systems containing 

0.162 µM Np(V). XAS showed that neptunyl, edge-sharing, bidentate adsorption 

complexes were formed on the surface of both δ-MnO2 and triclinic (Na)-birnessite.  

The interaction of Np(V) with hausmannite varied between the two initial Np(V) 

concentrations investigated, with 42 ± 7 % remaining in solution after 14 days in systems 
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initially containing 0.162 µM Np(V) and 3.6 % remaining in solution after 1 month in 

systems initially containing 5.24 µM Np(V). This suggests the reaction with hausmannite 

may take place in two stages, with equilibrium appearing to have been reached between the 

two. The XANES appear to suggest either partial reduction to Np(IV), or the presence of 

neptunate. However, the EXAFS suggest that results from a small portion of reduced 

Np(IV) (Denecke et al., 2005), while Np(V) adsorbed to hausmannite surface as inner-

sphere, edge-sharing, bidentate complexes dominates.  

Neptunium(V) was removed from solution slowly in the presence of rhodochrosite, with 

more than 91 % of the Np(V) removed from solution by the final timepoint in both the 

0.162 and 5.24 µM Np(V) systems. X-ray absorption spectroscopy suggested that this 

could be due to the precipitation of a Np(V) containing phase on the rhodochrosite surface.  

Together, the rapid uptake of Np(V) by a range of Mn minerals suggests they could play an 

important role of sequestering Np(V) from groundwater and therefore in controlling its 

migration through the subsurface. Upon association with δ-MnO2, triclinic (Na)-birnessite, 

and hausmannite, XAS suggested Np(V) formed inner-sphere, edge-sharing, bidentate 

adsorption complexes, which have previously been observed in systems in which 

irreversible sorption has occurred (Pan et al., 2004; Sheng et al., 2014). This could mean 

that the uptake on Np(V) by some Mn minerals is partially irreversible and therefore 

warrants further investigation.  
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SI Figure 1. XRD of starting materials, red = δ-MnO2; black = triclinic (Na)-birnessite; 

blue = hausmannite; pink = rhodochrosite. The characteristic diffraction peaks (*) were 

compared to those reported in the literature to confirm mineral identity and purity: δ-MnO2 

(Villalobos et al., 2003), triclinic (Na)-birnessite (Villalobos et al., 2003), hausmannite 

(Park et al., 2015), and rhodochrosite (Graf, 1961).  
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SI Figure 2. SEM images of starting materials, A = δ-MnO2; B = triclinic (Na)-birnessite; 

C = hausmannite; D = rhodochrosite. The starting minerals were analysed by SEM to 

determine their morphology and compared to previously reported literature (Sternbeck, 

1997; Qiu et al., 2011; Rihs et al., 2014). This was particularly important for hausmannite 

since it can oxidise to manganite, which is difficult to differentiate by XRD. The formation 

of hausmannite was confirmed by the ‘fluffy’ spherical particles; the absence of needles 

indicates absence of manganite (Kirillov et al., 2009). 
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SI Figure 3. EDX of starting materials A = δ-MnO2; B = triclinic (Na)-birnessite; C = 

hausmannite; D = rhodochrosite. EDX spectra were taken from the starting minerals to 

confirm the absence of common contaminant metals such as Fe. 
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Mineral Surface area (m2g-1) 
δ-MnO2 100.5 

Triclinic (Na)-birnessite 84.7 
Hausmannite 2.2 

Rhodochrosite  8.2 
SI Table 1. Surface areas of starting minerals, as determined by Brunauer-Emmett-Teller 

(BET). 
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SI Figure 4. UV-Vis-NIR spectra of the Np(V) stock solution used in experiments with 

characteristic absorption lines for Np(V) (green), Np(IV), and Np(VI) (both red) labelled. 
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Constituent g L-1 deionised water 

KCl 0.0066 

MgSO4·7H2O 0.0976 

MgCl2·6H2O 0.0810 

Na2SiO3 0.0829 

NaNO3 0.0275 

NaCl 0.0094 

NaHCO3 0.2424 

SI Table 2. Composition of synthetic groundwater used in the lower level 0.162 µM 

Np(V) sorption experiments, adapted from Wilkins et al. (2007). 
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Sample E0 (eV) Resonance 
Feature C (eV) 

δ-MnO2 pH 7.3 (1 month) (a) 17613.1 17654.0 

Triclinic (Na)-birnessite pH 7.0 (1 month) (b) 17611.6 17655.3 

Rhodochrosite pH 9.3 (1 month) (c) 17611.8 17654.8 

Hausmannite pH 7.3 (1 month) (d) 17614.2 17655.1 

SI Table 3. Edge positions and position of the second resonance feature (C) in the XANES 

spectra of Np associated with a range of Mn minerals.  
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  Single Oeq Split Oeq Mn Split Oeq 

δ-MnO2 pH 7.3 
(1 month) (a) 

R-factor 0.0247 0.0165 0.0029  
Significance  96 % 100 %  

Triclinic (Na)-
birnessite pH 7.0 

(1 month) (b) 

R-factor 0.0563  0.0211 0.0070 

Significance   97 % 98 % 

Rhodochrosite pH 
9.3 (1 month) (c) 

R-factor 0.0479 0.0310 0.0241  

Significance  95 % 80 %  

Hausmannite pH 
7.3 (1 month) (d) 

R-factor 0.0626  0.0292  
Significance   99 %  

SI Table 4. Statistical significance of backscattering shells to the models fitting EXFAS 

data as determined by the F-test (Downward et al., 2007). Shells included in the final fit 

are coloured green. Shells with no data did not improve the fit. 

 

 

 

 

 

 

 

 

 

 

 

 



254 
 

Np(V) species pH 7.5, Initial 
Np(V) = 5.24 µM 

pH 7.0, Initial 
Np(V) = 0.162 µM 

NpO2
+ 4.929 x 10-6 M 1.434 x 10-7 M 

NpO2Cl 2.983 x 10-7 M 6.263 x 10-11 M 

NpO2(OH) 6.855 x 10-10 M 3.657 x 10-9 M 

NpO2(OH)2
- 2.029 x 10-11 M - 

NpO2CO3
- - 1.469 x 10-8 M 

NpO2SO4
- - 9.020 x 10-11 M 

NpO2(CO2)2
3- - 1.816 x 10-11 M 

NpO2(CO2)3
5- - 5.513 x 10-15 M 

SI Table 5. Np(V) speciation in both the higher (5.24 µM) and lower (0.162 µM) Np(V) 

sorption experiments as calculated by PHREEQC using the LLNL database. No 

supersaturated Np containing phases were identified in any of the solutions.  
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SI Figure 5. pH of 5.24 µM Np(V) sorption experiments. Black = δ-MnO2; red = triclinic 

(Na)-birnessite; blue = hausmannite; pink = rhodochrosite.  
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8. Conclusions 

8.1. Summary and conclusions 

This thesis has explored the behaviour of U(VI) and Np(V) in systems representative of the 

shallow to deep subsurface under conditions relevant to geological disposal and 

contaminated land. A number of hypotheses were tested (see Chapters 4 – 7) and relevant 

results are summarised below. 

Firstly, Hypothesis 1 stated that: “4.2, 42, and 252 µM U(VI) will be removed from 

solution under high pH conditions representative of geological disposal”. This hypothesis 

was proven to be false as in Chapter 4, the formation of U(VI) colloids was documented 

under high pH conditions, and these colloids kept U in solution. Specifically, small 

colloids (< 2 nm) formed rapidly as identified by TEM and SAXS and then ~ 50 % of the 

colloids aggregated to form clusters of 60 – 80 nm diameter. TEM and EXAFS indicated 

that the nanoparticles had crystallised with a clarkeite-type structure within 1 day. The 

colloids were found to be stable in cement leachate over a period of at least 2.5 years. The 

presence of U(VI) colloids in high pH solutions provides a potentially new mechanism for 

U(VI) transport in cementitious environments.  

Building on the findings of Chapter 4, Hypothesis 2 stated that: “U(VI) nanoparticles 

formed in high pH cement leachate will be removed from solution by the addition of 

cement, biotite, quartz, and orthoclase” and Hypothesis 3 stated: “U(VI) is removed from 

high pH cement leachate by incorporation into the interlayer of the C-S-H phases in 

cement”. Both hypotheses were tested in Chapter 5 and both were found to be partially 

true. Specifically, the colloids were found to remain stable and in solution in the presence 

of quartz and orthoclase, over a period of at least 18 months. In contrast, limited (~ 20 %) 

removal of U(VI) (< 0.45 µm filter fraction) was observed in biotite systems but it was 

unclear whether U(VI) removal resulted from Fe(II) induced reduction of U(VI) to U(IV), 
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or the precipitation of a Ca, and / or Si U containing phase. Finally, the introduction of 

cement to the colloid suspension was accompanied by the removal of > 90 % of the U(VI) 

from solution within 1 month. However, 1.0 µM (2.4 %) of U(VI) remained in the filtered 

(< 0.02 µm) fraction after 21 months of reaction, suggesting a portion of the clarkeite 

colloids persist in solution even in the presence of cement. Modelling of EXAFS data 

collected after 1 month of contact with cement revealed U(VI) was predominantly present 

in a uranophane-like coordination environment. This was consistent with luminescence 

spectroscopy and suggested the U(VI) either precipitated out of solution as uranophane or 

was present in the C-S-H interlayers of the cement phase in a uranyl-silicate-like 

coordination environment. After 21 months of reaction the XAS showed an increased 

contribution from a uranate coordination environment, suggesting the precipitation of a 

uranate phase also occurred, likely due to partial cement dissolution and the subsequent 

alteration of the solution chemistry. SEM images of the colloid reacted cement phase after 

21 months showed discrete uranium rich areas and suggested the co-location of Ca and U, 

which is consistent with the precipitation of a Ca uranate phase. 

Hypothesis 4 stated that: “U(VI) and Np(V) are removed from solution by sorption to 

δ-MnO2, triclinic (Na)-birnessite, hausmannite, and rhodochrosite under circumneutral to 

high pH conditions relevant to geological disposal” and Hypothesis 5 stated that: “the 

sorption of U(VI) to δ-MnO2, triclinic (Na)-birnessite, hausmannite, and rhodochrosite is 

reversible”.  Hypothesis 4 was found to be true for both U(VI) and Np(V), and Hypothesis 

5 was found to be partially true for U(VI). U(VI) interaction with Mn minerals was 

detailed in Chapter 6 and here rapid and extensive U(VI) uptake onto δ-MnO2, triclinic 

(Na)-birnessite, and hausmannite occurred across the whole pH range, while extensive but 

kinetically slower uptake was observed by rhodochrosite. Uptake by δ-MnO2 and 

hausmannite was found to be only partially reversible, suggesting that these phases could 

be particularly important in retarding the migration of U(VI). After 1 month of reaction 
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U(VI) associated with δ-MnO2 and hausmannite could be identified in an edge-sharing 

bidentate adsorption complex by EXAFS. This suggests the formation of this surface 

complex could be responsible for the observed irreversibility, which has previously been 

suggested in other heavy metal mineral systems (Pan et al., 2004; Sheng et al., 2014). 

Modelling of EXAFS data collected from rhodochrosite associated U(VI) supported the 

kinetic data which suggested that U(VI) may have been removed from solution via a 

surface precipitation  mechanism. EXAFS data collected after 4 hours reaction of U(VI) 

with triclinic (Na)-birnessite also showed U(VI) was predominantly sorbed as an 

edge-sharing, bidentate adsorption complex. Over the course of the first month of reaction 

changes in the EXAFS data suggested that U(VI) migrated into the interlayer of triclinic 

(Na)-birnessite and replaced the interlayer Na+. This could explain the reversibility in the 

triclinic (Na)-birnessite systems identified by desorption experiments.  

Neptunyl reaction with Mn minerals was detailed in Chapter 7. Here, rapid (> 95 % 

within 10 minutes) uptake of Np(V) was apparent for δ-MnO2 and triclinic (Na)-birnessite. 

The uptake of Np(V) by rhodochrosite was slower with equilibrium taking longer than 

1 week to be established, but was also extensive (> 90 %). The uptake of Np(V) by 

hausmannite appeared to be extensive (96.4 % removal) at higher (5.24 µM) Np(V) 

concentrations, while 42 % of the Np(V) remained in solution after 336 hours reaction with 

0.162 µM Np(V) and had reached apparent equilibrium. This data suggests that Mn 

minerals could play an important role in retarding migration in the subsurface. XAS 

showed that Np(V) adsorbed to δ-MnO2 and triclinic (Na)-birnessite in a neptunyl moiety 

as edge-sharing bidentate complexes, and suggested that a Np(V) phase could have 

precipitated on to the surface of rhodochrosite. EXAFS also identified Np(V) edge-sharing 

bidentate complexes on hausmannite, which have previously been seen to be irreversible 

for metals such as Zn2+, Eu3+ (Pan et al., 2004; Sheng et al., 2014). XANES from the 

hausmannite system suggest that some Np(V) may have been reduced to Np(IV).  
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8.2. Implications 

This thesis has important implications for the geological disposal of radioactive wastes and 

for the management of contaminated land. It has revealed a number of processes which 

will have both positive and negative impacts on the migration of U(VI) and Np(V) through 

the subsurface. For example, the formation of U(VI) nanoparticles which are stable in 

contact with common, rock forming, silicate minerals could significantly increase the 

migration of U(VI) in cementitious environments. However, further dissolution of cement 

phases used as buffer and backfill materials may cause the majority of these U(VI) 

nanoparticles to precipitate out of solution as uranate phases, which may mitigate against 

the increased U(VI) mobility. However, 1 µM U(VI) remained in solution after 21 months 

of reaction with cement phases, highlighting the need for experimental data to accurately 

inform modelling.  

In addition, the reaction of U(VI) and Np(V) with Mn minerals may also reduce the 

mobility of these radionuclides, thereby reducing their migration in the subsurface. 

Furthermore, the identification of edge-sharing bidentate U(VI) and Np(V) adsorption 

complexes on the surface of a number of Mn oxide minerals elucidates the mechanism of 

radionuclide uptake by these minerals. Partially irreversible adsorption of U(VI) to 

δ-MnO2 and hausmannite has also been observed, suggesting these minerals could be 

particularly important in retarding radionuclide migration. This mechanistic understanding 

is vital for reducing uncertainties in modelling and predicting the subsurface migration of 

U and Np, and thereby reducing the requirement for conservative assumptions and 

subsequent costly over-engineering. In particular, the importance of Mn minerals in 

determining the fate of key, risk-driving radionuclides in contaminated land and within the 

CDZ of a geological disposal facility is highlighted.  



261 
 

Overall, this thesis has identified and investigated new and important processes which will 

aid in predicting the subsurface behaviour of radionuclides over the long-term, allowing 

the risks associated with radionuclide migration to be mitigated.  

8.3. Directions for Future Research 

The experiments presented in this thesis identify U(VI) colloid formation in a high pH 

cement leachate. The majority of this U(VI) precipitates out the aqueous phase in the 

presence of a solid cement phase. However, 1.0 µM U(VI) passed through 0.02 µm filters 

after 21 months contact with cement, and when in contact with biotite, orthoclase, and 

quartz this rises to 24.9 ± 0.3, 39.4 ± 0.02, and 40.2 ± 0.2 µM, after 30, 18, and 60 months, 

respectively. An obvious next step would be to confirm that U(VI) which passed through 

the 0.02 µm filters remained colloidal in these systems, which could be achieved using 

ultra-filtration and series of smaller filters (such as 10, 3, and 1 kDa). This work also raises 

the question of whether other, similar, long-lived radionuclides, such as neptunium and 

plutonium, form similar intrinsic colloids under high pH conditions.  

With regards to the interactions of U(VI) and Np(V) with Mn minerals, the work suggests 

that Mn minerals could be important in determining radionuclide behaviour in the 

subsurface. It would therefore be valuable to determine the relative importance of Mn and 

Fe minerals on radionuclide uptake and to investigate radionuclide partitioning in systems 

which contained both Fe and Mn minerals. It is also important, now the significant uptake 

has been observed, to collect data over a wide range of radionuclide concentrations and 

conditions to allow thermodynamic modelling.  

Understanding the uptake of Np(V) in general is important since it is a risk-driving 

radionuclide, due to its long half-life and mobility in aqueous systems, which is poorly 

understood. Investigating the reversibility of the interaction of Np(V) with Mn minerals 

and underpinning our understanding with additional XAS is clearly desirable, as well as 
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investigating Np(V) behaviour at high pH (although this is less important for Np than for U 

since this will mostly be HLW and is therefore less likely to be in a cementitious 

environment). Improved Np XANES standards are also vital to investigate the potential 

reduction of Np(V) to Np(IV) in the beam in the presence of hausmannite.  

The δ-MnO2 found in the environment is biogenic in nature and, over the geological 

timescales that the long-lived radionuclides uranium-238 and neptunium-237 are expected 

to be important, δ-MnO2 is expected to undergo redox cycling. The fate of U(VI) and 

Np(V) associated with δ-MnO2 when this undergoes reduction must be understood to 

accurately determine the long-term impact of these phases on radionuclide migration in the 

environment. Further redox cycling could then be used to determine whether any 

radionuclide incorporation was reversible or whether any recalcitrant phases are formed.  
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