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Abstract 

The purity of the final rare earth elements (REE) product is a valuable key factor for the market. 

Therefore, elimination of impurities is a prominent step in REE producing route which is performed after 

water leaching of the acid baked REE concentrate. Lime neutralization is a preferred process due to its 

high efficiency in the removal of impurities and low reagent cost. However, drawbacks such as co-

precipitation of REE with calcium sulfate dihydrate (CaSO4·2H2O, CSD), which results in a significant 

REE loss, renders this process inefficient. This study focuses on reducing in the operating costs and 

improving the process by lowering the REE loss during the impurity removal step from the pregnant 

leach solutions (PLS). The elimination of REE can have substantial impact on the feasibility of the 

process. A feasible route to eliminate or minimize the REE loss associated with the lime neutralization 

process is to use a crystal habit modifier to alter the crystalline morphology and surface properties of CSD 

and subsequently reduce the portion of REE lost to the CSD. In this study, cetryltrimethylammonium 

bromide (CTAB) and polyacrylic acid (PAA) were employed as cationic and anionic modifiers at 

concentrations of 0.2, 2, and 5 g/L to reduce the REE loss to CSD in a titration process simulating the 

impurity removal step. In addition, the effects of temperature and Ca(OH)2 pulp density on the co-

precipitation process and morphology changes were investigated. The mechanism of co-crystallization 

and sorptive properties of rare earth elements (REE) with calcium sulfate dihydrate (CSD) crystallization 

were examined thoroughly using an array of characterization techniques such as SEM, XPS, ToF-SIMS 

and so on. The effects of the two of the main impurities, Fe and Al, and different reagents of Ca(OH)2, 

Mg(OH)2, and NaOH were investigated to remove Fe and Al from the synthetic REE leaching solution. 

Four different concentrations of 4, 2, 1 and 0.5 g/L for Fe and Al impurities were examined. Also the 

REE loss at different impurity contents was studied using Ca(OH)2 for neutralization. Finally, based on 

the results of the study a two-step impurity removal process was proposed to remove iron and aluminum. 

This process was followed by acid leaching of the gypsum-Al-Fe residues of each step to recover the lost 

REE from the residue and thus improve the efficiency of the process with Ca(OH)2. 
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Chapter 1 

Introduction 

1.1. Problem statement 

In the current project, acid baking is the proposed process for cracking the Rare 

Earth Elements (REE) concentrate. After acid baking, the digested mass would be 

leached in water to dissolve the sulfates. After water leaching, the pH is adjusted with 

alkaline solutions to remove impurities, i.e. base metals (Fe, Zn, Ni) and Th. Ideally, the 

application of the cheap lime (CaO) and limestone (CaCO3) is the desired method to 

adjust pH. Furthermore, the concentration of CaCO3 or CaO in the sulfate solution is 

controllable due to their low solubility (around 1 g/L), while NaOH, Na2CO3, MgO and 

MgCO3 are much more soluble in sulfate media (around 90 g/L for Mg compounds and 

about 150 g/L for Na compounds), which makes it difficult to control their concentration 

in the solution. Therefore, after solvent extraction, the raffinate which contains Na or Mg 

ions cannot be recycled easily. After neutralization, the raffinate should be sent into the 

environment/tailings which can cause environmental problems and waste management 

challenges. However, with Ca compounds this is not a problem because calcium ions 

have a low solubility limit in sulfate solutions and react with sulfates to precipitate out as 

solid gypsum (CaSO4•2H2O). The down side of lime or limestone addition to a REE-

containing solution is that the gypsum formed will adsorb a proportion of the REE in the 

solution. It is believed that the adsorption occurs due to the very similar ionic radius 

between Ca and REE [1]. Therefore, the application of cheap lime or limestone will lead 

to REE loss. This is why current Canadian REE development project flowsheets [2] are 
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planning to use much more expensive MgCO3 and/or NaOH to adjust pH in process 

solutions. 

1.2. Canada’s rare earth resource potential and strategic opportunity 

Canada has significant resource potential (half of the exploitable REE reserves 

outside of China) and thus developing REE is beneficial to the Canadian economy and 

global competitiveness. This is especially true considering the world-class rare earth 

deposits Canada possesses which are rich in heavy rare earth elements that are the critical 

REE projected to be in shortage in the near future. It is stated that Canada is in a unique 

position to both produce and export REE and potentially generate billions of dollars of 

economic activity with thousands of high paying jobs. 

There are various exploration projects in Canada, however none are operational. 

This is primarily due to the issues faced by the junior REE mining companies such as 

technical, economic, environment management, community engagement, and 

consultation challenges. Each Canadian deposit poses different geological challenges 

requiring the development of unique site-specific processes.  Thus, research is needed for 

each different ore types of the Canadian deposits in order to develop a successful, 

environmentally viable, and sustainable REE operation. The processing costs for REE 

projects is significantly higher than that for base metals. Therefore, any change in the 

process that results in cost savings has potential to influence the successful development 

of a REE project in Canada. 

1.3. Objectives  

The main goal of this thesis was to find a proper technique to control calcium 

sulfate precipitation and its degree of crystallinity to lower (or ideally eliminate) the REE 
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loss to calcium sulfate dihydrate in REE-based solutions. Through this technique, the 

Canadian REE development projects can potentially lower their operation costs by 

replacing the much more expensive alkaline materials with lime or limestone, reduce 

their water consumption significantly, and minimize their environmental impacts. To 

fulfill these goals, the project was split into the four following steps: 

Step 1) Interpret the mechanism of co-precipitation and sorptive properties of REE 

with calcium sulfate dihydrate (CSD) crystallization 

Step 2) Minimize the REE loss associated with the lime neutralization process 

Step 3) Investigate the effect of impurities on REE loss 

Step 4) Recover REE from crystallized CSD 

By means of these studies, we will be able to design a structure-modified CSD by 

engineering the conditions to reduce the CSD affinity for REE adsorption. 

1.4. Potential impacts 

Canadian REE mining companies are currently not yet in operation due to many 

technical, environmental, and economic challenges. This project hopes to explore a new 

method for successful impurity removal in the REE hydrometallurgy circuit to enhance 

the overall efficiency of the process by reducing REE loss at this level while using the 

most economic options for this purpose which are lime and limestone. From another 

perspective, this process is capable of saving large amounts of water while easily 

recycling process water. As  mentioned in a report from the House of Commons in 

Canada [3], the global production of REE is approximately 130,000 tonnes/year. 

Assuming the average initial concentrate for REE production contains 15% REO, then 
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about 867,000 ton concentrate per year is used globally to produce the REE. According to 

the reports [3], Canada has 50% of the world’s REE reserves outside of China. All 

projects around Canada and the world, use 10% pulp density or less (mainly because at 

above 10% solid pulp density, the REE recovery into water drops significantly), 

therefore, a significant amount of water would be used annually to produce REE. This 

amount of water should be neutralized before release into the environment if the Na or 

Mg compounds are used in the impurity removal process. However, if the application of 

lime or limestone becomes possible through this project, process water could be easily 

recycled and re-used due to the Ca and sulfate precipitation as CSD (i.e. process water 

automatically will be purified and can be re-used). Therefore, this project has the 

potential to have a significant impact on the Canadian environment and Canadian REE 

industry’s global competitiveness by dealing with a technical, economic, and waste 

management challenge. 

1.4. Thesis Overview 

The present thesis is composed of 6 chapters, which are structured as follows: 

• Chapter 2 reviews the REE hydrometallurgical processing circuit from 

mining to the final product, with focus on different techniques of cracking the 

REE concentrate and generating the leaching liquor of REE. This chapter is 

written based on a review paper that we published in the Journal of Rare Earths 

(Farzaneh Sadri, Amir Mohammad Nazari, Ahmad Ghahreman, “A review on the 

cracking, baking and leaching processes of rare earth element concentrates”, 

Journal of Rare Earths, 35-8 (2017) 739-752). 
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• Chapter 3 presents the mechanism of co-precipitation of REE with CSD 

crystallization. To solve a problem, the underlying principle must first be studied. 

Therefore, the adsorption chemistry of REE and CSD was investigated by 

studying the physical and chemical bonding between CSD and REE crystals to 

determine the exact crystalline coordinates where the REE adsorbed on CSD 

structure. Through this study, we were able to define the exact mechanism of REE 

incorporation in CSD crystal lattice. The results of this part of the project were 

published in the prestigious journal of Crystal Growth and Design (Farzaneh 

Sadri, Rina Kim and Ahmad Ghahreman, “Substitution of calcium with Ce, Nd, 

Er and Tb in the structure of micro-crystals of calcium sulfates with controlled 

hydration water: A proposed mechanism”, Crystal Growth and Design, 19-5 

(2019) 2621-2631). 

• Chapter 4 focuses on minimizing the REE loss to CSD crystals and 

presents the effect of temperature and reagent pulp density (PD) to monitor 

probable transformation in calcium sulfate phases. The changes in temperature 

and Ca(OH)2 pulp density can change the relative supersaturation in the solution 

which is a driving force for CSD growth and consequently influences the 

nucleation and growth rate of CSD crystals and their final morphology. The 

author hypothesized that by changing the crystalline structure of CSD one can 

decrease the substitution of Ca with REE ions and reduce/eliminate the REE loss 

to CSD. For this purpose, a novel process was developed to terminate and/or 

reduce the co-precipitation of REE with CSD, while removing the impurities from 

the solution. Cationic (cetyl Trimethyl Ammonium Bromide-CTAB) and anionic 
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(Poly Acrylic Acid-PAA) crystal habit modifiers were used at different dosages to 

alter the morphology of CSD precipitates. Mechanism and functionality of the 

said additives on the process were investigated and were formally published in 

Hydrometallurgy (Farzaneh Sadri, Rina Kim, Zhi Yang, Ahmad Ghahreman, 

“The effect of calcium sulfate crystallization and the crystal modification on 

aqueous stability in Ca saturated REE-Ca-SO4-H2O systems”, Hydrometallurgy, 

182 (2018) 82-96.) 

• Chapter 5 describes the effect of presenting two main impurities in the 

REE leaching liquors, Fe and Al, on REE loss. Different dosages of the two 

impurities were studied to generalize the results to different REE-bearing 

minerals/concentrates. Additionally, the effect of CTAB in the presence of these 

impurities was investigated. By means of the studies presented in Chapters 3 to 5, 

a two-step impurity removal process was suggested to separate Fe and Al from 

the solution and from each other with minimal REE loss. Furthermore, around 

60% of the light REE and 90% of the heavy REE were recovered to the process 

stream by acid leaching the precipitates with a solution of De-Ionized (DI) water 

adjusted in pH 3.5 by sulfuric acid while keeping Fe and Al in the precipitates. 

The results of this part of the project were presented in a paper which is submitted 

to the journal of Separation and Purification Technology (Farzaneh Sadri, Rina 

Kim and Ahmad Ghahreman, “A study on the behavior of light and heavy rare 

earth elements in Fe and Al removal process of rare earth pregnant leach 

solutions”, Separation and Purification Technology, 2020, submitted). 
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• Chapter 6 summarizes the major conclusions drawn from this work and 

outlines the recommendations for future work. 
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Chapter 2 

Literature Review 

This chapter reviews the front-end supply chain of REE and primarily focuses on 

cracking and leaching methods applied to REE concentrates to produce an intermediate 

product for further REE separation. This chapter is built based on the following 

publication: 

- Farzaneh Sadri, Amir Mohammad Nazari, Ahmad Ghahreman, J Rare Earth. 2017, 35, 8, 739-752.  

2.1 Introduction 

The rare earth elements (REE) are a group of 17 elements, including scandium (Sc, 

21), yttrium (Y, 39), and 15 lanthanides from lanthanum (La, 57) to lutetium (Lu, 71). 

They illustrate similar chemical properties and tend to occur in the same mineral deposits 

[4]. This leads to a major difficulty in REE separation from an aqueous media.   

Despite the term ‘rare earth’, REE are relatively plentiful in the earth’s crust. 

However, REE scarcely occur in concentrated and economically exploitable mineral 

deposits. Their abundance in the earth’s crust is even higher than that of other commonly 

used elements, such as platinum group elements. REE often fall into two categories: [5–

7] (i) the cerium (Ce) group, including light REE (LREE) from La to gadolinium (Gd); 

(ii) the yttrium group which consists of heavy REE (HREE) from terbium (Tb) to Lu, as 

well as Y. However, Sc is not included in either the LREE or HREE classification. 

Sometimes, the rare earths are divided into three subgroups. In this classification, 

samarium (Sm) to dysprosium (Dy) are referred to as the middle REE (MREE) [5]. 
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REE have been identified in over 250 mineral classes, such as halides, carbonates, 

oxides, phosphates, and silicates; although few REE-containing minerals can be 

economically mined and processed [8]. Bastnasite, monazite, and xenotime are the main 

REE-bearing hard rock minerals which have been successfully used as commercial 

minerals for REE extraction. Bastnasite ((Ce,La)(CO3)F) is a fluorocarbonate mineral, 

consisting of Ce, La, praseodymium (Pr), and neodymium (Nd) (approximately 97.95 

wt.% of total rare earth oxide (REO)) [5,6,9]. Monazite, (Ce,La,Nd,Th)PO4, is a 

phosphate mineral which, similarly to bastnasite, possesses Ce, La, Pr and Nd [10–12]. 

The REE concentration in monazite varies by deposit location and the total REO is often 

between 83 wt.% and 95 wt.%. Monazite mostly contains 4-12 wt.% thorium (Th) and a 

variable amount of uranium (U), up to 14 wt.%. Xenotime, YPO4, is an yttrium 

phosphate mineral with Ce, La, Pr, and Nd content frequently much lower than monazite 

and bastnasite. Weathering crust rare earth minerals known as ion-adsorbed clays are 

considered as an important source of HREE (60 wt.% of total REO) [13,14]. They are 

mainly in the form of physisorbed ions which have been adsorbed onto the surfaces of  

alumina-silicate minerals such as kaolin, feldspar, and mica and could be easily recovered 

directly by a hydrometallurgical method such as ion-exchange (IX) process [15].  

The global demand for REE and their compounds has noticeably increased in many 

high-tech applications owing to their chemical, catalytic, electrical, magnetic, and optical 

properties. For example, REE are used in hybrid cars, wind turbines, compact fluorescent 

lights, rechargeable batteries, catalytic convertors, flat screen televisions, mobile phones, 

and disc drivers [16–20].  Due to the global sourcing challenges and volatile price of 

REE, some researchers are interested in substituting REE with other more available and 



 

10 

 

cheaper elements. The current REE price by the Institute for Rare Earth Elements and 

Strategic Metals (ISE) [21] is shown in Table 2-1.  

Table 2-1 Current price of REE products by ISE [21] 

Product Chemical name 
Current price (US$/kg) 

March 2020 February 2020 
Lanthanum oxide La2O3 1.73 1.71 

Cerium oxide CeO2 1.70 1.69 
Praseodymium oxide Pr6O11 47.56 48.58 
Neodymium oxide Nd2O3 43.24 42.15 
Samarium oxide Sm2O3 1.87 1.86 
Europium oxide Eu2O3 30.99 30.72 

Gadolinium oxide Gd2O3 24.50 23.43 
Terbium oxide Tb4O7 626.98 507.22 

Dysprosium oxide Dy2O3 269.53 245.75 
Holmium oxide Ho2O3 52.61 44.29 
Erbium oxide Er2O3 23.06 22.86 
Thulium oxide Tm2O3 NA NA 

Ytterbium oxide Yb2O3 20.18 20.29 
Lutetium oxide Lu2O3 565.00 565.80 
Yttrium oxide Y2O3 2.95 2.93 

REE are found in 34 countries on five continents. Brazil is one of the countries with 

history of REE production since 1884. The most interesting deposit of REE is associated 

with a diamond and gold mine,  located in Sierra Leone [22]. The Baotou rare earth 

deposit in China is the largest deposit in the world, containing bastnasite and monazite 

with the weight ratio of 7:3, respectively [23]. 

Generally, the extraction process of REE is divided into three steps: (i) Mining and 

comminution; (ii) Ore beneficiation processes consisting of flotation, gravity, and 

magnetic techniques in order to generate REE concentrate and (iii) Hydrometallurgical 

methods to extract REE compounds. The latter also falls into three stages: (i) Cracking 

the REE concentrate; (ii) Leaching, neutralization, and precipitation processes and (iii) 
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Separation and purification techniques including solvent extraction (SX) and ion 

exchange (IX). 

This chapter reviews some of the different techniques of cracking the REE 

concentrates, with the focus on two major methods, alkaline cracking and acid baking. 

2.2. Cracking the REE concentrate 

There are different methods for the processing of monazite and xenotime including 

sulfuric acid digestion at 155-230 °C [24–26], alkaline cracking with sodium hydroxide 

solutions at 140 °C [27,28], roasting with sodium carbonate at 900 °C and with sodium 

carbonate and flux (sodium fluoride) at 800-825 °C, and roasting with sodium hydroxide 

at 400-500 °C, heating under reducing and sulfidizing atmosphere with calcium chloride 

and calcium carbonate [27,29–32]. Table 2-2 summarizes some of these methods which 

will be discussed hereafter. 

Both acid baking and alkaline cracking are the most common processes among 

those listed, however alkaline cracking has been used more often than acid baking. The 

preference for alkaline cracking in industry mostly originates from the fact that the 

process removes sulfates and phosphates while also simplifying the thorium concentrate 

purification step.  In addition, it is possible to regenerate base after the cracking process. 

Another benefit of  alkaline cracking is the formation of trisodium phosphate (Na3PO4) as 

a by-product which is used as a fertilizer [10,24,27]. Although acid baking is considered 

a mature technology in China, it is not as common as alkaline cracking in the Western 

world. This is primarily due to the fact that the acid baking process product is a high 

strength pasty mass which dries out inside a rotary kiln, or any other baking equipment, 

and mass transfer inside the kiln becomes technically challenging. Other challenges of 
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acid baking are the evaporation of sulfuric acid and the selection of proper construction 

materials for kilns which are able to withstand the severe corrosive conditions inside the 

acid baking kilns. The two latter challenges have been experienced in many pilot plant 

runs [33]. 
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Table 2-2 REE concentrate cracking methods 

Process Temperature and 
residence time Status Remarks 

Operating plants 
or concentrate 

origin 
References 

Alkaline cracking 
with sodium 
hydroxide 

4 h at 150 ºC and 120 
ºC, NaOH is 50 and 70 

wt.%, respectively. 

Industrial 
scale 

Could be autoclave process. 
REE hydroxides could be 

dissolved in an acidic solution 
at pH 3.5 or a carbonate 

solution. 

-Baotou in China 
-Egyptian Rosetta 

monazite 
 

Mahmoud, 2008; Wen-yuan et al., 
2007; Habashi, 1997; Kim and 

Osseo-Asare, 2012; Amer et al., 
2013; Alex et al., 1998; Cuthbert, 

1998 
Alkaline cracking 

with sodium 
hydroxide in a ball 

mill autoclave 

2.5 h at 150 ºC 
1 h at 175 ºC 

 
Laboratory 

scale 

Using ammonium carbonate-
bicarbonate solution to 

selectively separate U and Th 
from hydrous oxide cake 

-Egyptian 
monazite Abdel-Rehim, 2002; Kim et al, 2009 

Roasting with calcium 
chloride and calcium 

carbonate 

977-1187 ºC 
0.75-3 h 

 
Laboratory 

scale 

Reducing and sulfidizing 
environment. 

leaching with 3 wt.% HCl. 

-Western 
Australian 
monazite 

-Chuktukon in 
Russia 

Merrit, 1990; 

Mechanical ball 
milling with calcium 

oxide and calcium 
chloride 

12 h, 400 ̊C Laboratory 
scale Under argon atmosphere 

-Western 
Australian beach 

sand monazite 
Zhang and Lincoln, 1994 

Acid baking with 
sulfuric acid 

Monazite: 200-250 ºC 
Bastnasite: 400-560 ºC 

3-4 h 

Industrial 
scale 

-93-98 wt.% H2SO4 
-water leaching 

-No pure product produced 

-Bastnasite from 
Baotou in China 

Habashi, 1997; Gupta and 
Mukhrejee, 1990; Peelman et al., 

2014 
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2.2.1. Alkaline cracking process 

- Bastnasite, monazite and xenotime 

The alkaline cracking process could be carried out in an autoclave containing finely 

ground monazite or xenotime and 50 wt.% sodium hydroxide (NaOH) at 150 ̊C where the 

weight ratio of the solid to liquid (S:L) is approximately 1:1. The reaction for alkaline 

cracking is as follows [24]: 

REE-PO4(s)+3NaOH(aq) →REE(OH)3(s)+3Na(aq)
++ PO4(aq)

3-                                                  1 

The process could be also carried out using a more concentrated base (~70 wt.% 

NaOH) in a cast-iron/stainless steel vessel equipped with an agitator at a lower 

temperature (~120 ̊C) and ambient pressure [34]. The solution, which contains Na3PO4 

and NaOH, is filtered in order to obtain insoluble REE and thorium hydroxide 

precipitates. The REE hydroxide precipitates are subsequently dissolved in a dilute acid 

solution at pH 3.5. Hydrochloric acid (HCl), sulfuric acid (H2SO4), or nitric acid (HNO3) 

could be used to prepare the acidic solution depending on the REE separation process. 

REE compounds in the form of REE double sulfate salts or REE oxalates are then 

removed from the solution using a precipitation method. The final mixed rare earth 

product is then further refined using solvent extraction for REE separation [35,36]. 

For bastnasite, alkaline treatment is accomplished through a three step process; 

although, the first step could be eliminated: (i) Formation of  REE fluoride and chloride 

solution by using a mild HCl solution (Equation 2); (ii) Conversion of the REE fluorides 

to REE hydroxides through NaOH digestion at 96 ºC (Equation 3), and (iii) Leaching 

REE hydroxides in the HCl solution (Equation 4) [37]. 
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REEF3-REE2(CO3)3(s)+9HCl(aq)→REEF3(s)+2REECl3(aq)+3HCl(aq)+3H2O(l)+3CO2(g)           2 

REEF3(s)+3NaOH(aq)→REE(OH)3(s)+3NaF(aq)           3 

REE(OH)3(s)+3HCl(aq)→REECl3(aq)+3H2O(l)           4 

Mahmoud (2008) investigated the treatment of the Egypt Rosetta monazite 

concentrate for REE recovery [38]. The Egypt Rosetta monazite concentrate was initially 

disintegrated in a 40 wt.% NaOH solution with a S:L ratio of 1:1.5 at 140 °C for 4 h [38]. 

To recover virtually all REE from the Th hydroxide precipitate, the hydroxide cake was 

leached in a mineral acid, such as HCl or HNO3, and then sodium carbonate (Na2CO3) 

solution was used to solubilize Th and U as carbonates species while REE carbonates 

remained as insoluble precipitates (Equations 5, 6 and 7) [25]. The separation process 

could be practiced via one of the following two methods: i) Leaching the hydrous oxide 

cake with a carbonate solution; ii) Adding a large excess of carbonate salt to the mineral 

acid solution of the metal oxide cake. The first method is used to selectively dissolve 

thorium and uranium in a carbonate solution following Equations 5 and 6. The reactions 

are reversible and  the addition of carbon dioxide to the solution did not improve the 

recovery of thorium and uranium. The second method is carried out where the bulk of 

REE precipitated out of the solution via Equation 7 and thorium and uranium formed 

soluble complexes, as illustrated in Equations 5 and 6. However, it was shown that the 

addition of five-fold excess Na2CO3 led to the precipitation of approximately all Th and 

REE out of the solution. Another technique to separate REE from Th and U is through 

co-precipitation of Th and U using hydrogen peroxide (H2O2) at pH 2, while REE 

remained soluble in the solution [25,35]. Nonetheless, the cost of H2O2 is high and 

consequently makes this process uneconomic.  
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Th(OH)4(s)+5Na2CO3(aq)↔Na6Th(CO3)5(aq)+ 4NaOH(aq)    5 

UO2(OH)2(s)+3Na2CO3(aq)↔Na4UO2(CO3)3(aq)+ 2NaOH(aq)	    6 

2REE(NO3)3(aq)+3Na2CO3↔REE2(CO3)3(s)+6NaNO3(aq)    7 

Th and U could be selectively precipitated at pH 5.8 from the hydrous oxide cake 

solution in HCl then leached with an alkali solution of equal concentration of 

Na2CO3/NaHCO3. Further separation of U and Th from the obtained solution would be 

achieved by an ion exchange resin [25,35,39]. 

The REE Th and U from the hydrous oxide cakes of the alkaline cracking processes 

could be leached in a H2SO4 solution to obtain a sulfate liquor of REE (Equation 8). The 

Na3PO4 by-product is crystallized via the digestion of filtrate at 60 °C. Amer et al. (2013) 

reported that the dissolution efficiencies of U, Th and REE were 99%, 96.1% and 97.2%, 

respectively [35]. 

2RE(OH)3(s)+UO2(OH)2 (s)+Th(OH)4 (s)+6H2SO4(aq)→RE2(SO4)3 (aq)+UO2(SO4)(aq)+Th(SO4)2(aq)+12H2O(l) 8 

Mixed REE and Th are then precipitated as oxalates by addition of 30 wt.% oxalic 

acid (H2C2O4) solution at 60 °C. The oxalic precipitation process could precipitate 99% 

of the REE and 98% of the Th via the following reactions [35]: 

REE2(SO4)3(aq)+3H2C2O4(aq)→REE2(C2O4)3(s)+3H2SO4(aq)      9 

Th(SO4)2(aq)+2H2C2O4(aq)→Th(C2O4)2(s)+2H2SO4(aq)      10 

 

Unlike REE and Th, the U in the solution reacts with oxalic acid and forms a 

soluble oxalic species. The reaction between U and oxalic acid is as follows:  
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UO2(SO4)(aq)+H2C2O4(aq)→UO2(C2O4)(aq)+H2SO4(aq)      11 

At 60 °C and pH 0.7, uranium oxalate re-oxidizes to its hexavalent state and forms 

a sulfate complex which can be precipitated at pH 7 by ammonium (NH4OH) addition 

[35]: 

UO2(C2O4)(aq)+3H2SO4(aq) →UO2(SO4)(aq)+2CO2(g)+3H2O(l)                 12 

The concentration of U in the sulfate liquor is increased by evaporation of the 

filtrate (sulfate liquor) and reduction of its volume after the REE oxalate-precipitation 

step. Then, U is precipitated out of the solution as ammonium diuranate (NH4)2U2O7 by 

the addition of NH4OH. The U precipitation reaction is as follows [35]: 

2UO2(SO4)(aq)+2NH4OH(aq)+H2O(l)→(NH4)2U2O7(s)+2H2SO4(aq)                13 

Afterwards, the U precipitate is calcined at 850 °C for 1 h to produce high purity 

UO3.  The next step for the formation of highly pure mixed REE is to separate Th from 

the Th-REE oxalate precipitate. Th could be selectively separated from the oxalate 

precipitate using a mixed solution of sodium carbonate and bicarbonate [40]. Amer et al. 

(2013) reported that 99.5% of Th was effectively dissolved in a carbonate/bicarbonate 

solution (Na2CO3:NaHCO3 weight ratio of 3:1 and total Na2CO3 and NaHCO3 

concentration of 150 g/L) with a S:L ratio of 1:6 at 75 °C for 2 h (Equation 14) [35]. 

Th(C2O4)2(s)+4Na2CO3(aq)+2NaHCO3(aq)→Na6Th(CO3)5(aq)+2Na2C2O4(aq)+H2O(l)+CO2(g)           14 

 

The REE oxalate cake from this process is then calcined to produce 97 wt.% REO, 

2.17 wt.% Th and 0.83 wt.% U. Figure 2-1 shows the working flowsheet for this process. 

The filtrate of the process, i.e. Th-containing carbonate-oxalate solution, is subsequently 
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acidified by HCl addition to pH 2.3 to precipitate Th as Th hydroxide. The Th hydroxide 

precipitate is frequently calcined to produce a Th product with a purity above 97%. 

 

Figure 2-1 Working flowsheet for processing of Rosetta monazite concentrate [32] 

(reproduced with permission). 

- Mixed bastnasite and monazite 

Mixed bastnasite and monazite minerals are important rare earth resources, 

accounting for 40% of the world’s REE ores. An example of such ore source is the 

Baotou mine in China [23,28]. The mixed bastnasite and monazite minerals are among 

the difficult-to-treat ores due to the presence of monazite. Both H2SO4 cracking and alkali 

decomposition methods could be used to decompose these mixed ores. In the H2SO4 
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baking process, sulfur dioxide (SO2) and hydrogen fluoride (HF) off-gasses are produced. 

These gases are difficult to recycle and serious actions should be taken to strip those 

gasses  to prevent environmental pollution. The liquid alkali decomposition process by 

the application of alkali metal compounds such as NaOH, magnesium oxide (MgO), and 

CaO, is often applied to decompose the mixed REE concentrates [29]. This process is 

relatively cleaner than H2SO4 baking method. As this process involves solid-liquid 

contact, the fluorine dissolves into the wash fluid as sodium fluoride (NaF) and does not 

produce fluorine waste gas [28]. Therefore, fluorine can be recovered in this process. On 

the negative side, this process involves two steps of solid-liquid reactions which both are 

followed by water wash processes.  In addition, an extra calcium (Ca) removal steps by 

acid pickling is needed to reduce the amount of Ca to about 0.2% (a high Ca fraction 

would negatively affect the decomposition and leaching of REE). Thus, this process is 

not the most favorable for large-scale REE concentrate processing. The direct 

decomposition of the mixed bastnasite and monazite concentrates by alkali liquids has 

also been investigated. Xu et al. (2012) carried out a series of alkaline cracking 

experiments using a NaOH solution at a pH ranging 8 to 9. REE hydroxide precipitates 

were washed with water then leached in a HCl solution [41]. It was demonstrated that in 

an alkaline medium, the decomposition rate was high at 200 °C because of the slow 

evaporation of water. This led to a long solid-liquid reaction. However, increasing the 

temperature to 250 °C decreased the decomposition rate of the bastnasite and monazite 

due to the rapid evaporation of water and shorter time of solid-liquid reaction [41]. 

Increasing the temperature to 300 °C and above increased the decomposition rate once 

again, which made the reaction between solid NaOH and mixed monazite and bastnasite 
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possible and produced acid-soluble products [41]. It was reported that most of the 

fluorine (F) ions were present in the wash water and a trace amount of F remained in the 

alkali cake. No F was detected in the exhaust gas. It was also shown that the oxidation 

rate of Ce was increased by the elevation of  temperature and reached 91.75% at 300 °C 

and 96.40% at 400 °C. Mixed REE chlorides with low Ce content was obtained after acid 

leaching which facilitated the subsequent REE extraction [41]. The above-mentioned 

process was applied to different grades of Baotou mixed REE concentrates (50-60%) and 

the reported decomposition rates of all REE were always above 93% [41]. 

2.2.2. Acid baking techniques 

- Monazite and xenotime 

The acid baking process is a method of treating REE concentrates, particularly 

monazite and xenotime ores and concentrates, with H2SO4. In the acid baking process, a 

highly concentrated acid, such as 93-98 wt.% H2SO4, is added to the REE ore or 

concentrate at elevated temperatures (200-250 C̊). The acid to concentrate ratio is 

commonly in the range of 1-2.5 and the process could be completed within 3-4 h [10,24]. 

The process reaction starts with fast kinetics in the initial 15 min; however, the gray 

insoluble solid product coats the monazite grains slowing the reaction. The acid baking 

reactions depicted in Equations 15, 16 and 17, are exothermic in nature [10,24,42,43]. 

2REEPO4(s)+3H2SO4(aq)→REE2(SO4)3(s)+6H(aq)
++2PO4(aq)

3-               15 

Th3(PO4)4 (s)+ 6H2SO4(aq)→ 3Th(SO4)2 (s)+ 12H(aq)
++ 4PO4(aq)

3-              16 

ThSiO4(s)+ 2H2SO4(aq)→ Th(SO4)2 (s)+ SiO2(s)+ 2H2O(l)                17 
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After completion, the resultant acid-digested mass which often contains Th, U, 

lanthanide sulfates, and other unreacted minerals and impurities is leached in water. As a 

result, Th, U, and REE sulfates solubilize into water leaving behind silica, rutile ilmenite, 

zircon, and undigested monazite residues. The water leaching reactions occur following 

Equations 18 and 19 [34]: 

(REE)2(SO4)3•nH2O(s)→2REE(aq)
3++3SO4(aq)

2- +nH2O(l)                  18 

Th(SO4)2(s)→Th(aq)
4++2SO4(aq)

2-                   19 

Demol et al. (2018) [44] studied the chemistry involved in acid baking process of 

monazite concentrate by investigating the reactions at different temperatures from 200 to 

800 °C. They reported that acid baking of monazite concentrates at 250 °C for 2 h leads to 

virtually complete reaction of monazite and sulfuric acid and results in solubilizing more 

than 90% of REE, thorium, and phosphate by leaching. They also observed that baking at 

300 °C results in a sharp decrease in extraction of thorium and phosphate due to the 

formation of thorium phosphate type precipitates during leaching. REE leachability 

however reached almost 100%. Further increase in bake temperature to 400-500 °C led to 

a decrease in extraction of thorium, phosphate, and REE due to formation of insoluble 

Th-REE-polyphosphates. Above 650 °C, a further decrease in REE extraction was met as 

a result of the partial re-formation of monazite through a reaction between the Th-REE-

polyphosphates and REE-sulfates. 

- Bastnasite 

Bastnasite could be decomposed into REO and REE fluoride oxides by oxidation 

roasting in a temperature range of 400-600 °C followed by sulfuric, nitric, or 
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hydrochloric acid leaching at ambient temperature [9]. This process was used to produce 

mixed REE sulfates from bastnasite originated from KIGMA, Korea [45]. Roasting the 

concentrate at 600 ̊C for 4 h converted the carbonate REE of the ore into a soluble oxide 

form as is presented in Eq. 20. The roasted solid is then leached with H2SO4 solution at 

60 ̊C for 4 h to obtain REE sulfate (Equation 21). After filtration, double sulfate REE can 

be precipitated out of the solution [45]. 

REEFCO3(s)→REEFO(s)+CO
2(g)

       20 

REEFO(s)+3H2SO4(aq)→REE2(SO4)3(aq)+2HF(g)+2H2O(l)       21 

The conventional methods for cracking bastnasite concentrates are NaOH treatment 

and H2SO4 roasting. However, NaOH treatment is not the preferred method, particularly 

due to its high alkaline consumption rate and the existence of radioactive Th species in 

both leachate and residue [15,46]. The reaction for  H2SO4 baking of bastnasite is shown 

in Equation 22, where the REE fluorocarbonates are converted to water soluble sulfate 

compounds. Water leaching is the next step in the bastnasite processing. 

2REEFCO3(s)+3H2SO4(aq)→REE(SO4)3(s)+2HF(g)+2H2CO3(aq)  22 

In most Chinese operations, the bastnasite processing steps are as follows: (i) 

Bastnasite ore is concentrated to a grade of about 66% REO; (ii) The concentrate is 

roasted by H2SO4 at 400-500 ºC for several hours to decompose the fluorocarbonate 

matrix and becomes soluble in the HCl solution[37]; (iii) REE are solubilized in HCl 

solution; and (iv) An oxalic acid solution is used to precipitate REE oxalates. In 

Mountain Pass, California, a REE extraction operation which was shut down in 2015 

used a hot flotation process to concentrate bastnasite minerals. The concentrate was then 
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leached at pH 1.0 with 10 wt.% HCl to remove the CaCO3 minerals and further enrich the 

bastnasite concentrate to 68-72 wt.% REO. In the next step, the concentrate was calcined 

to decompose the fluorocarbonates and form REOs. Furthermore, Ce(III) was oxidized to 

Ce(IV) as CeO2 (ceric oxide), which is an insoluble compound in high acid 

concentrations. The remainder of CO2 was also eliminated in this step, yielding a higher 

grade bastnasite concentrate (85-90 wt.% REOs). The calcination process was conducted 

in a multi-layer furnace using a low-sulfur fuel in an oxidizing medium for 3 h at 620 °C. 

The calcined concentrate was then leached in a 30 wt.% HCl solution to generate a 

pregnant leach solution (PLS) containing REOs, while CeO2 and ThO2 remained 

insoluble in the solution. The PLS contained some impurities which were subsequently 

removed by Na2CO3 addition. Sodium sulfate (Na2SO4) was then added to precipitate 

REE insoluble double sulfate salts (NaRE(SO4)2•H2O) (Equation 23). It is worth noting 

that the formation of ferric hydroxide precipitates were inhibited via adjusting solution 

pH at 1.5 [46]. 

REE2(SO4)3(s)+Na2SO4(s)+2H2O(l)↔Na2SO4.REE2(SO4)3•2H2O(s)  23 

The same process was applied to a Turkish bastnasite-containing pre-concentrate 

[46]. This process was capable of extracting 85-90% REE with a grade above 90% and 

producing hydrofluoric acid (HF) as a by-product. Additionally, impurities such as Th, 

Fe, aluminium (Al), and Mg were eliminated from the REE salts by quick precipitation. 

The Th-rich precipitate was also a by-product of this process which was obtained by 

adding NaOH to the wastewater after REE double sulfate precipitation. Figure 2-2 shows 

the working flowsheet for this operation. The recovered REE double sulfate salt is an 

intermediate product and should be further treated by sodium hydroxide to convert the 
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REE double sulfate salt to REE hydroxide. The REE hydroxides could then be dissolved 

in a HCl solution, leaving behind CeO2 as a solid residue, and allowing REE to be refined 

by SX [46]. 

 

Figure 2-2 Working flowsheet for producing RE double sulfate salt and HF from bastnasite 

concentrate [52] (reproduced with permission). 

- Mixed bastnasite and monazite 

Conventional treatment processes for mixed bastnasite and monazite are complex 

and require corrosion-resistant equipment. These processes also generate large quantities 

of wastewater, waste acid, and alkali, or discharge toxic gases to the environment. 

Industry has been probing for cleaner processes with simple chemistry and a low cost. In 

a newer process, a Na2CO3 roast is used to defluorinate REE ore and then fluorine in the 
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form of sodium fluoride (NaF) is washed away with hot water. REE ore is then 

chlorinated with HCl, where HCl is formed through decomposition of NH4Cl via Eq. 24. 

The chlorination process reactions are shown as Equations 25, 26 and 27. If fluorine is 

still present in the ore, it could be treated with MgO prior to chlorination process to fix 

the F in the calcine, i.e. Fixing Fluorine Treatment (FFT). The advantages of the above-

mentioned process are: (i) Simplification of the F treatment which would affect the 

recovery of REE in the purification and separation steps. This is particularly because the 

leachate contains only traces of Fe, silicon (Si), Al and Th; (ii) No excess acid would 

remain in the REE leachate. The addition of MgO results in the formation of insoluble 

fluorine compounds, thus eliminating the need for a F wash before the chlorination 

process. The chlorinating roasting step converts REE to the water soluble chlorides which 

could further be leached with the hot water [23,47]. 

NH4Cl(s)→NH3(g)+HCl(g) (328 °C)	     24 

REE2O3(s)+6HCl(g)→2REECl3(s)+3H2O(l)	    25 

2CeO2(s)+8HCl(g)→2CeCl3(s)+Cl2(g)+4H2O(l)	    26 

REE2O3(s)+3Cl2(g)→2REECl3(s)+1.5O2(g)    27 

It should be mentioned that careful dosage of the reagents in the FFT process is 

important, as an excessive amount of MgO would consume chlorination agent and would 

influence the chlorination process. 

In the Baotou operation in China, a small amount of monazite is associated with 

bastnasite. The unit operations of the process are as follows: (i) Roasting the concentrate 

with the concentrated H2SO4 at an elevated temperature (>300 °C) to crack the monazite; 
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(ii) Water leaching to dissolve REE sulfates and adding magnesia to neutralize the excess 

acid; (iii) Solvent extraction to separate and purify REE. There are some disadvantages to 

this process: (i) The radioactive thorium reports to the residue. Th recovery from the 

residue is not economic, thus it is disposed of into the hazardous waste area; (ii) The 

roasting off-gas contains HF and SO2, which requires a large amount of water or alkaline 

solution for scrubbing and a large volume of acidic effluents would be produced as a 

result. To modify the process, MgO or CaO and NaCl have been used to prevent the F 

release and stabilize it into the leach residue. Roasting the concentrate with ammonium 

chloride (NH4Cl) is another way to modify the process. With this process, REE chlorides 

are formed by the decomposition of the NH4Cl to gaseous HCl (REE chlorides are water 

soluble species). Another option is to preheat the concentrate with H2SO4 at a lower 

temperature (40-180 °C) before the roasting process. Roasting at a low temperature 

minimizes H2SO4 decomposition; though a large amount of gaseous HF would be 

generated. This HF gas however could be converted into a solid NH4F through contacting 

with (NH4)2CO3 in the off-gas treatment pipes [15]. A new, cleaner, technique has been 

developed to process Bayan Obo mixed REE concentrate, which is a combination of 

oxidative roasting of the bastnasite and alkaline attacking with wet-air oxidation of 

monazite. By means of this two-step oxidation method, REE, Th, F, and phosphorus (P) 

can all be recovered effectively. This method uses the interactions between Ce(IV), F, 

and P to separate Ce(IV) from the other REE(III) and recover F, P, and Th by complexing 

F and P through the oxidation of Ce(III) to Ce(IV). In the first step of this method, 

bastnasite is oxidized by air roasting and sulfuric acid leaching to provide a leach liquor 

containing Ce(IV), F and P. In the second step, monazite is converted into REE 



 

27 

 

hydroxide using alkaline cracking. Next, Ce(III) in the hydroxide cake is oxidized into 

Ce(IV) by wet-air oxidation. The hydroxide cake is then leached into sulfuric acid to 

obtain another leach liquor containing Ce(IV), F and P. Primary amine N1923 is used to 

extract Th with ThO2 being recovered as the Th product. Cyanex923 is used to obtain 

CeO2, CeF3, and CePO4 based on the complexation of Ce(IV) with F and P.  The overall 

REE recovery in this novel process is over 92% and this technique avoids resource waste 

and environment pollution caused by F, P and Th [48]. The flowsheet of a conventional 

process for REE recovery is shown in Figure 2-3. This is an example of an effective 

process for REE recovery, but has some drawbacks which were mentioned above [49]. 

Figure 2-4 shows the flowsheet for the two-step oxidation process of Bayan Obo mixed 

ores. 

 

Figure 2-3 Working flowsheet for a conventional process of RE recovery [49]. 
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Figure 2-4 Working flowsheet for two-step oxidation process of Bayan Obo mixed ores [48] 

(reproduced with permission). 

2.3. Further processing 

There are six techniques for the separation of REE: (i) selective oxidation, (ii) 

selective reduction, (iii) fractional crystallization, (iv) fractional precipitation, (v) ion 

exchange (IX) and (vi) solvent extraction (SX) [5]. IX was the first separation method 

applied on REE solutions to produce a high purity of single or mixed REE compounds in 

large quantities. Whereas, with the advent of SX techniques in 1960s, IX has only been 

used to obtain small quantities of highly pure REE products. SX is the current industrial 

practice for the separation of REE from PLSs [50–52]. 

Irrespective of the original REE source or process, PLSs frequently contain 

impurities (Fe, Al and Th) that should be precipitated before advancing to the separation 

process as they can cause an adverse effect on the recovery and separation of REE at the 
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subsequent hydrometallurgical stages. Therefore, a series of stepwise neutralization and 

precipitation processes are carried out to eliminate the impurities from the solution [25]. 
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Chapter 3 

Substitution of calcium by Ce, Nd, Er and Tb in the structure of micro-

crystals of calcium sulfates with controlled hydration water: A proposed 

mechanism 

 
This chapter interprets the mechanism of co-crystallization and sorptive properties of rare 

earth elements (REE) with calcium sulfate dihydrate (CSD) crystallization. The present 

chapter is based on the following publication: 

Farzaneh Sadri, Rina Kim and Ahmad Ghahreman, Cryst. Growth Des. 2019, 19, 5, 2621-2631 

3.1 Introduction 

Many rare earth elements (REE) are well-known luminescence activators and REE 

are able to produce a significant fluorescence intensity in calcium sulfate (anhydrite) 

[53]. Mariano (1989) [54] investigated the effect of REE on cathodoluminescence (CL) 

emission in anhydrite and proved that only a few ppm of REE activators are enough to 

induce a CL emission in anhydrite. Baumer et al. (1997) [55] also investigated the REE-

doped anhydrite CL emission to understand the emission due to REE in natural 

anhydrites. Owing to these properties, anhydrite can be used as a dosimeter [55,56]. One 

way to produce calcium sulfate is to crystallize CSD from a solution and subsequently 

transform it into anhydrite by dehydration in air at an elevated temperature (about 800 ̊C) 

for 3 h [55]. The solution may contain some REE to generate REE-doped dihydrate and 

subsequently a REE-doped anhydrite. 
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Calcium sulfate can crystallize in five crystalline phases and three hydrated levels 

from electrolyte solutions depending on the thermodynamic and kinetics conditions of the 

system such as temperature, pressure, composition and pH. The phases are calcium 

sulfate dihydrate (CSD, CaSO4.2H2O), calcium sulfate hemihydrate (CSH, α and β-

CaSO4.0.5H2O) and calcium sulfate anhydrite (CSA, AII and AIII) [57–59]. The REE 

sulfates can crystalize via precipitation and fractional crystallization [60], and are 

generally divided into two groups of “simple sulfates” as Ln2(SO4)3.nH2O and “double 

sulfates” of LnM(SO4)2, where Ln=REE. In double sulfate crystals, M can be ammonium 

or an alkali metal [61,62]. 

The addition of selected elements into a crystal growing from a solution has long 

been the object of discussion. Research on this topic has mostly been concerned with a 

comparatively narrow range in growth rate of 10-8-10-4 cm/sec, which satisfies electronic 

and optical requirements, but not many requirements in hydrometallurgy, radiochemistry 

and hydrochemistry [63]. For this reason, recent years have seen attempts to define in 

detail the entry mechanisms over wider ranges in crystallization conditions. However, 

from the practical viewpoint researches are still in a preliminary state [63,64]. In 

industrial processes and specifically hydrometallurgical industries, irrespective of the 

extraction process which is directly from the ore or recycling the spent materials, some 

impurities are always available in the solution. It is shown in other investigations that 

even in very low concentrations, the impurities can affect the nucleation and growth 

processes in different crystallization systems [65–74]. 

It is known that crystal growth occurs via either of the two mechanisms of surface 

nucleation or spiral growth [75]. In surface nucleation, if the radius of the 2-D emerged 
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nucleus exceeds the critical radius, it can grow in all directions and forms a new surface 

on the previous one. If the radius of the formed nuclei is less than the critical value, it will 

dissolve and growth does not happen. In a spiral growth mechanism, the growth proceeds 

by the propagation of steps along the crystal surface [75]. By emerging the steps, three 

different locations are present on the crystal surface that are the potential sites for 

adsorption of other molecules: along the steps (S), on the flat parts or terraces (T) and at 

the kinks (K). The radius of the critical nucleus is inversely proportional to the relative 

supersaturation. Therefore, at low supersaturation, surface nucleation and growth is 

harder to achieve and growth is mostly directed in length and width of the crystals via 

spiral mechanism [76]. The foreign ions (impurities, here REE) can incorporate into the 

crystallizing host lattice (CSD) via three modes: (i) by co-precipitation as a separate 

phase such as an insoluble sulfate, (ii) by interstitial uptake or (iii) by iso-morphous 

substitution of Ca2+ or SO42- ions [74]. In mode (i), the degree of uptake is determined by 

the solubility product of the separate phases and by their nucleation and growth behavior. 

Interstitial uptake is difficult to identify, especially when the impurity concentrations are 

very low [63]. In mode (iii) it is very difficult to calculate the uptake of impurities. This 

is because the value of D (partition coefficient) is governed by the thermodynamics and 

kinetics factors such as the free energy required to transform an existing MX lattice 

(where M represents the cation and X represents the anion in the structure) into an often 

hypothetical lattice which is isomorphous with the host lattice which presents an energy 

change which is very difficult to assess [63,74]. It is believed that [MSO4](2-b)- ion pairs 

replace the free sulfate ions in the solution and Mb+ ions act as SO42- carriers in the CSD 

nucleation and crystallization process and probably their entrance into the crystalline 
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structure; however, the pairing capability and decoupling capability of the [MSO4](2-b)- 

ion pairs, which defines the induction time of crystal nucleation and diffusion coefficient 

in the solution, depends on the cation type [77]. Ion paring occurs as the result of an 

interaction between ions with opposite charges in the solution. This can trigger 

crystallizations with non-lattice cations (Mb+) [78] and due to the difference in the 

valence of the crystal host cation and the non-lattice cation, ionic point defects such as 

holes could be generated in the crystal lattice [79]. Partition coefficient (D) defines the 

competition between the impurity ions and host crystal ions in the solution for a position 

in the crystal lattice and is governed by the thermodynamics and kinetics factors [74]: 

D= ( [M]

[C]
)solid ( [M]

[C]
)solution'                   28 

Where [M] represents the impurity concentration and [C] denotes the concentration 

of the ions in the host lattice which are substituted with the impurity ions (Ca2+ here). The 

calcium sulfate phase formed depends on the amount of crystal water x (CaSO4.xH2O). 

Depending on temperature, concentration, and residence time conditions, calcium sulfate 

dihydrate (x =2), α-hemihydrate (x = 0.5), or anhydrite (x = 0) is formed [80]. 

Furthermore, the adsorption of REE or other elements on the crystal surface might 

influence the crystal morphology and/or the crystal growth rate [81,82]. The valency of 

cationic dopant also plays an important role in the way it influences the crystallization 

process. Another influencing factor is the ionic radius. For example, the amount of 

dopant uptake into hemihydrate (HH) which was crystallized in phosphoric acid 

environment showed correlation with the ionic radius of the dopant in comparison to the 

ionic radius of calcium ions [83]. 
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Many studies have been performed to illustrate the influence of metal ions on the 

precipitation of calcium sulfate [77,84–86]. Most studies reported the great effect of the 

presence of impurities in the reaction medium on the inhibition of the reaction rate, but 

they were shown to have insignificant effect on the crystallization mechanism [69,87–

90]. Verugd et al. (1994) [74] have investigated the influence and incorporation of 

lanthanide and chromium ions on the growth of CSD. They showed that the growth of 

CSD is retarded by the lanthanide ions present in the solution as impurities. Feldmann 

and Demopolous [84] have studied the influence of impurities on the crystallization 

kinetics of calcium sulfate dihydrate and hemihydrate in concentrated HCl-CaCl2 

solutions. They studied the effect of K+, Mg2+, Sr2+, Ba2+, Al3+, Fe2+, Fe3+, La3+, Y3+, F- 

and PO43- in the context of a continuous steady-state crystallization process at 40 and 80 

oC. They found that among all the investigated impurities, phosphate and strontium had 

most significant effect on the growth kinetics of dihydrate or hemihydrate crystals while 

La3+ and Y3+ showed a modest effect. Other impurities present however showed no 

effect. They concluded that the substitution process, rather than the adsorption process, 

was the mechanism of uptake of Sr by dihydrate, while in the case of La and Y, 

adsorption was the main mechanism [84]. They also showed that the uptake of La and Y 

ions was more extensive (~5-10 times) by hemihydrate rather than dihydrate phase. 

Therefore, the configuration of ions in a crystal lattice is a very important parameter in 

the uptake of impurities [63]. It was also shown in our previous study [91] that during the 

hydrometallurgical impurity removal process by Ca(OH)2 from the leach solution of acid 

baked concentrate of REE, these elements are distributed between the aqueous phase and 
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crystallized CSD. This leads to a REE loss to CSD which is economically unfavorable to 

the process. 

An insight into the role of REE on the crystal structure and morphology of CSD is 

essential to develop a better fundamental understanding of the cation-assisted 

crystallization of calcium sulfate dihydrate and to develop an improved approach for 

materials synthesis. It is the scope of this chapter to investigate the REE dopants effect on 

the crystallization of dihydrate in the Ca(OH)2–H2SO4 system. A facile method was 

developed to synthesize CaSO4.2H2O crystals doped with four REE: Ce and Nd (light 

REE, LREE), Er and Tb (heavy REE, HREE), aiming to simulate the impurity removal 

stage of REE hydrometallurgical processing. The crystals were synthesized from a CSD-

saturated REE-containing solution. The adsorption and doping of the REE present in the 

crystallization process of dihydrate were revealed, and the corresponding mechanisms 

were studied. A thermodynamic explanation was also presented to further confirm the 

experimental results.  

3.2 Experimental Procedure 

3.2.1 Materials and reagents 

The analytical grade reagents were used in the experiment and all aqueous solutions 

were prepared with de-ionized water. The materials and reagents are presented in Table 

3-1. Nitric acid was used to make 5% HNO3 solution for dilution of analysis samples and 

the standard solutions. The experiment was performed in duplicate as a check on the 

experimental technique and precision. 
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Table 3-1 Materials and reagents 

Reagent Grade Supplier 
Ce(III) sulfate octahydrate 99.9% Alfa Aesar 

Nd(III) sulfate octahydrate 99.9% Alfa Aesar 
Tb(III) sulfate octahydrate 99.9% Alfa Aesar 
Er(III) sulfate octahydrate 99.9% Alfa Aesar 
Calcium sulfate dihydrate 98% Acros 

Calcium hydroxide  Fisher Scientific 
Sulfuric acid 95-98% Fisher Scientific 
Nitric acid 68-70% BDH 

Ce, Nd, Er and Tb standard solutions 
For MP-AES and ICP 

1000 ppm Alfa Aesar 

3.2.2 Experimental process and analysis 

A CSD-saturated solution pre-adjusted at pH 1.0 by sulfuric acid was prepared and 

Ce, Nd, Er, and Tb sulfate salts were added to it to make a 4 g/l REE-containing sulfate 

solution (equal concentration of each REE) with molar concentrations of 0.007, 0.0069, 

0.0063, and 0.006 M for Ce, Nd, Tb and Er, respectively. The solution was used as the 

starting solution in the experiments. 5% Ca(OH)2 at pH 13.0 was used as a precursor to 

crystallize CSD from the sulfate medium. Ca(OH)2 was gradually added to the 

crystallization reactor until the pH of the solution reached 5.0 and the crystals were then 

collected for further analysis. The crystallization experiments were performed in a pyrex 

beaker on a magnetic stirrer (Arex digital, VELP Scientifica) and the pH of the solutions 

were continuously measured by a pH meter (Fisher Scientific XL600 Accumet). The 

experimental procedure is summarized in Fig. 3-1. 
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Figure 3-1 Experimental process for the present study 

The crystal morphology of the collected CSD crystals were analyzed with an FEI 

FEG-Nova NanoSem scanning electron microscope (SEM), after being sputter coated 

with a thin layer of Cr. X-ray powder diffraction analysis (XRD) was carried out with a 

Bruker AXS powder diffractometer. Co Kα radiation with a wavelength of 1.79 Å was 

employed. Differential Thermal Analysis (DTA) and Thermogravimetric analysis (TGA) 

were carried out on a Netzsch STA 449 F3 Jupiter apparatus, with a heating rate of 5 K 

min−1 and air atmosphere flowing at 100 mL min−1 in closed aluminum crucibles. CSD 

crystals were digested in aqua regia solution (HNO3:HCl=1:3). Chemical analysis of the 
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solutions was conducted with an Agilent Technologies 4200 MP-AES apparatus for the 

REE content and ICP-OES from Agilent Technologies (Vista Pro-axial CCD 

spectrometer) for the Ca and S concentration. Finally, small drops of CSD powder 

suspension in ethanol were carefully added on to a 3 mm carbon coated copper grid, with 

50 µm grid size. Chemi-STEM energy dispersive X-ray (EDS) elemental mapping was 

performed on an FEI Tecnai Osiris S/TEM, operated at 200kV. EDS mapping data was 

acquired and processed with ESPRIT software. The depth profile for the distribution of 

elements Ce, Nd, Tb, and Er in CSD crystals was investigated by Time-of-Flight 

Secondary Ion Mass Spectrometry (ToF-SIMS) (ION-TOF SIMS IV, Muenster, 

Germany). The chamber is pumped continuously to keep an ultra-high vacuum, in which 

the normal pressure is inferior to 3Í10-9 Torr. A pulsed 25 kV Bi+ primary ion beam 

with a target current of 0.42 pA (19.1 ns DC) and a field of view of 200 µmÍ200 µm was 

used. Analysis was performed in static mode with 128Í128 pixels and ion dose lower 

than 6Í1011 ions cm-2 at each analysis cycle. For depth profiling, the O2+ sputter gun 

operated at 3 kV, 0.1 nm/s and the Cs+ sputter gun operated at 3 kV, 0.029 nm/s were 

used in the positive and negative modes, respectively. In both cases, the crater size was 

500 µmÍ500 µm while the region of analysis located in the middle of the crater was 200 

µmÍ200 µm. It has to be kept in mind that sputter rates can differ significantly 

depending on the sputtered material. Quantitative XPS analysis was carried out on a VG 

ESCALAB 3 MkII X-ray photoelectron spectrometer (XPS) with an Al-Kα source. The 

pressure in the analysis chamber was 3Í10-8 Torr and the detection limit was 0.1 at.%. 
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3.2.3 Sources of error and safety precautions and implications 

Different sources of error which affected the results were considered in calculations and 

reported results as much as possible, which are listed in below: 

• Errors mentioned on beakers, volumetric cylinders, volumetric flasks and other 

glassware 

• Micropipettes 

• Digital balance 

• MP-AES results error 

• Solution evaporation while running the tests 

• Errors of sample dilution such as reading the exact volume of the solution, 

topping the solution up to the line, making the standard solutions, etc. 

• Humidity and room temperature 

Safety precautions were implemented as soon as entering the laboratory. Safety goggles, 

labcoat and gloves were mandatory from the moment we entered the lab. Short-sleeved 

shirts, open toed shoes and shorts were forbidden in the lab. All the body should have 

been fully covered when working with chemicals. Masks were provided for weighing 

powders or working with organic chemicals. Any high temperature experiment, organic 

containing test, digestion etc. were conducted under the fume hood. Safety showers, eye-

wash stations, first-aid kits and fire extinguishers were present in different locations in 

the lab in case of emergency. Carts were used to carry solutions between labs to prevent 

any spills on the floor. Acids and bases were stored separately and far from each other. 

Acidic, basic and solid wastes were also stored in separate containers and no solution was 
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poured into the sinks. Separate sinks for handwashing were implemented in all labs to 

wash the hands before leaving the lab. 

3.3 Results and Discussion 

3.3.1 Composition 

The chemical composition of the crystals obtained from the experiment at pH 5.0 

are listed in Table 3-2. Note that ICP-OES was used to determine the concentration of 

Ca2+ and SO42- species and MP-AES for the four REE. 

Table 3-2 Chemical analysis of the solids 

Species Ca2+ SO4
2- Ce Nd Tb Er H2O 

Solid (Wt. %) 17.300 40.800 0.430 0.440 0.200 0.198 40.632 

Molar ratio 0.432 0.435 0.003 0.003 0.001 0.001 2.25 

 

It is clear from Table 3-2 that the uptake of light lanthanides by CSD is higher than 

that of heavy lanthanides due to the smaller ionic radius differences between the impurity 

ion (LREE) and Ca2+ compared to the HREE (six-coordinated ionic radii of Ce3+, Nd3+, 

Tb3+, Er3+ and Ca2+ have been reported to be 1.01, 0.983, 0.923, 0.89 and 1.00 Å, 

respectively[92]). The supersaturation, σ, is defined by [93,94]: 

σ = ∆µ
kBT

 = ln( a
ae

) = ln( [Ca2+].[SO4
2-]

Ksp
)              29 

Where Δµ is the change in the chemical potential, kB is the Boltzmann constant, T 

is absolute temperature, a and ae are actual and equilibrium activity products, and Ksp is 

the thermodynamic solubility product which is 10-4.85 at 25 oC for CSD [95]. The 
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chemical analysis results showed that the concentration of Ca2+ and SO42- in the solution 

at pH 1 before adding Ca(OH)2 are 53 and 1230 ppm, respectively. Then, a 

supersaturation value of 0.18 is present in the system when starting the experiment which 

is slightly above zero. 

Turbidity analysis of a crystallization system versus pH is often used to better 

understand the nucleation and growth of the crystals. In the present study, the pH that 

CSD nuclei appear in the solution (beginning of the nucleation and growth process) was 

achieved by plotting the turbidity against the solution pH. Figure 3-2 (left) demonstrates 

the turbidity-pH plot of this experiment and shows that the turbidity increases slowly up 

to pH around 1.8 then a sharp increase in the turbidity of the solution is reached. 

Therefore, CSD nucleation starts around pH 1.8 where supersaturation of the solution is 

in favor of formation of the CSD nuclei. This finding can be virtually confirmed in Figure 

3-2 (right). Figure 3-2 shows that the growth from unseeded solutions begins after an 

initial ‘induction period’. During the induction period, a negligible change occurs in the 

bulk of the solute concentration and nucleation takes place. Varying number of nuclei and 

variations in the growth rate of the nuclei affect the induction period. This phenomenon 

has been observed in the precipitation of many slightly soluble salts [96].  
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Figure 3-2 (a) Turbidity measurements of the solutions obtained at each pH value during 

the experiments and (b) solution samples at different pH values. 

3.3.2 Crystal structure and thermal behaviour 

To study the crystal structure of the precipitates, the powder precipitated crystal 

samples were subjected to XRD analysis. Additionally, the powder samples were 

analyzed by TGA/DTA method to characterize the molecular water in the crystal 

structure. The XRD analysis result is shown in Figure 3-3 and the TGA/DTA analysis is 

presented in Figure 3-4. The XRD pattern of the crystals, which were prepared by the 

addition of a 5% Ca(OH)2 precursor from pH 1.0 to 5.0, illustrates that the crystals were 

composed of calcium sulfate dihydrate (CSD) phase by the strong peak at 2θ = 13.5148 ̊. 

The reflection pattern of the CSD crystals was matched with ICDD card number 01-074-

1433, with lattice constants of a = 5.68 Å, b = 15.18 Å and c = 6.52 Å. Thus, the crystals 

were dihydrate, confirming that no complete or partial phase transformation occurred in 

these experiments. The XRD patterns of CSD crystals in the absence and presence of 

REE show that the position of the peaks did not change with REE addition in the 

solution. This likely suggests that the substitution of REE ions with Ca2+ in the lattice 
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during growth had not occurred or that it was a rare phenomenon occurring in very 

limited local areas and was hard to detect. Furthermore, the pattern remained unchanged 

and no new peaks appeared meaning no distinct REE sulfate phase was detected in the 

XRD studies. These observations likely suggest that the REE sulfates did not extensively 

form during the crystallization experiments or that the uptake of REE has occurred via 

surface adsorption and not by the incorporation into the crystal lattice. This will be 

explained further in the next sections of the paper. 

 

Figure 3-3 XRD pattern of the crystals with 5% Ca(OH)2 at pH 5 

Figure 3-4 shows the thermal behaviour of the CSD crystals obtained from the 

crystallization test with the presence of REE in a calcium sulfate saturated solution with 

5% Ca(OH)2, as pH was increased from 1.0 to 5.0. The crystals show a weight loss of 

0.75% up to 100 °C, followed by another 20.1% weight loss when the temperature was 

increased to 300 °C.  The weight loss of 0.75% is attributed to the evaporation of water 
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below 104 °C. This is the remaining excess water and moisture which is loosely bound 

on the surface of the CSD crystals or the water associated with any possible amorphous 

phases. From 104 to 300 °C, the crystalline water is driven off, resulting in a complete 

de-hydration of the crystals, via a 20.1% weight loss. Weight loss of 20.1% relates to the 

two water molecules in the structure of CaSO4, as CaSO4.2H2O, and confirms the results 

obtained from XRD analysis. Figure 3-4(b) illustrates the DTA curve of the same sample. 

In DTA, changes in the sample that cause changes in enthalpy can be detected such as 

phase transformation or water release. The results show that within the temperature range 

where all chemically combined water is released, two shoulders are visible in the DTA 

curve. This happens because the dehydration process is a two-step process that first 

drives off 75% of the crystalline water to achieve the metastable hemihydrate phase, then 

in the second step removes the remaining water to form anhydrite [97]. The very broad 

exothermic peak in the range of 250-400 °C is due to the β-modification [98]. 

The temperature range for the dehydration of CSD has been reported in several 

studies. Mehaffey et al. [99] reported this range to be 100 to 160 °C and Wakili and Hugi 

[100] reported a temperature range of 150 to 300 °C. Yu et al. [101] reported weight loss 

to begin at around 80 °C and become constant at temperatures of 270 and 180 °C at 

heating rates of 20 and 5 °C/min, respectively. This indicates that in addition to the 

temperature that provides the energy needed for the dehydration, heating duration (or 

heating rate) plays an important role as well. Clearly, the values reported in the literature 

vary considerably over a wide range of temperatures suggesting that different parameters 

such as heating rate and microstructure of the investigated CSD can affect the 



 

45 

 

dehydration process. The REE doping of the CSD crystals in this study can also affect the 

dehydration temperature range due to a different microstructure that they created in CSD. 

 

Figure 3-4 Thermal behaviour of the crystals obtained from a crystallization experiment 

with Ca(OH)2 addition into a REE containing CaSO4 saturated solution while increasing the 

pH from 1 to 5; (a) TGA curve and (b) DTA curve 

3.3.3 REE capture by CSD crystals: Morphological view 

SEM was used to investigate the changes in the morphology of the REE doped 

CSD crystals. As shown in Figure 3-5, CSD crystals have a layered structure, where each 

layer contains a sheet of H2O, two Ca2++SO42- groupings, and another sheet of H2O 

[102]. Within the sheets the cations are coordinated by six O of the SO4 groups and the 

two water molecules. The perfect cleavage of CSD arises from the breakage of hydrogen 

bonds between the O of the SO4 groups and H2O molecules [103].  
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Figure 3-3-5 (a) Layered structure of calcium sulfate dihydrate (CSD) and (b) a schematic 

view of the atomic positions in its structure drawn by jmol software (jmol 14.29.22). 

Figure 3-3-6 shows the surface morphology of CSD precipitates obtained from a 

crystallization experiment with 5% Ca(OH)2 from pH 1.0 to 5.0 in both the absence and 

the presence of REE ions in the solution. It was observed that CSD had crystallized with 

a plate-like morphology which is the typical morphology for calcium sulfate dihydrate 

[104,105]. The slab-shaped morphology indicates that spiral growth has occurred much 

faster. Figure 3-6(b) represents the morphology of CSD crystals from the REE-containing 

calcium sulfate saturated solution. In the presence of REE in the solution, a needle-

shaped morphology is formed that shows the growth is blocked in some directions and 

accomplished only along the c-axis. This is further evidence of the surface adsorption of 

REE to CSD. Generally, the impurity incorporation in the host crystal lattice can occur 

via two mechanisms: step pinning or blocking which occurs when the impurity ions are 

adsorbed to the step edges or accumulate on terraces ahead of migrating steps and slow 

down the propagation velocity of the steps (impurity-step interactions [94]), and 

incorporation into the structure which occurs when the impurity ions are captured by the 
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steps or kink sites along the step edges and become part of the growing crystal [93]. 

Based on the classic theory of Cabrera and Vermilyea [106], this model predicts a dead 

zone of supersaturation where the steps do not grow anymore. In Figure 3-6 (a), the step 

bunches or macro-steps are visible on the surface of the crystals as dark lines indicating 

that the growth is directed by advancing the steps. As the macro-steps have a slower 

speed than the elementary steps [94,107], those are generally observed in the middle of 

the primary step. Figure 3-6 (b) however shows that the presence of REE ions in the 

solution have caused a dramatic change on the step motion and therefore the final 

morphology of the crystals. The REE slowed down the velocity of the steps or blocked 

their advance entirely. Based on the Cabrera-Vermilyea type model [108–110], in low 

supersaturation values, the REE adsorbed on terraces act as ‘impurity stoppers’ that 

hinder the growth of elementary steps. When the impurity spacing is less than a critical 

distance (Gibbs-Thomson critical diameter), the steps cannot advance further. The critical 

diameter depends on the supersaturation of the system. With higher supersaturations, a 

smaller critical distance is needed to stop the step’s movement; otherwise, the steps 

squeeze through the impurity blockers and advance the growth [94]. In these 

experiments, due to the low supersaturation of the system (σ<σ*), the REE were able to 

hinder the growth of the steps and needle-shape structure was formed. 

The results confirm again that REE have a particular hindering effect on the 

dihydrate crystallization result in the formation of more elongated and rod-like crystals 

[111,112]. The type and the strength of bonding between inhibitor dopant and the crystal 

surface depends on the molecular structure of each. This is why a different growth rate is 

observed in different faces of the same crystal and as a result, a different morphology is 
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observed [76]. Due to the presence of REE ions in the solution along with Ca2+, there 

might be competition between Ca2+ and REE ions for a lattice position in CSD structure. 

Adsorption of REE on the crystal surface can hinder the growth of the CSD crystal. For 

instance, it has been shown that lanthanides have higher affinity towards the CSD lattice 

than other species such as Cd, Fe, Al, and Cr, due to a stronger complexation of 

lanthanides with sulfate ions (about 100 times larger affinity than Cd2+) [69,74,84,113]. 

This happens because of the higher coordination number that can be obtained in the CSD 

crystal lattice. In addition, there is a great electrostatic binding force between lanthanide 

ions and SO42- that creates great attraction between the two ions. Due to the very small 

difference in ionic radius of Ca2+ and lanthanide ions (1-6.2% for light REE and 7.7-

13.9% for heavy REE), minimum lattice strain is induced by the uptake of an ion with an 

identical radius. Therefore, there could be preferential binding with sulfate ions at the 

surface of the CSD crystals and uptake of REE would occur [69,74]. 

 

Figure 3-3-6 SEM images of the CSD crystals at pH 5 obtained from a crystallization 

experiment with a 5% Ca(OH)2 solution in the (a) absence and (b) presence of REE in the 

solution 
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3.3.4 Mechanisms of REE capture by CSD crystals: A proof 

TEM was also used to study the crystalline structure of CSD particles and 

distribution of REE in the CSD structure. At higher magnifications, the intense energy 

was destructive to the samples and thus high-resolution study was not feasible. 

Nonetheless, the EDS study was helpful towards the analysis of the REE distribution in 

the CSD crystals. The EDS elemental mapping confirmed the presence of REE either in 

the structure of CSD or adsorbed on its surface. Figure 3-7 illustrates the TEM image of 

single particles of CSD and the REE distribution in CSD structure (Nd as a representative 

REE).  

 

Figure 3-7 (a) TEM image of single particles of CSD, (b) the sites where REE ions are 

present 
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Generally, when a crystal with low solubility such as CSD forms, the distribution of 

trace elements (REE in here) is governed by ‘surface equilibrium’ between the solution 

and the crystallizing solid (Rayleigh fractionation) [114]. This is because the 

homogeneity via the diffusion process is a slow process and the surface adsorption 

process is more likely to occur rather than isomorphic substitution. Quantitative XPS 

analysis was carried out to probe the atomic percentage of Ce, Nd, Tb and Er on the 

surface of the CSD crystals. Figure A(a) in Appendix A illustrates the XPS survey 

spectrum, detecting the four REE and Figure A(b), (c), (d), (e), (f), (g) demonstrate the 

high resolution XPS spectra for Tb3d, Nd4d, Er4p, Ce3d, S2p and Ca2p. The chemical 

bindings relating to each peak position was discussed elsewhere [91], and the quantitative 

results from the XPS study are presented in Table 3. It is clear from Table 3-3 that the 

HREE atomic percentage (at.%) on the surface is higher than that of the LREE (0.7 at.% 

for Er and Tb versus 0.2 and 0.3 at.% for Nd and Ce, respectively). However, from the 

chemical analysis results presented in Table 3-2, it was shown that the total HREE 

present in the system is less than the LREE. Therefore, it could be concluded that the 

HREE has less tendency to enter the CSD structure via an isomorphous substitution than 

the LREE.  
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Table 3-3 Identification and quantification of elements from survey and REE regions scan 

Name BE (eV) at.% SF 

Nd4d 123.9 0.2 1.800 

S2p 170.3 12.4 0.540 

Er4p3 320.8 0.7 0.600 

Ca2p 348.8 15.9 1.580 

O1s 532.9 69.7 0.660 

Ce3d 886.0 0.3 10.000 

Tb3d5 1241.9 0.7 3.000 

Name: Name of element and atomic orbital used for quantification. 
BE: Binding energy of corresponding atomic orbital. 
at.%: Relative atomic %. 
SF: Sensitivity factor of the corresponding atomic orbital. 
 

To prove the surface adsorption mechanism, a depth profile for the distribution of 

the four rare earth elements (Ce, Nd, Tb and Er) was obtained by ToF-SIMS analysis. 

The sample was prepared as a pressed pellet for analysis to limit inhomogeneities and 

charging. Two different depth profiles were acquired. One profile used the O2+ source for 

sputtering which enhances the yield of positive ions. For each analysis cycle, 20 scans 

were cumulated. A second profile used the Cs+ source for sputtering, which enhances the 

yield of negative ion species. For each analysis cycle, 60 scans were cumulated. A greater 

number of scans was necessary here because the heavier ion species investigated here 

have a lower yield compared to the positive mode. The depth scale was calibrated based 

on average sputter rates obtained from other experiments (O2+: 0.1 nm/s, Cs+: 0.029 

nm/s). The two profiles are displayed in Figure 3-8 for the positive and negative ions. 

The ions detected in the positive mode were Ca(+), Ce(+), Nd(+), 143Nd(+), 145Nd(+), 

146Nd(+), 148Nd(+), 150Nd(+), Tb(+), Er(+), 167Nd(+), and 170Nd(+) and the ions detected 

in the negative mode were Ca-O(-), Ca-OH(-), Ca-O2H(-), Ca-SO4(-), Ce-O2(-), Ce-
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O2H(-), Ce-SO4(-), Nd-O(-), Nd-OH(-), 146Nd-OH(-), Nd-SO4(-), Tb-O(-), Tb-OH(-), Tb-

SO4(-), Er-O(-), Er-OH(-), 168Er-OH(-), 168Er-O2H(-), and Er-SO4(-). Only the curves for 

the sulfate species are shown in the graph to make it clearer for the reader. Some isotopes 

were omitted because it was apparent that their peak overlapped with another ion species 

(identified or unidentified). Ce-O(-), Ce-OH(-), Tb-O2H(-) and Er-O2H(-) profiles were 

not included because the peaks were found to be too intense compared to other related 

peaks, so appeared to overlap with other unidentified ionic species. 

 

Figure 3-8 ToF-SIMS depth profile of REE distribution in the structure of CSD crystals. (a) 

positive ions and (b) negative ions profile 

From the results presented in Figure 3-8, it is evident that a higher concentration of 

REE is detected on the surface suggesting that the REE are mostly adsorbed on the 

surface. The fact that the REE intensity does not become null with depth is not indicative 

of much because the measurements were performed on particles such that some fresh 

surface is always exposed as opposed to a flat surface. Therefore, solely based on this, it 

cannot be concluded that the REE are present in the bulk and are substituting for Ca 
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atoms. However, when performing negative ions analysis, ion species were observed Ce-

SO4 (-), Nd-SO4 (-), Tb-SO4 (-), and Er-SO4 (-) which is a fair indication that the REE 

could be substituting with Ca as part of the growth process. However, it is clear that Ca 

has an opposing profile to REE as its intensity has decreased from the depth to the 

surface of the crystals. This suggests that the REE have occupied its position on the 

surface and hence, blocked the growth. This is consistent with the EDS mapping of the 

REE in CSD crystals that was discussed before. Therefore, it can be concluded that 

surface adsorption is likely the main mechanism for the REE uptake by the CSD crystals.  

Substitution occurs on planes which the substitution energy of a Ca atom with the 

dopant is lower than other planes demonstrating that those planes are prone to the 

acceptance of the dopant [115]. Substitution of REE3+ ions with Ca2+ ions in each plane 

forms a doped layer in the structure of calcium sulfate dihydrate and the REE cations in 

the solution are more inclined to substitute the Ca atom on the planes that need lower 

substitution energy. In addition, the difference between the bond types and energies of 

Ca2+–SO42- ions in dihydrate crystal lattice in the absence and presence of any other ions 

or additives in the solution that leads to the formation of new bonds between ions, can 

modify the surface energies of specific crystal planes and changes the nucleation and 

growth kinetics depending on the type of bonds and surface energies. It is also shown by 

other investigators that the acidity of the system affects the co-crystallization of REE 

with calcium by sulfate ions [116]. Therefore, the surface mechanism is more probable 

and the isomorphous substitution is not a good mechanism to explain the coprecipitation 

of REE with CSD. 
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3.3.5 REE capture by CSD crystals: Thermodynamic analysis 

Kinetic factors such as the growth rate of the host crystal, the rate of adsorption of 

the foreign ions upon the crystal surface, and the dehydration frequency of the dopant ion 

compared to the host ion may influence the uptake of dopant. From the thermodynamic 

point of view, a very important factor that affects the growth retardation process is the 

hydration enthalpy. Table 3-4 demonstrates the experimental and calculated hydration 

enthalpy and Gibbs free energy of Ce3+, Nd3+, Er3+, Tb3+, and Ca2+ ions, derived from 

other investigations [117,118]. Two different empirical formulas used in these 

calculations are as below: 

	∆Hhyd
0 =- 700z2

r+0.85
 kJ/mole                                                                                           30 

∆Hhyd
0 =- 930(z-0.2)2

r+1-( 1
2z)

 kJ/mole                                                                                      31 

where r is the crystal radius (in Å) and Pauling univalent radius (in Å) for MZ+ in 

equations 30 and 31, respectively [117]. It has been previously shown [96] that the 

dehydration of calcium ions on the crystal surface is the effective rate-controlling process 

in the crystallization and growth of calcium sulfate dihydrate. As shown in Table 3-4, the 

hydration enthalpy of the REE ions present in the solution (which are in the range of 

3360 kJmol-1) are significantly larger than that of Ca2+ (1560 kJmol-1) indicating a 

stronger water layer bonded with REE ions. Therefore, the Ca2+ is not able to remove the 

water molecules to adsorb on the active growth sites hence the growth process will be 

ceased. The Gibbs free energy of hydration for the four REE and Ca2+ derived from other 

explorations is calculated using the following formulae [119] however it should be noted 
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that the Gibbs free energy values are presented to confirm that the hydration process of 

all the presented elements is a thermodynamically spontaneous reaction: 

∆hydGcalc
* =∆Gneut

' +∆Gel1+2+∆Gunsym                         32 

The neutral term, represents the contribution of the interactions with the charge 

‘turned off’: 

∆Gneut
' /kJmol-1=41-87(r)+1200(r)2                       33 

For the electrostatic interactions in the hydration shell and beyond it, the Gibbs free 

energy follows: 

∆Gel1+2/kJmol-1=-64.5z2[0.44(∆r/r)+0.987]/(r+∆r)                     34 

where Δr is the thickness of the spherical hydration shell surrounding the ion of 

radius r, with r and Δr expressed in nm. The asymmetric charge effect which happens 

due to the odd power of z in equations can cause a difference in the orientation of water 

molecules in the hydration shell towards anions and cations. Therefore, it appears as 

ΔGunsym in the equation, where: 

∆Gunsym=120(r/nm)z3                        35 

Based on the above calculations, the hindering effect of the rare earth elements on 

the growth of CSD crystals is also justifiable from the thermodynamic perspective, 

indicating that these elements mainly absorb on the calcium sulfate surfaces and block its 

growth due to their larger hydration enthalpy than Ca ions. 
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Table 3-4 Experimental and calculated hydration enthalpies and Gibbs free energy of 

hydration for cations. The calculated values ∆H0
hyd(calc.1) and ∆H0

hyd(calc.2) refer to values 

obtained from equations 3 and 4, respectively [117,118] 

Cation 
-∆H0hyd(exp.) 

(kJmol-1) 

-∆H0hyd(calc.1) 

(kJmol-1) 

-∆H0hyd(calc.2) 

(kJmol-1) 

-ΔhydG*calc. 

(kJmol-1) 

-ΔhydG*exp. 

(kJmol-1) 

Ca2+ 1577±6 1560 1520 1515 1505 

Ce3+ 3337±10 3360 3210 3190 3200 

Nd3+ 3420±50 3420 3260 3270 3280 

Er3+ 3550±50 3660 3480 3535 3495 

Tb3+ 3540±10 3570 3400 3440 3400 

 

3.4  Summary 

Under a regular titration condition, the presence of REE ions were demonstrated to 

have a significant effect on the morphology of calcium sulfate dihydrate crystals and 

change the aspect ratio of the crystals. Dihydrate crystals formed in the absence of REE 

were of a thick elongated plate shape. In the presence of REE, dihydrate crystals were in 

the form of needles. This proves that REE ions interact with the side surfaces of calcium 

sulfate dihydrate via adsorption and possibly some isomorphous substitution. REE also 

can be considered as growth inhibitors as they retard the growth of dihydrate crystals in 

certain directions and hence change the morphology. The substitution of the REE ions is 

accessible due to the very similar hydrated ions radius of Ca2+ in the structure of CSD 

and Ce, Nd, Er, and Tb ions. There is a higher tendency for substitution in the case of 

light REE (Ce and Nd) compared to the heavy REE (Er, Tb), particularly because the 

ionic radius of light REE is very similar to that of Ca2+. 
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Based on the characterization results, it was concluded that the main mechanism of 

the co-precipitation of REE ions with CSD from the solution at low pH values is the 

surface adsorption of these ions to CSD surface. Because of a very strong electrostatic 

binding force between the lanthanide ions and sulfate ions, attraction is created between 

the two that results in a high affinity of REE towards CSD lattice. In addition, REE ions 

can obtain a higher coordination number in the CSD crystal lattice therefore allowing 

them to make strong complexes with sulfate ions. As a result, there could be a 

preferential binding between REE and sulfate ions at the surface of the crystals. 

The XRD spectra of the CSD crystals showed the exact same patterns for CSD 

crystals obtained in the absence and presence of REE dopants in the solution. No new 

peaks or peak shift was observed indicating that the REE did not incorporate into the 

crystal structure of CSD (i.e. REE were not part of the CSD growth process) or at least 

that the REE concentration was very low to be detected by XRD. This implies that the 

REE uptake by the CSD crystal is mostly governed by surface adsorption. Furthermore, 

the depth profile of the distribution of REE in CSD crystals by ToF-SIMS technique 

clearly showed that more REE is available on the surface of the crystals rather than the 

CSD lattice. Hence, it can be concluded that the REE mostly exert their action upon the 

crystal surface. 
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Chapter 4 

The effect of calcium sulfate crystallization and the crystal modification 

on aqueous REE stability in Ca saturated REE-Ca-SO4-H2O systems 

The focus of the current chapter is to investigate the effect of temperature and 

Ca(OH)2 pulp density on the co-precipitation process of REE and CSD and 

morphological changes. Cetryltrimethylammonium bromide (CTAB) and polyacrylic 

acid (PAA) were employed as cationic and anionic modifiers at different concentrations 

to alter the crystalline morphology and surface properties of CSD and subsequently 

reduce the portion of REE loss to the CSD. This chapter is constructed based on the 

following publication: 

- Farzaneh Sadri, Rina Kim, Zhi Yang, Ahmad Ghahreman, Hydromet. 2018, 182, 82-96 

4.1 Introduction 

Acid baking is one of the primary steps in the hydrometallurgical processing of rare 

earth elements (REE) to disintegrate the mineral’s structure and make REE amenable to 

weak acid leaching. In this process, the ore is digested using concentrated sulfuric acid 

(H2SO4) at elevated temperatures (180 to 300 ºC ) [10,120,121]. The resulting pasty 

material is then mixed with cold water to dissolve the REE into the weak acid solution, 

leaving behind the silica, rutile, zircon and undigested residues. The REE-containing 

solution also contains impurities (Fe, Al, and Th) which could cause an adverse effect on 

the recovery and separation of REE at the subsequent hydrometallurgical stages such as 

solvent extraction (SX) if not otherwise removed. Therefore, a series of stepwise 
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neutralization and precipitation processes are carried out to eliminate the impurities from 

the solution [25]. 

The lime (CaO) neutralization process is based on increasing the solution pH via 

the addition of lime to a point where the dissolved metal impurities of concern become 

insoluble. Lime neutralization is a widely-used process to remove heavy metals such as 

copper and zinc from acid mine drainage (AMD) due to its high removal efficiency and 

low-cost compared to alternate processes. However, not only does the lime treatment 

require a high dosage of lime to increase the solution pH, but it also generates a high 

volume of calcium sulfate dihydrate (CSD, CaSO4.2H2O) [122]. When the solubility of 

sulfate and calcium present in a solution exceeds the saturation limit, CSD starts to 

precipitate out of the solution [122]. The lime neutralization process is not commonly 

practiced in the hydrometallurgical treatment of REE ores/concentrates particularly 

because a fraction of REE co-precipitates with CSD during the removal of other 

impurities such as Fe, Al, Th [25]. Ideally, the application of cheap limestone (CaCO3) is 

the most desired method to adjust pH. Other options are lime (CaO), MgO, MgCO3, 

NaOH, or Na2CO3. Lime and limestone are cheaper than other alternatives (limestone is 

about 10 $/ton, lime is about 100 $/ton and MgO, MgCO3, NaOH and Na2CO3 are above 

200 $/ton). Almost all of the REE operations in the world use the much more expensive 

options (MgCO3, MgO, Na2CO3 or NaOH) to adjust pH in order to avoid such high REE 

loss to the gypsum residues of the impurity removal processes [123–125].  

Calcium sulfate is an inorganic compound which is a very commonly encountered 

salt in hydrometallurgical process [58]. Five crystalline phases and three different 

hydrated levels have been reported in the CaSO4-H2O system: dihydrate or gypsum 
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(CSD: CaSO4·2H2O), hemihydrate (CSH: α-CaSO4·0.5H2O and β-CaSO4·0.5H2O), 

soluble and insoluble anhydrite (CSA: CaSO4) denoted as AIII and AII, respectively 

[59,126]. These phases are different in crystal structure and their stability is determined 

by different factors such as temperature, pressure, pH, and solution composition 

[127,128]. Figure 4-1 shows the scaling tendencies of calcium sulfate phases at different 

temperatures, derived from OLI analyzer (OLI studio 9.5.3). Scaling tendency (ST) is the 

ratio of real-solution solubility product to the thermodynamic limit based on the 

thermodynamic equilibrium constant, i.e. the ratio of available ions (IAP) to the 

thermodynamic limit (Ksp): 

*+ =
-./

012
                                                                36 

When ST<1, ST=1 and ST>1, the solid is under-saturated, at saturation, and super-

saturated, respectively [129]. 

As shown in Figure 4-1, CSD is the stable phase at temperatures below 40 oC and 

the gypsum-anhydrite and gypsum-hemihydrate transformations occur at around 40 and 

100 oC, respectively [58,130,131]. However, due to slow transformation kinetics, CSD 

remains in the stable phase for longer time periods [132]. Therefore, in dilute aqueous 

solutions, the slurry can be heated to 100 oC without transforming CSD to CSA or CSH 

while a rapid transformation occurs above 70-80 oC in concentrated acid-salt solutions 

[58]. Generally, the transformation between different phases in the CaSO4-H2O system is 

defined by thermodynamics and kinetics and is strongly dependent on the medium and 

presence of other species [133,134]. 
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Figure 4-1 Scaling tendencies of calcium sulfate phases at different temperatures 

It was illustrated that the impurities present in a solution might transfer to the 

crystallizing solid through interstitial uptake between regular lattice positions, co-

precipitation, and/or isomorphous substitution of one of the ions in the host lattice by the 

impurity ions and by adsorption [135]. The chemical interactions of REE and minerals 

like calcium sulfate hydrates have been the subject of several studies in the last decades 

[115,136–144]. It has been shown that REE tend to incorporate into the structure of 

calcium sulfate hydrates due to the almost identical radius of lanthanides with that of 

Ca2+ as well as the high affinity of REE ions towards gypsum lattice to obtain higher 

coordination numbers [1,78,145–149]. In the case of isomorphous substitution, the uptake 

is quantified by partition coefficient factor (D) [146]: 
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where [M] represents the concentration of impurity ions (i.e. REE ions), [C] 

denotes the concentration of host lattice ions which are substituted (i.e. Ca ions), and D 

defines the competition between the impurity ions and host crystal ions in the solution for 

a position in the crystal lattice. 

Controlling the morphology of materials to affect their morphology-dependent 

characteristics such as optical, electronic, magnetic, catalytic, etc. is one of the interesting 

topics in materials science [150–152]. The morphology of calcium sulfate dihydrate 

crystals could be manipulated using different methods, one of which is the addition of 

inorganic and organic crystal habit modifiers. The additives influence the crystal habit 

and growth kinetics, however their functionality markedly depends on the system in 

which they are introduced [153–158]. They selectively adsorb on the surface of the 

crystal or nuclei and consequently could retard or slow down the growth process based on 

the concentration of the additives. The extent of lattice matching between additives and 

the crystal is a key parameter to determine the functionality of an additive [153,159–161]. 

A review of published studies shows that a special attention has been paid to the 

incorporation of different ions as well as REE in calcium sulfate hydrates, specifically 

leaching of apatite-type ores. However, no contribution has been formally taken on 

manipulating or terminating this incorporation. The aim of this study was to develop a 

novel process to prohibit and/or reduce the co-precipitation of REE with CSD by 

controlling the CSD precipitation and its degree of crystallinity, while removing the 

impurities from the solution. For this purpose, the effect of temperature and Ca(OH)2 

pulp density as effective parameters in the crystallization process of CSD were studied to 

investigate their impact on REE loss percentage. Furthermore, cationic 
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(Hexadecyltrimethylammonium bromide, CTAB) and anionic (Polyacrylic acid, PAA) 

crystal habit modifiers have been shown to impact the crystal growth of CSD crystals in 

acidic environments [154] and were used at different dosages to alter the morphology of 

CSD precipitates and subsequently explore the effect of modifier type and concentration 

on the extent of REE loss.  

4.2 Experimental Procedure 

4.2.1 Materials 

The materials and reagents used in this study are presented in Table 4-1. The 

chemicals were of analytical grade. All solutions were produced using reverse osmosis 

purified water (pH of 5.5 at 25 °C). 

Table 4-1 Materials and reagents used in this study 

Reagent Grade Company 

Ce (III) sulfate octahydrate 99.9% Alfa Aesar, USA 

Nd (III) sulfate octahydrate 99.9% Alfa Aesar, USA 

Er (III) sulfate octahydrate 99.9% Alfa Aesar, USA 

Tb (III) sulfate octahydrate 99.9% Alfa Aesar, USA 

Hexadecyltrimethylammonium bromide 

(CTAB) 
>99% Sigma Aldrich, Canada 

Polyacrylic acid (PAA) 35 wt.% in H2O Sigma Aldrich, Canada 

Calcium sulfate dihydrate 98% Acros, Canada 

Calcium hydroxide >99% Fisher Scientific, Canada 

Sulfuric acid 95-98% Fisher Scientific, Canada 

Nitric acid 68-70% BDH, Canada 

Ce, Nd, Er and Tb standard solutions 1000 ppm Alfa Aesar, Canada 
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4.2.2. Batch titration experiments 

Calcium-saturated solution, which was regulated at pH 1.0 using sulfuric acid, was 

first prepared. Cerium and neodymium, terbium and erbium sulfate salts were selected to 

represent light and heavy REE (LREE and HREE) and each element was present at a 

concentration of 1 g/L. The solution was used as the starting solution for all experiments. 

A series of titration experiments were systematically carried out to probe the effect of 

pulp density of calcium hydroxide [Ca(OH)2] and solution temperature on both CSD 

crystal morphology and fraction of the REE loss. The experiments were implemented in a 

2 L Pyrex beaker, which was placed on a magnetic stirrer equipped with a heater (Arex 

digital, VELP Scientifica) operating at 200 rpm. The solution temperature was controlled 

at the desired values (25, 50 and 70 °C) using the heater and a thermocouple. The 

solution pH was continuously monitored using a pH meter (Fisher Scientific XL600 

accumet). Ca(OH)2 slurry at the pulp density of 5% (unless otherwise stated) was 

gradually added to the REE-containing CSD-saturated solution to increase the solution 

pH from 1.0 to 5.0. The slurry was placed on a magnetic stirrer operating at 400 rpm in 

the course of all experiments. It is worth noting that an adequate time was given after 

each Ca(OH)2 slurry addition to ensure that the equilibrium condition was attained. The 

final solution at pH 5.0 was filtered using a filter paper No. P8 (Fisher Scientific, Canada) 

and the CSD crystals were collected for subsequent analysis. 10 mL filtrate was then 

diluted to measure REE concentration. A terminal pH of 5.0 was selected as most of the 

impurities in the solution (Fe, Al and Th) would be completely precipitated while 

preserving most of REE in the solution as soluble trivalent ions. To monitor the 

precipitation of REE hydroxide, a further titration was carried out to pH 8.5 after 
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filtration. Ca(OH)2 slurry was prepared at different pulp density values of 0.5%, 2%, 5% 

and 10% for examination of the Ca(OH)2 pulp density effect on the crystallization 

process. 

 Cetryltrimethylammonium bromide (CTAB) and polyacrylic acid (PAA) as 

cationic and anionic modifiers were employed to investigate their effect on the 

morphology of CSD precipitates. The crystal modifier at different concentrations (0.2, 2 

and 5 g/L) was added to the starting solution at pH 1.0. The concentrations were chosen 

based on the critical micelle concentration (CMC) of CTAB which is 0.92 mM in water 

and equal concentrations were used for both additives to compare the results. Ca(OH)2 

slurry was gradually added to the solution to elevate the pH from 1.0 to 5.0. 20 mL 

sample was withdrawn from the solution at pH 5.0 for each experiment, followed by a 

filtration to remove insoluble particles from the solution. 

4.2.2 Analysis 

Microwave plasma-atomic emission spectroscopy (MP-AES 4200) (Agilent 

Technologies, Canada) was employed to quantify the concentration of REE present in the 

solution. The collected precipitates were initially sputter coated with a thin layer of 

chromium (Cr). The crystal morphology was then investigated using a FEI Nova 

NanoSEM 450 field emission gun (FEG) scanning electron microscope (SEM). To 

examine phase identification of the precipitates, X-ray powder diffraction (XRD) analysis 

was carried by a Bruker AXS powder diffractometer with Co-Kα (1.79 Å) radiation. X-

ray photoelectron spectroscopy (XPS) analysis of precipitates was conducted using a 

monochromatic X-ray photoelectron spectrometer (Thermo Fisher Scientific) to elucidate 

the elemental composition and chemical interaction between REE and precipitates. The 
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XPS was equipped with an Al-Kα X-ray source (1486.6 eV, 0.834 nm). The precipitates 

were dried at 30 °C for 48 hours using a vacuum oven prior to XPS analysis. Elemental 

survey spectra were collected with a pass energy of 200 eV and steps of 1 eV. A pass 

energy of 50 eV and steps of 0.1 eV were used to perform higher resolution scans for 

sulfur, oxygen and erbium. During analysis, the chamber pressure was at 5 × 10−8 mbar. 

As an internal reference for the absolute binding energies, the Au4f, Cu2p and Ag3d 

transitions were used. The spectra were deconvoluted using the XPSPEAK41 program 

after subtraction of the Shirley background. ζ-potential of REE-containing CSD-saturated 

solution was measured over a pH ranging from 1.0 to 5.0 at 25 °C using a ZetaFinder zeta 

potential analyzer (Matec Applied Sciences, USA). The instrument used electrokinetic 

sonic amplitude (ESA) technique to quantify the ζ-potential. 

4.3 Results and Discussion 

4.3.1 Batch titration experiments 

A selective precipitation technique is a prevalent route to eliminate impurities from 

a sulfate solution by means of manipulating the solution acidity. The Search Minerals 

Foxtrot project in Labrador has considered using MgCO3, MgO, or Na2CO3 as the 

reagent for impurity removal step. All three alkalis were reported to be successful in 

impurity removal, and the REE losses were reported to be in the range of 0.74 to 3.6% by 

La to Lu [123]. The Montviel Core Zone REE project has reviewed a process based on 

the use of NaOH for pH adjustment [162] and the Lynas Advanced Materials plant in 

Malaysia uses MgO as the neutralization reagent [124]. Calcium sulfate dihydrate can be 

formed by reaction of calcium ions (from ionization of calcium hydroxide in water) with 

sulfate ions (from dissociation of sulfuric acid in water) following Equation 38 [122,163]: 
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H2SO4 + Ca(OH)2→ CaSO4·2H2O                                             38 

This reaction was carried out under conditions simulating the impurity removal step 

of REE treatment and the crystallization of CSD. Figure 4-2 demonstrates the 

concentration of REE ions in Ca-SO4-H2O system over the pH range of 1.0-10.0, plotted 

based on the thermodynamic calculations in equilibrium conditions and experimental 

conditions [34,164–169] (The chemical equations and thermodynamic data are presented 

in Appendix B). It shows that REE ions in the solution start to precipitate around pH 7.0 

with nearly all REE precipitated by pH 9.0.  

 

Figure 4-2 Precipitation behavior of Ce, Nd, Tb and Er in Ca-SO4-H2O system 

Figure 4-3 illustrates the percentage of the four REE (Ce, Nd, Er, and Tb) over the 

pH range of 1.0-8.5 as well as the REE loss in pH range of 1.0-5.0. Samples were taken 

at different pH values and the concentration of REE in each sample was measured by 

MP-AES. To avoid disturbing the balance and number of ions in the system by taking 

subsamples, the pH was adjusted from 1.0 to 5.0 directly (end-point test) with no 

intermediate samples collected. As such only 2 data points (1 and 5) exist for that range. 
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After applying volume changes on chemical analysis results, the percentage of REE in 

the solution and the REE loss were calculated through the following formulas: 

%REE=
[REE]aq

[REE]aq0

×100                                                 39 

%REE loss=100-%REE                                                             40 

where [REE]aq defines the concentration of REE ions in the solution and [REE]aqo 

represents the initial concentration of REE in the feed solution. 

 

Figure 4-3 a) REE percentage in the pH range of 1.0-8.5 at 25 °C in the absence of additives 

and b) REE loss percentage in the pH range of 1.0-5.0. The solution pH was increased by 

addition of Ca(OH)2 at pulp density of 5% 

Increasing solution pH up to 5.0 using Ca(OH)2 at the pulp density of 5% led to a 

slight increase in the fraction of REE loss. This refers to the co-precipitation of REE with 

CSD which is formed via the reaction between calcium hydroxide and sulfuric acid 

(Equation 3). This was also evidenced by the XRD pattern of the precipitate obtained at 

pH 5.0 in the absence of additive (Figure 4-4). The comparison between XRD patterns of 

pure CSD and REE-doped precipitate clearly illustrated that the precipitate was 
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composed of CSD phase with a strong peak at 13.5 ̊. The reflection pattern of the 

precipitate matched with standard pattern COD card number (96-500-0040). This affirms 

that no phase transformation occurred up to pH 5.0. No REE was detected in the XRD 

pattern as a result of the low concentration of the REE present in the precipitate’s 

structure. 

 

Figure 4-4 XRD spectra of pure CSD and REE-containing CSD precipitates obtained at pH 

5.0 

REE ions are more susceptible to substitute Ca ions on the CSD planes that need 

less substitution energy [115,145]. The portion of REE loss to CSD at pH 5.0 was 8.9%, 

9.3%, 6.8%, and 5.5% for Ce, Nd, Tb, and Er, respectively. However, REE loss 

percentage sharply increased with a further increase in the pH to 7.0 and nearly 95% REE 

loss was achieved at pH 8.5. This appreciable fraction of REE loss is due to the formation 
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of REE hydroxide precipitates. It is evident from Figure 4-3 that the REE loss is less 

pronounced for the heavy REE (HREE) (Er and Tb). Light REE (LREE) (Ce and Nd) are 

more prone to co-precipitate with CSD. This is likely connected to the higher ionic radius 

difference between trivalent HREE ions and Ca2+ [137,138,146]. Therefore, HREE 

substitution with Ca ions present in the structure of CSD requires more energy than that 

of LREE [78]. The ionic radius (r) of REE decreases with an increase in the atomic 

number due to the lanthanide contraction effect. The order of the ionic radius of REE 

used in this study is as follows: r(Er3+) < r(Tb3+) < r(Nd3+) <r(Ca2+) < r(Ce3+)[92,146,170,171].  

4.3.2 Effect of Ca(OH)2 pulp density 

As stated in the Section 2.2, the CSD crystals were synthesized through the 

Ca(OH)2 slurry addition to the calcium-saturated solution at pH 1.0. This implies that the 

pulp density of the Ca(OH)2 slurry could be an effective parameter in the CSD 

crystallization process [122]. Therefore, a series of titration experiments were 

implemented at pulp densities of 0.5, 2, 5 and 10% in the absence of additives to 

investigate its effect on the CSD crystalline particle size, morphology, and REE loss 

percentage. The XRD spectra of precipitates obtained at pH 5.0 at different Ca(OH)2 pulp 

densities of 0.5, 2, 5 and 10% illustrated the presence of CSD as the main crystalline 

phase and no phase transformation was observed. Figure 4-5 presents the SEM images of 

CSD crystals at the pulp densities of 0.5, 2, 5 and 10% Ca(OH)2. As shown in Figure 4-

5a, the CSD crystallized in a plate-like morphology at the pulp density of 0.5% Ca(OH)2. 

It is also evident from the SEM micrographs that increasing the Ca(OH)2 pulp density 

from 0.5% to 10% resulted in  more elongated and needle-shaped CSD crystals with 

nearly all CSD showing an acicular morphology at pulp density of 10%. Relative 
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supersaturation is a measure for the driving force for gypsum growth and is defined as the 

following equation [144]: 

σ=
(C-Ceq)

Ceq
                                                                                             41 

where C is the actual concentration and Ceq defines the equilibrium concentration, 

i.e. the saturation value. A significant change in the pulp density of Ca(OH)2 leads to a 

different rate of supersaturation of Ca ions in the solution and consequently influences 

the nucleation and growth rate of CSD crystals and their final morphology [144,146,163].  

 

Figure 4-5 SEM micrographs of precipitates at pH 5 in the absence of additives with pulp 

densities of a) 0.5%, b) 2%, c) 5% and d) 10% 

Figure 4-6 illustrates the REE loss percentage to CSD at different Ca(OH)2 pulp 

densities at pH 5.0. An increase in the pulp density from 0.5% to 5% did not exhibit a 
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significant impact on the percentage of REE loss and co-precipitation of REE with CSD 

was promoted by approximately 10%. This could be owing to the faster nucleation and 

growth of CSD in the higher pulp densities, which subsequently causes CSD to uptake a 

higher amount of REE. 

 

Figure 4-6 The percentage of REE loss to CSD at different Ca(OH)2 pulp densities at pH 5.0 

at 25 °C in the absence of additives 

4.3.3 Effect of temperature 

The XRD analysis of the precipitate synthesized at 25, 50, and 70 °C at pH 5.0 

revealed a similar pattern to that of pure CSD where CSD was the only detectable phase 

in the precipitates. A phase transformation from CSD to calcium sulfate anhydrite (CSA) 

in a sulfate medium frequently takes place at a higher temperature (80 °C to 110 °C), 

over a longer period of time ( >10 h), or at a higher concentration of Ca2+ and SO42- 

[122,131,139]. This is in accordance with the results obtained from XRD analysis. The 

crystallization temperature (70 °C) and time (2 h) employed in this study were not in 

favor of the growth of CSA phase. In addition, CSA could not nucleate on the CSD 
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crystals, thus the topotactic nucleation and growth mechanism is not likely to occur[159]. 

Figure 4-7 presents the SEM micrographs of CSD crystals formed at 25, 50 and 70 °C.  

 

Figure 4-7 SEM micrographs of precipitates at pH 5.0 in the absence of additives at 

different temperatures: a) 25 °C, b) 50 °C and c) 70 °C 

As shown in Figure 4-7a, at 25 °C CSD crystallized in a compact plate-like 

morphology. However, an increase in the temperature up to 70 °C led to more needle-

shaped and elongated CSD crystals which formed a finer and more compact structure. 

Other researchers have reported that the growth of CSD proceeds faster with increasing 

temperature. By increasing the temperature from 25 to 40 ℃ in pure water, the CSD 

growth rate became more than 6 times faster (from 0.6Í10-5 to 4Í10-5 s-1) [144]. Figure 

4-8 displays the REE loss percentages at different temperatures. Increasing the 

temperature up to 50 °C increased the portion of REE loss by about 1%, and a further 
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increase in temperature up to 70 °C showed about 0.5% decrease in the REE loss. It is 

known that the partition coefficient (D) (Eq. 29) of REE is strongly governed by the 

thermodynamic and kinetic factors and in higher growth rates, the rate of adsorption of 

the foreign ions upon the crystal surface increases [137]. Therefore, higher REE loss 

occurs at higher temperatures. The slightly lower CSD solubility at higher temperatures 

can lead to higher supersaturation which affects the growth rate. A change in activity 

coefficients can be another factor responsible for higher uptake [144].The slight decrease 

observed in this work in the percentage of REE loss to CSD at 70 °C could be attributed 

to the slow conversion of CSD to CSA phase that starts by the dissolution of CSD and 

recrystallization of CSA [159]. This micro-process can reject the REE ions in the 

structure of CSD to the solution by CSD dissolution. However, due to a very slow 

nucleation process of CSA, CSD is easily formed between 40 and 98 °C [122]. The 

transformation occurs slowly due to the presence of an excess amount of water molecules 

in the system that hinders water loss of CSD[172] and formation of considerable and 

detectable amount of CSA.  
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Figure 4-8 Percentage of REE loss to CSD at different temperatures at pH 5.0 in the 

absence of additive. The solution pH was increased by addition of Ca(OH)2 at pulp density 

of 5% 

An increase in the co-precipitation yield of gadolinium (Gd) with CSD by 

increasing the temperature to 50 °C and a decreasing trend above 50 °C (T=70 °C) has 

been reported by Bouhlassa and Selhamen [131]. In another investigation by the same 

team, the partition coefficient of DGd had increased from 0.9 at 30 oC to 3.4 at 50 oC, and 

then again decreased to 0.9 at 65 oC. The temperature of 50 °C was expressed as the 

inflection point (transition temperature) where the solubility of CSD is maximum in the 

vicinity of this temperature (Figure 4-1) and beyond which the CSA phase becomes the 

thermodynamically stable phase allowing CSD to CSA transformation to begin [131]. 

The inflection point strongly depends on the system composition and changes in the 

different electrolyte solutions [132,173,174] which can be determined via thermodynamic 

calculations and solubility measurements. Equation 43 gives the free energy for the 

conversion reaction of CSD to CSA in water (Equation 42) [175,176]: 

CaSO4.•2H2O=CaSO4+2H2O                                                                   42 
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∆G=685.7157 T+0.0899 T2-272.671 T log T-10439.08                                  43 

where ΔG is Gibbs free energy of reaction (Jmol-1) and T is the temperature (K). 

When ΔG=0, a temperature of 40 °C is obtained. At T=70 °C, ΔG is -1781.25 J.mol-1 

indicating the feasibility of CSD to CSA transformation. To verify this hypothesis, the 

dried solid crystals obtained at pH 5.0 at 70 oC were analyzed with XRD and confirmed 

to be pure CSD and put in an atmospheric oven for 72 h at 70 oC. The XRD spectra of the 

crystals after 72 h residence at 70 oC and in the absence of water molecules revealed 15% 

transformation from CSD to CSA shown in Figure 4-9. It can be concluded that at 70 oC, 

the CSD crystals have started their dissolution to form CSA, but the transformation is 

very slow and is inhibited by the presence of water.  However, the transformation was not 

detectable by XRD analysis [177]. 

Based on the results, pulp density of 5% at 25 °C were selected as the optimum 

parameters to limit REE adsorption. However, the changes in the Ca(OH)2 pulp density 

and temperature exhibited a negligible effect on the fraction of REE loss. The minor 

changes in the REE uptake by changing temperature and Ca(OH)2 pulp density in this 

study were probably because the experimental conditions are close to the thermodynamic 

equilibrium values (supersaturation is slightly above 0) and can hardly be influenced by 

changing temperature or Ca(OH)2 pulp density. 
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Figure 4-9- XRD spectra of REE-containing CSD precipitates obtained at pH 5.0 after 72 

hours residence time at 70 oC. 

4.3.4. Effect of additives on co-precipitation of REE with CSD 

 A series of titration experiments in the pH range of 1.0-5.0 were carried out in the 

presence of CTAB and PAA as cationic and anionic additives at different dosages (0.2, 2 

and 5 g/L) to demonstrate the impact of additive type and concentration on the crystalline 

morphology of CSD and REE loss percentage. The XRD patterns of the REE-doped 

precipitates in the presence of 2 g/L CTAB and PAA are shown in Figure 4-10. The 

reflection patterns of the precipitates were matched with standard pattern COD card 

number (96-230-0259) which is related to CSD phase. This affirms that no phase 

transformation occurred in the presence of additives. No REE was detected in this XRD 

pattern as well due to the low concentration of the REE present in the precipitate’s 
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structure. However, the height of CSD peaks had significantly changed in the presence of 

PAA additive. This could be due to the presence of REE on the surface of CSD crystals 

that impacts the X-ray counts and therefore the intensity of peaks in their XRD pattern. 

This disturbance will be discussed further in a later section. 

 

Figure 4-10 XRD pattern of CSD precipitates at pH 5.0 in the presence of 2 g/L PAA and 

CTAB modifiers in the system 

As shown in Figure 4-11, CTAB at various loadings reduced the fraction of REE 

loss to some extent (nearly 5%) compared to that in the absence of additives (Table 4-2). 

Therefore, increasing CTAB dosage up to 5 g/L slightly inhibited the mechanism 

responsible for co-precipitation of REE with CSD crystals. Since no significant impact 

was observed on the REE loss percentage at higher dosage of CTAB (>2 g/L) (Table 4-

2), 2 g/L was selected as the best value.  
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Table 4-2 The percentage of Ce, Nd, Tb and Er lost from the solution at pH 5.0 

 g/L Ce (%) Nd (%) Tb (%) Er (%) 

CTAB  
0.2 4.9 5.2 2.4 1.2 
2.0 4.4 5.3 1 0.1 
5.0 3.5 4.9 2.1 1.6 

PAA  
0.2 8.3 10.8 6.7 5.5 
2.0 31.2 40.3 35.5 28.8 
5.0 73.3 82.6 79.8 73.9 

No additive 0.0 8.9 9.3 6.8 5.5 

 

 

Figure 4-11 Effect of different concentrations of CTAB and PAA on percent change in REE 

precipitation at pH 5.0 at 25 °C. The solution pH was increased by addition of Ca(OH)2 at a 

pulp density of 5% 

The slight decrease in the REE loss percentage could be attributed to two 

mechanisms: (i) CTAB is preferably adsorbed on certain CSD crystal faces, which are the 

active binding sites for REE, through the attractive electrostatic interaction between 

CTAB and sulfate groups present on the CSD crystals [78,158], and (ii) The repulsive 

columbic interaction between the hydrophilic head of CTAB and trivalent REE ions 

results in the presence of lower portion of REE in the CSD crystal lattice (Figure 4-12). 
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This agrees with the data obtained from zeta potential (ζ-potential) analysis (Figure 4-13). 

ζ-potential is defined as the potential measured at the slipping plane of colloidal particles, 

which provides an indication of the surface charge of CSD precipitates. In the absence of 

additive, ζ-potential tends to be negative in the pH range of 1.0 to around 3.0 due to the 

sulfate active sites on the CSD crystals. However, the addition of CTAB and PAA 

significantly modified the ζ-potential trend of CSD precipitates. In the presence of 

CTAB, the particles became more positively-charged due to the adsorption of CTAB 

molecules with a positively-charged head on the CSD precipitates in the pH ranging from 

1.0 to 2.0. In contrast, PAA addition caused the zeta potential to become negative, which 

is indicated that the carboxylic groups of PAA molecules had adsorbed onto CSD’s 

surface. 

 

Figure 4-12 Structure of CTAB a) before adsorption and b) after adsorption to the sulfate 

groups of CSD crystal faces, c) a schematic of CTAB adsorption on CSD surface 



 

81 

 

In contrast to CTAB, PAA exhibited a negative effect on the extent of REE loss 

(Figure 4-11). An increase in the PAA loadings up to 5 g/L led to a drastic decrease in the 

portion of REE in the solution (Table 4-2). This implies that a significant dosage of REE 

co-precipitated with CSD crystals. PAA has a high affinity towards divalent ions such as 

Ca2+ even in a highly acidic environment [178,179]. Therefore, Ca2+ ions prefer to be 

bound to the carboxylic groups of PAA rather than sulfate groups of CSD and 

subsequently generate a polymeric network, in which each Ca2+ ion binds to two 

carboxylic groups (Figure 4-14). This could not only change the availability of Ca2+ ions 

in CSD, but also form the new bonds between ions resulting in a significant change in the 

surface energy of crystal planes and the nucleation and growth processes. Increasing 

PAA dosages increased the number of Ca2+ ions participating in binding with the 

carboxylic groups of PAA. This also caused a higher number of trivalent REE ions to 

migrate into the structure of CSD and subsequently substitute with Ca2+ ions. Thus, a 

high fraction of REE co-precipitates with CSD as a result of attractive electrostatic force 

between REE ions and negatively-charged hydrophilic head of PAA molecules adsorbed 

on the CSD. This was affirmed by Figure 4-15 (e-g) in which REE precipitated as white 

clouds on CSD crystals. No obvious change was observed in the morphology of CSD in 

the presence of CTAB (Figure 4-15).  
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Figure 4-13 Zeta potential of CSD precipitates in the pH range of 1.0-7.0 in the presence of 

2 g/L CTAB, PAA and in the absence of additives 

 

 

Figure 4-14 Structure of PAA a) before adsorption and b) after adsorption to Ca2+ ions 
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Figure 4-15 SEM micrographs of the precipitates at pH 5.0 in the presence and absence of 

additives: a) no additive, b) 0.2 g/L CTAB, c) 2 g/L CTAB, d) 5 g/L CTAB, e) 0.2 g/L PAA, 

f) 2 g/L PAA and g) 5 g/L PAA 

To discuss the reason of negative zeta potential, thermodynamic calculations of 

calcium sulfate species were conducted. Based on the initial experimental condition and 
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CSD solubility data with initial concentrations of total Ca and SO42- set as 0.0147 and 

0.0647 M, respectively, the CSD solubility at 25°C is 0.0147 M [180]. This gives total Ca 

and SO42- concentrations from CSD of 0.0147 M with the initial sulfuric acid 

concentration of 0.05 M containing 0.05 M of SO42-. The calculation was conducted in 

the pH range of 1.0 to 5.0. The Ca(OH)2 addition was considered as 18 mL of 0.676 M 

Ca(OH)2 slurry which had been measured from the test procedure (5% Ca(OH)2) only for 

the calculation at pH 5. Table 4-3 shows the chemical reactions and corresponding 

equilibrium constants used for CSD speciation calculation. The Ca and SO4 speciation 

between pH 1.0 to 5.0 is presented in Figure 4-16. At pH 1.0, the lowest pH in this study, 

Ca2+ is the dominant Ca species followed by CaSO4(aq).  However, with increasing pH, 

CaSO4(aq) becomes the dominant species. Between pH 1.0 to 5.0, CaSO4(aq) does not show 

any change in its concentration which is regarding CSD saturation. Among SO4 species, 

HSO4- is dominant under acidic condition, with SO42- becoming more dominant with 

increasing alkalinity.  

Table 4-3 Chemical reactions and corresponding equilibrium constants considered for the 

CSD speciation calculation 

Chemical reaction Equilibrium constant 
HSO4

- +H2O=H2SO4+OH- aK1=3.00×10-26 
HSO4

- +OH-=SO4
2-+H2O aK2=1.03×1012 

Ca2++OH-=CaOH+ bK3=25.12 
Ca2++SO4

2-=CaSO4(aq) cK4=115.68 
Ca(OH)2(s)=Ca2++2OH- bKs1=3.89×10-6 

CaSO4·2H2O(s)=Ca2++SO4
2-+2H2O dKs2=3.41×10-5 

a:[34]; b:[181]; c:[182]; d:[183] 
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Figure 4-16 (a) Ca speciation, and (b) SO4 speciation in the Ca-SO4-H2O system (CSD-

saturated condition) 

Overall, in the pH range of this study, anionic species such as HSO4- and SO42- are 

more dominant than cationic species, i.e. Ca2+ and CaOH+. The anionic species can make 

a negatively dominant interfacial double layer on CSD surface and give negative value in 

zeta potential analysis. 

4.3.4 X-Ray photoelectron spectroscopy (XPS) 

In this study, XPS was carried out to probe the elemental composition of the 

precipitates and the chemical interaction between trivalent REE ions and the precipitate. 

The survey scanning spectra of precipitate shown in Figure 4-17 clearly indicated the 

presence of Ce, Nd, Tb, and Er on the surface. Figure 4-18 depicts the high resolution 

XPS spectra of the Ca2p core-levels from all three samples. Two Ca 2p doublets were 

detected for each sample. These doublets were identified as Ca2p3/2 (the lower binding 

energy (BE)) and Ca2p1/2 (the higher BE value)[184]. The Ca2p3/2 core-level BE 

positions for no additive, 2g/L CTAB and 2g/L PAA containing samples, appeared at 

347.90, 347.99 and 347.96 eV, respectively. The Ca2p1/2 core-level BE positions for the 

these three samples were at 351.4, 351.5 and 351.53 eV, respectively. The BE positions 
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in the three samples did not show a significant shift and they are all attributed to the 

presence of calcium sulfate dihydrate phase in all crystals obtained in this study [185]. 

The BE difference between the two Ca core-levels for all three samples is around 3.5 eV 

giving no differentiation among them. 

 

Figure 4-17 XPS survey scanning spectra of the precipitate obtained at pH 5.0 at 25 °C. The 

solution pH was increased using Ca(OH)2 at a pulp density of 5% 

 

Figure 4-18 Ca2p spectra of the precipitate at pH 5.0 in the absence and presence of 2 g/L 

CTAB and PAA 
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The S2p spectral region of precipitates (Figure 4-19a) formed in the 

absence/presence of additives illustrated two doublet peaks, identified as S2p3/2 (the 

lower BE value) and S2p1/2 (the higher BE value) with BE difference of 1.18 eV. The 

doublets are located at 169.15 and 170.34 eV, 170.50 and 171.69 eV (Figure 4-19b), 

168.94 and 170.13 eV, 169.96 and 171.15 eV (Figure4-19c) and 169.07 and 170.26eV, 

170.25 and 171.44 eV (Figure 4-19d), which are attributed to the presence of sulfate 

compounds in the precipitates [186]. These values are ascribed to CSD [185,187,188] 

which is the main phase of precipitates or they can demonstrate the presence of REE 

sulfates [189]. A small peak is also visible in the S2p spectral region that could be 

attributed to the Er4d which is overlapped with S2p region. As shown in Figure 4-19b, 

XPS spectra for Er4d in no additive sample illustrates a peak at 167.41 eV. In CTAB-

containing sample, the peak is located in 167.26 eV and in PAA-containing sample the 

peak is located in 167.85 eV binding energy value which are assigned to Er2O3 (168.7 

eVv [189] and 169.8 eV [190]). The FWHM value for Er peak in the no additive, CTAB 

and PAA-containing samples are 1.41, 1.4 and 1.49, respectively. Therefore, a higher 

FWHM value in PAA-containing sample is proof of more Er adsorbed on the surface 

consistent with the results obtained in this study. 

As depicted in the O1s spectral region (Figure 4-20a), the peaks at binding energies 

of 531.86 eV (Figure 4-20b), 531.78 eV (Figure 4-20c), and 531.75 eV (Figure 4-20d) 

belong to hydroxide species [186]. Furthermore, the peaks at binding energies of 532.97 

eV (Figure 4-20b), 532.7 (Figure 4-20c) eV, and 532.98 (Figure 4-20d) eV are 

representative of oxygen in sulfate compound (BE=531.5-532.5 eV) [186] which is in 

accordance with the results obtained from S2p spectral region. Therefore, the peaks at 
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532.97, 532.7, and 532.98 eV can be assigned to Er and OH bonding (BE=532.9 eV 

[190]), Er2(SO4)3 (BE=533 eV [189]), Tb2(SO4)3 (BE=532.9 eV [189]) and chemisorbed 

O atoms (BE=532.7 eV [191]).  

 

Figure 4-19 a) S2p spectra of the precipitates in the presence of b) no additive, c) CTAB d) 

PAA 

Analyzing the peak values for Tb4d, Nd4d, Nd3d and Ce3d (Figure 4-21) 

confirmed the presence of Tb3+ (BE~154 eV [192]), Nd2(SO4)3 (BE=122.5 eV [189]), 

Nd2O3 (BE=982.2 and 1004.3 eV [193]), CeO2 and Ce2O3 (BE values are reported in 

Table B.2 in Appendix B). The Nd3d is difficult to fit due to the disturbance of auger 

electron of oxygen (OKLL) [193] so Nd4d was analyzed for more accuracy.  
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Based on the findings obtained from XPS analysis, the precipitates were believed to 

be composed of REE-doped CSD, where REE are present as oxides, hydroxides and 

sulfates. No other compounds were detected when CTAB and PAA were used. The peak 

positions and chemical bindings are all summarized in Table B.2 in Appendix B. 

 

Figure 4-20 a) O1s spectra of the precipitates in the presence of b) no additive, c) CTAB d) 

PAA 
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Figure 4-21 a) Ce3d, b) Nd3d, c) Nd4d and d) Tb4d XPS spectra of the precipitates obtained 

at pH 5.0 at 25 °C. The solution pH was increased using Ca(OH)2 at a pulp density of 5% 

4.4 Summary 

A selective precipitation is a prevalent route to remove impurities (Fe, Al and Th) 

from an acidic sulfate REE leaching solution by controlling the solution acidity. Despite 

the low-cost of lime, the lime neutralization technique is not widely used in the 

hydrometallurgical processing of REE due to the co-precipitation of REE with CSD. 

In this study, it was attempted to reduce the REE loss to CSD via the addition of 

organic additives. Cationic (CTAB) and anionic (PAA) additives at different loadings of 

0.2, 2, and 5 g/L were used in a synthetic Ce, Nd, Er, Tb-containing CSD-saturated 

solution.Titration experiments were carried out up to pH 5 to simulate the impurity 

removal step of REE hydrometallurgical treatment circuit. It was observed that in the 
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absence of additives, 8.9% Ce, 9.3% Nd, 6.8% Tb, and 5.5% Er were lost to CSD 

precipitates during titration. CTAB additive at various loadings decreased the fraction of 

REE loss via its preferred adsorption on certain crystal faces, consequently inhibiting the 

CSD crystal growth. 2 g/L CTAB was chosen as the optimum dosage of additive that led 

to 5.3, 4.4, 1.0, and 0.1% loss of Ce, Nd, Tb, and Er from the solution, respectively. 

Therefore, 2 g/L CTAB reduced the fraction of REE loss by nearly 5% compared to 

losses in the absence of additives. Likewise, positively-charged group of CTAB 

neutralized the negative surface charge of the CSD particles leading to a lower 

susceptibility of REE adsorption on the CSD surface. In contrast to CTAB, PAA addition 

showed a detrimental effect on the process and markedly increased the portion of REE 

loss to CSD since by increasing the dosage of PAA in the solution from 0 to 5 g/L, 73.3% 

Ce, 82.6% Nd, 79.8% Tb ,and 73.9% Er co-precipitated with CSD. Zeta potential 

analysis illustrated that the surface charge of the CSD particles became more negative in 

the presence of PAA. Therefore, a large fraction of REE in the solution tended to co-

precipitate with CSD as a result of an attractive electrostatic force between REE ions and 

the negatively-charged hydrophilic head of PAA molecules adsorbed on the CSD. In 

addition, PAA changed the availability of Ca2+ ions participating in CSD nucleation and 

growth process due to their higher preference to bind to the carboxylic groups of PAA 

rather than sulfate groups of CSD. This led to a higher fraction of trivalent REE ions 

migrating into the structure of CSD and occupying the position of Ca2+ ions thus 

achieving a higher co-precipitation percentage.  

The effect of temperature and Ca(OH)2 pulp density was also investigated as 

effective parameters in CSD nucleation and growth processes. The results did not 
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illustrate an appreciable effect on the co-precipitation of REE with CSD. However, CSD 

crystals became more elongated and needle-like by an increase in the temperature and 

pulp density. Increasing temperature from 25 to 50 oC revealed a slight increase in the 

fraction of REE co-precipitation with CSD crystals correlating to the faster growth 

kinetics at higher temperatures as well as lower solubility of CSD leading to a higher 

supersaturation. However, further increases in temperature up to 70 oC slightly decreased 

the REE loss compared to 50 oC. Increasing the pulp density up to 5% did not show a 

significant effect on the REE loss to CSD, but further increase up to 10% showed a more 

significant impact on the fraction of REE lost as compared to that of lower pulp density 

values (0.5, 2 and 5%). Changes in the pulp density of Ca(OH)2 affects the 

supersaturation of Ca2+ ions in the system which consequently influences the nucleation 

and growth rate of CSD crystals and leads to a higher uptake of REE at higher growth 

rates. The study reveals the impact of additives on the transport of trivalent REE ions in 

the structure of CSD and opens up a new avenue to develop a unique platform for 

efficient, cost effective, and environmental friendly operation of impurity removal stage 

of REE industry in the future.  
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Chapter 5 

Behavior of light and heavy rare earth elements in Fe and Al removal 

process of rare earth pregnant leach solutions 

This chapter presents the co-precipitation behavior of REE with CSD in the presence of 

Fe and Al as impurities in the solution. The effect of different impurity contents of the 

REE pregnant leach solution is investigated to generalize the results for different REE 

ore/concentrate types. A consecutive neutralization-washing process is introduced to 

obtain a maximum impurity removal along with a minimum REE loss. This chapter is 

based on the following publication: 

- Farzaneh Sadri, Rina Kim and Ahmad Ghahreman, Separation and Purification Technology 

2020, Submitted. 

5.1 Introduction 

Rare Earth Elements (REE) are a set of 17 chemical elements in the periodic 

table, including 15 lanthanides plus scandium (Sc) and yttrium (Y). Sc and Y are 

considered as REE as they tend to occur in the same mineral deposits and exhibit similar 

chemical properties to REE. REE are present in different raw materials such as monazite, 

bastnasite, and iron scrap containing REE [194]. Flowsheet development for processing 

REE ores greatly depends on ore mineralogy which is varied and complex. Therefore, 

different processes and options are available for recovering REE from ores or 

concentrates. Geological classification of REE deposits encompasses alkaline rocks and 

carbonatites, vein, placers, and ionic clay deposits [195–197]. Variations in ore grade and 
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in the relative distribution of heavy to light REE (HREE:TREE) are present  among 

different classes of REE ore types. Irrespective of the ore type, the steps in the processing 

route for REE-containing deposits are as follows [197,198]: mining and ore beneficiation, 

chemical cracking of the ore or concentrate to make the REE water-soluble,  removal of 

undesired impurities such as Th, Fe, Al, and P from the solution by precipitating them as 

hydroxides, product recovery, and regeneration of the reagents.  

REE are often recovered as a by-product of another material processing since 

REE are rarely present in high enough concentrations to make a dedicated REE mine 

economically viable. For instance,  the world’s largest producer of REE is Bayan Obo 

mine in China which is primarily mined to produce iron (Fe) with REE produced as a by-

product [199]. This is why irrespective of the source of REE and the processing route, the 

pregnant leach liquor (PLS) always contains impurities such as iron, aluminum (Al), 

magnesium (Mg), calcium (Ca), manganese (Mn), thorium (Th), uranium (U), etc.  

In the last three decades, there has been an exponential growth in the use of REE. 

More specifically, HREE have seen the greatest increase with many high technology 

applications ranging from electronics to manufacturing, medical science, renewable 

energy, and green technology [200]. Due to their vital role in almost all high-tech  

industries and the fast-growing demand for REE, they are called “the vitamins of current 

industry” [201]. The REE product purity significantly affects its commercial value, 

therefore, the separation process of REE plays an important role in the value of the final 

product and should be carried out effectively. However, effective separation of REE is 

not feasible in a single step due to the substantial similarities of chemical properties 

between different REE. As such, numerous separation steps are typically required to 
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achieve the high degree of separation and produce high purity REE or compounds. The 

presence of impurities in the REE PLS is unavoidable and can negatively impact the 

separation process of REE from the solution by causing the emulsification of extracting 

agents or by contaminating the resins [202–204]. Therefore, the impurities should be 

removed from the PLS before starting the separation and purification process of REE.  

Solution purification is a key part of separation process and connects leaching to 

the final metal-winning process [205]. Purification techniques encompass precipitation, 

ion exchange, solvent extraction, and membrane separation [205]. Precipitation technique 

is one the oldest methods used in solution purification. It can be used for precipitation of 

metal hydroxides, sulfides, and basic salts. The degree of impurity removal can be 

checked at precipitation diagrams. Co-precipitation of other metal ions can occur when 

using this method which can affect the purity of the solution. There are many different 

types of techniques which can be used to precipitate compounds out of PLS such as 

chemical precipitation, e.g. precipitation as metal sulfide with H2S, precipitation as metal 

hydroxide by pH adjustment, precipitation as carbonates and carbonic acid, precipitation 

as other phases such as phosphates, reductive precipitation using reducing agents such as 

H2 gas, precipitation by cementation and electrolysis, and other precipitation methods 

such as changing temperature [206]. Ion exchange and solvent extraction methods are 

typically used for separation and recovery of the main value elements. The use of these 

methods for impurity removal is less common from commercial operation point of view, 

however, there are some examples of purification processes which use these methods that 

are outside the scope of this paper. Membrane technology is commercially used for 

solution purification and impurity removal and is classified into three classes of 
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processes: passive membrane processes, liquid membrane processes, and ion-exchange 

membrane processes. There are examples of using this method for impurity removal from 

solutions such as the use of a gas membrane to recover cyanide from metal cyanide 

wastes containing free and complexed cyanide [207]. Among these methods, 

precipitation is the most widely used method to remove impurities such as iron from the 

solution [205].  

Ru’an et al. [208] investigated an REE liquor containing only Al3+ ions as an 

impurity and purified the solution by adjusting to pH 5 to precipitate insoluble Al(OH)3. 

Additionally, da Silva et al. [209] studied four reagents (limestone, lime, sodium 

hydroxide and magnesium oxide) to purify an REE liquor of monazite ore by reducing 

the concentration of impurities.. Fe was the main impurity in the solution 

(LREE/REE:96%) with 1.36 g/L Fe compared to 0.17 g/L Al, 0.15 g/L P, and 0.0028 g/L 

U. They concluded that lime treatment results in a purified solution with lower REE 

losses, and devised a two-step neutralization process using limestone at pH 3.5 and lime 

from pH 3.5 to 5 to remove impurities from the solution [209]. Verbaan et al. [197] 

published a comprehensive review on the hydrometallurgical flowsheets in current REE 

projects. This review showed a variety of hydrometallurgical routes are followed in 

different projects mainly depending on the mineralogy of the ores, however, most 

projects still use partial neutralization as the primary purification step to remove Fe and 

Al from the REE PLS. Ogata et al. [210] designed an adsorbent for the REE, specifically 

HREE, named EDASiDGA (3-(ethylenediamino)propyl silica gel). A column packed 

with the adsorbent was developed to directly recover HREE from an apatite sample 

leached into sulfuric acid in the presence of impurities, skipping the primary impurity 
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removal step. However, a proportion of REE co-precipitated with calcium sulfate 

dihydrate (CSD) in the leaching step. Different leaching techniques are used for 

processing and recovery of secondary resources of REE and to separate them from 

impurities such as Fe. The traditional hydrometallurgical method is applied to different 

types of permanent magnets to selectively dissolve REE and leave iron behind (selective 

leaching method) [211]. Total leaching is another method for REE recovery from Nd-Fe-

B magnets. In this process, the pH of the solution is maintained at < 2.0 to prevent iron 

precipitation while Nd is separated from the other impurities by forming double salt of 

Nd [212,213]. 

Most processing costs in REE extraction circuits are incurred during the 

hydrometallurgical treatment of the ore/concentrate where REE are chemically extracted 

[197]. Therefore, a reduction in the operational costs, an increase in the grade of the 

concentrate, and the recovery of any REE lost in the hydrometallurgical processes 

(through co-precipitation or etc.) is worth considering. In most of the applied flowsheets 

for REE PLS primary purification, the impurities are removed by a simple neutralization 

step by adjusting the pH using alkaline reagents such as lime, limestone, magnesium 

oxide, magnesium, or sodium carbonate [197]. Among the reagents, lime and limestone 

are the cheapest options, however using calcium based reagents in a sulfate media causes 

gypsum (CSD) formation and consequently REE loss to CSD (Kim et al., 2016; Sadri et 

al., 2019, 2018).  

In our previous studies [215,216], the effect of Ca(OH)2 pulp density on REE loss 

was examined. Using a synthetic, pure solution of REE, the pH of the solution was 

elevated from 1-5 and the mechanisms of REE loss were investigated. In this study, the 
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impurity removal from REE liquor was simulated by synthesizing CSD crystals doped 

with four REE: Ce and Nd (light REE, or LREE), plus Er and Tb (heavy REE, or HREE), 

in the presence of Fe and Al as impurities with the purpose of using lime as the reagent to 

reduce the cost of the process. Many projects use sulfuric acid as the leaching lixiviant 

[197,217,218]. Therefore, sulfuric acid media was chosen as the PLS medium in this 

study. The neutralization conditions were designed such that a maximum impurity 

removal was obtained while minimizing REE loss. Effects of Fe and Al contents in the 

PLS on the REE loss were examined for the first time. The mechanism of REE 

incorporation to the precipitates and the effect of acid leaching on the REE-bearing 

residues for the recovery of the lost REE were defined.  

5.2 Experimental Procedure 

5.2.1 Materials 

Analytical grade reagents were used in the experiments and all aqueous solutions 

were prepared with de-ionized (DI) water. The materials and reagents used are 

summarized in Table 5-1. Nitric acid was used to make 5% HNO3 solution for dilution of 

analysis samples and the standard solutions. The experiments were performed in 

duplicates to allow checks on the experimental technique and precision. 
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Table 5-1 Materials and reagents used in this study 

Reagent  Purity/Concentration Company 
Ce (III) sulfate octahydrate 99.9% Alfa Aesar, USA 
Nd (III) sulfate octahydrate 99.9% Alfa Aesar, USA 
Tb (III) sulfate octahydrate 99.9% Alfa Aesar, USA 
Er (III) sulfate octahydrate 99.9% Alfa Aesar, USA 
Calcium sulfate dihydrate 98% Acros, Canada 

Calcium hydroxide >99% Fisher Scientific, Canada 
Sodium hydroxide 0.995-1.005 N Fisher Scientific, Canada 

Magnesium hydroxide 95% Sigma Aldrich, USA 
Aluminum sulfate hydrate 98% Sigma Aldrich, USA 
Iron (III) sulfate hydrate 97% Sigma Aldrich, USA 

Sulfuric acid 95-98% Fisher Scientific, Canada 
Nitric acid 68-70% BDH, Canada 

Ce, Nd, Er and Tb standard 
solutions  1000 ppm Alfa Aesar, Canada 

 

5.2.2 Experimental Process and Analysis 

A calcium saturated solution regulated at pH 1.0 using sulfuric acid was prepared 

by adding calcium sulfate dihydrate powder to the solution and agitating the resulting 

mixture for five hours. After filtering, the excess calcium sulfate dihydrate, octahydrate 

sulfate salts of four REE, cerium (Ce) and neodymium (Nd) representing the light REE 

and terbium (Tb) and erbium (Er) representing the heavy REE, were added to the solution 

to make a total 4 g/L REE-containing sulfate solution (1 g/L of each REE). This solution 

was used as the starting solution in all experiments. 

Aluminum and iron sulfate salts were used to introduce Al/Fe as impurities to the 

CSD saturated solution containing 4 g/L REE. The salts were added up to concentrations 

of 4 g/L Al and 4 g/L Fe, unless otherwise stated. In order to investigate the precipitation 

behavior of a solution containing 4 g/L Fe, Al, and REE, the solution pH was increased 

using an auto-titrator (916 Ti-Touch titrator, Metrohm). 4 wt.% NaOH was used as a 
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precursor to change the pH and spot the equivalence points (EP). The volume of NaOH 

(VNaOH) and the respective pH values of the solution were recorded. Alkaline reagents of 

5 wt.% lime (Ca(OH)2), 5 wt.% magnesium hydroxide (Mg(OH)2), or 4 wt.% sodium 

hydroxide (NaOH) were used to increase the pH of the solution to remove the Fe/Al. Two 

different tests were performed in this study including impurity removal tests to remove 

Fe and Al from the REE PLS and acid leaching tests to recover the REE which co-

precipitated with the impurities. All tests were conducted at 25 ºC in a Pyrex beaker 

placed on a magnetic stirrer (Arex digital, VELP scientifica) to agitate the solution. A pH 

meter (Fisher Scientific XL600 accumet) was used to continuously measure the pH with 

±0.05 pH error. Impurity removal tests were performed by gradually adding one of the 

alkaline reagents to the solution to increase the pH to the desired value. Adequate time 

was given to the solution after each alkaline reagent addition to ensure that equilibrium 

was attained and that the pH was stable. Samples were taken from the solution at 

different pH values and were filtered using a filter paper grade 2 (Whatman, Fisher 

Scientific, Canada). The solution was diluted using 5% HNO3. The samples were 

analyzed to measure their REE, Fe, and Al content by means of microwave plasma-

atomic emission spectroscopy (MP-AES 4200, Agilent Technologies, Canada). In the 

acid leaching tests, deionized water pre-adjusted to pH 3.5 was used to recover REE from 

the precipitates collected from impurity removal tests. The acid leaching experiments 

were conducted for two hours and samples were taken from the solution at different time 

intervals. The samples were filtered and diluted for MP-AES analysis. Details of all the 

experiments are presented in Table 5-2. 
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A two-step neutralization process was proposed based on the results of the first 

three experiments in this study. In this process, the pH of the solution was initially 

increased to 3.15 by adding 5 wt% Ca(OH)2 slurry. After the pH was stable at 3.15 the 

resulting pulp was filtered. In a subsequent stage, the pH of the first stage filtrate was 

increased to 5.0 by further addition of either 5 wt% Ca(OH)2 slurry or 4 wt% NaOH then 

the solution filtered after pH stabilization. Both precipitates were dried and acid leached 

for 2 h with a solution of DI water adjusted to pH 3.5 by sulfuric acid. All precipitates in 

this study were washed by DI water right after filtration. 

In order to investigate the effect of Hexadecyltrimethylammonium bromide 

(CTAB) addition to the impurity-containing system, 2 and 5 g/L CTAB solutions were 

added to the initial solution containing 4 g/L Fe, Al and REE. Similar 2-step 

neutralization tests were carried out and samples were analyzed with MP-AES for their 

REE, Fe, and Al content. Tests were performed in duplicate and the values reported in 

this paper are ±4% for the REE and ±1.5% for Al and Fe.  
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Table 5-2 Experimental conditions 

Test # 
Initial Fe  

(g/L) 
Initial Al  

(g/L) 

Initial Volume 
(mL) Reagent 

Other conditions 
pHi: initial pH 
pHf: final pH 

1 4 4 200 5% Ca(OH)2 pHi: 1 – pHf: 5 
2 4 4 200 5% Mg(OH)2 pHi: 1 – pHf: 5 
3 4 4 200 4% NaOH pHi: 1 – pHf: 5 
4 4 4 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
5 4 2 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
6 4 1 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
7 4 0.5 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
8 2 4 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
9 2 2 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
10 2 1 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
11 2 0.5 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
12 1 4 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
13 1 2 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
14 1 1 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
15 1 0.5 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
16 0.5 4 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
17 0.5 2 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
18 0.5 1 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 
19 0.5 0.5 200 5% Ca(OH)2 pHi: 1 – pHf: 3.15 

20 4 4 1000 5% Ca(OH)2 
Large scale test, 

step 1 
pHi: 1 – pHf: 3.15 

21 Fe and Al content in final solution 
of test no. 5 

519 5% Ca(OH)2 
Large scale test, 

step 2 
pHi: 3.15 – pHf: 5 

22 
Fe and Al content in final solution 

of test no. 5 519 4% NaOH 
Large scale test, 

step 2 
pHi: 3.15 – pHf: 5 

 

5.3 Results and Discussion 

5.3.1 Precipitation behavior of the solution 

Figure 5-1 illustrates the plot of the pH changes in the solution containing 4 g/L 

Fe, Al, and REE (1 g/L each REE) by the addition of 4% NaOH as a reagent. Two 

equivalence points (EP) were detected by the auto-titrator: one around pH 3.2 and the 

other one around pH 5.0 which correlate to the precipitation of Fe and Al, respectively 
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[219–221]. A decrease in the pH value was observed at the pH where Fe and Al 

precipitate. By adding the alkaline reagent and elevating the pH up to 3.2 and 5.0 and 

allowing some time for the pH to stabilize, the pH decreased and more reagent needed to 

be added. This happened due to the precipitation of Fe and Al ions as Fe(OH)3 and 

Al(OH)3 that contribute to a rise in H+ concentration in the solution, thus lowering the pH 

value until all Fe and Al ions precipitate and the pH stabilizes. Note that Fe(II) has a high 

cut-off pH above 5.0, therefore in the pH range investigated in this study (1.0-5.0), Fe 

does not precipitate as Fe(II) hydroxide [222]. Therefore, the first EP is connected mostly 

to the precipitation of Fe(III). Equations 44 and 45 depict the precipitation reactions of 

Fe3+ and Al3+[209]: 

Fe(aq)
3+ +3H2O(l)→Fe(OH)3(s)+3H(aq)

+                                                                                  44 

Al(aq)
3+ +3H2O(l)→Al(OH)3(s)+3H(aq)

+                                                                                  45 

 

Figure 5-1 pH changes in the solution containing 4 g/L Fe, Al and REE (1 g/L each) by 

addition of 4% NaOH as a precursor 
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The curve plotted in Figure 5-1 does not show any other EP regarding REE 

precipitation in the pH range of 1.0-5.0 Therefore, the REE under investigation do not 

precipitate as a separate oxide phase and they are mainly soluble in the liquor. 

5.3.2 Thermodynamic modeling of Fe and Al and Ce, Nd, Tb and Er precipitation in Ca-

SO4-H2O system 

The reactions presented in Equations 44 and 45 in section 5.3.1 were carried out 

under conditions simulating the impurity removal step of REE treatment and the 

crystallization of CSD. Figure 5-2 demonstrates the concentration of Fe(III), Al, Ce, Nd, 

Tb, and Er ions in Ca-SO4-H2O system over the pH range of 1.0-10.0 plotted based on 

the thermodynamic calculations in equilibrium conditions and experimental conditions 

(the chemical equations and thermodynamic data are presented in Appendix C). The cut-

off pH for Fe(III) is around 2.5-3.0. For Al, the cut-off pH value is about 5.0-5.5, which 

agrees with the experimental results. HREE start to precipitate around pH 7.0 and 

LREE’s cut-off pH is around 8.0. Therefore, as it was concluded from section 5.3.1, REE 

do not precipitate as a separate phase in the pH range of 1.0-5.0. 
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Figure 5-2 Concentration of Fe(II), Fe(III), Al, Ce, Nd, Tb and Er ions in Ca-SO4-H2O 

system over the pH range of 1.0-10.0 

Speciation of the system under investigation (Fe-Al-REE-Ca-SO4-H2O) was 

studied as a function of pH. Figure 5-3 illustrates the behavior of Fe(III) over pH range of 

1.0-10.0. Figure 5-3 shows FeSO4+ dominates the other Fe species until pH 2.5 where 

Fe2(OH)24+ becomes dominant. It also illustrates that Fe(III) fully precipitates at pH 3.0. 

Therefore, in the pH range of 1.0-5.0, Fe(III) will precipitate as Fe(OH)3 around pH 3.0, 

confirming experimental results. 
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Figure 5-3 Speciation diagram for Fe3+ in Ca-SO4-H2O system 

Figure 5-4 displays the Al-bearing species as a function of pH. This graph shows 

AlSO4+ is the most soluble species until pH 2.5 where Al(SO4)2- becomes the dominant 

species. Figure 5-4 shows that the cut-off pH for Al in the medium under investigation is 

between 4.5-5.5 where Al precipitates as Al(OH)3. This agrees with the experimental 

results. 

 

Figure 5-4 Speciation diagram for Al3+ in Ca-SO4-H2O system 

Figure 5-5a-d displays speciation curves for Ce, Nd, Tb, and Er, respectively. 

Figure 5-5a shows CeSO4+ as the major dominant species at the beginning of the pH 

pH

0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.00

0.02

0.04

0.06

0.08

Fe3+

FeOH2+
Fe(OH)2+

Fe(OH)3(aq)
Fe2(OH)24+

FeSO4+

Fe(SO4)2-

Fe(SO4)3(aq)
Fe total

pH

0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.00

0.02

0.04

0.06

0.08

0.10

0.12

0.14

0.16
Al3+

AlOH2+
Al(OH)2

+

Al(OH)3(aq)
Al(OH)4

-

Al2(OH)24+

Al3(OH)45+

AlSO4+

Al(SO4)2-

Al2(SO4)3(aq)
Al total



 

107 

 

range and Ce3+ as the minor present species in the solution. As the pH increases, the 

percentage of CeSO4+ species drops while the Ce(SO4)2- concentration increases, keeping 

the total Ce concentration of the solution constant. In higher pH values around 9.0, the 

concentration of both CeSO4+ and Ce(SO4)2- decline causing the total Ce concentration of 

the solution to drop sharply signifying the cut-off pH for Ce. In the case of Nd, Tb, and 

Er, Figure 5b-5d shows REESO4+ is the major species up to around pH 1.5 where 

REE(SO4)2- takes over as the main soluble species in the solution. The cut-off pH for Tb 

and Er is shown to be between 7.5-8.5 and between 8.0-9.0 for Nd. Note that the trends 

obtained by thermodynamic calculations do not show REE co-precipitation with 

precipitates in the pH range of 1.0-5.0. 
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Figure 5-5 Speciation curve for a)Ce, b)Nd, c)Tb and d)Er over pH range of 1.0-10.0 

 

 

  

 

pH
0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.000

0.002

0.004

0.006

0.008

Ce3+

CeSO4+

Ce(SO4)2+

CeOH2+

Ce(OH)2+
Ce(OH)3
Ce3(OH)54+
Ce total

pH
0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.000

0.002

0.004

0.006

0.008
Nd3+

NdSO4+

Nd(SO4)2-

NdOH2+

Nd(OH)2+
Nd(OH)3
Nd(OH)4-
Nd2(OH)2
Nd total

pH
0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.000

0.001

0.002

0.003

0.004

0.005

0.006

0.007
Tb3+

TbSO4+

Tb(SO4)2-

TbOH2+

Tb(OH)2+
Tb(OH)3
Tb total

pH
0 2 4 6 8 10

C
on

ce
nt

ra
tio

n(
M

)

0.000

0.001

0.002

0.003

0.004

0.005

0.006

0.007
Er3+

ErSO4+

Er(SO4)2-

ErOH2+

Er(OH)2+
Er(OH)3
Er(OH)4-
Er total

(a) 

(b) 

(c) 

(d) 



 

109 

 

Figure 5-6 demonstrates SO42- speciation curve in the Fe-Al-REE-Ca-SO4-H2O 

system.  It shows HSO4- dominates over other species at lower pH values with SO42- 

taking over as the dominant species in the solution at pH levels higher than 2.0. Figure 5-

6 demonstrates that total SO42- concentration is almost constant over the whole pH 

change with only a slight decrease at lower pH. As excess SO42- is not added to the 

system during the experiments, the almost constant SO4 content of the solution confirms 

that Fe, Al, and REE do not precipitate as sulfates. The only sulfate precipitation occurs 

when CSD is formed, corresponding to the slight decline in the curve at very low pH 

values.  

 

Figure 5-6 SO4 speciation curve in Fe-Al-REE-Ca-SO4-H2O system 

5.3.3 Effect of different reagents in impurity removal step 

Three common reagents in impurity removal processes were used in this study, 

namely Ca(OH)2, Mg(OH)2, and NaOH. Figure 5-7 illustrates the precipitation curve for 

REE, Al, and Fe for each reagent when adjusting the pH of the solution from 1.0 to 5.0. 

As shown, iron and aluminum almost completely precipitate at pH 3.1 and 5.0 
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respectively which agrees with the values reported in other references [219–221] and 

values obtained by thermodynamic calculations presented in section 5.3.2.  

 

Figure 5-7 Precipitation percentage of Fe, Al and REE when using a) 5% Ca(OH)2, b) 5% 

Mg(OH)2 and c) 4% NaOH as a reagent to elevate the pH of the solution containing 1 g/L of 

each REE, 4 g/L Fe and 4 g/L Al from pH 1.0 to 5.0 

Figure 5-7 also shows that some of the four REE (>15%) precipitated up to pH 

5.0 with all three reagents. The highest losses (51.6% Er, 42.9% Tb, 42.7% Nd and 

33.7% Ce) were obtained when using 5% Ca(OH)2 (Figure 5-7a) and the lowest losses 

(28.8% Er, 24.3% Tb, 20.9% Nd and 17.6% Ce) were achieved using 4% NaOH (Figure 

5-7c). Using 5% Mg(OH)2 (Figure 5-7b), 16.5% Ce, 21.6% Nd, 31.4% Tb, and 38.3% Er 

was precipitated. The presence of REE in the residues obtained by neutralization of the 

5% Ca(OH)2

pH
1 2 3 4 5

Pr
ec

ip
ita

tio
n 

%

0

20

40

60

80

100
Fe
Er
Tb
Nd
Ce
Al

5% Mg(OH)2

pH
1 2 3 4 5

Pr
ec

ip
ita

tio
n 

%

0

20

40

60

80

100
Fe
Er
Tb
Nd
Ce
Al

4% NaOH

pH
1 2 3 4 5

Pr
ec

ip
ita

tio
n 

%

0

20

40

60

80

100
Fe
Er
Tb
Nd
Ce
Al

          
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 

(a)                                                                                 (b)    
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
                                             (c) 
 



 

111 

 

PLS with Mg(OH)2 and NaOH can be associated with the hydrolysis of the REE ions up 

to pH 5.0 and common ion effects due to the much higher solubility of magnesium sulfate 

(33.7 g MgSO4 per 100 mL of water at 20 ºC) and sodium sulfate (13.9 g Na2SO4 per 100 

mL of water at 20 ºC) compared to  REE sulfates (2.33 g La2(SO4)3 per 100 mL of water 

at 20 ºC) [223]. Therefore, they remain in solution and precipitate REE sulfates. 

Additionally, sodium can lead to the formation of rare earth double sulfate salt [224]. 

Equations 46, 47, and 48 explain the chemical reactions that are responsible for the 

partial precipitation of REE in low pH values ranging from 1.0-5.0 when treating the 

solution with either magnesium hydroxide or sodium hydroxide [209]: 

2REE(aq)
3+ +3SO4(aq)

2- +6Na(aq)
+ +3OH(aq)

- →2REE(OH)3(s)+6Na(aq)
+ +3SO4(aq)

2-                        46 

2REE(aq)
3+ +3SO4(aq)

2- +3Mg(aq)
2+ +3OH(aq)

- →2REE(OH)3(s)+3Mg(aq)
2+ +3SO4(aq)

2-                      47 

REE2(SO4)3(aq)+Na2SO4(aq)+2H2O(l)→Na2SO4.REE2(SO4)3.2H2O(s)        48 

 The higher co-precipitation of REE with lime is due to CSD formation when it 

reacts with sulfuric acid following Equation 49 and “grabs” a fraction of REE in solution 

while precipitating. The reasons causing REE loss to CSD were thoroughly discussed in 

our previous papers [215,216]. 

Ca(aq)
2+ +SO4(aq)

2- +2H2O(l)→ CaSO4.2H2O(s)                                49 

The final solutions at pH 5.0 were filtered then washed with DI-water and the 

precipitates were weighed after drying. The amount of dry solid residues was 10.17, 3.30, 

and 3.16 g with the treatment using lime, magnesium hydroxide, and sodium hydroxide, 

respectively. As lime was intended as the low-cost reagent for removing impurities from 

the REE leach liquor, four grams of the lime-based dry residue was used in two identical 

acid leaching experiments using DI-water adjusted to pH 3.5 with sulfuric acid and a 
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solid:liquid ratio of 2 g/100 mL. This pH (3.5) was selected because it was above the iron 

cut-off pH and could likely improve the recovery of the lost REE. Both tests were held 

for two hours and samples were taken from the solution every 30 minutes and analyzed 

with MP-AES after filtration. Figure 5-8 shows the results from acid leaching the residue 

of the lime test. In these tests, Fe did not redissolve, however, around 25% Al, 42% Tb 

and Er, and 34% Ce and Nd were acid leached from the precipitates after two hours. 

Therefore, although Fe did not solubilize, the acid leaching process was not quite 

successful as Al partially dissolved along with the REE leaving more than half of the 

REE in the residue. Therefore,  a two-step impurity removal process was proposed. First, 

the pH must be increased to 3.15 to fully remove iron from the solution followed by an 

acid leach on the precipitate to recover REE back to the circuit. Second, increase the pH 

to 5.0 to remove Al from the solution followed by another acid leach on the precipitates 

to recover REE while limiting Al redissolution. This process will be further described in 

section 5.3.5.  
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Figure 5-8 Acid leaching recovery of Fe, Al and REE of the residue obtained from adding 

5% Ca(OH)2 to the solution containing 1 g/L of each REE, 4 g/L Fe and 4 g/L Al to increase 

the pH from 1.0 to 5.0 

5.3.4 Effect of different impurity concentrations on REE loss in impurity removal step 

To study the effect of impurities on REE loss in impurity removal process, 

different concentrations of 4.0, 2.0, 1.0 and 0.5 g/L for Al and Fe were added to the 

starting solution while keeping REE concentration constant at 4.0 g/L (1.0 g/L for each 

REE). The pH was increased to 3.15 by adding lime and the final solution was filtered 

and analyzed for the REE, Fe, and Al content. Table 5-3 shows the REE loss percentage 

at pH 3.15. As shown, a larger volume of lime is consumed when the initial Fe 

concentration of the solution is the highest (4.0 g/L) compared with 2.0, 1.0, and 0.5 g/L. 

This is because more iron ions are available in solution thus requiring more neutralization 

reagent. Equations 50 and 51 depict the neutralization reactions used to precipitate 

dissolved Al and Fe impurities present in solution: 
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Fe2(SO4)3(aq)+3Ca(OH)2(aq)+6H2O(l)→2Fe(OH)3(s)+3CaSO4.2H2O(s)                        50 

Al2(SO4)3(aq)+3Ca(OH)2(aq)+6H2O(l)→2Al(OH)3(s)+3CaSO4.2H2O(s)                        51 

Table 5-3- Precipitation percentage of REE at different Fe and Al concentrations 

Test 
no. 

Fe - initial 
solution 

(g/L) 

Al - initial 
solution 

(g/L) 

Volume of 
consumed 
Ca(OH)2 

(mL) 

Precipitated 
solids (g) 

% precipitation at pH 3.15 

Ce Nd Tb Er 

1 4 4 18.28 2.57 16.3 17.6 5.82 4.46 
2 4 2 18.24 2.46 16.55 17.4 5.16 4.4 
3 4 1 18 2.42 16.31 17.3 4.93 4.89 
4 4 0.5 18 2.35 15.43 17.34 5.31 4.30 
5 2 4 14.5 1.71 11.86 10.84 2.78 1.68 
6 2 2 14 1.60 11.76 11.43 2.17 1.74 
7 2 1 14 1.61 11.38 11.66 1.54 1.43 
8 2 0.5 13.98 1.75 11.19 11.35 1.90 1.8 
9 1 4 11.8 1.21 9.52 10.07 1.52 1.16 
10 1 2 12.04 1.20 9.8 9.84 1.51 1.02 
11 1 1 11.2 1.10 9.25 9.65 1.87 1.17 
12 1 0.5 10.8 1.00 9.31 9.54 1.34 1.02 
13 0.5 4 10.28 1.11 4.74 5.17 0.74 0.72 
14 0.5 2 10.04 0.91 4.95 4.81 0.77 0.64 
15 0.5 1 9 0.78 4.23 4.99 0.25 0.19 
16 0.5 0.5 8.36 0.72 4.00 4.26 0.66 0.57 

 

As shown in Table 5-3, increasing the iron concentration from 0.5 g/L to 4.0 g/L 

resulted in higher REE loss. This is caused by the larger amount of CSD precipitates that 

are formed when 4.0 g/L Fe is available in the solution which uptakes a higher proportion 

of the REE in the system by surface adsorption or by incorporation into the crystal lattice 

[209,215]. Another reason for the increased REE loss is that iron hydroxide precipitates 

in this pH range (1.0 to 3.15) which can adsorb REE species from the PLS [225]. In 

addition, Fe(OH)3 has a lattice site in the crystal structure that can physically trap 

elements inside the crystals as they grow [209,220,226]. Other investigators have 

reported that the hydroxides of Fe and Al display an enrichment in REE and play a 
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significant role in defining the REE distribution in bauxite, together with the other REE-

bearing phases (i.e. monazite and xenotime) [225,227]. In fact, REE are likely associated 

with the Al- and Fe-(oxy)-hydroxides as adsorbed cations [227]. Additionally, several 

studies have used co-precipitation of Fe hydroxide and REE to concentrate REE. This 

method has great potential for determination of ultra-trace levels of REE in natural 

samples [228,229]. This phenomenon can explain the increased REE loss to precipitates 

when there is a higher Fe and Al content in the PLS. For instance, the SEM analysis was 

carried out on the precipitates obtained from neutralizing the REE, Fe and Al-containing 

solution using 5% Ca(OH)2. Figure 5-9 illustrates the SEM micrograph and EDS 

mapping of solid samples precipitated by neutralizing the solution from pH 1 to 3.15 and 

3.15 to 5. As is shown in Figure 5-9, REE were detected on all solid surfaces of CSD, Fe 

and Al hydroxides, proving that REE can adsorb on Fe and Al-hydroxides as well as 

CSD. More SEM micrographs along with their EDS mapping are presented in Appendix 

C. 
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Figure 5-9 SEM micrographs and EDS mapping of precipitates obtained from filtering the 

neutralized solutions at pH a)3.15 and b)5, using 5% Ca(OH)2 
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Thermodynamic calculations were conducted for four systems with the highest 

and lowest Fe/Al contents. The curves from these calculations are presented in Appendix 

C. The results revealed that higher sulfate concentration could increase the cut-off pH for 

all metal species, including REE. Increased Fe or Al concentrations however had the 

opposite effect with increased concentrations leading to a drop in their cut-off pH. For 

further experiments, a solution with 4.0 g/L Fe, 4.0 g/L Al, and 4.0 g/L REE was used as 

the starting solution to examine the highest REE loss conditions. 

5.3.5 Two-step impurity removal process 

As discussed in section 5.3.1, a two-step impurity removal process was suggested 

to precipitate the Fe and Al from the PLS in two different stages. The first step of the 

neutralization process of the PLS is meant to remove Fe from the solution, while most of 

the Al remains. The second step is intended to remove Al from the solution, leaving 

behind the REE in the PLS. In general, this process will produce a CSD/iron hydroxide 

residue and a CSD/aluminum hydroxide residue. However, because a fraction of the REE 

co-precipitates in each step, acid leaching steps were added to recover some of the lost 

REE from both precipitates. The two stage tests were carried out using 1 L of PLS (Test 

20 in Table 5-2). The pH of the solution was adjusted to 3.15 with 5% lime, then filtered. 

Half of the solution from the first stage was then titrated with 5% lime up to pH 5.0. 

Table 5-4 shows the precipitation of elements in each step of neutralization process. In 

the first stage, virtually all of the Fe was removed from solution while only 7.6% of the 

Al was precipitated. Additionally, 12.5% Ce, 15.8% Nd, 5% Tb, and 4.3% Er were co-

precipitated. In the second step, the pH was increased from pH 3.15 to 5.0 as shown in 
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Table 4, and all the Al was removed from solution. However, an additional 16.7% Ce, 

24.4% Nd, 34.1% Tb, and 45.2% Er were also lost to the precipitates. 

Table 5-4 Precipitation percentage of Fe, Al and REE in each step of the impurity removal 

process 

Step # Final 
pH 

Precipitation percentage 
(±0.5% for Al and Fe, ±2% for REE) 

Fe Al Ce Nd Tb Er 
Step 1 

5% Ca(OH)2 
3.15 100 7.6 12.5 15.8 5.0 4.3 

Step 2 
5% Ca(OH)2 

5 - 100 16.7 24.4 34.1 45.2 

 

As previously discussed in one of our studies, surface adsorption is the main 

mechanism of REE loss to CSD [215]. Therefore, REE could be partially recovered from 

the precipitates by an acid leaching process. Both precipitates (from the first and second 

step) were acid leached with DI water pre-adjusted to pH 3.5 for two hours. Figure 5-10 

shows the percentage of REE recovered after two hours of acid leaching from the two 

precipitates. 
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Figure 5-10 Recovery percentage of Fe, Al and REE from solid residues of step 1 and 2 

(using 5% Ca(OH)2 as the reagent) , after two h of acid leaching 

After two h, 56% Ce, 53.3% Nd, 78.4% Tb and 84% Er were recovered from the 

Fe hydroxide precipitate. However, there is a slight decreasing trend in the REE 

dissolution after the first 10 minutes, meaning that most of the REE was recovered in the 

initial 10 minutes, and afterward possibly reprecipitated. The REE recoveries after 10 

min were 61% Ce, 60.5% Nd, 87.4% Tb and 90.2% Er. The REE which were not 

recovered and remain in the precipitate are likely the fraction either encapsulated inside 

CSD or aluminum/iron hydroxides, or which were substituted with Ca2+ ions in the 

structure of CSD and would not dissolve. Figure 5-10 also shows that Fe did not dissolve 
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and stayed in the precipitate as the acid leach pH is above the precipitation pH for Fe3+. 

The acid leaching of the Al hydroxide precipitate showed that 37.6% Ce, 44.1% Nd, 

56.9% Tb and 54.3% Er was recovered; however, 20.3% Al was also recovered. Al 

redissolution is not favourable as it must be returned to the impurity removal step. 

Furthermore, after 60 minutes the REE dissolution did not vary and appeared to reach a 

plateau.   

 Another two-stage precipitation test was conducted using 4% sodium hydroxide 

to raise the pH from 3.15 to 5.0. Table 5-5 shows the percentage of REE precipitated in 

the presence of 4% sodium hydroxide as a reagent. It shows that 6.8% Ce, 11.2% Nd, 

21.7% Tb, and 32% Er was precipitated which is much less than the second stage 

precipitation test using lime. This is expected as there would be no CSD formation. The 

solid residue from this test was washed, dried, weighed, and acid leached using the same 

conditions as the initial two acid leaching tests. The results for REE recovery are 

presented in Figure 5-11. The recovery was stable after 60 minutes and 92.8% Ce, 78% 

Nd, 71% Tb, and 61% Er was recovered by the acid leaching process. Since only 

Al(OH)3 is formed when using NaOH in the second stage (and no CSD), a higher REE 

recovery percentage is attained from the residue than was obtained when the PLS was 

treated with 4% sodium hydroxide compared to 5% lime.  

Table 5-5 Precipitation percentage of Fe, Al and REE in stage 2 of impurity removal with 

NaOH treatment 

Step 
Final 
pH 

Precipitation percentage (±0.5% for Al and Fe, ±2% for 
REE) 

Fe Al Ce Nd Tb Er 
2 

4% NaOH 5 - 100.0 6.8 11.2 21.7 32.0 
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Figure 5-11 Recovery percentage of REE and Al from solid residue of step 2 (using 4% 

NaOH as the reagent) after two hours of acid washing 

The acid leaching results showed that only 7% Al is solubilized with the REE 

when precipitates generated using sodium hydroxide were acid leached  compared to 

about 20% when lime was used. da Silva et al. (2018) reported that the sulfate content in 

solution at pH 5.0 is much higher when sodium hydroxide is used to raise the pH 

compared with lime (as sulfates are “lost” to the gypsum precipitate). This means that 

most of the species removed from solution have precipitated as hydroxides (and not as 

mixed hydroxides/sulfates). Since the oxide and hydroxide form of Al is insoluble in 

water, less Al is dissolved when acid leaching. 

Figure 5-12 summarizes the results obtained in impurity removal steps of the 

proposed process and the acid leaching steps which follow. 
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Figure 5-12 a) Precipitation percentage of REE, Fe and Al in step 1 and 2 of the impurity 

removal process, b) recovery percentage of REE and Al from residues obtained in the first 

and second steps of impurity removal process 

Figure 5-13 illustrates a schematic of the REE PLS impurity removal circuit as 

described. This process is capable of separating main impurities in REE PLS, Fe and Al, 

from each other and from the REE liquor. In addition, a proportion of the REE that are 

lost to the residues are recovered to the leaching circuit through a simple acid leach step. 
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Figure 5-13 A schematic of the proposed flowsheet for the impurity removal process of REE 

liquor 

5.3.6 Effect of CTAB additive on REE loss to precipitates 

Effect of cationic (CTAB) and anionic (PAA) additives on REE loss from an 

impurity-free solution was explored in our previous study [230]. The results revealed that   

adding 2 g/L CTAB to the starting solution reduced the REE loss to the precipitates. 

Therefore, 2 g/L and 5 g/L CTAB were added to the system to probe their effect in the 

presence of 4 g/L Fe/Al impurities. Figure 5-14 illustrates the percent reduction in REE 

loss when adding 2 and 5 g/L CTAB to the solution containing 4 g/L Fe, Al and REE (1 

g/L each REE). 
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Figure 5-14 REE loss reduction percentage in each neutralization step in the presence of 2 

and 5 g/L CTAB 

Figure 5-14 shows a slight decrease in REE loss percentage in each step is met by 

adding CTAB additives to the system. Trials using 2 g/L CTAB showed greater REE loss 

reduction results compared to those using 5 g/L. The corresponding mechanisms for the 

reduction in REE loss in the presence of CTAB were thoroughly discussed in our 

previous paper [230]. Therefore, 2 g/L CTAB was chosen as the optimum concentration 

to be added to the PLS to decrease REE loss to the residues. 

5.4 Conclusion 

Rare Earth Elements (REE) pregnant leach solutions contain different impurities, 

among which the most common are iron and aluminum. Large amounts of the impurities 

in the leach solution generate problems in further separation process of REE. The purpose 
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of this study was to investigate a process for the removal of impurities i.e. Fe and Al from 

pregnant leach solutions of REE via a two-step neutralization process. The Fe/Al removal 

is then followed by an acid leaching step to recover the REE lost to the residues of each 

step. The performance of three common alkaline reagents were examined to remove Fe 

and Al from a synthetic REE leach liquor. It was shown that Fe and Al almost completely 

precipitate from the PLS at pH 3.15 and 5.0, respectively. Results revealed that using 4% 

sodium hydroxide as an alkaline reagent resulted in the lowest REE losses to the 

precipitate (17.6% Ce, 20.9% Nd, 24.3% Tb and 28.8% Er at pH 5) while 5% lime 

resulted in the highest REE losses (33.7% Ce, 42.7% Nd, 42.9% Tb and 51.6% Er). The 

presence of REE in the precipitates formed when using sodium hydroxide or magnesium 

hydroxide can be explained by the hydrolysis of the REE ions and potentially by the 

common ion effect. This is due to the comparatively lower solubility of REE sulfates 

compared with Na and Mg sulfates. The higher REE losses when using lime as a reagent 

is due to the capture of REE primarily by surface adsorption and in part due to 

substitution for Ca2+ ions in the structure of CSD. 

Effects of different Fe and Al concentrations of 4, 2, 1 and 0.5 g/L in the initial 

REE liquor were also investigated. It was observed that REE loss to residues was greatly 

affected by the impurity contents of the solution. The REE loss from a solution 

containing 4 g/L Fe were 16.3% Ce, 17.6% Nd, 5.82% Tb, and 4.46% Er while losses 

using 0.5 g/L Fe in the starting solution were 4% Ce, 4.26% Nd, 0.66% Tb, and 0.57% 

Er. This is due to higher concentration of the impurity (i.e. Fe) requiring more reagent to 

neutralize thus generating more CSD precipitate that adsorbs more REE. Furthermore, 
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Fe(OH)3 can physically adsorb REE on the surface of precipitates in addition to trapping 

them in some lattice sites inside the crystal structure. 

Based on the results obtained in this study, a two-step impurity removal process 

was proposed, followed by acid leaching steps to recover the REE lost to the residues of 

each removal step. Lime was used in the first neutralization step to raise the pH from 1.0 

to 3.15 and after filtration, the solution was treated with sodium hydroxide to increase the 

pH to 5.0. The precipitates from each step were acid leached with DI-water pre-adjusted 

to pH 3.5 using sulfuric acid to partially recover REE back to the solution while leaving 

behind Fe and Al in the residues. Acid leach liquors are returned to the impurity removal 

circuit. This process can separate two important impurities in REE liquors, namely Fe 

and Al, from each other and from the solution. 

According to the results obtained in our previous study, 2 g/L CTAB additive 

could reduce the REE loss to CSD in an impurity-free PLS. 2 and 5 g/L CTAB 

concentrations were added to the PLS containing 4 g/L Fe, Al, and REE (1 g/L each 

REE) to investigate their effects. 2 g/L CTAB showed the greatest reduction in REE loss 

to the precipitates in each neutralization step (<10%) when 4 g/L Fe/Al is present in the 

system which agrees with the results from our previous investigation.  

Overall, the developed process significantly reduces the loss of REE during the impurity 

removal step using economic reagents for the viability of the process. 
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Chapter 6 

General Conclusions and Recommendations 

6.1 Conclusions 

As Rare Earth Elements (REE) are becoming increasingly integrated in new 

technologies, so is the industry’s demand for the REE compounds. The fast-growing 

demand of REE in recent years has attracted special attention to the extraction process of 

these elements. Most of the expenses associated with REE processing belong to the 

hydrometallurgical treatment of the ore or concentrate. The purity of the final REE 

product is a valuable key factor to the market. Therefore, elimination of impurities is an 

important step in the REE processing route. This study focuses on the reduction in the 

operating costs and improving the process by lowering the REE loss during impurity 

removal from the pregnant leach solutions (PLS) step. The loss of REE during solution 

purification can have substantial impact on the viability of the process. 

Isomorphous substitution of REE with Ca ions in the structure of CSD was believed 

to be the reason of REE loss to CSD due to the very similar hydrated ions radius of Ca2+ 

in the structure of CSD and REE ions. In Chapter 3 of this study, the mechanism for REE 

loss to CSD crystals was thoroughly investigated and explained for the first time. A 

regular titration condition was conducted to probe the effect of REE on CSD 

crystallization. The morphology of CSD crystals formed in the absence and presence of 

four REE in the solution, Ce, Nd, Tb, and Er was probed by SEM analysis. The results 

derived from this chapter are as follows: 
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• Thick elongated plate shape dihydrate crystals form in the absence of REE, while 

in the presence of the four REE under investigation, needle shape crystals were 

formed. 

• CSD morphology changes in the presence of REE prove that the REE ions 

interact with the side surfaces of CSD. 

• The main mechanism for REE interaction with CSD crystals is via surface 

adsorption and possibly some isomorphous substitution for a number of reasons: 

1- REE acted as growth inhibitors, retarding the growth of CSD crystals in certain 

directions and hence, changed the morphology of the crystals. 

2- There is a high affinity for REE towards CSD crystal lattice as a result of 

attraction between REE ions and sulfate ions. This attraction comes from a strong 

electrostatic binding force between them. 

3- A higher coordination number that could be obtained by REE ions in the CSD 

crystal lattice results from the formation of strong complexes with sulfate ions. 

4- The preferential binding between REE and SO42- ions on the surface of the CSD 

crystals could retard the growth of the CSD crystals and change the morphology. 

5- The same XRD pattern for CSD crystals collected in the absence and presence of 

REE in the solution having no new peak or peak shift indicates that the REE did 

not incorporate into the CSD structure or that the incorporation was too low to be 

detected. Therefore, they were not part of the CSD growth process and their main 

method of uptake was via surface adsorption to CSD crystal faces. 
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6- ToF-SIMS technique which shows the depth profile of REE distribution in CSD 

crystals displayed that more REE was available on the surface of the CSD crystals 

rather than the crystal lattice. 

Based on these reasons, it was concluded that REE mostly exert their action upon the 

crystal surface and that surface adsorption is the main mechanism of REE loss to CSD, 

not isomorphous substitution of REE with Ca2+ ions. 

Some experiments were designed based on the mechanism presented in Chapter 3 to 

investigate the process of REE loss to CSD by manipulating the morphology of CSD 

crystals. For this purpose, the effect of temperature, Ca(OH)2 pulp density, and crystal 

habit modifiers were studied. In Chapter 4 of this study, different loadings of cationic 

(CTAB) and anionic (PAA) modifiers were added to the starting solution and titration 

experiments were carried out in the presence of additives in the solution (one at a time). 

Titration tests were performed in a CSD saturated solution containing 4 g/L REE (1 g/L 

of each Ce, Nd, Tb and Er) from pH 1.0 to 5.0, using 5% Ca(OH)2 as the titrant to change 

the pH and simulate the impurity removal step in hydrometallurgical applications. 

Different temperatures and Ca(OH)2 pulp densities were also examined. Table 6-1 

illustrates the % REE loss in different experimental conditions in this study. 

 

 

 

 

 



 

130 

 

Table 6-1 REE loss percentage for different experimental conditions 

Test 
# 

Ca(OH)2 
pulp density 

(wt. %) 

Temp. 
(°C) 

CTAB 
(g/L) 

PAA 
(g/L) 

Ce loss 
(%) 

Nd loss 
(%) 

Tb loss 
(%) 

Er loss 
(%) 

1 5 25 0 0 8.9 9.3 6.8 5.5 
2 5 25 0.2 0 4.9 5.2 2.4 1.2 
3 5 25 2 0 5.3 4.4 1 0.1 
4 5 25 5 0 3.5 4.9 2.1 1.6 
5 5 25 0 0.2 8.3 10.8 6.7 5.5 
6 5 25 0 2 31.2 40.3 35.5 28.8 
7 5 25 0 5 73.3 82.6 79.8 73.9 
8 5 50 0 0 9.8 10.9 7.8 6.5 
9 5 75 0 0 9.5 10.4 7.2 6.1 
10 0.5 25 0 0 8.5 9.1 6.7 5.3 
11 2 25 0 0 8.7 9.2 6.8 5.4 
12 10 25 0 0 9.8 10.4 7.9 7.2 

 

The results revealed that various loadings of CTAB additive (0.2, 2 and 5 g/L) 

decreased the REE loss percentage to some extent. 2 g/L CTAB was chosen as the 

optimum additive dosage that reduced the REE loss fraction to about 5% compared to the 

additive-free solution. The corresponding mechanism for CTAB decreasing the REE loss 

could be explained as follows: 

• CTAB caused preferential adsorption of REE on certain crystal faces of CSD 

which consequently inhibited the CSD crystal growth in those directions. 

• The negative surface charge of CSD resulting from the sulfate groups was 

neutralized with positively charged group of CTAB. This resulted  in a lower 

responsiveness of REE adsorption on the CSD surface. 

PAA additive exhibited a noticeable increase in the portion of REE loss to CSD. By 

increasing PAA content of the solution from 0 to 5 g/L, a significant increase in REE loss 

to CSD precipitate was observed and 73.3% Ce, 82.6% Nd, 79.8% Tb, and 73.9% Er co-



 

131 

 

precipitated with CSD. The corresponding reasons for this phenomenon were discussed 

as: 

• PAA makes the surface charge of CSD more negative as proven by zeta potential 

analysis. 

• The more negative charge of CSD surface attracts more REE as a result of 

attractive electrostatic force between the positively charged REE ions and the 

negatively charged hydrophilic head of PAA adsorbed on the CSD.  

• Ca2+ ions have a higher tendency to bind to the carboxylic groups of PAA rather 

than the sulfate groups of CSD. This can change the availability of Ca2+ ions in 

the nucleation and growth process of CSD, resulting in a higher fraction of 

trivalent REE to occupy the Ca2+ position into the structure of CSD. Therefore, a 

higher co-precipitation of REE with CSD is observed. 

Different temperatures (25, 50, and 75 °C) and Ca(OH)2 pulp densities (0.5, 2, 5 and 

10 wt.%) were probed as effective factors in nucleation and growth process of CSD. The 

results did not show any marked change in REE co-precipitation with CSD. However, 

morphological changes in CSD were observed since by increasing the temperature and 

pulp density, the CSD crystals became more elongated and needle-shaped. The very 

slight increase in REE loss to CSD precipitates when changing temperature from 25 to 50 

°C is attributed to the lower solubility of CSD that leads to a higher supersaturation and 

faster growth kinetics at higher temperature. Similar to temperature, increasing pulp 

density did not exhibit a significant effect on REE loss with only 10% Ca(OH)2 showing 

a more sensible effect on REE loss. Therefore, 5% Ca(OH)2 was chosen as the optimum 

pulp density to be used for the neutralization step.  
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A new set of experiments were designed based on the results presented in Chapter 4 

investigating the effect of impurities presence on the REE loss issue. For this purpose, Fe 

and Al were added to the system as impurities and similar titration experiments were 

carried out. These tests were meant to define a process for removing Fe and Al impurities 

from pregnant leach solutions of REE. Results for these tests are presented in Chapter 5. 

Three common alkaline reagents, lime, sodium hydroxide, and magnesium hydroxide, 

were tested to explore their performance on impurity removal process when changing the 

pH from 1.0 to 5.0. The results obtained in this part are stated as following: 

• 4% sodium hydroxide led to the lowest REE loss to the precipitates (17.6% Ce, 

20.9% Nd, 24.3% Tb and 28.8% Er at pH 5). 

• 5% lime resulted in the highest REE loss (33.7% Ce, 42.7% Nd, 42.9% Tb and 

51.6% Er). 

• REE loss to the precipitates obtained from neutralizing the PLS with sodium 

hydroxide or magnesium hydroxide occurs due to hydrolysis of the REE ions and 

potentially the common ion effect. 

• Using lime as a reagent causes the highest REE loss to the precipitates mainly due 

to the surface adsorption of REE to CSD and partly as a result of substitution for 

Ca2+ ions in the structure of CSD. 

Next, different Fe/Al contents of 4, 2, 1 and 0.5 g/L in the initial REE solution were 

investigated. Experimental results showed the impurity content of the solution greatly 

affects the REE loss to the precipitates. The REE loss from a solution containing 4 g/L Fe 

was observed to be 16.3% Ce, 17.6% Nd, 5.82% Tb, and 4.46% Er, while losses when 
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0.5 g/L Fe was available in the solution was reported to be 4% Ce, 4.26% Nd, 0.66% Tb, 

and 0.57% Er. The potential reasons for this effect can be as follow: 

• More reagent is needed to neutralize the impurities such as Fe, Al, etc. when a 

higher content of the impurities is available in the initial solution. Therefore, more 

CSD precipitate is generated which adsorbs more REE. 

• Fe(OH)3 can physically adsorb REE on its surface or trap them in lattice positions 

inside the crystal structure. 

Finally, a two-step impurity removal process was suggested based on the results 

obtained in this study. In the first step of this process, lime is used to neutralize Fe by 

raising the pH from 1.0 to 3.2. After filtration, sodium hydroxide is then used in the 

second step to treat the solution and increase the pH from 3.2 to 5.0, removing Al. The 

precipitates of each step were washed with DI-water after filtration and acid leached with 

DI-water pre-regulated at pH 3.5 with sulfuric acid. This leaching step can recover most 

of the lost REE back to the solution, leaving behind Fe and Al in the precipitates. The 

leach solution then returns to the impurity removal circuit. This proposed flowsheet can 

separate two important impurities in REE PLS, namely Fe and Al, from each other and 

from the solution. 

As discussed in Chapter 4, 2 g/L CTAB could reduce REE loss to CSD precipitates in 

an impurity-free medium. Therefore, 2 and 5 g/L CTAB contents were investigated in the 

presence of 4 g/L Fe and Al as impurities and 4 g/L REE (1 g/L each). The results 

showed that 2 g/L CTAB exhibited the greatest reduction in REE loss to the precipitates 

in each impurity removal step which agrees with the results obtained in the impurity-free 

REE liquor experiments. 
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Overall, the developed process has the potential to significantly reduce the loss of 

REE during the impurity removal step using economic reagents for the viability of the 

process. Besides, recovering the REE from residues adds more benefit to the proposed 

process. 

6.2 Recommendations for future research 

Upon completion of this work, a number of prospective extensions to the project have 

been determined: 

1- Batch-wise impurity removal process from REE liquor was investigated in this 

study. It is recommended to conduct further neutralization tests in a continuous 

mode and optimize the effective parameters. Some continuous tests were 

conducted and despite many attempts to slowly add the Ca(OH)2 pulp to the 

bottom of the reactor and giving the system enough residence time, most of the 

solution left the reactor unreacted. 

2- Adding 5 g/L PAA to the initial solution led to around 60% REE removal from 

the liquor, but higher PAA contents were not studied. It is recommended to 

extend the PAA content and try to remove almost all of the REE from the solution 

and investigate its viability as a method to remove REE from solution in the 

presence and absence of impurities. This method can be used as a separation 

method for REE from impurity-free medium using precipitation techniques. 

3- REE loss in the presence of Fe and Al was studied and the reasons for higher REE 

loss to the precipitates in the presence of impurities were discussed. However, 

further investigation is needed to define the exact mechanism of REE loss to the 

precipitates and answer the following questions: 
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• What are the preferred positions for REE to adsorb to the precipitates? 

• What percentage of REE is adsorbed to each of CSD, iron hydroxide and 

aluminum hydroxide? 

• Why LREE mostly precipitated in the first neutralization step and HREE 

in the second step? 

4- Sulfate content of the solution can affect the CSD formation and consequently the 

REE loss. It is recommended to investigate the effect of sulfate content on the 

process as well. 

5- All experiments in this study were performed on a synthetic REE PLS. It is 

recommended to apply the investigated conditions to real REE solutions obtained 

from REE-containing ores or concentrates and compare the results of different 

leach solutions.  
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Appendix A 

XPS spectra of the REE-doped CSD crystals 

 

Figure A.1 (a) XPS survey spectrum, (b) Tb3d, (c) Nd4d, (d) Er4p, (e) Ce3d, (f) S2p and (g) 

Ca2p spectra of the CSD crystals containing Ce, Nd, Tb and Er 
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Appendix B 

B.1 Calculation of REE speciation in REE-Ca-SO4-H2O system 

Precipitation behavior of REE in REE-Ca-SO4-H2O system shown in Figure 4-2 was 

estimated based on the thermodynamic data of REE-OH and REE-SO4 species. Using 

equilibrium constants of the formation of each species (K1 to K28, Ksp1 to Ksp5), 

equilibrium equations were set with the concentration of each species as unknowns. The 

equations were solved at once using Solver function incorporated with MS Excel, which 

is based on the Newton-Rapson numerical analysis technique. 

Total REE, Ca and SO42- concentrations were known from experimental condition and 

shown in Table B.1. REE molarity was based on 1 g/L each element. Total Ca 

concentration was based on the solubility of calcium sulfate dihydrate (CSD), 0.0147 M 

at 25°C[180]. Total sulfate concentration was the sum of SO42- from CSD, REE sulfate 

salts and sulfuric acid, 0.0147, 0.04 and 0.05 M, respectively. pH was controlled from 0 

to 10.0. 

Total REE and Ca concentrations were limited by solubility product. Because the 

solubility of REE sulfate (> 20 g/kg·H2O) was much higher than total REE concentration 

considered in this study (1 g/L), so only the solubility product of REE(OH)3 was 

considered for the restriction of total REE. In case of Ca, CSD formation is even more 

significant than Ca hydroxide, so CSD precipitation was only restriction for total Ca 

concentration. Additionally, in aqueous condition at 25°C, other calcium sulfate 

precipitation such as calcium sulfate anhydrate and hemihydrate was not viable in the 

experimental results, so only CSD was considered. It was assumed that the activity 

coefficient was 1. 
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Table B.1 Initial concentrations of Ca, SO4
2- and REE 

Ion Concentration (M) 

[Ca2+] 1.47×10-2 

[SO4
2-] 1.04×10-1 

[Ce3+] 7.14×10-3 

[Nd3+] 6.93×10-3 

[Tb3+] 6.29×10-3 

[Er3+] 5.98×10-3 

 

HSO4
- +H2O=H2SO4+OH-               K1= [H2SO4][OH-]

[HSO4
- ]

=3.00×10-26 

HSO4
- +OH-=SO4

2-+H2O                K2= [SO4
2-]

@HSO4
- A[OH-]

=1.03×1012 

Ce3++SO4
2-=CeSO4

+                K3= [CeSO4
+]

@Ce3+A[SO4
2-]

=4.00×103 

Ce3++2SO4
2-=Ce(SO4)2

-                 K4= [Ce(SO4)2
- ]

@Ce3+ABSO4
2-C

2 =3.87×104 

Ce3++OH-=CeOH2+               K5= [CeOH2+]
@Ce3+A[OH-]

=4.47×105 

Ce3++2OH-=Ce(OH)2
+        K6= [Ce(OH)2

+]

@Ce3+A@OH-A
2 =2.51×1010 

Ce3++3OH-=Ce(OH)3           K7= [Ce(OH)3]

@Ce3+A@OH-A
3 =6.31×1014 

3Ce3++5OH-=Ce3(OH)5
4+             K8= [Ce3(OH)5

4+]

@Ce3+A
3
@OH-A

5 =3.16×1036 

Nd3++SO4
2-=NdSO4

+                       K9= [NdSO4
+]

BNd3+C[SO4
2-]

=1.07×104 

Nd3++2SO4
2-=Nd(SO4)2

-               K10= [Nd(SO4)2
- ]

BNd3+CBSO4
2-C

2 =2.99×105 

Nd3++OH-=NdOH2+          K11= [NdOH2+]

BNd3+C[OH-]
=2.47×106 

Nd3++2OH-=Nd(OH)2
+       K12= [Nd(OH)2

+]

BNd3+C@OH-A
2 =2.38×1011 
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Nd3++3OH-=Nd(OH)3       K13= [Nd(OH)3]

BNd3+C@OH-A
3 =3.98×1015 

Nd3++4OH-=Nd(OH)4
-       K14= [Nd(OH)4

- ]

BNd3+C@OH-A
4 =1.46×1019 

2Nd3++2OH-=Nd2(OH)2
4+      K15= [Nd2(OH)2

4+]

BNd3+C
2
@OH-A

2 =5.17×1014 

Tb3++SO4
2-=TbSO4

+      K16= [TbSO4
+]

BTb3+C[SO4
2-]

=2.51×103 

Tb3++2SO4
2-=Tb(SO4)2

-       K17= [Tb(SO4)2
- ]

BTb3+CBSO4
2-C

2 =1.00×105 

Tb3++OH-=TbOH2+      K18= [TbOH2+]

BTb3+C[OH-]
=3.72×105 

Tb3++2OH-=Tb(OH)2
+      K19= [Tb(OH)2

+]

BTb3+C@OH-A
2 =5.01×1011 

Tb3++3OH-=Tb(OH)3      K20= [Tb(OH)3]

BTb3+C@OH-A
3 =7.94×1016 

Er3++SO4
2-=ErSO4

+      K21= [ErSO4
+]

@Er3+A[SO4
2-]

=2.51×103 

Er3++2SO4
2-=Er(SO4)2

-       K22= [Er(SO4)2
- ]

@Er3+ABSO4
2-C

2 =1.00×105 

Er3++OH-=ErOH2+      K23= [ErOH2+]
@Er3+A[OH-]

=5.50×105 

Er3++2OH-=Er(OH)2
+      K24= [Er(OH)2

+]

@Er3+A@OH-A
2 =1.26×1012 

Er3++3OH-=Er(OH)3      K25= [Er(OH)3]

@Er3+A@OH-A
3 =6.31×1017 

Er3++4OH-=Er(OH)4
-       K26= [Er(OH)4

- ]

@Er3+A@OH-A
4 =2.51×1023 

Ca2++OH-=CaOH+      K
27= [CaOH+]

@Ca2+A[OH-]
=2.51×10 

Ca2++SO4
2-=CaSO4(aq)      K28=

[CaSO4(aq)]

@Ca2+A[SO4
2-]

=1.16×102 

Ce(OH)3(s)= Ce3++3OH-      Ksp1=[Ce3+]@OH-A
3
=7.94×10-23 

Nd(OH)3(s)= Nd3++3OH-      Ksp2=@Nd3+A@OH-A
3
=1.66×10-24 

Tb(OH)3(s)=Tb3++3OH-      Ksp3=@Tb3+A@OH-A
3
=3.16×10-26 
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Er(OH)3(s)=Er3++3OH-      Ksp4=[Er3+]@OH-A
3
=1.26×10-25 

CaSO4·2H2O(s)=Ca2++SO4
2-+2H2O     Ksp5=[Ca2+][SO4

2-]=3.14×10-5  
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B.2 XPS peaks 

Table B.2 XPS peak position, chemical bonding and the reported values in the references 

Level Measured Binding 
Energy (eV) Compound 

Value in 
References 

(eV) 
Reference 

S 2p 

2p3/2: 
169.15, 168.94, 169.07 
170.50, 169.96, 170.25 

 
2p1/2: 

170.34, 170.13, 170.26, 
171.69, 171.15, 171.44 

CaSO4·2H2O 
Tb2(SO4)3 

Er2(SO4)3, Nd2(SO4)3 

169.00 
169.5 
169.5 

170.10 

[185] 
[188] 
[189] 
[189] 

O 1s 
 

531.86, 531.78, 531.75 
 

532.97, 532.7, 532.98 
 
 

Hydroxide species 
 

Er2(SO4)3 

Tb2(SO4)3 

Er(OH)3 

Chemisorbed sp. 

530.90-
532.00 

 
533 

532.90 
532.90 
532.7 

[186] 
 

[189] 
[189] 
[190] 
[191] 

Ca 2p 

2p3/2: 
347.90, 347.99, 347.96 

 
2p1/2: 

351.4, 351.5, 351.53 

CaSO4·2H2O 347.70 [184,185] 

Tb 4d 153.32, 153.37 Tb3+ Around 
154 [192] 

Nd 4d 122.42, 122.69 
121.95 

Nd2(SO4)3 

Nd2O3 

122.5 
Around 

122 
121.4 

[189] 
[231] 
[232] 

Nd 3d 

978.49, 978.55, 978.46, 
994.43, 994.24, 997.04 
981.69, 981.97, 982.4, 

1002.55,1003.66, 
1003.223 

OKLL 
 

Nd2O3 

- 
 

982.2 
1004.3 

[193,233,234] 
 

[193] 

Ce 3d 

3d5/2: 
882.85, 882.62, 882.21 
886.69, 886.34, 886.11 

 
3d3/2: 

901.34, 901.87, 902.20 
905.23, 904.93, 905.37 

 
 

CeO2 
 
 
 
 
 
 
 
 
 

Ce2O3 

882.5 
888.5 
888.6 
888.7 
916.5 
900.7 
900 

907.2 
907.6 

907.30 
 

884.4 
885.3 

885.80 
904.7 
903.9 

[235] 
[236] 
[237] 
[237] 

[235,237,238] 
[237] 
[235] 
[237] 
[235] 
[239] 

 
[237] 
[240] 
[241] 
[240] 
[237] 
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Er 4d 167.41, 167.26, 167.85 
 

Er2O3 
 

Er(OH)3 
Er atoms 

168.7 
169.8 
170.4 

167.25 

[189] 
[190] 
[242] 

[186,243] 
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Appendix C 

C.1 Calculation of REE speciation in REE-Fe-Al-Ca-SO4-H2O system 

Precipitation behavior of REE, Fe and Al in REE-Fe-Al-Ca-SO4-H2O system 

shown in Figures 5-2 to 5-6 and C.1 to C.21 was estimated based on the thermodynamic 

data of REE, Fe and Al-OH and REE, Fe and Al-SO4 species. Using equilibrium 

constants of the formation of each species (K1 to K28, Ksp1 to Ksp5 in Appendix B and K29 

to K44, Ksp6 to Ksp9 in Appendix C), equilibrium equations were set with the concentration 

of each species as unknowns. The equations were solved at once using Solver function 

incorporated with MS Excel, which is based on the Newton-Rapson numerical analysis 

technique. 

Fe3++OH-=FeOH2+        K29= [FeOH2+]
@Fe3+A[OH-]

=6.6×1011 

Fe3++2OH-=Fe(OH)2
+       K30=

[Fe(OH)2
+]

@Fe3+A[OH-]2 =6.5×1020 

Fe3++3OH-=Fe(OH)3       K31= Fe(OH)3
[Fe3+][OH-]3 =1.1×1032 

2Fe3++2OH-=Fe2(OH)2
4+      K32=

[Fe2(OH)2
4+]

@Fe3+A
2
[OH-]2

=1.3×1025  

Fe3++SO4
2-=FeSO4

+      K33= [FeSO4
+]

@Fe3+A[SO4
2-]

=13154.5 

Fe3++2SO4
2-=Fe(SO4)2

-       K34=
[Fe(SO4)2

-]

@Fe3+A[SO4
2-]2 =250391 

2Fe3++3SO4
2-=Fe2(SO4)3(aq)     K35=

[Fe2(SO4)3(aq)C

[Fe3+]2[SO4
2-]3 =1.04 

Al3++OH-=AlOH2+      K36= [AlOH2+]

BAl3+C[OH-]
=2.6×109 

Al3++2OH-=Al(OH)2
+      K37=

[Al(OH)2
+]

BAl3+C[OH-]2 =2.9×1017 

Al3++3OH-=Al(OH)3       K38= Al(OH)3
[Al3+][OH-]3 =2.2×1025 

Al3++4OH-=Al(OH)4
-      K39=

[Al(OH)4
-]

BAl3+C[OH-]4 =2.9×1033 

2Al3++2OH-=Al2(OH)2
4+       K40=

[Al2(OH)2
4+]

BAl3+C
2
[OH-]2

=4.5×1021 
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3Al3++4OH-=Al3(OH)4
5+       K41=

[Al3(OH)4
5+]

BAl3+C
3
[OH-]4

=1.3×1042 

Al3++SO4
2-=AlSO4

+       K42= [AlSO4
+]

BAl3+C[SO4
2-]

=7762.47 

Al3++2SO4
2-=Al(SO4)2

-       K43=
[Al(SO4)2

-]

BAl3+C[SO4
2-]2 =83176.4 

2Al3++3SO4
2-=Al2(SO4)3(aq)     K44=

[Al2(SO4)3(aq)C

[Al3+]2[SO4
2-]3 =1.44 

Fe(OH)3(s)=Fe3++3OH-        Ksp6=@Fe3+A[OH-]3=9 × 10HIJ 

Fe2(SO4)3(s)=2Fe3++3SO4
2-     Ksp7=[Fe3+]2[SO4

2-]3=0.00034 

Al(OH)3(s)=Al3++3OH-        Ksp8=@Al3+A[OH-]3=1.5×10-32 

Al2(SO4)3(s)=2Al3++3SO4
2-     Ksp9=[Al3+]2[SO4

2-]3=1.8×1018 

 

 
Figure C.1 Speciation diagram for Al3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 
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Figure C.2 Speciation diagram for Fe3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 

g/L Al 

 
Figure C.3 Speciation diagram for Ce3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 
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Figure C.4 Speciation diagram for Nd3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 

g/L Al 

 

Figure C.5 Speciation diagram for Tb3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 
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Figure C.6 Speciation diagram for Er3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 

g/L Al 

 

Figure C.7 Speciation diagram for sulfate in Ca-SO4-H2O system containing 0.5 g/L Fe/0.5 
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Figure C.8 Speciation diagram for Al3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 g/L 

Al 

 

Figure C.9 Speciation diagram for Fe3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 g/L 
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Figure C.10 Speciation diagram for Ce3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 g/L 

Al 

 

 

Figure C.11 Speciation diagram for Nd3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 
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Figure C.12 Speciation diagram for Tb3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 g/L 

Al 

 

 

Figure C.13 Speciation diagram for Er3+ in Ca-SO4-H2O system containing 0.5 g/L Fe/4 g/L 
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Figure C.14 Speciation diagram for sulfate in Ca-SO4-H2O system containing 0.5 g/L Fe/4 

g/L Al 

 

Figure C.15 Speciation diagram for Al3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 g/L 
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Figure C.16 Speciation diagram for Fe3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 g/L 

Al 

 

Figure C.17 Speciation diagram for Ce3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 g/L 
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Figure C.18 Speciation diagram for Nd3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 

g/L Al 

 

 

Figure C.19 Speciation diagram for Tb3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 g/L 

Al 
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Figure C.20 Speciation diagram for Er3+ in Ca-SO4-H2O system containing 4 g/L Fe/0.5 g/L 

Al 

 

Figure C.21 Speciation diagram for sulfate in Ca-SO4-H2O system containing 4 g/L Fe/0.5 

g/L Al 
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C.2 EDS mapping of precipitates containing Fe, Al and REE  

 
Figure C.22 SEM micrograph and EDS mapping of precipitates obtained from neutralizing 

the REE, Fe, Al containing solution from pH 3.15 to 5, using 5% Ca(OH)2 

 

 
Figure C.23 SEM micrograph and EDS mapping of precipitates obtained from neutralizing 

the REE, Fe, Al containing solution from pH 3.15 to 5, using 4% NaOH 
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