
Sustainable Processes for Critical Metal Recovery using  

Oxalate Chemistry 
 

By 

  © 2021 

Ankit Verma 
B.Tech., Indian Institute of Technology Madras, India, 2016 

Submitted to the graduate degree program in the Department of Chemical and Petroleum 

Engineering and the Graduate Faculty of the University of Kansas in partial fulfillment of 

the requirements for the degree of Doctor of Philosophy. 

 

Chair: Dr. Mark B. Shiflett 

 

Dr. Alan M. Allgeier 

 

Dr. Aaron M. Scurto 

 

Dr. David R. Corbin 

 

Dr. David A. Fowle 

 

Date Defended: December 3rd, 2021 



ii 

 

The dissertation committee for Ankit Verma certifies that this is the 

approved version of the following dissertation: 

Sustainable Processes for Critical Metal Recovery using  

Oxalate Chemistry 

 

 

 
 

Chair: Mark B. Shiflett 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Date Approved: December 3rd, 2021  



iii 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

Dedicated to the loving memory of my grandfather, Ganpat Ram Verma. 

  



iv 

 

Abstract  

In the U.S., critical metals like aluminum (Al from bauxite), lithium (Li), cobalt (Co), and 

rare earth elements (REEs) are vital in various emerging technologies such as lithium-ion batteries 

(LIBs), solar cells, and high-tech electronics. Continuous growth in population with an increasing 

level of technological innovation has resulted in a rapid increase in resource consumption. Hence, 

sustainable, environmentally-friendly, and efficient use of available resources is required to 

preserve the natural resources for future generations. This dissertation introduces the utilization of 

oxalate chemistry to develop sustainable, environmentally-friendly, and closed-loop processes for 

recovery of critical metals like Li and Co from waste LIBs, Al and Fe from bauxite ore, and Fe 

and Ti from ilmenite ore. The oxalate anion (C2O4
2-) can be derived from organic sources, has 

minimal environmental impact, and forms moderately acidic reagents like oxalic acid (H2C2O4), 

potassium hydrogen oxalate (KHC2O4), and ammonium hydrogen oxalate (NH4HC2O4). The 

oxalate reagents are known for the chelation and precipitation properties, but the leaching and 

reduction properties had not been previously studied. This dissertation establishes oxalate reagents 

as an efficient route to recover and separate metals from various mixed metal oxide sources. 

 The demand for LIBs has significantly increased over the last 5 years, leading to a shortage 

in the supply of Li and Co. The LIBs economy can be stabilized by recycling the critical metals 

from spent cathodes. Currently, approximately 59% of the LIBs contain lithium cobalt oxide 

(LiCoO2) as the cathode material. In this work, oxalate chemistry has been used to recover and 

separate Li and Co from LiCoO2. Traditionally, inorganic acids like sulfuric and nitric acid with a 

reducing agent like hydrogen peroxide (H2O2) are used to recycle LIBs, but the emission of 

harmful pollutants like SOX and NOX pose a significant risk to the environment. The clean and 

green oxalate reagents like H2C2O4 and NH4HC2O4 can extract Li into the aqueous phase as lithium 
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oxalate (Li2C2O4) and precipitate cobalt oxalate (CoC2O4·2H2O) from LiCoO2 in a single step. 

The optimum acidity for Li and Co extraction and separation using oxalate reagents was pH < 2.0 

at Co:C2O4
2- (Co:Ox) molar ratio = 1:3, T = 100 °C and solid-to-liquid (S/L) ratio = 15 g/L. During 

the metal extraction, a green-colored Co3+-oxalate complex was identified as an intermediate. This 

extracted Co3+ was reduced and precipitated in the form of CoC2O4·2H2O. The combined shrinking 

core model (cSCM) identified the rate-limiting mechanism to be the diffusion of aqueous H2C2O4 

through the solid product layer of CoC2O4·2H2O forming on the surface of LiCoO2. To improve 

the kinetics and avoid the loss of C2O4
2- during oxidation, H2O2 was added as an additional 

reducing agent.  

In the presence of H2O2, Li and Co were efficiently recovered and separated at Co:Ox:H2O2 

molar ratio = 1:1.5:3, T = 55-75 °C, and S/L ratio = 15 g/L. The reduced concentration of C2O4
2- 

ion led to the precipitation of CoC2O4·2H2O in a micro-rod morphology. This micro-rod 

precipitate had 23% lower bulk density and higher porosity than the granular precipitate from 

extractions using only H2C2O4. The lower density micro-rod precipitate formed a porous shell over 

the LiCoO2 core and improved the diffusion of aqueous H2C2O4. In this case, the chemical reaction 

at the LiCoO2 surface was identified as the rate-limiting step at T = 55-75 °C. In both H2C2O4 and 

H2C2O4 + H2O2 processes, Li can be precipitated as Li2CO3 using K2CO3 and KOH at a pH > 13. 

The Co was separated from CoC2O4·2H2O by dissolving and precipitating the metal oxalate (as 

Co(OH)2) in the basic solution recovered after Li precipitation. Alternatively, micro-rod structure 

Co3O4 was synthesized by calcining CoC2O4·2H2O at T > 400 °C in the presence of air. 

In this work, oxalate chemistry was also used for efficient Fe and Al recovery from bauxite 

ore. Bauxite ore is the world’s primary source for Al metal, and the Bayer process (based on 

NaOH) holds an exclusive status for its refining. The Bayer process is efficient for Al extraction, 
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but a massive quantity of “red mud” waste is generated. The red mud is an iron-containing caustic 

waste and is typically disposed in landfills or open ponds and reservoirs. The high alkalinity of the 

waste pollutes the land and ecosystem around it. With the growing demand for Al, the disposal 

methods of red mud needs global attention. Using oxalate chemistry, reagents like H2C2O4, 

KHC2O4, and H2C2O4∙KHC2O4 can efficiently recover Fe and Al from bauxite ore. From NIST 

SRM 600 bauxite ore, more than 90% of Fe and Al was extracted into the aqueous phase in less 

than 2 h with 0.50 M C2O4
2- at 100 °C for all three reagents. Among the three oxalate reagents, 

H2C2O4 is the most acidic, followed by H2C2O4∙KHC2O4 and KHC2O4. The Fe can be selectively 

precipitated by hydrolyzing the aqueous phase to a pH = 13.80. After separating the Fe precipitate, 

the resulting filtrate can be acidified to a pH = 10.50 for efficient Al precipitation. 

The recycling of acid after the efficient metal extractions is critical to minimize waste 

generation and improve economics. In this work, two unique acid recycling processes were 

developed to efficiently recover and reuse oxalate reagents. The first process utilizes strong acid 

cation-exchange resins to regenerate the oxalate reagent in acidic form. The amount of resins 

determines the final pH and the type of oxalate reagent regenerated. To recycle the aqueous phase 

as H2C2O4, a pH < 1.0 was optimal, whereas, for KHC2O4 and NH4HC2O4, a pH around 2.5 was 

required. Additionally, the low aqueous solubility of KHC2O4 and H2C2O4∙KHC2O4 was utilized 

to precipitate 60-80% of acid by acidifying the aqueous phase after metal recovery to a pH = 1.5-

2.5. Due to acid recycling, the H2C2O4 + H2O2 process for LIBs recycling produced 50% less waste 

than the traditional H2SO4 process at a similar cost. The oxalate processes demonstrated in this 

work were closed-loop, environmentally-friendly, and economical and can offer similar 

advantages for recycling valuable metals from various waste streams.  
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Chapter 1 

“We do not inherit the earth from our ancestors;  

we borrow it from our children” 

- Wendell Berry in “Life is a Miracle” 

 

Energy-efficient metal recovery and separation processes from a mixture of valuable metal 

are vital to the metallurgy and recycling industries. The oxalate process has great potential to 

replace many of the existing metal recovery processes that use inorganic acids such as sulfuric, 

hydrochloric, and nitric acid. In this chapter, the importance of oxalate chemistry and its use in 

four major metal recovery applications is discussed, namely, spent lithium-ion batteries (LIBs), 

spent catalysts, valuable ores, and contaminated and unwanted waste streams. The learnings from 

this chapter are critical in developing sustainable, green and closed-loop processes for recovery of 

critical metals like lithium and cobalt, from the cathode of LiBs and aluminum and iron, from 

bauxite by hydrometallurgical routes utilizing oxalate chemistry.  

1.1. Oxalate Anion and Oxalic Acid: A Greener Source for Metal Extraction 

The oxalate anion (C2O4
2-) is the conjugate base of oxalic acid (H2C2O4), the simplest 

dicarboxylic acid. Oxalic acid is commercially available in dihydrate form. Scheele first 

synthesized oxalic acid in 1776 by oxidation of sugar with nitric acid. In 1824 oxalic acid was 

synthesized by Wöhler by the hydrolysis of cyanogen.1,2 In nature, it is formed by an enzymatic 

pathway of hydrolysis of oxaloacetates in Aspergillus niger, fungi (genus Aspergillium), bacteria 

(Acetobacter), and mammals by carbohydrate metabolism via the tricarboxylic acid cycle.3-5 The 

urine of humans and most mammals contains a small amount of oxalate, usually bound to calcium. 

An increase in the concentration of calcium oxalate content can lead to the formation of kidney 

stones. Industrially, it is typically used as a rust remover in metal treatment, a precipitant in rare 
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earth extraction processes, a mordant for printing, dyeing of cotton and wool, tanning and 

bleaching of leather, bleaching of pulpwood, and in the synthesis of esters and salts.6-8 

1.1.1. Oxalate Chemistry 

Depending on the pH, oxalic acid can exist in solution as several different species (H2C2O4, 

HC2O4
-, C2O4

2-). The structure of the oxalate anion is shown in Figure 1. H2C2O4 is the 

predominant species below pH 1.23, and C2O4
2- is the dominant species at pH 4.19 or greater. The 

oxalic acid speciation curve is shown in Figure 2, which was created by performing the mole 

balance around the pKa values of oxalic acid. The oxalate ion (IUPAC: ethanedioate ion) is a 

bidentate anionic ligand that can donate two pairs of electrons to a metal ion. Also, this ligand is 

commonly known as a chelate because of its ability to attach to a metal cation in two places. There 

has been tremendous interest in the study of oxalates as a precipitant, chelate, and reducing agent.2 

Most of the simple oxalate compounds (like FeC2O4·2H2O) are insoluble in water, but with excess 

oxalate, the possibility of forming various oxalate complexes (i.e., Fe(C2O4)2
2-) widens the 

application of oxalates as leaching agents. In metal complex ion, a metal center is present with a 

number of ligands attached via a coordinate bond providing a net cationic or anionic charge, 

whereas a compound is formed by two or more elements connected via a covalent or ionic bond. 

As a precipitating agent, oxalate has historically been used in rare earth extraction processes.8,9 

Oxalate/oxalic acid can also be used as a mild reducing agent with the following oxidation 

reaction10:  

C2O4
2-

   ⇆  2CO2  +  2e-   E∘= 0.49 V   (1.1) 

 

This positive potential indicates the thermodynamic feasibility of this oxidation reaction and 

provides a possibility where it can potentially reduce a metal ion. Oxalate has been reported to 
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reduce Co3+ to Co2+ and Fe3+ to Fe2+.11-15 This reduction property can affect the leaching efficiency, 

particularly when solubility changes with the reduction of the metal. This kind of variation in 

solubility is seen commonly with the iron oxalate complexes where iron(III) oxalate is soluble, but 

iron(II) oxalate is insoluble.13-15 

 

Figure 1. Structure of oxalate anion. 

 

 

 

Figure 2. Oxalic acid speciation as a function of pH (pKa1 = 1.23 and pKa2 = 4.19) at room 

temperature. 
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1.1.2. Derivatives of Oxalic Acid 

As discussed in the previous section, oxalic acid can exist in the solution as several different 

species (H2C2O4, HC2O4
-, C2O4

2-) at different pH. Hence, in the presence of compounds like 

diammonium oxalate ((NH4)2C2O4), potassium oxalate (K2C2O4), or sodium oxalate (Na2C2O4) 

under specific conditions, binoxalate species (HC2O4
- containing) like NH4HC2O4, KHC2O4, and 

NaHC2O4 can be synthesized. The stoichiometric reaction for the synthesis of MHC2O4 where M+ 

is either NH4
+, Na+, or K+

 is shown in Eq 1.2. For metal extraction and recovery applications using 

binoxalate species, the presence of the H+ provides the required acidity for the initiation of leaching 

process. Corbin et al. used the synthesis process shown in Eq 1.2 and used NH4HC2O4 as a 

digestion reagent for Fe and Ti recovery from ilmenite.16 The use of NH4HC2O4 as the digestion 

acid is a closed-loop process in which the acid can be efficiently recovered and recycled for 

additional digestions as shown in Figure 3.16 This was the only recovery and recycling process 

known for oxalic acid before the work involving H2C2O4 and KHC2O4 presented in later chapters. 

In terms of its aqueous solubility, NH4HC2O4 is the most soluble acid after H2C2O4, as shown in 

Table 1.17 High aqueous solubility of acid is required to achieve a concentrated solution and 

process the maximum amount of source material in every cycle.  

H2C2O4(aq) +  M2C2O4(aq) ⇌ 2MHC2O4(aq)  (1.2) 
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Figure 3. Simplified process flow diagram for ilmenite treatment with ammonium binoxalate.16 

  

Table 1. Solubilities of common oxalate compounds relevant to this work. 

Compound Formula Aqueous solubility at 20 °C (g/100 ml) Reference 

NH4HC2O4·0.5H2O 12.03 ± 0.42 Experimental 

KHC2O4 5.73 ± 0.33 Experimental 

KHC2O4·H2C2O4·2H2O 2.97 ± 0.20 Experimental 

NaHC2O4·H2O 2.8 ± 0.22 Experimental 

K2C2O4·H2O 36.4 CRC Handbook 

H2C2O4·2H2O 13.3 CRC Handbook 

(NH4)2C2O4·H2O 5.20 CRC Handbook 

Na2C2O4 3.61 CRC Handbook 
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1.1.3. Metal-Oxalate Chemistry: Solubility of Metal-Oxalates 

Most metals form either simple oxalate compounds and/or oxalate complexes. Simple 

oxalate compounds can be either water soluble (like Li2C2O4) or insoluble (like FeC2O4·2H2O) 

depending on the metal-ligand interactions, whereas all oxalate complexes are water soluble. The 

increase in the solubility of simple oxalate compounds in the presence of excess oxalate provides 

the basis for forming the oxalate complexes.2,18 Most of the oxalate complexes formed by various 

metals are summarized in Table 2. Figure 4 summarizes the literature on the tendency of metals to 

form simple oxalate compounds and/or oxalate complexes. As might be expected all of the alkali 

metals (Group 1) are reported to form only soluble oxalate compounds. Many of the simple oxalate 

compounds are reported to be insoluble, with their solubilities ranging from 10-1 to 10-30 g/100 mL 

water.2,19,20 Table 2 summarizes the possible metal oxalate complexes, and Table 3 classifies the 

insoluble and soluble oxalate compounds formed by most of the metals. 

The variation in solubility of different metal oxalate species can be utilized effectively for 

the separation of metals.21,22 Metal separation and recovery processes are commonly needed in any 

industry that has a mixture of metals as its primary material source. The metallurgy and recycling 

industries are two of the largest sectors that deal with mixed metal sources and are in need of 

sustainable, energy-efficient technologies for metal separation and recovery.23-25 Oxalate, which 

can be derived from organic sources, has minimal to no environmental effects, is generally safer 

to work with than typical inorganic acids and may offer the opportunity for developing a more 

energy-efficient process. Oxalate has tremendous potential for creating an effective platform for 

future metals recovery and separation. 

For the application of metal separation and recovery using oxalates, it is important to 

understand the qualitative metal oxalate solubility and possible complexes that can be formed. 
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Hence, for any metal, the use of Figure 4, Table 2, and Table 3 can help to determine the best 

choice of separation based on the solubility of the simple and complex oxalates. The uniqueness 

of using an oxalate for the separation of metals from a mixed metal source is due to the selectivity 

which it offers. In addition, understanding the behavior of metal mixtures in the presence of oxalate 

anions is necessary. 
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Table 2. Classification of metal-oxalate complexes. 

No. of oxalate 

ligands 

attached 

Formula of 

species 
Metal Ion (M) 

1 M(C2O4)
+ 

Al(III), Fe(III), Sb(III), Cr(III), Y(III), Yb(III), Ce(III), 

Mn(III), In(III), Nd(III), Tb(III) 

1 M(C2O4)
- Ag(I), TiO+, Tl(I), MoO2+ 

2 M(C2O4)2
- 

Al(III), Y(III), Yb(III), Cr(III), In(III), Rh(III), Mn(III), 

Sb(III), Ir(III), Fe(III), Ce(III), Po(III), Co(III), Nd(III), 

Pu(III), Ga(III), Gd(III) 

2 M(C2O4)2
2- 

Be(II), Co(II), Pt(II), Mg(II), Ni(II), TiO2+, Ca(II), Cu(II), 

VO2+, Sr(II), Zn(II), OsO2
2+, Ba(II), Cd(II), Mn(II), Pb(II), 

Fe(II) 

3 M(C2O4)3
2- Ge(IV), Ir(IV), Pu(IV), Ru(IV), Th(IV) 

3 M(C2O4)3
3- 

Al(III), Co(III), Ir(III), Sc(III), Ga(III), Ce(III), V(III), 

Y(III), Cr(III), Sb(III), Pu(III), Mn(III), Ru(III), Fe(III), 

Rh(III) 

3 M(C2O4)3
4- Co(II), Zn(II), Ni(II) 

4 M(C2O4)4
4- Sn(IV), Hf(IV), U(IV), Zr(IV), Th(IV), Pu(IV) 

4 M(C2O4)4
5- Pu(III) 
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Figure 4. Tendency of metals to form simple oxalate compounds and/or complex oxalates. 
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Table 3. Qualitative solubility of common oxalate compounds in water at 20 °C 

Formula 

Qualitative 

solubility in 

water at 25 °C 

Ref 

 

Formula 

Qualitative 

solubility in 

water at 20 °C 

Ref 

Ac2(C2O4)3·10H2O 

Insoluble 

19  BeC2O4·3H2O 

Soluble 

20 

Al2(C2O4)3·H2O 20  CrC2O4·H2O 20 

BaC2O4 26  Fe2(C2O4)3 20 

Bi2(C2O4)3 20  Li2C2O4 20 

CdC2O4 20  K2C2O4 20 

CaC2O4 20  Na2C2O4 20 

Ce(C2O4)3·9H2O 20  Ti2(C2O4)3·10H2O 19 

CoC2O4·2H2O 20  VOC2O4 27 

CuC2O4·0.5H2O 20     

FeC2O4·2H2O 20     

La2(C2O4)3·xH2O 19     

PbC2O4 20     

MgC2O4 20     

MnC2O4·2H2O 20     

Hg2C2O4 20     

HgC2O4 20     

NiC2O4·2H2O 20     

Ag2C2O4 20     

SrC2O4·2H2O 20     

SnC2O4 20     

Y2(C2O4)3·9H2O 19     

ZnC2O4·2H2O 20     
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1.2. Literature Review 

The primary applications chosen to understand the application of oxalate chemistry include 

the recovery of metals from the cathode of spent lithium-ion batteries, spent catalysts, ores, and 

waste streams. The applications have been summarized in Figure 5. 

 

 

 

Figure 5. Applications of oxalate chemistry 
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1.2.1 Metal Recovery from the Spent LiBs 

 Lithium-ion batteries (LIBs) provide power for millions of people each day. Their usage 

has expanded from cellphones and laptops to powering hybrid and electric cars, homes, and 

electrical grids. The sustainability of the LIBs life cycle depends entirely on the recycling abilities 

for all the components of the battery. Metals like cobalt and nickel, which are found in the positive 

electrode (cathode during discharge) of LIBs, have significant economic value.28 The positive 

electrode usually contains an oxide of Li along with another transition metal. Common electrode 

materials include lithium cobalt oxide (LiCoO2 referred as LCO),11,12,29-32 lithium nickel cobalt 

oxide (LiNixCo1-xO2),
33,34 lithium nickel manganese cobalt oxide (LiNi0.33Mn0.33Co0.33O2) 

(NMC),34-36 and lithium iron phosphate (LiFePO4).
34,37,38 To separate metals from the electrode, 

strong inorganic acids like H2SO4,
35,39 HCl,36 and HNO3

39,40 along with external reducing agents 

like H2O2 are used, but they have adverse environmental impacts because of emission of harmful 

pollutants like SOx, Cl2, and NOx. Hence, replacing an inorganic acid with an organic acid 

minimizes this environmental impact, making the recycling process more sustainable. In this 

section, the separation of valuable metals from different electrode materials using oxalates will be 

discussed. 

For the separation of Li and Co from LIB electrodes, H2C2O4 functions as both a reducing 

and precipitating agent. Sohn et al.30 compared the H2SO4/H2O2 leaching process with the H2C2O4 

leaching process. In the presence of 2 M H2SO4 with 10 vol % H2O2 at 75°C for 1.25 h, more than 

99 wt% of Li and Co were leached into the aqueous phase. Using 3 M H2C2O4 at 80 °C for 1.5 h 

as shown in, Table 4 more than 99 wt% of the Li leaches into the aqueous phase and 96 wt% of 

the Co precipitates out as CoC2O4∙2H2O. In the H2SO4 process, Co needs to be recovered 

separately in the form of Co(OH)2 by the addition of another precipitating agent. The requirement 
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of another precipitating agent for H2SO4 and other inorganic/organic acids provides a unique 

advantage for using oxalic acid/oxalates to recover metals efficiently from the electrode of LIBs. 

The concentration of H2C2O4 can be used to adjust the solid-to-liquid ratio to further improve the 

separation and process economics. Theoretically, a stoichiometric molar ratio of 2 between 

H2C2O4 and LiCoO2 should be enough to ensure complete recovery and precipitation of Li and Co 

respectively according to the following reaction:11,12,31 

4H2C2O4(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2CO2(aq)    (1.3) 

Zeng et al.11 used a lower concentration of H2C2O4 (1 M) with a longer reaction time (2.5 

h), higher temperature (95 °C), higher mixing rate (400 rpm), and lower solid-to-liquid ratio (15 

g/L). Under these conditions, 98 wt% of the Li leaches into the aqueous phase and 97 wt% of the 

Co precipitates out as CoC2O4∙2H2O. The addition of H2O2 was found to be insignificant in the 

presence of excess H2C2O4.
12 The effect of other leaching parameters such as solid-to-liquid ratio, 

temperature, and reaction time has also been studied.12,30 Most experiments have been run over a 

temperature range of 80 to 100 °C, at atmospheric pressure. The optimum solid-to-liquid ratio for 

maximizing reaction rate depends on the acid concentration. For example, for an H2C2O4 

concentration of 1 M, the reaction rate begins to decrease above a solid-to-liquid ratio of 50 g/L.12 

Aaltonen et al.32 compared H2C2O4, H2SO4, HCl, and HNO3 both in the presence and absence of 

H2O2 as a reducing agent (Table 5). The oxalic acid has both reducing and chelating properties, 

and the Co precipitates as CoC2O4∙2H2O. The addition of H2O2 increases the leaching efficiency 

for most acids. In the case of H2C2O4, the effect was less.  

Zhang et al.41 used H2C2O4 to leach metals from LiNixMnyCozO2 (NMC) electrodes at the 

conditions shown in Table 4. Under these conditions, 84 wt% of the Li leached into the aqueous 

phase, and the transition metals (Ni, Mn, Co) formed oxalates that precipitated out of solution. The 
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unreacted material and oxalate precipitate was calcined with Li2CO3 at 900 °C for 14 h to 

regenerate the NMC electrode. In some studies, Ni from spent catalysts has been reported to form 

soluble oxalate complexes,42,43 which complicates the separation of lithium from transition metals. 

Therefore, the pH of the H2C2O4 leachate plays a significant role in the efficient separation and 

leaching of metals. 

 Another route is to perform the metal recovery using H2C2O4 generated by the fungi, A. 

niger. The A niger has the potential to generate malic, gluconic, oxalic, and citric acid.44 Hence, 

the culture conditions (direct or indirect) for the growth of fungi plays a major role in determining 

the acid, which would be generated in the maximum amount. Horeh et al.44 found that H2C2O4 was 

produced at higher concentration when the growth of fungi was done in the presence of cathodic 

material (direct process) whereas citric acid becomes the majorly produced acid in the absence of 

cathodic material (indirect process). The reason behind this observation could be the metals like 

Mn and Cu acting as an inhibitor for citric acid accumulation. Under the conditions of 30°C at 130 

rpm for 30 days and on the addition of cathodic material from 3rd day, 100 wt% Li and 10 wt% 

Mn leached into the aqueous phase. 100 wt% Ni, Co and 90 wt% Mn precipitated in the form of 

their insoluble oxalate compounds.44 Like chemical leaching, bioleaching also has an efficient 

separation but requires a longer reaction time, which is energy intensive.  

Lithium iron phosphate batteries (LIPBs) contain a LiFePO4 (LFP) electrode. LIPBs pose 

environmental challenges due to the hazardous electrolyte (LiClO4 and ethylene carbonate-

dimethyl carbonate) and phosphorous found in LiFePO4, which causes eutrophication of natural 

water. For this reason, the Li and Fe should be recovered and the phosphorous treated in an 

environmentally-friendly process.37 Treatment of the LiFePO4 electrode with oxalate is beneficial 

because it can directly chelate and precipitate iron in the form of FeC2O4∙2H2O. However, under 
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certain reaction conditions, the presence of an oxidizing agent can oxidize insoluble FeC2O4∙2H2O 

to soluble Fe(C2O4)
3

3-
.37,38,45,46 This reduces the advantage of the direct separation of Li from 

transition metals as previously reported for LiCoO2. For LiFePO4 electrodes, the Li goes into the 

aqueous phase along with the phosphorous in the form of phosphoric acid and other phosphate 

salts, which can be treated safely. The Li is separated using ionic sieves such as spinel type MnO2 

sieves, and Ca(OH)2 is used to precipitate the PO4
3- ion.37 In some cases, H2C2O4 was used to 

precipitate soluble Co from the aqueous phase when leaching with a combination of inorganic 

acids.47-50 In most cases, the positive electrode material may contain additional metals in small 

concentrations as well as components from the current collector that require further separation. 
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Table 4. Summary of the digestion processes for metal recovery from LiBs positive electrode 

Reaction Conditions 

Metal 

recovery 

(wt%) 

Ref 
Electrode - Digestion agent 

Temperature 

(°C) 

Solid-to-

liquid 

ratio 

(g/L) 

Reaction 

time 

LCO – 4 M hydrochloric acid 80 20 2 h 
Li, 97 % 

Co, 99 % 
51 

LCO – 4 M sulfuric acid, 

10 vol% H2O2 
85 100 2 h 

Li, 96 % 

Co, 95 % 
52 

LCO - 3 M oxalic acid 80 50 1.5 h 
Li, 99 % 

Co, 96 % 
30 

LCO - 1 M oxalic acid 95 15 2.5 h 
Li, 98 % 

Co, 97 % 
11 

LCO - 1 M oxalic acid 80 50 2 h Li, 96 % 12 

LCO - 1 M oxalic acid 25 5 24 h Li, 74 % 32 

LCO - 1.25 M ascorbic acid 70 25 20 min 
Li, 98.5 % 

Co, 94.8 % 
53 

LCO - 1.5 M succinic acid, 4 

vol% H2O2 
70 15 40 min 

Li, 96 % 

Co, 99.5 % 
54 

LCO - 1.25 M citric acid, 1 

vol% H2O2 
90 15 0.5 h 

Li, 100 % 

Co, 91 % 
55 

LCO - Leptospirillum 

ferrooxidans, and S. 

thermosulfidooxidans 

42 15 7 h 
Li, 91.4 % 

Co, 94.2 % 
56 

NMC - A. niger 30 10 30 days 

Li, 95 % 

Co, 45 % 

Ni, 38 % 

Mn, 70 % 

44 

NMC – 0.6 M oxalic acid 75 20 2 h 

Li, 84 % 

Ni, Mn, Co, 

98 % 

41 

LFP – 0.3 M oxalic acid 80 60 1 h 
Li, 98 % 

Fe, 92 % 
37 
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Table 5. Summary of experiments performed by Aaltonen et al. on LiCoO2.
32 

Acid Concentration 

Metal Recovery (wt%) 

No H2O2 1 vol% H2O2 

2 M citric acid Li – 62 %, Co – 41 % Li – 65 %, Co – 46 % 

1 M oxalic acid Li – 74 %, Co in precipitate Li – 79 %, Co in precipitate 

2 M sulfuric acid Li – 88 %, Co – 79 % Li – 92 %, Co – 85 % 

4 M hydrochloric acid Li – 91 %, Co – 85 % Li – 98 %, Co – 92 % 

1 M nitric acid Li – 85 %, Co – 75 % Li – 90 %, Co – 83 % 

Note: All experiments were carried out with a slurry density of 5 wt% at 25 °C for 24 h 

1.2.2. Recovery of Metals from Spent Catalysts 

Spent catalysts are another secondary source of valuable metals that can be recovered using 

appropriate technology. In the petroleum refining industry, hydrodesulfurization (HDS) catalysts 

are widely used to remove sulfur. HDS catalysts commonly consist of Mo, Ni, Co, and Al.42,43,57,58 

Pt- and V-based catalysts are also valuable, and the metals need to be recovered and recycled.59-61 

The metals in these catalysts can be recovered by treatment with inorganic acids such as H2SO4 

and HNO3.
62,63 For the treatment of spent catalysts, the focus has always been to leach these metals 

into the aqueous phase and then separate the metals from the deactivated catalyst. Oxalates, which 

have a high tendency to form insoluble metal oxalates in water, can precipitate transition metals 

on the catalyst support, which can negatively affect metal recovery. However, oxalates have shown 

some potential for effective leaching under appropriate conditions. This section summarizes the 

reaction conditions that can provide efficient leaching of the metals from spent catalysts using 

oxalates, as summarized in Table 6. 

Recovery of Ni and Mo using H2C2O4 from spent catalysts has been demonstrated by 

several researchers.42,43,64,65 Ni tends to form both oxalate compounds and oxalate complexes, 
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whereas Mo forms only oxalate complexes (Figure 4). Ni leaching is dependent on the pH and 

oxalate concentration but is limited by the low solubility of the NiC2O4∙2H2O compound. The Mo 

leaching efficiency was more than 90 wt% in two different studies with oxalic acid concentrations 

of 1 M.42,65 However, Ni has been reported to have varying leaching efficiencies of 86 wt% and 

37 wt% with 1 M H2C2O4.
42,65 The presence of other metals such as V and Al, which can form 

complexes with oxalate, can also affect the solubility by consuming the available oxalate ions. The 

oxalate availability in an aqueous environment and in the presence of insoluble NiC2O4∙2H2O is 

demonstrated by the following reaction:  

Ni
2+

 + 3C2O4
2-

 ⇆ NiC2O4·2H2O(s) + 2C2O4
2-

 ⇆ Ni(C2O4)
2

2- 
+ C2O4

2-
 ⇆ Ni(C2O4)

3

4-
  (1.4) 

Depending on the conditions, the addition of H2O2, which has been reported to act as either an 

oxidizing or reducing agent,66,67 did not seem to have a significant effect on either Mo or Ni 

leaching efficiency. Szymczycha-Madeja43 considered the effect of adding H2O2 in the oxidation 

of low valence metal sulfides (e.g., hydrodesulphurization (HDS) catalysts) to high valence metal 

oxides that can complex with oxalate. It should be noted that some reports have achieved 90 wt% 

leaching efficiency of Mo even without the addition of H2O2.
42,65 

 Vanadium is another major metal that can be found in many spent catalysts43,45,60,61,65,68 

and is reported to form only soluble oxalates, as shown in Figure 4, Table 2, and Table 3. 

Mazurek60 and Erust et al.61 attempted to recover V from a spent catalyst using H2C2O4. The 

VOC2O4 is formed, which is soluble in the aqueous phase. Mazurek also demonstrated the step-

wise separation of V from a mixture containing Fe. This separation was achieved using both Fe 

precipitation and ion-exchange techniques. Wu et al.45 reported leaching of V and Fe from 

denitrification catalysts. The V and Fe exist as VO2+ and Fe2+ after leaching in the aqueous phase. 

The VOC2O4 is a soluble species and was expected to be present in the aqueous phase after 
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leaching. The Fe was proposed to exist in the form of Fe(C2O4)2
2-, also a soluble species. This 

hypothesis was confirmed by quantitatively measuring the moles of CO2 released during the redox 

reaction. Lee et al.68 studied the regeneration of desulfurization catalysts using 0.9 M H2C2O4 

solution to leach the V. This vanadium-rich liquor was used to synthesize dehydrogenation 

catalysts on silica supports, which closes the recycling loop making this a sustainable process. 

 Ni, Mo and V recovery from spent catalysts through bioleaching route where H2C2O4 is 

generated by A. niger, fungi have also been demonstrated.69,70 Similar to the leaching of metals 

from cathodic material, direct leaching was found to be an optimum method that led to maximum 

production of H2C2O4 and higher metal extraction than indirect leaching.69,70 Aung and Ting69 

suggested that the fungus participates in the leaching process through bioaccumulation of 

generated H2C2O4, which shifts the equilibrium towards consumption of additional acid. Other 

than the culture conditions, pulp density (solid-to-liquid ratio) also plays a major role in the growth 

of fungi. Higher pulp density (more than 1 g/L) affects the leaching efficiency because of the 

inability of the fungus to grow well under a high concentration of heavy metals.69,70 Optimum 

conditions for metal extractions from spent catalysts via bioleaching from spent refinery catalysts 

are reported in Table 6. Reaction and fungal culture conditions play a major role in the amount of 

oxalic acid generated, and that has a direct impact on the leaching efficiency. Apart from longer 

reaction time, another difference between bioleaching and chemical leaching is the lower solid-to-

liquid ratio (1 g/L to 10 g/L (average)). This means that to extract metals from 10 g of spent 

catalyst, ten times more reaction volume is required in bioleaching, which will directly impact the 

process economics. 
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Table 6. Examples of Metal Recovery from Spent Catalysts. 

Source Reaction conditions 
Leaching efficiency  

(wt%) 
Ref 

Spent HDS catalyst  

(Ni-Mo/Al2O3) 

1 M oxalic acid at 40 °C 

with 300 rpm stirring  

for 3 h 

92 % Mo, 86 % Ni,  

30 % Al and 73 % P 
42 

0.5 M oxalic acid and 0.66 

M H2O2 at 70 °C for 3 h 

63 % Mo, 80 % V,  

66 % Ni and 58 % Al 
43 

Spent refinery processing 

catalyst 

Two-step bioleaching (A. 

niger) at 30 °C with 1 g/L 

S/L ratio for 60 d 

82.3 % Mo, 58.2 % Ni 

and 54.5 % Al,  
70 

Spent fluid catalytic 

cracking catalyst 

Two-step bioleaching (A. 

niger) at 30 °C with 1 g/L 

S/L ratio for 46 d 

37% V, 9 % Ni and  

30 % Al 
69 

Spent hydrotreating 

catalyst 

0.45 M oxalic acid and 1.67 

M H2O2 at 100 °C for 1 h 

69.87 % Mo and  

24.63 % Ni 
64 

9 M H2SO4 at 90 °C for 2 h 99 % Mo and 98 % Ni 71 

Spent residue 

hydroprocessing catalyst 

1.12 M oxalic acid at  

50 °C with a S/L ratio of 

1:40 for 6 h 

97 % Mo and V,  

37 % Ni 
65 

Pt on alumina – Spent 

reforming catalyst 

0.3 M oxalic acid at 80 °C 

with 10 g/L S/L ratio  

for 24 h 

90 % Pt and almost  

100 % Al 
59 

Spent desulfurization 

catalyst (V contaminant) 

0.9 M oxalic acid at 100 °C 

for 1 h 

More than 90 % V 

recovered 
68 

Spent vanadium catalyst 

0.25 M oxalic acid at 50 °C 

with 40 g/L S/L ratio  

for 4 h 

91 % V, 92 % K and  

63 % Fe 
60 

0.5 M oxalic acid and 2 M 

H2O2 at 50 °C with 20 g/L 

S/L ratio for 2 h 

68 % V 61 

Spent SCR denitrification 

catalyst 

1 M oxalic acid at 90 °C for 

3 h 
84 % V and 96 % Fe 45 
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1.2.3. Extraction of Metals from Ores 

Ores are a naturally occurring source of metals usually in the form of oxides or hydroxides. 

Ores typically contain multiple important metals that need to be both recovered and more 

importantly separated. Similar to the spent catalyst recovery processes, inorganic acids are used to 

leach the metals into the aqueous phase.72-75 However, because of the environmental hazards 

associated with the emission of SOx and NOx gases from the use of inorganic acids, research using 

environmently-friendly reagents like organic acids has increased. In this section, metal recovery 

from ores using oxalates is discussed. 

Ilmenite is an iron titanate (FeTiO3) low-grade ore mainly used for the production of TiO2. 

The TiO2 is used as a white pigment in paints, plastics and paper applications. Separation of Fe 

from Ti is the key step and Ti forms a soluble oxalate complex, whereas Fe2+ forms an insoluble 

oxalate compound. Ilmenite can also contain Fe and Ti impurities such as magnetite, hematite, and 

rutile. Corbin et al.16 digested ilmenite using NH4HC2O4 (AHO) under different reaction 

atmospheres as shown in Figure 6. The titanium oxalate was soluble and the FeC2O4∙2H2O was 

insoluble and formed a precipitate providing an effective and simple separation. In the presence of 

an inert atmosphere such as N2, He, or Ar, Fe2+
 will not oxidize and precipitate in the form of 

FeC2O4∙2H2O; however, in an oxidative atmosphere, Fe2+ will oxidize to Fe3+ that forms a soluble 

oxalate complex. This oxidative digestion is particularly useful for separation of impurities and 

unwanted materials present in the ore. Usually, oxidative digestion is followed by reduction step 

in an inert atmosphere, and a reducing agent like metallic Fe, Zn, or Al is added to reduce all the 

available Fe3+ into Fe2+ that can precipitate out of solution. The reaction atmosphere is not often 

considered for improving the leaching efficiency. 
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Figure 6. Summary of different digestion experiments for ilmenite. 

Adapted from Corbin et al.16 

 Corbin et al.16 developed a process to leach Ti from ilmenite and tried to completely recover 

the oxalate reagent as shown in the process flow diagram in Figure 6. In this case, AHO was used 

for leaching Ti and Fe from ilmenite. The titanium oxalate complex goes into solution and the 

FeC2O4∙2H2O species forms a precipitate, which enables the separation. The NH3 or NH4OH is 

used to precipitate the Ti as Ti(OH)4 that can be converted into TiO2. The FeC2O4∙2H2O precipitate 

is reacted with NH3 or NH4OH to form (NH4)2C2O4 (DAO) and Fe(OH)2 that can be converted 

into an FeO co-product. DAO is also produced during the Ti precipitation step and combined with 

DAO from the Fe precipitation step. The DAO is crystallized and undergoes a deammoniation step 

to recover AHO and NH3, which are both recycled as shown in Figure 3.16 Another closed-loop 

process was reported by Corbin et al.76 using trimethylammonium hydrogen oxalate 

((TMAH)HC2O4). This closed-loop process is similar to the one with AHO, and its process flow 
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diagram is shown in Figure 7. Recovery of the oxalate provides a significant advantage for the 

overall process economics and reduces waste streams. 

 

 

Figure 7. Simplified process flow diagram for ilmenite treatment with (TMAH)HC2O4. 

Adapted from Corbin et al.76 

 

Another iron-based ore is laterite. Laterites are a source of Fe and Ni present in the form 

of their oxides. As discussed in Section 1.1.3, Ni forms both oxalate compounds and oxalate 

complexes, which can limit the ability to separate it using oxalates. Similarly, Fe can also form 

both soluble iron(III) oxalate complexes and insoluble iron(II) oxalate. Tzeferis and Agatzini-

Leonardou,77 Kursunoglu and Kaya,78 and Sahu et al.79 have used H2C2O4 to leach metals from 

laterites collected from different parts of the world. Tzeferis and Agatzini-Leonardou tested the 

ability of H2C2O4 to solubilize Ni and Fe from Greek laterite ores. Under their reaction conditions, 

Ni forms an insoluble NiC2O4∙2H2O, and 40.3 wt% of the Fe leached into the aqueous phase. The 
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H2C2O4 reduced Fe3+ to Fe2+, and it was claimed that iron(II) oxalate was soluble in the aqueous 

phase. However, this contradicts the solubility reported in the previous studies.20,80 Iron(III) 

oxalate is the soluble species and iron(II) oxalate is insoluble. A possible explanation is the 

formation of an oxalate complex of Fe2+ in an aqueous environment, as shown in Eq. 1.5: 

Fe2+ + 3C2O4
2-

 ⇆ FeC2O4·2H2O(s) +  2C2O4
2-

 ⇆ Fe(C2O4)
2

2-
 + C2O4

2-
 ⇆ Fe(C2O4)

3

4-
  (1.5) 

Kursunoglu and Kaya78 reported 52 wt% leaching of Fe from Caldag laterite ore. In this example, 

the oxidation state of Fe in leachate was not determined. If reduction of Fe3+ was achieved, it would 

probably form additional complexes under the specified reaction conditions. Another possibility 

could be the incomplete reduction of Fe3+ using H2C2O4 that could lead to a mixture of iron(III) 

oxalate and iron(II) oxalate. Iron(III) oxalate will remain in the aqueous phase and can be detected 

using atomic absorption spectroscopy (AAS) or inductively coupled plasma – atomic emission 

spectroscopy (ICP-AES). Another important difference between the two processes was the 

reaction temperature and time. Greek laterite required 20 days at 50 °C and Caldag laterite required 

6 h at 90 °C to achieve equal weight percentages of iron dissolution. Although the reaction 

temperature is higher, the geographical location where ore is mined plays a significant role in the 

leaching efficiency. In general, the more an ore is weathered (i.e., oxidized), the longer the reaction 

time. Sahu et al.79 worked with Sukinda laterite and found that 23 wt% Ni was leached into the 

aqueous phase under the conditions reported in Table 7. Bioleaching of Ni from Sukinda laterite 

using Aspergillus humicola SKP102 was demonstrated by Ghosh and Paul.81 In their work, 54 % 

Ni was leached in direct one-step leaching (ore and fungus together from starting), whereas indirect 

leaching (fungi was initially incubated for 8 days, followed by addition of ore) led to 65 % Ni 

leaching into the aqueous phase. Higher leaching efficiency for indirect leaching was attributed to 

the reduced interaction between fungi and heavy metals.81 This trend in the result is contradictory 
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to the observations by Aung and Ting for Ni leaching from spent catalysts. Possibly both factors: 

the amount of H2C2O4 generated and interaction between heavy metals and fungi plays a 

determining role in extraction of metals. 

Das et al.82 and Sahoo et al.83 attempted to recover Mn from low-grade manganese ores. 

Manganese also forms both oxalate compounds and complexes similar to Fe and Ni. Both ores 

were extracted from the Keonjhar region in Orissa, India. In these ores, Mn is present in the form 

of MnO2. Das et al.82 recovered 66 wt% of Mn in 6 days by using a 2 M H2C2O4 concentration at 

a very dilute solid-to-liquid ratio (0.02 kg/m3) and 25 °C. The Mn4+ was reduced to Mn2+ and 

formed an insoluble oxalate compound. Significant improvement in the leaching efficiency was 

demonstrated by Sahoo et al.83 by using a mixture of H2SO4 and H2C2O4 as the leaching agent. 

The mixed acid recovered almost 99 wt% of the Mn from these ores. The NiC2O4∙2H2O formed a 

precipitate layer on the ore and the reaction was proposed to follow the diffusion through product 

layer model. Azizi et al.84 studied the kinetics and developed models for optimizing the leaching 

process for low-grade manganese ores. A series of experiments were carried out to determine the 

optimum operating conditions for Mn and Fe recovery as a function of the amount of H2SO4, the 

amount of H2C2O4, temperature, and time. Under optimum conditions, 93.4 wt% Mn and 15.8 

wt% Fe can be leached using 0.7 M H2SO4 and 0.5 M H2C2O4 for 1 h at 63 °C. Hazek et al.85 

performed a similar study as Sahoo et al.83 on a polymetallic Mn ore and leached 98 wt% Mn, 94 

wt% Zn, and 92 wt% Cu using the optimum conditions for H2SO4 leaching with H2C2O4 as a 

reductant. These studies prove that the addition of H2SO4 can improve the leaching efficiency for 

Mn. 

 Scheelite is a calcium tungsten ore with the chemical formula CaWO4. In the work by 

Kalpakli et al.,86 synthetically prepared CaWO4 was dissolved in H2C2O4. This dissolution took 
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place in two steps. In the first step, a calcium aqua oxalate tungstate intermediate 

(Ca[WO3(C2O4)H2O]) was formed. In the second step, a water-soluble hydrogen aqua oxalate 

tungstate (H2[WO3(C2O4)H2O]) and insoluble CaC2O4∙H2O were formed. The proposed 

mechanism was based on a theoretical equilibrium calculation. In the method by Osthoff,87 

scheelite ore was first treated with an aqueous solution of H2C2O4 that led to the formation of 

soluble tungstic acid (H2WO4) and insoluble CaC2O4∙H2O. Ammonium hydroxide was added to 

precipitate tungsten in the form of ammonium paratungstate. Davey88 found another process to 

extract tungsten from scheelite using HCl and H2C2O4 where W goes into the solution and via 

hydrolysis is precipitated. According to Figure 4, W forms only oxalate complexes, which leads 

to efficient leaching. 
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Table 7. Examples of metal extraction from ores using oxalic acid. 

Source Reaction conditions 
Recovery efficiency  

(wt%) 
Ref 

Ilmenite 

6.6 M of 

trimethylammonium 

hydrogen oxalate at 60 °C 

for 120 h 

Fe/Ti ratio of 0.048 

compared to 0.404 of 

starting leachate 

76 

7.16 M ammonium hydrogen 

oxalate at 100 °C for 72 h 
100 % Ti in leachate 16 

Greek laterite 
0.5 M oxalic acid at 50 °C 

for 20 days 

40.30 % Fe and  

0.71 % Ni in leachate 
77 

Caldag laterite 
0.5 M oxalic acid at 90 °C 

for 6 h 

52 % Fe and 20 % Ni 

and Co in leachate 
78 

Sukinda laterite 

1 M oxalic acid at 90 °C for 

40 h 
23 % Ni in leachate 79 

Direct bioleaching  

(A. humicola) at 30 °C for 30 

days with 2 g/L  

solid-to-liquid ratio 

54 % Ni in leachate 81 

Indirect bioleaching (A. 

humicola) at 30 °C for 30 

days (8 days incubation) with 

2 g/L solid-to-liquid ratio 

65 % Ni in leachate 81 

Low-grade Mn ore 

2 M oxalic acid at 25 °C for 

6 days with 2 g/L  

solid-to-liquid ratio 

66 % Mn in leachate 82 

0.6 M sulfuric acid with 0.3 

M oxalic acid at 95 °C for 3 

h 

99.4 % Mn, 24.3 % Fe 

and 44.6 % Al 
83 

Polymetallic Mn ore 

0.5 M sulfuric acid with 0.24 

M oxalic acid at 85 °C for 

1.75 h 

98 % Mn, 94 % Zn 

and 92 % Cu 
85 

Scheelite 
1 M oxalic acid at 55 °C for 

3 h 
99 % W in leachate 86 
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1.2.4. Recovery of Metals from Waste Streams 

In this section, the recovery of precious metals from different kinds of waste streams will 

be discussed. These waste streams contain important metals such as Co, Ni, and Fe. 

Alumina extraction from bauxite produces a waste commonly referred to as “red mud” that 

contains primarily Fe2O3. Yang et al.89 proposed using H2C2O4 to leach Fe3+ in the form of 

Fe(C2O4)3
3- into the aqueous phase. To separate the Fe3+ ions from the leachate, metallic Fe was 

added to reduce and precipitate FeC2O4∙2H2O. The observation of H2C2O4 acting only as a 

chelating agent and not as a reducing agent contradicts other reports in the literature.13,15,90 The 

occurrence of a combined reduction and complexation to form a soluble species such as 

Fe(C2O4)2
2- is another possibility that should be studied. Vakilchap et al.91 studied the leaching of 

red mud using organic acids excreted by A. niger and found out that under direct one-step leaching 

process, 69.8 % Al, 60 % Ti and 25.4 % Fe were leached into the aqueous phase. In the case of 

bioleaching of red mud, the combined effect of all the acids excreted over the whole incubation 

period (citric, oxalic, gluconic) plays a major role in metal leaching, although the formation of 

insoluble FeC2O4∙2H2O could be the reason behind the low leaching efficiency observed for Fe.91  

Electroless plating is a non-galvanic process where a metal is deposited on a surface 

without the use of external electrical power and generates an aqueous waste containing metals. 

Gyliene et al.92,93 demonstrated the recovery of Ni, Cu, and Co from plating solutions using oxalic 

acid under specific pH conditions to recover more than 90 wt% of the metals in the form of 

insoluble metal oxalates (Table 8). It is important to understand the role that pH can play in the 

solubility of any metal oxalate species. Pickling liquor is another waste generated by the plating 

industry that contains mainly Zn. Oxalate can be effective for the recovery of Zn from pickling 

liquor waste because of the formation of insoluble ZnC2O4 that can be easily separated.94 
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Chromate copper arsenate (CCA) treatment is still used to preserve timber and extend the 

life of wood-based products. There is a threat to the environment due to toxic As and Cr leaching 

from the wood. In addition, burning the wood releases toxic smoke. Yu et al.95 demonstrated the 

possibility of using H2C2O4 for the extraction of As and Cr, but found it to be ineffective for Cu. 

The As and Cr have been reported to form soluble oxalate species confirming the effectiveness of 

H2C2O4 in the extraction process.20,96,97 To effectively extract all three metals from wood, a two-

step acid treatment using H2C2O4 and CH3COOH was attempted by Shupe et al.98 However, even 

in this process, Cu extraction was limited by the formation of insoluble CuC2O4, which led to only 

34 wt% recovery (Table 8). 

Table 8. Examples of extraction of metals from waste streams. 

Source Reaction conditions 
Recovery efficiency  

(wt%) 
Ref 

Red mud 

1:1 ratio of oxalic acid with red 

mud was used at 95 °C for 1.5 h 

94.15 % Fe and  

21.12 % Al 
89 

A. niger at 30 °C for 30 days 

with 2 g/L solid-to-liquid ratio 

69.8 % Al, 60 % Ti and 

25.4 % Fe 
91 

3 M H2SO4 at 60 °C with 5 g/L 

solid-to-liquid ratio for 4 h 

37 % Al, 64.5 % Ti and 

46 % Fe  
99 

Spent electroless 

plating solution 

0.3 M oxalic acid at 25 °C at  

pH 9 

99 % Ni and Co,  

90 % Cu 
92 

Galvanic solution 
Selective precipitation at 

different pH using oxalic acid 

> 95 % recovery of Cu, 

Ni, Co, Sn 
93 

CCA – treated 

pinewood 

20 mL mixture of acetic and 

oxalic acid with 1 g of wood at 

160 °C for 0.5 h 

98 % As, 99 % Cr and 

34 % Cu in leachate 
98 

Zinc pickling solution 

Tributyl phosphate for leaching 

and 1 M oxalic acid for 

precipitation at 25 °C 

95 % Zn 94 
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1.2.5. Removal of Iron Oxides from Silica-based Materials 

The dissolution of iron oxides using H2C2O4 is an important process in several fields, such 

as the removal of oxides from metal surfaces and the beneficiation of minerals such as pottery 

stone and clays. Clays like kaolin are usually contaminated with Fe2+ and Fe3+ ions that directly 

affect the whiteness of the ceramics formed from them.100,101 Inorganic acids are considered to be 

unsuitable for the removal of metals because of additional contamination and environmental 

pollution associated with sulfate and chloride ions.102,103 Dissolution of iron oxides using H2C2O4 

has been extensively studied by many researchers. In this section, a few references are provided 

for understanding the dissolution mechanism, and applications will also be discussed. Baumgratner 

et al.,104 Panias et al.,13,14 and Taxiarchou et al.15 have studied the dissolution of pure iron oxides 

and established a mechanism that has been verified by Veglio et al.,102,103 Lee et al.90,105,106, and 

Ubaldini et al.107 Panias et al.13 described a three-step dissolution mechanism: (1) adsorption of 

organic ligands on the iron oxide surface, (2) non-reductive dissolution, and (3) reductive 

dissolution. Non-reductive dissolution is a simple desorption process that can remove only the 

most reactive sites from the oxide surface. The reductive dissolution involves the reduction of Fe3+ 

to Fe2+ that involves a slow induction period followed by a fast dissolution via an autocatalytic 

mechanism. Factors such as pH of the initial solution, temperature, and the presence of UV light 

can affect the dissolution. Panias et al.14 also studied the autocatalytic effect exclusively for 

hematite dissolution in oxalic acid by the addition of Fe2+ at the beginning of the reaction. This 

reduced the induction time for reductive dissolution and increased the rate of the autocatalytic 

reaction. Taxiarchou et al.15 carried out the hematite dissolution in an inert atmosphere under 

visible light and found that the dissolution proceeded much faster. In the absence of visible light 

under an oxidizing atmosphere, the induction time was much longer, and the photocatalytic 



32 

 

reduction decreased. Another important point to note here is that although FeC2O4·2H2O is an 

insoluble compound, its solubility increases at higher pH forming Fe(C2O4)2
2-

,
 and Fe(C2O4)3

3-. 

Vegliò et al.102,103 studied the Fe removal process from quartz, an essential raw material for 

ceramics, paper making, and high-value products such as optical fibers. For optical fiber 

production, the Fe content in the quartz should be less than 10 g/tonne; however, the Fe content is 

normally around 77 g/tonne in regular quartz. Quartz from two different sources was leached with 

oxalic acid and a mixture of H2C2O4 and H2SO4 as shown in Table 9.102,103 Using only H2C2O4, 

roughly 98-100 wt% of the Fe was extracted, whereas in the presence of the H2C2O4 and H2SO4 

mixture, only 35-45 wt% of the Fe could be extracted. This extreme difference in the Fe recovery 

was due to the presence of 52 wt% iron in the micaceous fraction for the quartz used in the 

combined acid process. The Fe content from the micaceous fraction is extremely difficult to 

remove. Additionally, in the H2C2O4 experiment, the ore was ground to an average particle size of 

about 20 µm that provides additional surface area and improves the dissolution process. This 

comparison also emphasizes the importance of geographical location for minerals used in the metal 

leaching process, as discussed in Section 2.4. 

Table 9. Summary of iron oxide dissolution from quartz using oxalates. 

Source Reaction Conditions Fe extraction (wt%) Ref 

Quartz 

3 g/L oxalic acid with 10 % 

solid-to-liquid ratio at 80 °C 

for 3 h 

98-100 % 103 

2 kg/t sulfuric acid and 3 kg/t 

oxalic acid at 90 °C for 5 h 
35-45 % 102 

Lee et al. studied iron oxide removal from clay90 and dissolution of iron oxide106 using 

H2C2O4. The non-hematite iron oxides dissolved faster than the hematite, confirming the 

mechanism reported earlier. In this study, grinding was performed to decrease the average particle 

diameter to 150 µm. Although the particle size was larger than the previous study with quartz,103 
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higher H2C2O4 concentrations of 0.19 M at 100 °C for 2 h led to 90 wt% Fe removal from clay. In 

this case, the pH of the solution was reported to be 1.23. As discussed previously, the dissolution 

of iron oxide is controlled primarily by pH, temperature, and oxalate concentration. Lee et al.90 

used NH4OH to control the pH in the range of 2.5-3.0 for optimizing the reaction rate for hematite 

and iron oxide rust. Iron extraction efficiency from both of these materials reached a maximum at 

a pH of about 2.5. This behavior is attributed to the predominant oxalate species being HC2O4
- in 

the pH range of 2.5-3.0. This is responsible for the reduction of Fe3+ to Fe2+. 

1.2.6. Removal of Toxic Metals from Soil 

Soil contamination with potentially toxic heavy metals like As, Pb, Cd, and Zn is common 

around the world. This is more predominant in developing countries where there has been a sudden 

increase in activities such as mining due to increasing industrialization. Soil can be decontaminated 

by ex-situ washing using acids, surfactants, and chelating agents. Chelating agents such as 

ethylenediaminetetraacetic acid (EDTA) and ethylenediamine-N, N'-disuccinic acid (EDDS) form 

stable complexes with heavy metals over a broad pH range but have adverse health effects on 

humans.108 On the other hand, strong acids like HCl and H2SO4 degrade the soil structure. 

Therefore, organic acids such as H2C2O4, which are milder and have metal complexing and 

dissolution properties, can be used to remove toxic metals from contaminated soil. 

The composition of toxic metals in the soil varies depending on the source of the industrial 

pollutants that contaminate the soil. The variation in the extraction of toxic metals like Cd from 

different soils is shown in Table 10. An interesting observation is the inability of H2C2O4 to leach 

Cu(II) and Pb(II). For example, H2C2O4 was more effective than citric and acetic acid at leaching 

As from soil samples collected in the vicinity of a lead battery plant in the Czech Republic, but it 

was ineffective at extracting Pb.97 The ineffectiveness of H2C2O4 to remove Cu and Pb may have 
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more to do with the extremely low solubility of these metal oxalates compared to other heavy 

metals.94 Their tendency to form oxalate complexes is mentioned in Figure 4, but the extremely 

low leaching into the aqueous phase suggests that the oxalate complexes of Pb and Cu are not 

easily formed. 

In general, the extraction of heavy metals from contaminated soil using oxalates is affected 

by several factors. A major factor is the presence of Ca2+ and Na+ ions in the soil that form 

extremely stable complexes with H2C2O4 reducing the oxalate available to complex with other 

metals of interest. Also, the variability of soils from one region to the next can make an effective 

decontamination process difficult to control. The form of the heavy metals is another factor that 

controls the efficiency of any extractant. Arsenic occurs in the form of a residual fraction (O-As: 

oxygen bound arsenic) that is the most stable fraction and in the form of Fe-As (Fe bound), Al-As 

(Al bound), and Ca-As (Ca bound), which are inter-transformed fractions. These inter-transformed 

fractions have limited mobility and are difficult for a mild acid like H2C2O4 to extract As. Also, 

for Cd, the adsorbed fraction (exchangeable fraction) in the soil is the most active, followed by 

iron/manganese oxyhydroxides bound, organic matter bound, and sulfides bound. For these 

different forms, pH and atmospheric conditions can lead to difficulty and variability in 

extraction.96,97  
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Table 10. Summary of soil decontamination using different chemistries. 

Source of soil Leaching procedure 
Metal extraction  

(wt%) 
Ref 

Zinc-lead smelting plant 

(Iran) 

12 step washing with 

0.01 M oxalic acid 

34.3 % Zn, 2.4 % Cd, and 0 % 

Cu 
109 

Sandy loam soil 
20 mmol/kg oxalic acid 

for 24 h 

40 % Cd, 15 % Cu, 5 % Mn, 35 

% Ni, 3 % Pb, and 10 % Zn 
110 

Surface soil near mining 

area (China) 

0.05 M phosphoric acid, 

0.075 M Na2EDTA, 

0.075 M oxalic acid in 

sequence for 0.5 h per 

step 

41.9 % As, 89.6 % Cd 96 

Brass smelter plant 

(Switzerland) 

0.4 M Na2EDTA at pH 

7 for 24 h 

17 % Zn, and  

29 % Cu 
111 

0.4 M EDDS at pH 7 for 

24 h 

19 % Zn, and  

53 % Cu 
111 

 

1.3. Dissertation Objectives and Motivation 

The goal of this dissertation is to investigate the oxalate chemistry for efficient extraction 

and separation of metals from mixed metal oxide sources. In addition, the recovery of acid is 

critical to minimize waste production and offset the high cost of oxalate reagents used. The sub-

goals of this dissertation are as follows: 

a) Establishing oxalate chemistry as a viable candidate for LiCoO2 recycling: Recycling of LIBs 

is critical to develop a sustainable energy economy and reduce the energy dependence on fossil 

fuels. Currently, 59 % of LIB waste contains LiCoO2 as the cathodic material from which Li and 

Co can be recycled. Both Li and Co metals have an unstable economy, and a secondary source is 

needed to make LIBs affordable. Commercially, H2SO4 is the most popular leaching agent (high 

acidity and low cost) for the recycling of LIBs waste. Oxalate processes suffer from the high cost 

and low leaching capabilities of various transition metals. Therefore, a major goal for this 

dissertation is to establish the oxalate reagents as an environmentally-friendly and economical acid 
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for LIBs recycling. In this work, first, the oxalate reagents: H2C2O4, NH4HC2O4, KHC2O4 with 

and without H2O2 were tested for the efficient extraction and separation of Li and Co from LiCoO2. 

The use of H2C2O4 has been demonstrated well in the literature (Table 4), but its individual 

leaching and reduction mechanism and its interaction with H2O2 need more understanding. Other 

oxalate reagents: NH4HC2O4, KHC2O4 have been explored for the first time in this work for Li and 

Co extractions. The only prior study with NH4HC2O4 for metal extractions was performed by 

Corbin et al. on Fe and Ti recovery from ilmenite ore, whereas KHC2O4 has never been reported 

as a reagent for metal extractions. These oxalate derivative reagents are expected to have 

convenient recycling routes and could improve the economics. Each of these oxalate reagents have 

a different operating pH and the importance of pH in efficient extraction and separation was 

identified. The other reaction parameters like temperature, acid concentration, agitation speed and 

solid-to-liquid ratio were also optimized for the best performing cases.  

b) Developing an efficient and environmentally-friendly closed-loop process: A major challenge 

in the oxalate processes is to recover the oxalate reagents to minimize the acidic waste and offset 

the high costs. In any commercial inorganic acid process, the acidic waste is usually neutralized, 

and heavy metals are removed before disposing it in water bodies. Therefore, the downstream 

processes like Li precipitation and oxalate recovery from CoC2O4∙2H2O must be carefully 

designed to minimize the waste production. As discussed earlier, NH4HC2O4 is the only oxalate 

reagent that can be recycled conveniently using a thermal treatment process. The recycling of the 

other two reagents (H2C2O4 and KHC2O4) was demonstrated for the first time in this work. For the 

recycling of KHC2O4, a solubility-based acid regeneration was devised and demonstrated. The 

recycling of H2C2O4 was performed using an ion-exchange resin process. Both recycling processes 

were optimized, and the optimized closed-loop processes were used in performing a techno-
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economic analysis. The developed oxalate processes for LIBs recycling were compared with a 

commercial H2SO4 process to understand the benefits of an environmentally-benign process. 

c) Extending the developed oxalate process for refining of ores: The oxalate processes were 

developed initially for extraction and separation of Li and Co for LIBs recycling. But the wide 

application of the developed process for different starting materials must be studied. Therefore, 

the oxalate chemistry was tested on a variety of mixed metal oxides sources such as bauxite ore, 

ilmenite ore and NMC cathode material. Bauxite refining is commercially done using the Bayer 

process and has never been explored using organic acids. The Bayer process is efficient for Al 

extraction, but a massive amount of caustic iron-rich “red mud” waste is produced. This red mud 

is typically disposed in open landfills or ponds and pose significant environmental hazards. Hence, 

it was important to extend the oxalate process for the refining of bauxite ore. The reaction 

conditions for the Fe and Al extraction and separation from bauxite ore were optimized, and a 

closed-loop process was designed.  

1.4. Outline of Chapters 

The introduction chapter had emphasized the importance of oxalate chemistry, summarized 

the available literature, and discussed the objectives and motivation of this work. Additionally, 

there are seven additional chapters that discuss different aspects of oxalate chemistry for 

developing metal extraction processes. 

Chapter 2 describes the metal extraction experiments from LiCoO2 using the oxalate 

reagents particularly: H2C2O4, NH4HC2O4, and H2C2O4 with H2O2. The results for other possible 

reagents like KHC2O4 and NaHC2O4 are predicted based on the results observed with NH4HC2O4. 

Based on the experimental observations, a mechanism of extraction is developed, and the 

importance of pH for efficient metal extraction is explained. 
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In Chapter 3, the kinetics of the optimized processes for Li extraction is studied in detail. 

A combined shrinking-core model is developed and used to identify the rate-limiting step. To 

improve the kinetics of the H2C2O4 process, a novel solution is proposed to produce Co product in 

the micro-rods morphology. The kinetic study, reaction conditions for the micro-rods formation 

and their characterization, along with the experimental modeling study, are covered in this chapter. 

Chapter 4 discusses the general strategy of metal precipitation in oxalate-rich solutions 

with an emphasis on Li precipitation from Li2C2O4 solution. Additionally, the dissolution of 

CoC2O4∙2H2O in the aqueous phase and re-precipitation in the form of Co(OH)2 is also discussed.  

In Chapter 5 the regeneration of H2C2O4 and KHC2O4 for recycling of the acid after metal 

extraction and separation is discussed. An ion exchange method using strong acid cation exchange 

resin for regeneration of most of the oxalate reagents discussed in this work is demonstrated. A 

solubility-based approach, specifically for the regeneration of KHC2O4 is also been discussed. 

In Chapter 6, the closed-loop process for Li and Co extraction and separation from LiCoO2 

with acid recovery is demonstrated at a higher solid-to-liquid ratio. The subsequent metal 

extraction using the regenerated acid is also demonstrated and the results are used to perform a 

techno-economic analysis. A comparative economic analysis of the cost of reagents required 

between the closed-loop oxalate process with sulfuric acid over 100 cycles is discussed to 

understand the benefits. 

Chapter 7 extends the application of oxalate chemistry to bauxite refining for extraction 

and separation of Fe and Al. The learnings from previous chapters around the metal hydroxide 

precipitation and acid recovery are used to develop a green, closed-loop process for bauxite 

refining with minimal waste production. 
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Finally, Chapter 8 completes the dissertation by providing conclusions and 

recommendations for future research in this area. 
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Chapter 2 

“There is no such thing as AWAY. 

When we throw anything AWAY it must go somewhere” 

- Annie Leonard (Greenpeace USA)  

2.1. Abstract 

 The demand for lithium-ion batteries (LiBs) is significantly increasing, leading to a 

shortage in supply for critical metals, such as lithium and cobalt. Recycling LiCoO2 cathodes can 

provide a secondary source for these critical metals, which are necessary raw materials for 

synthesizing modern LiB cathodes, such as nickel manganese cobalt oxide (NMC). In this chapter, 

an environmentally-friendly, closed-loop process for the recovery and separation of lithium and 

cobalt from LiCoO2 cathodes has been developed using oxalate chemistry. Oxalic acid and 

ammonium hydrogen oxalate are utilized as digestion reagents to extract lithium into the aqueous 

phase (Li2C2O4) and precipitate cobalt oxalate (CoC2O4·2H2O) in the solid phase resulting in a 

low-temperature, cost-effective separation of these metals. A green-colored intermediate was 

identified as a Co(III)-oxalate complex; this complex further reduces and precipitates as a Co(II)-

oxalate complex (CoC2O4·2H2O). The optimum acidity for digestion and metals separation using 

oxalate containing acids was a pH < 2.0. The minimum amount of oxalic acid required for digestion 

was determined in order to develop the most economical process with more than 97 wt% Li and 

Co recovery. The proposed process is an energy-efficient, cost-effective, environmentally-friendly 

process for recovering high-value, critical metals, such as lithium and cobalt from LiBs cathodes 

2.2. Motivation 

One of the major challenges in the 21st century is to tackle the environmental issues 

resulting from greenhouse gas emissions, the dumping of waste in landfills and water bodies, and 

many more. In the past two decades, a major effort has been made towards making the earth a 
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better place for future generations by following three R’s: “Reduce, Reuse, Recycle.” The first 

global challenge in these efforts is reducing the dependence on fossil fuels to meet energy 

requirements. The global annual energy demand is predicted to increase by almost 20 % by the 

end of 2030, out of which under the current scenario, 79 % of energy will still be met from fossil 

fuels. Hence, a significant push is needed for energy-efficient processes along with development 

in the renewable energy sector to reduce the energy dependence on fossil fuels.  

In this process, technological advancement and commercialization of lithium-ion batteries 

(LiBs) have gained tremendous interest, particularly for their application as an energy storage 

device in electrical grids and electric vehicles. The global market for LiBs is expected to be tripled 

by 2025, growing at a CAGR of 17.1 %. But, as the production of LiBs consumes finite natural 

resources like lithium and cobalt, a sustainable LiB recycling process is needed for a broader 

impact. Hence, for the conservation of active metal resources and development of an alternative 

secondary raw material for LiBs production, “Recycling of LiBs” is necessary. This chapter covers 

the fundamentals of LIBs and the details of a sustainable closed-loop process for the recovery of 

critical metals like Li and Co from the cathode of LiBs utilizing a hydrometallurgical route of 

oxalate chemistry. 

2.3. Lithium-ion Batteries 

The term “battery” was first coined by Benjamin Franklin in 1749 to describe an array of 

charged glassed capacitors used for storing energy. Subsequently, this term was commonly used 

for a group of two or more similar electrochemical objects functioning together. Nowadays, even 

a single electrochemical cell that extracts electrical energy from chemical energy is commonly 

referred to as a “battery.” The batteries can be widely classified into primary and secondary 

batteries. Primary batteries are non-rechargeable, where the reaction of active material limits the 
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energy capacity of the battery. Once the chemically active materials are completely consumed, no 

additional electrical energy can be extracted. Secondary batteries are rechargeable batteries, where 

active materials are regenerated for additional electrical energy production.112 Lithium-ion 

batteries (LiBs) are secondary batteries that can store electrical energy in the form of chemical 

energy. Secondary batteries have a history of over 200 years, with lead-acid batteries being the 

first of this type. Like any typical battery, LiBs consist of lithium ions in the negative electrode, 

which move through an electrolyte to the positive electrode during discharge, and back when 

charging.  

2.3.1. History of Lithium-ion Batteries 

The first commercial LiB was developed by Sony in 1991 and was soon followed by the 

Asahi Kasei team in 1992, but the numerous studies before 1991 provide the origin of LiBs.113 The 

idea of a battery where a Li+ ion moved reversibly between two intercalation electrodes was 

developed by Armand in the 1970s and was termed as a rocking chair battery.114 This idea was 

implemented in a lithium tungsten oxide electrode and titanium disulfide electrode by Lazzari and 

Scrosati, where Li+ ions flow forward and backward between two electrodes.115 In 1976, 

Whittingham, then a research scientist at Exxon, invented a low-temperature, high-energy battery 

consisting of lithium metal and titanium disulfide as electrodes.116,117 Although the high volatility 

of lithium metal resulting in fires and explosions was still an issue that needed to be resolved. Soon 

after that, the ability of the family of lithiated transition metal oxides (LixMO2) to reversibly 

intercalate and deintercalate the Li+ ions was discovered by Goodenough.118 These lithiated 

transition metal oxides had a structure similar to NaFeO2, where Ni, Co as well as their mixtures 

with Mn, Fe, Al, etc. had the similar reversible intercalation ability and further in 1991, LiCoO2 

formed the electrode in the first commercial LiBs. Later, J.C. Hunter of Eveready laboratories 
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discovered LiMn2O4 in spinel structure that can also perform the reversible redox reactions at a 

high potential similar to LiCoO2.
119  

For the negative electrode, initially, graphite and carbonaceous material demonstrated the 

possibility of lithium-ion intercalation. Still, the issue of solvent intercalation along with Li+ ions 

was prevalent in these. The breakthrough in the negative electrodes was using the low-temperature 

carbon such as petroleum coke by Yoshino and coworkers at Asahi Kasei. In the first commercial 

battery, LiCoO2 and petroleum coke were used as the electrodes, and a water-free electrolyte 

consisting of LiPF6 with propylene carbonate was used. The charging voltage was as high as 4.1 

V and had an energy density of ~80 Wh/kg which soon led to the mobile electronics revolution. 

Later, it was also discovered that the graphite could be used as a negative electrode with ethylene 

carbonate in the electrolyte.116 This invention was readily adopted by the scientific community, 

and batteries with a graphite electrode with a charging voltage of 4.2 V were developed. In 2019, 

John B. Goodenough, M. Stanley Whittingham, and Akira Yoshino were awarded the Nobel Prize 

in Chemistry for developing lithium-ion batteries.116,117 Modern LiBs are still close to the 

traditional composition of LiBs containing lithium metal oxide (LiMO2) as the positive electrode, 

graphite as the negative electrode, and LiPF6 along with ethylene carbonate as electrolyte. 

Research in the last decade has focused more on decreasing the cost by introducing cheaper 

positive electrode materials like LiNixMnyCozO2 (NMC) containing less cobalt.120 

2.3.2. Major Components and Operating Principle 

As discussed briefly in previous sections, LiBs mainly composed of a negative electrode 

(anode during discharge), a positive electrode (cathode during discharge), an electrolyte, and 

separators and current collectors. Commonly, an intercalated lithium-containing transition metal 

oxide (such as LiMO2) is used as the positive electrode, graphite is used as the negative electrode, 
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and an organic solvent in which a Li compound is dissolved and used as the electrolyte. The 

discharging (forward) and charging (backward) reactions are shown in Eqs. 2.1 and 2.2. 

Positive Electrode: Li1-xMO2 +  xLi
+
 + xe-  ⇄ LiMO2  (2.1) 

Negative Electrode: LixC6 ⇄ xLi
+
 + xe- + C6 (2.2) 

Operating principle and electrode terminology: Li+ ions intercalated between the graphite planes 

of the negative electrode, are extracted during the discharge process, and dissolve in the electrolyte. 

A Li+ ion from the electrolyte solution moves into the metal oxide planes of positive electrodes to 

maintain charge neutrality. The Li+
 ions that entered into the positive electrode plane combine with 

the electrons traveling via an external circuit. The discharge process is a galvanic cell operation, 

and hence, the cathode (LiMO2) is positive, whereas the anode (graphite) is negative. The opposite 

reactions occur during the charging process, where electrons are withdrawn from the negative 

electrode (LiMO2) and combine with the traveling lithium ions at the positive electrode (graphite). 

The charging process is an electrolytic cell operation, and hence, cathode (graphite) is negative, 

whereas anode (LiMO2) is positive.112,121 The terminology of anode and cathode depends on 

whether a battery is charging or discharging. It will be easier to constantly refer, to LiMO2 as the 

positive electrode and graphite as the negative electrode, which remains the same irrespective of 

the operation the battery is performing. A schematic of a lithium-ion battery is shown in Figure 

8.122 
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Figure 8. Schematic of the operation principles for rechargeable lithium-ion batteries. 

Reprinted with permission from Madian et al. Copyright (2018), MDPI.122 

2.3.3. Types of Lithium-ion Batteries 

This work is restricted to the recovery of active metals from LIBs, and a majority of active 

metals are found in the positive electrode. Hence, this section will classify various modern LIBs 

based on active metals used in the positive intercalation electrodes (cathode during discharge). An 

intercalation electrode is a solid host network where guest ions can be inserted and removed 

reversibly without disturbing the solid structure.  

Lithium Cobalt Oxide. LiCoO2 (LCO) is one of the first commercially developed layered 

intercalation electrodes used in most commercial LiB applications.118 In LCO, Li and Co occupy 

the octahedral sites in alternating layers and form a hexagonal symmetry. Its structure is shown in 

Figure 9a.34 LCO electrodes have high theoretical capacity and low self-discharge but suffer from 
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high cost and low thermal stability. The amount of Co required in this electrode is a major reason 

behind its higher cost.34,112 

Lithium Nickel Oxide and Lithium Nickel-Cobalt-Aluminum Oxide. LiNiO2(LNO) and 

LiNixCoyAlzO2 (NCA) are structurally similar to the LCO. The presence of Ni increases the energy 

density of the electrode, decreases the cost but suffers from the lower thermal stability and 

diffusion of Ni ions along with Li during the delithiation.123 Addition of Al along with Ni improves 

the thermal stability and electrochemical performance of the standard LNO electrode. However, 

increased resistance and cracks at the solid-electrolyte interface are observed because of local 

structural changes in electrodes.124 

Lithium Manganese Oxide and Lithium Nickel-Manganese-Cobalt Oxide. LiMnO2 (LMO) and 

LiNixMnyCozO2 (NMC) are also structurally similar to the LCO electrode. These electrodes are 

promising because of cheaper and less toxic Mn.125 Although LMO suffers from structural changes 

during reversible intercalation and deintercalation, which was improved by combining LCO, LNO, 

and LMO to synthesize NMC electrode. LiNi0.33Mn0.33Co0.33O2 is the most common type of NMC 

material with wide commercial applications. NMC has a higher specific capacity than LCO while 

having lower costs because of less Co content. Numerous researchers are working towards 

improving the thermal stability, reversible cycling capacity, and power density of NMC 

electrode.126,127 

Spinel Lithium Manganese Oxide. Li2Mn2O4 (LMO) is a spinel-type material consisting of cheap 

and less toxic Mn as the active metal with Li. In this structure, Li occupies tetrahedral sites, 

whereas Mn is located in octahedral sites, as shown in Figure 9b.34 The Li intercalation and 

deintercalation happen through the vacant tetrahedral and octahedral interstitial sites in the 

structure. However, it suffers a similar problem of Mn dissolution as the layered LMO electrode. 
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Currently, various research investigations are ongoing towards improving the spinel LMO 

properties, making it one of the promising electrodes for the future.128,129 

Olivine Lithium Iron Phosphate. LiFePO4 (LFP) is a thermally stable material where large 

polyanions (PO4
3-) occupy lattice positions and increase the redox potential.130 In the olivine 

structure, Li+, and Fe2+ ions occupy octahedral sites, and P is present at tetrahedral sites in a slightly 

distorted hexagonal closed-pack oxygen structure (HCP) as shown in Figure 9c.34 A major issue 

with the LFP is the low electrical and ionic conductivity, and extensive research has continuously 

being done to improve it by carbon coating and size reduction.130,131 

 

Figure 9. Crystal structures of intercalation electrodes: (a) layered LiCoO2, (b) spinel LiMn2O4, 

and (c) olivine LiFePO4. Reprinted with permission from Nitta et al. Copyright (2015) Elsevier.34 

 

2.3.4. Degradation Mechanism of Lithium-ion Batteries 

Understanding the LIBs degradation is critical before developing the recycling process for 

it. The technology of Li+ ion reversible intercalation in electrodes has proven useful because of 

low volume expansion and contraction that provides required electrochemical and mechanical 

stability for the lifespan.132 The multiple mechanisms responsible for the degradation of LIBs are 

shown in Figure 10. However, two known mechanisms are the major factors responsible for the 

degradation of LIBs and are discussed here briefly: 
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a) Solid electrolyte interphase (SEI) layer growth: SEI is a thin passive layer formed at the negative 

electrode and liquid electrolyte interface during the first charge-discharge cycle. This layer 

commonly consists of inorganic compounds such as Li2CO3 and Li2O.133-135 The SEI is an 

electrically insulating protective layer to avoid further decomposition of electrolyte but allows the 

conduction of Li+ through it. However, the thickness of the SEI layer increases over time. This 

growth could be due to the deposit of side reaction products from metal ions leached in the 

electrolyte. Additionally, the plating of Li+ on the negative electrode at low temperatures can 

initiate side reactions that can lead to SEI growth.136 As a result of the increasing thickness of SEI, 

the free Li in the battery decreases, resulting in capacity loss.137 Thick SEI also slows down the 

charge and discharge process because of increased diffusional resistance for the available ions. 

b) Positive electrode degradation: The layered electrode structures (commonly high Ni electrodes), 

after delithiation, can decompose into disordered spinel and rock salt phases, as shown in Eq. 2.3. 

The decomposition results in the destruction of layered structures and releases oxygen inside the 

battery compartment.138,139  

LixMO2 (layered) → LixM3O4 (spinel) → LixMO (rock salt)  (2.3) 

[O] releases in each step 
 

This decomposition becomes more thermodynamically favorable at high delithiated states.139 The 

electrochemical oxidation of oxide anions within the structure can also take place, resulting in the 

collapse of layered structures into spinel or rock salt structures.140 Higher Co content is critical in 

providing chemical stability to the layered material.136  

 As discussed earlier, the LiB electrolyte is a highly reactive non-aqueous organic 

compound, LIPF6. The electrolyte can react with the available moisture to produce HF, leaching 
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the transition metal ions into the electrolyte.141,142 This can be avoided by a better design for sealing 

the LIB packs. 

 

Figure 10. Schematic showing the major degradation mechanism in a lithium-ion battery cell. 

Reprinted with permission from Edge et al. Copyright (2021), Royal Society of Chemistry136  

2.4. Recycling of Lithium-ion Batteries 

Lithium-ion batteries are consumable products with an average life span of 1-3 years. In 

the rapid growth phase of electric vehicles, LiBs production will automatically increase.143 In terms 

of the natural resource’s utilization, one ton of Li production requires 750 tons of brine, whereas 

only 28 tons of waste LiBs can produce the same amount of Li.144,145 A more significant concern 

is Co reserves, which are geographically concentrated mainly in the politically unstable 

Democratic Republic of Congo (DRC).143 Co prices have experienced long-term fluctuations over 

the past decade and have raised numerous social, ethical, and environmental concerns around the 

prevalent mining practices.143,146 Given the global impact of the LiB industry, international 

coordination is required to globally push the circular economy of metals and recycling of LiBs. 
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 Apart from the social issues, numerous environmental problems caused by landfills 

dumping of LiBs are also an area of concern. In their metallic state, active metals like Co and Ni 

have serious health hazards ranging from gastrointestinal disorders, dermatitis, and even damage 

to the nervous systems. Metallic Ni is also a known carcinogen and, once dissolved in the blood, 

can induce lung cancer. Common electrolytes used in LiBs (LiPF6 and LiClO4) are highly 

corrosive and volatile. These compounds can react with oxygen and form hazardous byproducts 

like HF, P2O5, and Li2O.31,143 Overall, LiBs discarded with no-approved guidelines can cause 

significant damage to the environment through heavy metal pollution, air pollution, water 

pollution, and may even enter the human body through the contaminated soil, air, or water. This 

could lead to severe diseases and extreme health conditions, which can even result in death.143  

 The LIB recycling technologies can be divided into three main categories: pyrometallurgy, 

hydrometallurgy, and direct recycling.31,143 Pyrometallurgy is the most flexible technology and can 

be adapted for all kinds of LIBs with minimum pre-processing. However, the high energy 

requirements and significant carbon footprint from fossil-based fuels are the major issues.147 Direct 

recycling requires physical separation methods to separate the LIB components and efficiently 

reuse the cathode after re-lithiation. However, the continuously changing cathode chemistries and 

battery designs are the major obstacles for this technology in the circular battery economy.148 For 

the recycling of predominant LCO batteries, re-lithiation via direct recycling may not be 

appropriate as the cathode composition cannot be pushed towards reducing the dependence on Co. 

Hydrometallurgy is based on wet chemistry with high efficiency in recovering pure metal 

compounds. These metal compounds can be used to synthesize new cathode materials. However, 

pre-processing and separation of individual components from spent LIBs is necessary for effective 
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metal extraction.31,149 Hydrometallurgical processes are adaptable with the continuously evolving 

cathode metal oxides formulations and can recycle the LCO batteries into NMC batteries. 

 This dissertation explores hydrometallurgical processes developed using oxalate 

chemistry. Hence, the discussion in the further sections is limited to hydrometallurgical recycling 

processes. A hydrometallurgical recycling process typically comprises both physical and chemical 

processes. The physical separation processes discussed in the following section can be employed 

in direct recycling as well.  

2.4.1 Physical Processes: Pretreatments and Separations of Electrode Material 

 Most of the spent LiBs usually contain a small charge, which is dangerous if disassembled 

directly in the air. Hence, the first and foremost step is to discharge the battery completely. After 

that, a series of pretreatment steps are commonly used to disassemble and separate the various 

components of the battery based on density, weight, shape, conductivity, or magnetic properties.31 

The pretreatment processes required will differ from manufacturer to manufacturer. Hence, a 

generalized sequence is difficult to predict, but common physical separation techniques like 

crushing, sieving, ultrasonic washing, and magnetic separations are typically used. With physical 

pretreatments, the aim is to separate materials and components with similar physical properties. 

Figure 11 contains the flowchart of typical processes used in the recycling of spent LiBs.150 As 

discussed previously, positive electrode materials contain critical metals. Hence, it is important to 

recover the positive electrode with minimal impurities (like Al, Fe, and binders). If additional 

metallic impurities are present, it can create additional complications for separating and recovering 

critical metals from electrode material in downstream processes. 
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Figure 11. Flowchart of a typical process for recycling spent LiBs. 

2.4.2. Chemical Processes: Critical Metal Recovery from Positive Electrode 

Recovery of metals from the positive electrode materials is the critical process for LiBs 

recycling. Critical metals like Li, Co and Ni are valuable, and their efficient recovery in a green 

and sustainable manner will drive the economy of such a recycling process. Therefore, the 

chemical leaching reagents and separation processes used in this step are important for the overall 

success both in terms of its global implementation and adaptability. Hydrometallurgy commonly 

involves leaching the cathode in concentrated inorganic acids like HCl, H2SO4, and HNO3 after a 

series of mechanical pretreatments to separate various components from spent LiBs.12,31 The 

dissolved metals can be recovered by multiple precipitation steps; however, the separation process 

is complex. Inorganic acid leaching processes often require the addition of a reducing agent like 

H2O2 to increase the efficiency.35,36,39,40 Under the optimum conditions reported, more than 98 

wt% of Li and Co can be recovered using these inorganic acids; however, the emission of 

pollutants like Cl2, SOx, and NOx and acidic wastewater after the leaching process pose a 

significant threat to the environment. Organic acids like acetic acid, citric acid, oxalic acid, 

succinic acid, ascorbic acid, and malic acid have also been proposed for the recovery of Li and Co 
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from LiCoO2 cathodes removed from spent LiBs.32,53,54,151-154 All of the organic acids except 

ascorbic acid and oxalic acid need an additional reducing agent like H2O2 for recovery of Co. 

Fungi and bacteria have also been used to leach Li and Co from spent LiBs cathode. These micro-

organisms produce acid, which leaches the metals from cathodic material.44,56 A summary of 

different organic acids and micro-organisms used for leaching of Li and Co from LiCoO2 is 

presented in Table 4 in Section 1.2.1.  

2.5. Extraction of Li and Co from LiCoO2 using Oxalate Chemistry 

The structure of LiCoO2 consists of layers of Li+ cations intercalated between anionic 

sheets of Co3+ and O2- ions, which are arranged in an edge-sharing octahedron.155 Cobalt exists in 

a trivalent oxidation state, and the reduction of Co3+ to Co2+ is carried out by the oxidation of C(III) 

present in C2O4
2- to C(IV) in CO2. The reduction and oxidation reactions during digestion are 

shown in Eqs. 2.4 and 2.5. The positive standard potential of both reactions indicates the 

thermodynamic feasibility of this redox couple.20 The final products after digestion in the presence 

of oxalate are a solid precipitate of CoC2O4·2H2O and Li2C2O4, which remains in solution. The 

high solubility of Li2C2O4 in the aqueous phase allows for a simple separation after the digestion 

in any oxalate containing acid. 

Cobalt Reduction: Co
3+

 + e- ⇌ Co
2+

                 E0 = 1.92 V                              (2.4) 

Oxalate Oxidation: C2O4
2-

 ⇌ 2CO2 + 2e-           E0 = 0.49 V                              (2.5) 

Oxalate can exist in solution in the following forms: H2C2O4, HC2O4
-, and C2O4

2- depending upon 

pH. The presence of other cations in the aqueous phase can also affect the speciation of oxalate. 

However, irrespective of the other cations, at a pH > 4, C2O4
2- becomes the predominant oxalate 

species in the aqueous phase (see Figure 2, oxalate ion speciation curve at 25 °C150). The possibility 

of cobalt(II) oxalate complexes containing more than two oxalate ligands increases the solubility 
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of CoC2O4·2H2O in the aqueous phase. Such complexes are usually formed in the presence of 

excess C2O4
2- ion, and hence the separation efficiency between Li and Co will be sensitive to the 

pH.156,157 The availability of oxalate in the presence of insoluble cobalt(II) oxalate in an aqueous 

environment is shown in Eq. 2.6. 

Co
2+

 + 3C2O4
2-

 ⇆ CoC2O4·2H2O(s) + 2C2O4
2-

 ⇆ Co(C2O4)
2

2- 
+ C2O4

2-
 ⇆ Co(C

2
O4)

3

4-
 (2.6) 

2.5.1. Experimental Setup for Metal Extraction Experiments 

One aim of this work was to carefully understand the mechanistic details while collecting the 

fundamental kinetic data during the metal extraction experiments. Therefore, the extraction reactor 

was specifically designed to maintain the temperature while avoiding any water loss. All 

hydrometallurgical experiments were carried out in a 1-L glass reactor enclosed in a heating jacket 

with a 5-neck DURAN® head from which two thermocouples (sensory and over-temperature), 

electric agitator, and a reflux condenser were connected. The reactor temperature was maintained 

at 100 °C throughout the metal extraction process. The stirring speed was maintained at 600 rpm 

to eliminate any external mass transfer limitations and was kept constant for all the experiments. 

A reflux condenser connected to a chiller operating at 5 °C was used to avoid the loss of water 

during the metal extraction process. From the fifth neck, a syringe was connected to withdraw 

solid and aqueous samples for characterization and measuring metal concentrations. A simple 

schematic of the reactor is shown in Section A.1 (Appendix). 

 All the hydrometallurgical experiments were carried out by heating the reagents to a set 

temperature, and then the required amount of LiCoO2 was added in the extraction reactor. The 

molar ratio between LiCoO2 and C2O4
2- (reactants and referred to as Co to oxalate ratio from here 

on) was considered important since C2O4
2-

 can act as both a chelating and reducing agent in the Li 

and Co extraction from LiCoO2. This molar ratio was used as one of the experimental variables, 
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which was optimized for maximum metal extraction. After completion of the digestion reaction, 

Li remains in the aqueous phase, whereas Co precipitates in the form of CoC2O4·2H2O. Insoluble 

CoC2O4·2H2O can be separated using vacuum filtration. 

The mixed metal oxide digestion and subsequent metal extraction is a solid-liquid reaction, 

and the reaction rate is a function of the acid concentration, temperature, solid-to-liquid ratio, and 

stirring speed. The optimum Co to oxalate ratio should be close to the stoichiometric ratio based 

on a chemically balanced digestion reaction. Solid-to-liquid (S/L) ratio of LiCoO2 to aqueous 

oxalate solution was kept constant in all the experiments at an optimum value of 15 g/L as reported 

by Zeng et al.11 

2.5.2. Materials and Materials Characterization 

 In this study commercially available LiCoO2 (99.8 %, Sigma-Aldrich), H2C2O4·2H2O 

(99.5 %, ACROS Organics), (NH4)2C2O4·H2O (99 %, ACROS Organics), H2O2 (30 %, Fisher 

Chemical) were used for the digestion reactions. The concentration of Li and Co in the aqueous 

phase was measured using inductively coupled plasma – optical emission spectrometry (ICP-OES, 

Varian/Agilent 725 ES). Solid precipitates were characterized using a powder X-ray diffraction 

technique (PXRD) on a Bruker D2 Phaser XRD instrument with a CoKα (1.78897 Å) radiation 

source. The collected patterns were matched with the patterns in ICDD database at λ = 1.78897 Å. 

Ultraviolet−visible (UV−vis) spectroscopy was used to confirm the oxidation state of cobalt metal 

present in the aqueous phase and was performed using a Vernier UV−vis spectrophotometer 

(220−850 nm). Additional details about the instruments can be found in Section A.1 (Appendix). 

2.5.3. LiCoO2 in Oxalic Acid 

 Oxalic acid (H2C2O4, OA) is the simplest oxalate and is the most acidic among all oxalate 

containing acids (pKa1 = 1.23 and pKa2 = 4.19 at 25 °C). The complete digestion reaction of LiCoO2 
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with H2C2O4 is summarized in Eq. 2.7. The Co to oxalate molar ratio according to the 

stoichiometry in the balanced reaction is 1:2 Co:OA. The effect of oxalate concentration on the 

metal extraction efficiency was investigated at 1:1.5, 1:2, 1:3, and 1:4 Co to oxalate molar ratios 

(Co:OA). These ratios are equal to 0.23 M (1:1.5 Co:OA), 0.30 M (1:2 Co:OA), 0.46 M (1:3 

Co:OA), and 0.61 M (1:4 Co:OA) of oxalic acid maintaining 15 g/L S/L ratio in the aqueous phase. 

The Co to oxalate molar ratio was varied to find an optimum ratio for efficient digestion and 

separation between Li and Co, keeping other reaction parameters constant. Figure 12a summarizes 

the metal extraction kinetics and efficiency from LiCoO2 by varying the Co to oxalate molar ratios. 

The temperature in all the metal extraction experiments was kept constant at 100 °C; S/L ratio was 

maintained at 15 g/L, and the agitator speed was set at 600 rpm. 

4H2C2O4(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2CO2(aq)   (2.7) 

As shown in Figure 12a, maintaining the Co to oxalate molar ratio at 1:3 (Co:OA 1:3) and 1:4 

(Co:OA 1:4), produced similar kinetic performance and extraction efficiencies indicating the 

requirement of excess oxalate for a complete separation of Li and Co. In both cases, more than 90 

wt% of Li was extracted into the aqueous phase in a 2 h digestion, whereas less than 2 wt% of Co 

was extracted. This led to the precipitation of the remaining Co in the form of CoC2O4·2H2O 

confirmed by the XRD pattern shown in Figure 13. Sun and Qiu, and Zeng et al., have reported 

more than 97 wt% recovery of Li and Co under similar reaction conditions of 1 M H2C2O4 and 

high temperature (>80 °C).11,12 In our work, a similar Li and Co recovery was obtained at a lower 

concentration of H2C2O4 (0.46 M), which explains the importance of using S/L ratio and Co to 

oxalate ratio to find the optimum concentration. For metal extractions using micro-organisms, 

more than 90 wt % recovery of Li was observed at even a lower temperature (<50 °C), but the 

reaction duration was longer.44,56 For Co to oxalate (Co:OA) molar ratios of 1:2 and 1:1.5, 
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incomplete digestion was observed, where Li extraction was found to be only 81 wt% and 73 wt%, 

respectively. Solid precipitates from the Co:OA 1:2 and Co:OA 1:1.5 digestions were found to be 

a mixture of unreacted LiCoO2 and CoC2O4·2H2O. The XRD results are summarized in Figure 14. 

For the Co:OA 1:1.5 and Co:OA 1:2 digestions, higher concentration of Co was measured in the 

aqueous phase that produced a light pink color. Increasing the Co to oxalate molar ratio requires a 

higher acid concentration, which leads to a faster and more efficient extraction of metals into the 

aqueous phase. In addition, at higher H2C2O4 concentrations (Co:OA ≥ 1:3), no CoC2O4·2H2O 

dissolved in the solution; however, at lower H2C2O4 concentrations (Co:OA ≤ 1:2) when the 

solution is less acidic, CoC2O4·2H2O dissolution was observed. Similar phenomena for 

CoC2O4·2H2O dissolution at lower oxalic acid concentration was observed by Sun and Qiu as 

well.12 

2.5.4. LiCoO2 in Ammonium Hydrogen Oxalate 

 A major advantage for using ammonium hydrogen oxalate (NH4HC2O4, AHO) as the 

oxalate reagent was to create a closed-loop process so that the AHO could be efficiently recovered 

and recycled for additional cycles. A closed-loop metal recovery process was demonstrated by 

Corbin et al. using AHO for Ti and Fe extraction and separation from ilmenite (FeTiO3).
16 AHO 

is a monoprotic acid, whereas OA is a diprotic acid. Hence, a higher concentration of AHO will 

be required for efficient metal extraction. In this work, the extraction using Co to oxalate molar 

ratio of 1:4 was attempted with AHO, and the results were compared to the Co:OA 1:4 digestion. 

The other reaction parameters (T = 100 °C, S/L = 15 g/L, agitator speed = 600 rpm) were kept 

constant similar to the OA experiments. The Li and Co extraction reaction from LiCoO2 using 

AHO is shown in Eq. 2.8.  

8NH4HC2O4(aq) + 2LiCoO2 (s) ⇆  Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 4(NH4)
2
C2O4(aq) + 2CO2(aq) (2.8) 



59 

 

 

Figure 12. (a) Li and Co metal concentration as a function of time in the aqueous phase at Co:OA 

ratios of 1:4, 1:3, 1:2, 1:1.5 and Co:AHO 1:4 (b) pH as a function of time in the aqueous phase at 

Co:OA ratios of 1:4, 1:3, 1:1.5 and Co:AHO ratio of 1:4 at T = 100 °C. 
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The metal extraction kinetics and yield are shown in Figure 12a. The Li metal extraction 

kinetics for AHO is slower than for the OA (Co:OA 1:4), and the metal extraction efficiency only 

reached about 90 wt% after 5 h. Another important difference between the AHO and OA 

extractions (Co:OA 1:4) was the physical appearance of the aqueous phase. The aqueous phase 

from the AHO extractions had a dark pink color (Figure 15) due to the 25 wt% of Co dissolved in 

the solution. The higher concentration of Co in the aqueous phase for the AHO extraction required 

an additional Co precipitation step for the complete separation. This precipitation process is 

discussed in Chapter 4.  

 The higher concentration of Co in the aqueous phase is a result of the complexation of 

CoC2O4·2H2O, as shown in Eq. 2.6. Also, in the Co:OA 1:1.5 and Co:OA 1:2 extractions, a 

significant amount of Co was measured in the aqueous phase, as shown in Figure 12a. Therefore, 

to develop a better understanding, the pH of both OA and AHO extractions were measured as a 

function of time and plotted as shown in Figure 12b. It is apparent that the amount of Co dissolved 

in the aqueous phase via CoC2O4·2H2O complexation is a function of the pH. This experimental 

observation supports our claim that at higher acidity (pH > 4.2), C2O4
2- is the predominant oxalate 

species in the aqueous phase, which forms soluble cobalt complexes (CoC2O4·2H2O) consisting 

of anions such as Co(C2O4)
2

2- 
and  Co(C

2
O4)

3

4-
.11,150  

 2.5.5. Importance of pH in the Efficient Li and Co Separation 

 It is apparent from Figures 12a and 12b that the lower the pH or higher the acid 

concentration, the more efficient the separation between Li and Co. However, using a concentrated 

acid will increase the total operating cost for the process; therefore, the effect of pH on the 

dissolution of Co in the aqueous phase was studied by spiking the pH with acid and base during 

the extractions. During the Co:OA 1:4 extraction, 0.5 g of NaOH (in pellets form) was added to  
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Figure 15. Physical appearance of the filtrate recovered in extractions from (a) oxalic acid (Co:OA 

1:1.5) and (b) ammonium hydrogen oxalate (Co:AHO 1:4). 

the reactant at 1.3 h as shown in Figure 16a. Due to the addition of a base, the pH increased from 

1.5 to 3.5, and the Co concentration in the aqueous phase increased from around 2 wt% to 20 wt% 

within one hour, which provides evidence of the sensitivity of cobalt oxalate complexation to the 

pH of digestion. Oxalic acid was also added to the 1:4 Co:AHO digestion, and similarly, Co 

concentration in the aqueous phase decreased, as shown in Figure 2b. The AHO digestion shown 

in Figure 16b had an initial Co to oxalate molar ratio of 1:2.2 and a pH of 2.5, which increased to 

a pH of 4.75 in 3 h with a concentration of 80 wt% of Li and 20 wt% of Co in the aqueous phase. 

Upon addition of 0.5 g of OA, the pH decreased to 3.5 and immediately dissolved Co from the 

cobalt oxalate complexation began to precipitate, which reduced the concentration in the aqueous 

phase to 10 wt%. The extractions were continued for an additional 4 h and as additional protons 

were consumed, the pH of the aqueous phase increased again, leading to an increase in the Co 

concentration in the solution. Overall, from both Figures 16a and 16b, it is apparent that to 

minimize the cobalt oxalate complexation, a pH < 2.5 is required, which results in an efficient 
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separation of Li and Co after extraction from LiCoO2. Similar pH-dependent metal oxalate 

chemistry is expected if other cathodic materials containing Ni and Mn as active metals are treated 

with oxalate reagents.150,156 The LiCoO2 in the presence of AHO and a Co to oxalate molar ratio 

of 1:4, 20 to 23 wt% of the Co was extracted into the aqueous phase. In order to separate additional 

Co, the pH was reduced using both OA and H2SO4. In both cases, pure CoC2O4·2H2O precipitated 

from the filtrate providing an additional method for recovery of Co from the aqueous solution. 

2.5.6. Mechanistic Insights and the Identification of an Intermediate 

 In all the extractions experiments of Li and Co from LiCoO2 in both OA and AHO, the 

aqueous phase turned green within about 30 to 45 mins after starting the digestion and then slowly 

became light pink (OA) to dark pink (AHO) in color as the extraction proceeded towards 

completion. To identify the intermediate and final species present in the aqueous phase, absorbance 

was measured in the visible region, as shown in Figure 17. For the green-colored intermediate, 

peaks at 400 nm and 600 nm were observed whereas for the final pink-colored aqueous phase, 

peaks at 520 nm and 650 nm were observed. Adamson and Sporer report that the maximum 

absorbance peaks of a 0.1 M K3[Co(C2O4)
3

 
] solution at 420 and 605 nm.2,158 Although the peaks 

are slightly shifted, the similar green colored solution and the possibility of a Co3+ ion 

complexation suggests the formation of a [Co(C2O4)
3

 
]
3-

 intermediate at 30 to 45 mins. The peak 

shift for maximum absorbance was attributed to the difference in the cation, which can lead to a 

higher energy gap between the bonding and antibonding orbital of Li3[Co(C2O4)
3

 
](aq) compared 

to the energy gap in K3[Co(C2O4)
3

 
](aq). Concerning the final pink-solution, Co2+ ion is reported 

to have a maximum peak absorption at a wavelength of 520 nm.159,160 In the work by Majumdar et 

al., electronic absorption spectra of Co2+ in [(CH3)
3
NH]CoCl3·2H2O were reported with two peaks  
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Figure 16. Impact of pH on Li and Co metal concentration as a function of time in the aqueous 

phase at T = 100 °C, S/L = 15 g/L, and agitator speed = 600 rpm for (a) the addition of NaOH at 

Co:OA ratio of 1:4 and (b) the addition of OA at Co:AHO ratio of 1:2.2. 
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at the wavelengths of 520 nm and 610 nm.161 Hence, the information from the earlier work supports 

the formation of a Co2+ complex upon the dissolution of CoC2O4·2H2O in excess C2O4
2-

 anion. The 

final Co(II)-oxalate complexes imparting a pink color to the solution is due to the formation of 

[Co(C2O4)
2

 
]
2-

 and [Co(C2O4)
3

 
]
4-

species in the aqueous phase.  

These observations and measurements support that the reaction between LiCoO2 and 

oxalate reagents begins with the extraction of Co3+, followed by the reduction to Co2+ with 

oxidation of the C2O4
2-

 anion into CO2 (Eqs. 2.6 and 2.7) followed by Co2+ precipitating in the 

form of CoC2O4·2H2O. In addition, the extraction, reduction, and precipitation processes are 

assumed to be simultaneous and fast because the Co concentration in the aqueous phase remains 

low. The XRD patterns of the solid phase, which was withdrawn from the reactor during the 

extraction, are shown in Figure 18 and indicate that CoC2O4·2H2O precipitates from the reaction 

even at an early time (i.e., t ≤ 30 min). 
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Figure 17. Absorbance measurement for the aqueous phase at 30 min (a) and at the end (b) for 

Co:OA 1:1.5 extraction experiment 

.
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2.5.7. LiCoO2 in Oxalic Acid and Hydrogen Peroxide 

Extraction of Li and Co from LiCoO2 using oxalic acid at a Co to oxalate molar ratio of 

1:3 provides efficient recovery and separation. A 1.5 molar equivalent of C2O4
2-

 is required for Li+ 

and Co2+ cations as shown in Eq. 2.7. An additional 0.5 molar equivalent of C2O4
2-

 is used for the 

reduction of Co3+; therefore, an external reducing agent like H2O2, reduces the consumption of 

H2C2O4. The H2O2 can act both as an oxidizing agent and a reducing agent, as shown in Eqs. 2.9 

and 2.10.10,66,67 

H2O2 Reduction: H2O2 + 2H
+
+ 2e

-
 ⇌ 2H2O           E

0
 = 1.763 V  (2.9) 

H2O2 Oxidation: H2O2 ⇌ O2 + 2H
+
+ 2e

-
               E

0
 = -0.68 V (2.10) 

Based on the standard potentials shown in Eqs. 2.9 and 2.10, it is evident that the H2O2 reduction 

is thermodynamically more feasible than the oxidation. Based on these potentials, even if the H2O2  

oxidation is coupled with a feasible Co3+ to Co2+ reduction, the H2O2 reduction will still occur; 

therefore, an excess of H2O2 was used in order to provide a sufficient amount of reducing agent 

for converting the available Co3+ into Co2+. 

To determine the optimum amount of H2O2 required, the Co to oxalate molar ratio was 

kept constant at 1:1.5, and the Co to H2O2 molar ratio was varied from Co:OA:H2O2 1:1.5:0 to 

1:1.5:3. The Li extraction for the Co:OA:H2O2 1:1.5:3 case, reached 95 wt% after 3 h, whereas in 

the Co:OA:H2O2 1:1.5:0 and Co:OA:H2O2 1:1.5:2 cases, the Li extraction reached about 67 wt% 

and 78 wt%, respectively as shown in Figure 19. The Co:OA:H2O2 1:1.5:3 extraction had a 1:3 Co 

to H2O2 molar ratio, which was enough for efficiently extracting Li from the starting cathodic 

material. For the Co:OA:H2O2 1:1.5:3 case, the lowest amount of Co (< 4 wt%) was dissolved in 

the aqueous phase, resulting in an efficient one-step separation of Li and Co.  
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Figure 19. Li and Co metal concentration as a function of time in the aqueous phase using OA and 

H2O2 at Co:OA:H2O2 ratios from 1:1.5:0 to 1:1.5:3 at T = 100 °C, S/L = 15 g/L, and agitator speed 

= 600 rpm. 

2.5.8. LiCoO2 in Sodium Hydrogen Oxalate and Potassium Hydrogen Oxalate 

The alkali metal hydrogen oxalates like NaHC2O4 (NaHO) and KHC2O4 (KHO) can be 

synthesized using the respective oxalate compounds (M2C2O4) and H2C2O4 as shown in Eq. 1.2. 

In comparison to the AHO, NaHO and KHO have a higher operating pH because of the increased 

cation size. As discussed in Section 2.5.5, a high operating pH during the Li and Co extraction 

from LiCoO2 will lead to a higher amount of Co being dissolved in the aqueous phase. The 

extraction kinetics will also be slower as the H+ concentration plays a significant role in initiating 

the extraction process by weakening the Co-O bond present in LiCoO2. To confirm the importance 

of H+, a metal extraction was attempted with only Na2C2O4 as the reagent. In this experiment, no 

Li and Co were leached in the aqueous phase. Because of the higher operating pH that results in 
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low H+ concentration, the metal extractions using KHC2O4 and NaHC2O4 were not preferred for 

LiCoO2. 

2.6. Conclusions  

In summary, critically important metals, such as Li and Co, can be recovered efficiently 

from spent LiCoO2 cathodes of LiBs using an environmentally-friendly process based on oxalate 

chemistry. In this work, a thorough investigation was conducted to understand the effect of 

important reaction parameters for Li and Co separation using oxalic acid and ammonium hydrogen 

oxalate. To achieve an efficient separation between Li and Co using oxalate chemistry, the acidity 

during the digestion should be below a pH of 2.5 to avoid the complexation and dissolution of 

CoC2O4·2H2O. To minimize the use of oxalic acid, an external reducing agent like hydrogen 

peroxide can be added, which slows the CoC2O4·2H2O precipitation. However, the Li and Co 

extractions using hydrogen oxalate reagents like ammonium hydrogen oxalate may not be suitable 

because of poor separation efficiency between Li and Co. To gain mechanistic insight into the Co 

extraction and precipitation, green-colored intermediate from the aqueous phase was isolated and 

identified as [Co(C2O4)
3

 
]
3-

. From this investigation, the Co3+ extraction, reduction to Co2+, and 

further precipitation were confirmed to occur simultaneously. A current challenge for 

commercializing this chemistry is the development of an efficient, cost-effective process for the 

recovery and recycling of oxalate and preferably oxalic acid. The discussions around the Li 

precipitation and oxalate recovery will be covered in future chapters. This simple and novel 

process using oxalic acid provides an efficient, sustainable, and environmentally-friendly route for 

recovering and separating critical and precious metals such as Li and Co. This sustainable oxalate-

based process chemistry can also be applied to a number of other mixed metal oxide sources like 
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bauxite and ilmenite ores and other types of spent LiBs cathodes for metals recovery and 

separation, as shown in future chapters. 
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Chapter 3. An Improved Oxalate Process for Recycling of 

Lithium-ion Batteries Cathode 

 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter are adapted from the following published article: 

Verma, A., Corbin, D.R., & Shiflett, M.B., Lithium and Cobalt Recovery for Lithium-Ion Battery 

Recycle using an Improved Oxalate Process with Hydrogen Peroxide. Hydrometallurgy 2021, 

105694 
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Chapter 3 

“Discovery consists of seeing what everybody has  

seen and thinking what nobody has thought.” 

- Albert Szent-Györgyi (Biochemist, Nobel Prize Winner)  

 

3.1. Abstract 

Lithium cobalt oxide (LiCoO2) is the first and most commercially successful form of 

layered transition metal oxide cathode used in lithium-ion batteries (LIBs). Recycling LiCoO2 

cathode is critical for stabilizing the Li and Co economy. In this work, a kinetic investigation of a 

closed-loop oxalate-based process for recovery and separation of Li and Co from LiCoO2 has 

been developed. Metal extraction from LiCoO2 is a non-catalytic solid-liquid reaction with both 

solid and aqueous products. To understand the kinetics and identify the rate-limiting mechanism, 

a combined shrinking core model (cSCM) was used for LiCoO2 digestions. LiCoO2 in the 

presence of aqueous oxalic acid (H2C2O4) at the optimum concentration of 0.46 M and 100 °C, 

resulted in efficient extraction and separation of Li and Co. Diffusion of H2C2O4 into LiCoO2 

occurs through a product layer of cobalt oxalate dihydrate (CoC2O4·2H2O) that forms on the 

surface, and this process was identified as rate-limiting. The CoC2O4·2H2O was precipitated in a 

micro-rod morphology when 0.46 M hydrogen peroxide (H2O2) was added along with 0.23 M 

H2C2O4 and the reaction was carried out at a temperature of 55-75 °C. In this case, the chemical 

reaction at the LiCoO2 surface was identified as the rate-limiting step. Addition of H2O2 results 

in a 33% reduction in the overall activation energy, a 50% reduction in energy consumption, and 

a 13% reduction in the cost of reagents. This work signifies the importance of a cost-effective, 

environmentally-friendly, and energy-efficient process for recovering critical metals such as Li 

and Co from spent LIB cathodes. 
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3.2. Introduction 

Oxalic acid has tremendous potential for developing environmentally-friendly critical 

metal recovery processes. The oxalate anion (C2O4
2-), which is a bidentate ligand, can donate two 

pairs of electrons to a metal ion.150 The oxalate anion chelating properties can easily form 

complexes with many of the critical metal ions with varying degrees of solubility in water. This 

difference in water solubility plays a major role in the separation and recovery of Li and Co from 

used LiCoO2 cathodes. The lithium oxalate (Li2C2O4) is soluble in water while the cobalt oxalate 

dihydrate (CoC2O4·2H2O) is insoluble. This difference in oxalate solubilities allows for an 

efficient and easy solid-liquid separation of Li and Co using a hydrometallurgical extraction 

process.150,162 To reuse Co in the manufacturing of LiBs, battery-grade Co with >99.9% purity 

needs to be the final product of a recycling process.163 A one-step metal separation and 

precipitation process during the extraction increases the possibility of producing a battery-grade 

purity for the final products. The reaction conditions, mechanism, and the economics for an 

oxalate-based process for separation and recovery of Li and Co from LiCoO2 were discussed in 

detail in Chapter 2.162 

Leaching kinetics for the metals in hydrometallurgical processes can identify the 

mechanism of metal extraction and elucidate the interaction between aqueous reactants and the 

reacting solid. This is the first study of the Li extraction mechanism from LiCoO2 in aqueous 

H2C2O4 (OA). Metal extraction from LiCoO2 falls under the classification of a non-catalytic solid-

liquid (S-L) reaction with solid and aqueous products. This type of system involves five 

mechanistic steps: (1) diffusion of the oxalate reactant through the aqueous film and porous 

product layer surrounding the solid particle, (2) adsorption of the oxalate reactant at the solid 

reacting core surface, (3) chemical reaction with the solid reacting core, (4) desorption of the 
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product from the solid surface, and (5) diffusion of the product from the solid surface through the 

porous product layer (product and inert reactant) and aqueous film. Among these consecutive 

steps, if one of the steps is slower than the others, that step becomes rate-limiting. LiCoO2 is a 

low-porosity material, which makes it impervious to the aqueous oxalate reactant, and as such the 

reaction begins at the solid surface and a product layer forms at the interface between the solid 

surface and the aqueous reactant layer. This confines the reaction zone to the interface between 

the unreacted solid surface and the porous product layer. For such cases, the shrinking core model 

developed by Yagi and Kunii can be applied.164 

The shrinking core model (SCM) has been previously applied by other researchers to 

investigate the metal extraction kinetics for cathodic materials using various acids. For example, 

Gao et al. evaluated the metal extraction kinetic mechanism of a spent LiNi0.33Mn0.33Co0.33O2 

(NMC) cathode with acetic acid. The group identified the rate-limiting step to be the ion diffusion 

in the residue layer.165 SCMs have also been used by Yuliusman et al. and Takacova et al. to 

understand the kinetic mechanism of metal extraction for spent LiCoO2 cathodes with nitric and 

sulfuric acid, respectively.166,167 In addition, SCMs have been used to understand the leaching of 

lead from galena with ferric chloride in sodium chloride solutions and nickel from spent 

NiO/alumina catalyst in sulfuric acid.168,169 In this work, to understand the Li extraction kinetics 

from LiCoO2 using aqueous H2C2O4 (both with and without H2O2), a SCM was used to guide the 

fundamental understanding of the mechanism and determine the rate-limiting step. To the best of 

our knowledge, no kinetic study of LiCoO2 using aqueous H2C2O4 (with or without H2O2) has 

been performed to understand the S-L interfacial phenomenon. This kinetic study is a continuation 

of the work in Chapter 2 and provides a detailed kinetic model for Li and Co extraction from 

LiCoO2 using H2C2O4 and H2C2O4 + H2O2. 
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3.3. Metal Extraction Study and Kinetics Measurement 

Hydrometallurgical experiments were carried out using aqueous H2C2O4 or H2C2O4 + H2O2 

by adding LiCoO2 after reaching the setpoint temperature. The molar ratio between LiCoO2 and 

C2O4
2- is important and was set at 1:3 (in the absence of H2O2) based on an optimization study 

from Chapter 2.162 Solid-to-liquid (S/L) ratio is also an important parameter that indicates the 

amount of solid LiCoO2 added to the aqueous reagent solution. For the experiments in this work, 

the S/L ratio was 15 g/L; therefore, to maintain a LiCoO2 to C2O4
2- molar ratio of 1:3, 0.46 M of 

H2C2O4 was required. When using an additional reducing agent such as H2O2 in combination with 

H2C2O4, a LiCoO2 to C2O4
2- molar ratio of 1:1.5 was required with a LiCoO2 to H2O2 molar ratio 

of 1:3. This corresponds to a concentration of 0.23 M H2C2O4 and 0.46 M H2O2 to maintain a S/L 

ratio of 15 g/L. 

3.3.1. Materials 

Commercial-grade lithium cobalt oxide (LiCoO2, Sigma-Aldrich 99.8%), H2C2O4·2H2O 

(99.5%, Acros Organics), H2O2 (30 wt %, Fisher Chemical), and deionized water were used for 

the hydrometallurgical experiments. 

3.3.2. Characterization 

 The aqueous phase metal concentrations were measured using a Varian/Agilent 725 ES 

inductively coupled plasma - optical emission spectrometer (ICP-OES). Solid samples were 

characterized on a Bruker D2 phaser powder X-ray diffraction (PXRD) with a Co Kα radiation 

source (λ = 1.78897 Å). The source voltage and current were set at 30 kV and 10 mA, respectively. 

For probing the solid phase morphology, a FEI 3D Dual Beam scanning electron microscope 

(SEM) was used. To identify the oxidation state of Co on the surface of solid particles, an X-ray 

photoelectron spectrometer (XPS) (PHI 5000 VersaProbe II) operating under ultrahigh vacuum (1 
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× 10−9 bar) with an AlKα X-ray source and a monochromator was used. The X-ray beam size was 

100 μm, and survey spectra were recorded with a pass energy (PE) of 117 eV, step size of 1 eV, 

and a dwell time of 20 ms. 

The tapped density for the solids was measured by filling a graduated cylinder with a 

known amount of material. The filled cylinder was gently tapped multiple times with an initial 

height of 5 cm to standardize the measurement. The final volume occupied by the solids was 

measured to calculate the tapped density. The tapped density measurement was repeated five times, 

and the average has been reported. 

3.3.3. Shrinking-Core Model: Fundamentals 

The digestion of LiCoO2 with aqueous H2C2O4 is shown by Eq. 3.1, where Li and Co are 

separated into aqueous (Li2C2O4) and solid phases (CoC2O4·2H2O), respectively.162 LiCoO2 is a 

layered intercalated material where Li and Co occupy the octahedral sites in alternating layers and 

form a hexagonal symmetry.170 The Co extraction process involves the chelation and subsequent 

reduction of the Co3+ ion resulting in the precipitation of a stable CoC2O4·2H2O. The redox 

equations involved in this process are summarized in Eqs. 3.2 and 3.3 

4H2C2O4(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2CO2(aq) (3.1) 

Cobalt Reduction: Co
3+

 + e- ⇌ Co
2+

 E0 = 1.92 V   ΔG° = -185.25 kJ (3.2) 

       Oxalate Oxidation: C2O4
2-

 ⇌ 2CO2 + 2e- E0 = 0.49 V ΔG° = -94.55 kJ (3.3) 

As discussed previously, the Li extraction from LiCoO2 using aqueous H2C2O4 can be 

classified as a non-catalytic S-L reaction with solid (e.g., CoC2O4·2H2O) and aqueous (e.g., 

Li2C2O4) products. A combined shrinking core model (cSCM) was developed to understand the 

kinetics and identify the rate-limiting step for Li extraction while the solid product (CoC2O4·2H2O) 

is forming on the surface of the LiCoO2. In cSCM, the LiCoO2 particles are assumed spherical 
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with a diameter that decreases with time, and the CoC2O4·2H2O layer is assumed to form uniformly 

around the core. The consumption of LiCoO2 as the reaction progresses depicts the shrinking core. 

The formation of an inert CoC2O4·2H2O layer around the spherical shrinking core resembles an 

ash-layer model. The shrinking core and formation of an inert product layer simultaneously during 

leaching can be modeled using the cSCM. The SCM originally derived by Yagi and Kunii, 

describes the rate of Li extraction as being limited by the slowest of the three simultaneous kinetic 

processes occurring during the extraction: (1) diffusion of the H2C2O4 within the liquid film 

surrounding the particle, (2) diffusion of the H2C2O4 through the CoC2O4·2H2O product layer 

formed around the core, or (3) chemical reaction of the H2C2O4 with LiCoO2 at the surface of the 

core.164 To identify the rate-limiting step, the kinetic model was fitted to the experimental data, 

and the controlling mechanism was defined by the model that best fits the data. Several researchers 

have used this method to investigate the kinetics of hydrometallurgical processes;165-167 however, 

this method of fitting individual kinetic models has certain drawbacks. For example, the correlation 

coefficients of different kinetic models are often similar and as a result, the wrong rate-limiting 

step might be identified. Also, fitting individual kinetic models prevents the identification of a 

mixed control mechanism that is possible in numerous hydrometallurgical systems. To overcome 

these deficiencies, a cSCM was developed:153,168 

 
t = τR [1-(1-X)

1

3]  + τP [1-3(1-X)
2

3 +2(1-X)
1

3] + τFX (3.4) 

where, τR is the time required for complete conversion under the chemical reaction control model, 

τP is the time required for complete conversion under the diffusion through product layer control 

model, and τF is the time required for complete conversion under the diffusion through film layer 

control model. The variables (τR, τP and τF) can be used as the constants for the individual kinetic 
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models and X is the fraction of Li extracted at time t. The individual kinetic models were developed 

by Yagi and Kunii.164 

The X versus time data were collected experimentally and the model parameters were fit 

using the method of least squares. The method of least squares and the standard error calculations 

for the cSCM are described in the Section A.3. (Appendix). In some cases, only one rate-limiting 

mechanism was found (i.e., only one fitting parameter was nonzero) and in other cases, a mixed-

control mechanism (i.e., more than one fitting parameter was nonzero) fit the experimental data 

best. The cSCM model eliminates the need to fit individual kinetic models and can help identify 

mixed-control mechanisms. 

3.3.4. LiCoO2 in aqueous H2C2O4 as a function of temperature 

To investigate the kinetics and identify the rate-limiting step for Li extraction, LiCoO2 was 

digested in aqueous H2C2O4 at temperatures of 65°C, 75 °C, 85 °C, and 100 °C as shown in Figure 

20. The experimental Li extraction kinetics at different temperatures were fitted with the cSCM 

model shown in Eq. 3.4. The model parameters that provided the best fit are shown in Table 11, 

along with the standard regression error. The nonzero value for τP indicates that the digestion of 

LiCoO2 at temperatures between 65 °C and 100 °C is limited by the diffusion of H2C2O4 through 

the solid product layer of CoC2O4·2H2O. It should also be noted that the sum of the model 

parameters (τR + τP + τF) indicate the time required for Li conversion (X) to reach complete 

extraction (X = 1). The decreasing τP value with increasing temperature, as shown in Table 11, 

agrees with the expected result of a faster rate at higher temperatures. The identification of the 

rate-limiting step as the diffusion of H2C2O4 through the CoC2O4·2H2O product layer suggests a 

shell-core model for modeling the digestion. In order to confirm this hypothesis, the agitation 

speed was varied to eliminate bulk diffusion limitations. 
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Figure 20. Li extraction efficiency as a function of time in the aqueous phase at Co:OA ratio = 

1:3, S/L = 15 g/L, agitation speed = 600 rpm, and various temperatures (65 °C - ➕; 75 °C - ▲; 85 

°C - ■ and 100 °C - ●). Each spline curve corresponds to the best fit. 

 

 

Table 11. Model parameters for the cSCM shown in Figure 20. 

Temperature 

(°C) 

Model parameters for 

the best fit 
Standard 

Error 

(min) 

Apparent Rate Constant (min-1) 

(
𝟏

τR+τP+ τF 
) τR 

(min) 

τP 

(min) 

τF 

(min) 

100 0 75.7 0 3.4 0.013 

85 0 160.8 0 6.9 0.0062 

75 0 284.8 0 3.7 0.0035 

65 0 587.2 0 5.7 0.0017 
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3.3.5. LiCoO2 in aqueous H2C2O4 as a function of agitation speed 

The Li extractions shown in Figure 20 were run at an agitation speed of 600 rpm. In order 

to evaluate whether any bulk diffusion limitations occur in the extraction reactor, agitation speed 

was varied from 125 to 875 rpm, as shown in Figure 21. An optimum agitation speed is required 

to ensure uniform concentration and temperature of the aqueous reactant. The bulk diffusion 

limitation can arise from the concentration gradient present in the aqueous reactant phase. The 

other operating parameters (Co:OA molar ration = 1:3, S/L ratio of 15 g/L, and T = 90 °C) were 

kept constant. The Li extraction kinetics at speeds above 200 rpm were the same confirming that 

there were no bulk diffusion effects. Greater than 90 wt% of the Co was present in the solid phase 

as CoC2O4·2H2O with less than 5 wt% of Co present in the aqueous phase. The average τP was 

101.76 ± 2.69 min for the cSCM model fit to the Li digestion kinetics over the range of agitation 

speeds from 200 to 875 rpm as shown in Figure 21 and Table 12. The other model parameters (τR 

and τF) were essentially zero indicating the rate-limiting step to be the diffusion of H2C2O4 through 

the CoC2O4·2H2O layer. The minor differences in τP values at agitation speeds higher than 200 

rpm confirm the only rate limitation is due to the slow diffusion of H2C2O4 through the 

CoC2O4·2H2O product layer. Even at a low speed of 125 rpm, τP was the only non-zero parameter 

with a value of 189 min. The higher value of τP at the lowest speed (125 rpm) indicates the presence 

of an additional bulk diffusion limitation because of inefficient mixing. This hypothesis was also 

tested by starting with an agitation speed of 125 rpm and then increasing the speed to 600 rpm 

after about 0.75 h ( data points in Figure 21). The Li extraction kinetics followed the 125 rpm 

kinetics initially and, after increasing the speed, followed the same kinetics as the 600 rpm 

experimental data. This confirms the presence of a bulk diffusion limitation along with the 

resistance from the solid CoC2O4·2H2O product layer for the diffusion of H2C2O4 at the low speed 
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of 125 rpm. The bulk diffusion limitation in the reactor can be eliminated by operating at an 

agitation speed above 200 rpm. 

 

 

 

 

Figure 21. Metal extraction efficiency as a function of time in the aqueous phase at Co:OA ratio 

= 1:3, S/L = 15 g/L, various agitation speeds (125 rpm, Li - ▲, Co - △; 200 rpm, Li - ◆, Co - ◇; 

350 rpm, Li - ■, Co - □; 600 rpm, Li - ●, Co - ○; 875 rpm, Li - ✚, Co - ; 125 to 600 rpm, Li - , 

Co - ) and T = 90 °C. Arrow indicates t = 0.75 h when agitation speed was increased from 125 

rpm to 600 rpm. 
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Table 12. Model parameters for the cSCM shown in Figure 21. 

Agitation 

Speed (rpm) 

Model parameters for the 

best fit Standard 

Error (min) 

Apparent Rate 

Constant (min-1) 

(
𝟏

τR+τP+ τF 
) 

τR 

(min) 
τP (min) 

τF 

(min) 

875 0 102.1 0 3.1 0.0098 

600 0 98.1 0 3.7 0.010 

350 0 101.2 0 4.2 0.0098 

200 0 105.6 0 3.5 0.0095 

125 0 189.1 0 4.9 0.0053 

125/600 0/0 192.5/103.7 0/0 - - 

 

3.3.6. Core-Shell Model 

Based on the absence of any bulk diffusion limitation in the reactor, a solid intermediate 

consisting of a LiCoO2 core with a CoC2O4·2H2O shell is possible. To confirm the presence of this 

CoC2O4·2H2O shell, PXRD and XPS were performed on the starting LiCoO2 reactant (Sample A), 

solid intermediate withdrawn from the digestion reactor at t = 15 min (Sample B), and the solid 

product recovered at the end of the reaction (Sample C). These samples were taken from the metal 

extraction experiment of LiCoO2 with aqueous H2C2O4 at a Co:OA ratio = 1:3, S/L = 15 g/L, 

agitation speed = 600 rpm, and T = 100 °C. 

The PXRD patterns collected for the three samples are provided in Figure 22. Sample A 

and Sample C were confirmed as pure LiCoO2 and CoC2O4·2H2O, respectively. Sample B was 

confirmed to be a mixture of both LiCoO2 and CoC2O4·2H2O supporting the hypothesis that a 

solid intermediate layer (i.e., CoC2O4·2H2O shell) forms around the LiCoO2 core. 

XPS has a probing depth of less than 10 nm and can provide information on the surface 

composition. XPS spectra, along with the peak fitting in the Co 2p region (770-815 eV), are shown 

in Figures 23-25.  As expected, Sample B (Figure 24) and Sample C (Figure 25) showed similar 
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spectra in the binding energy range of 770-815 eV with Co 2p1/2 and Co 2p3/2 peaks at 797 eV and 

782 eV, respectively, with their shake-up satellite peaks at approximately 5 eV above the Co 2p 

peaks. In sample B (solid intermediate at t = 15 minutes), CoC2O4·2H2O should be the only 

compound present at the surface and should show signals corresponding to Co2+. Sample C was 

confirmed as pure CoC2O4·2H2O, and the similar XPS spectra of Sample B and Sample C 

strengthened the hypothesis of a shell-core model as an intermediate. For Sample A (starting 

material - LiCoO2) less intense shake-up satellite peaks were observed compared to the XPS 

spectrum of Sample B and C. This observation fits the hypothesis well because Co3+ (surface 

species in Sample A: LiCoO2) does not exhibit any intense shake-up satellite features in the Co 2p 

spectra.171,172 

A major impact of forming a CoC2O4·2H2O shell over the LiCoO2 core (Figure 26) was 

found for the rate-limiting step of the Li extraction kinetics. Using the cSCM, it was found that the 

rate-limiting step for Li extraction from LiCoO2 was the diffusion of H2C2O4 through the 

CoC2O4·2H2O product layer. This occurs because of the high density and low porosity of the 

product layer formed. The average bulk density of the CoC2O4·2H2O product formed from the 

aqueous H2C2O4 metal extraction (Co:OA = 1:3, S/L = 15 g/L, agitation speed = 600 rpm and T = 

100 °C) using the tapping method was found to be 0.82 g/mL. The rate-limiting step was identified 

as the diffusion of H2C2O4 through the CoC2O4·2H2O shell surrounding the LiCoO2; therefore, to 

improve the Li extraction kinetics, a novel idea was envisioned to precipitate the solid product in 

a morphology with lower bulk density and higher porosity. The hypothesis assumes this would 

lead to faster transport of H2C2O4 through the CoC2O4·2H2O shell and reduce or eliminate these 

diffusion limitations.
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Figure 23. XPS spectrum in the Co 2p region for LiCoO2 (Sample A) 

 

 
Figure 24. XPS spectrum in the Co 2p region for solids withdrawn at t = 15 min (Sample B) 
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Figure 25. XPS spectrum in the Co 2p region for CoC2O4·2H2O (Sample C) 

 

 

 

Figure 26. Simple schematic of proposed core-shell solid intermediate. 
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3.3.7. Impact of H2O2 in Metal Extraction: Micro-rods Formation 

In Eq. 3.1, it can be seen that the reduction of Co3+ to Co2+ is coupled with C2O4
2- oxidizing 

to CO2. In this step, C2O4
2- is transformed into a stable gas phase (CO2) from which it cannot be 

easily recovered. An additional reducing agent such as H2O2 can be used to minimize the amount 

of H2C2O4 that is lost in this redox process. This redox reaction has been discussed briefly in the 

previous chapter.162 From the standard reduction potential shown in Eqs. 3.5 and 3.6 only the H2O2 

reduction is thermodynamically feasible. The H2O2 oxidation reaction can occur by coupling it 

with a thermodynamically feasible reaction with a high positive standard potential like Co3+/Co2+ 

(3.2). However, to compensate for the amount of H2O2 that reduces into H2O, excess H2O2 will be 

required. 

     H2O2 Reduction: H2O2 + 2H+ + 2e- ⇌ 2H2O E0 = 1.76 V   ΔG° = -339.63 kJ (3.5) 

H2O2 Oxidation: H2O2 ⇌ O2 + 2H+ + 2e-  E0 = -0.68 V ΔG° = 131.22 kJ (3.6) 

3H2C2O4(aq) + H2O2(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2O2(aq) (3.7) 

The reactant concentrations for efficient extraction were optimized at 15 g/L S/L ratio, 600 

rpm agitation speed, and T = 100 °C.162 A Co:OA molar ratio of 1:1.5 with a Co:H2O2 molar ratio 

of 1:3 were determined to be the optimum concentrations. The optimum concentration for the 

Co:H2O2 molar ratio of 1:3 is six times greater than the stoichiometric molar ratio of 1:0.5. The 

excess H2O2 is required to provide sufficient H2O2 for the unavoidable but feasible redox couple 

of H2O2 reduction (Eq. 3.5) and oxidation (Eq. 3.6). The addition of H2O2 changes the morphology 

of the CoC2O4·2H2O precipitate from a granular shape to a micro-rod structure, as shown in Figure 

27. The micro-rod morphology produced by the addition of H2O2 had a 23% lower average bulk 

density of 0.63 g/mL compared to the density of the granular precipitate (0.82 g/mL) produced 

with only H2C2O4. The visual volume difference between 1 g of CoC2O4·2H2O precipitate with 

either a granular or micro-rod morphology can be easily seen in Figure 28. The hypothesis for the 
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rod-shaped morphology with H2O2 is the more dilute concentration of C2O4
2- leads to a slower 

precipitation and increased hydrogen bonding between the cobalt oxalate planes.173 The micro-

rods have an average aspect ratio (length-to-diameter) of 10 while the granular structure has an 

average aspect ratio of 1.5. The approximate order of magnitude higher aspect ratio for the micro-

rod morphology results in a lower packing/bulk density.174 

 

Figure 27. SEM images of (a) CoC2O4·2H2O precipitate from H2C2O4 digestion (Co:OA ratio = 

1:3) and (b) CoC2O4·2H2O precipitate from H2C2O4 + H2O2 digestion (Co:OA ratio = 1:1.5 and 

Co:H2O2 ratio = 1:3). 
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Figure 28. Photos comparing the bulk density of the solid precipitates recovered after digestion. 

(a) 1 g of CoC2O·2H2O after digesting LiCoO2 with 0.46 M H2C2O4 and (b) 1 g of CoC2O4·2H2O 

after digesting LiCoO2 with 0.23 M H2C2O4 + 0.46 M H2O2 (Co:OA ratio = 1:3, S/L ratio = 15 

g/L, agitation speed = 600 rpm and T = 100 °C for both digestions). 

 

3.3.8. LiCoO2 in aqueous H2C2O4 + H2O2 as a function of temperature 

The identification of the novel micro-rod morphology for the solid CoC2O4·2H2O 

precipitate in the presence of H2O2 provides a mechanism to improve the kinetics of Li extraction 

from LiCoO2. To observe the effect on the Li extraction kinetics, the optimized concentration of 

H2C2O4 + H2O2 from Chapter 2 was used to perform the Li extraction at lower temperatures (55, 

65, and 75 °C) as shown in Figure 29.162 The Li concentration at each temperature was fit with the 

cSCM defined in Eq. 3.4. The best fit model parameters are shown in Table 13 along with the 

standard error in regression. The cSCM fits the Li extraction data at each temperature with a low 

standard error (0.4 to 3.6 min). The values (i.e., nonzero) for τR indicate that the rate-limiting step 

is predominantly the chemical reaction occurring at the surface of the LiCoO2 core; therefore, a 

significant improvement in the Li extraction kinetics is observed. Under these reaction conditions 

with H2C2O4 + H2O2, the Li can be efficiently extracted even at temperatures as low as 65 °C in 

less than 2 h. The purity of the CoC2O4·2H2O precipitated in the presence of H2C2O4 + H2O2 has 

been compared with the commercial CoC2O4·2H2O precipitate from the H2C2O4 only digestions 
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in Table 14. In all the precipitates, less than 0.2 wt % of Li was present indicating the 

CoC2O4·2H2O to be > 99.7 % pure. The improved kinetics along with the switch from diffusion 

control through the CoC2O4·2H2O product layer to reaction control at the surface of the LiCoO2 

core supports the hypothesis that the morphology of the shell formed around the reacting core is 

critical to this leaching reaction. 

 

 

 

Figure 29. Li extraction efficiency as a function of time in the aqueous phase at Co:OA ratio = 

1:1.5, Co:H2O2 ratio = 1:3, S/L = 15 g/L, agitation speed = 600 rpm and three temperatures (55 °C 

- ●, 65 °C - ▲, 75 °C - ). Each spline curve corresponds to the best fit model. 
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Table 13. Model parameters for the cSCM shown in Figure 29. 

Temperature 

(°C) 

Model parameters for 

the best fit Standard 

Error (min) 

Apparent Rate Constant 

(min-1) (
𝟏

τR+τP+ τF 
) τR 

(min) 

τP 

(min) 

τF 

(min) 

75 56.2 9.47 0 0.9 0.015 

65 90.4 6.58 0 1.1 0.010 

55 155.3 0 0 3.6 0.0064 

 

Table 14. Purity of precipitates recovered in the various metal extraction experiments. 

Precipitate Sample – Reaction Conditions Co (wt %) Li (wt %) 

Commercial CoC2O4·2H2O 32.21 0.00 

Co:OA ratio = 1:3 at 100 °C 32.55 0.00 

Co:OA ratio = 1:3 at 90 °C 32.17 0.01 

Co:OA ratio = 1:1.5 and Co: H2O2 ratio = 1:3 at 65 °C 32.62 0.18 

Co:OA ratio = 1:1.5 and Co: H2O2 ratio = 1:3 at 55 °C 32.38 0.14 

 

3.3.9. Kinetics Analysis and Apparent Activation Energy 

The sum of the cSCM parameters (τR + τP + τF) at each temperature can be used to calculate the 

apparent rate constant (min-1). The apparent activation energy can be determined using the 

Arrhenius equation as shown in Eq. 3.8 

ln(ka) = ln(k
a

0
) - 

Ea

R
(

1

T
) (3.8) 

where ka is the apparent rate constant that can be calculated from the inverse sum of the model 

parameters (τR, τP, τF). The natural logarithm (ln) of ka can be plotted against 1/T, and the apparent 

activation energy (Ea) can be calculated from the slope. The linear fit between ln(ka) and 1/T for 

digestions with H2C2O4 and H2C2O4 + H2O2 (shown in Figure 30) indicates that the Arrhenius 

equation is applicable for both sets of experiments. The apparent activation energy for the Li 
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extraction with only H2C2O4 was estimated to be 61.0 ± 2.5 kJ/mol. The addition of H2O2 as an 

additional reducing agent significantly reduced the apparent activation energy by 33% to 40.9 ± 

1.5 kJ/mol. The less dense, more porous CoC2O4·2H2O product layer produced in the presence of 

the H2O2 played a critical role in improving the kinetics for this leaching reaction. 

 
Figure 30. Arrhenius plot and linear fit of the apparent rate constant versus temperature for the Li 

extraction from LiCoO2 with H2C2O4 (Table 12 - , slope = -7335.16 K, R2 = 0.99), and H2C2O4 + 

H2O2 (Table 13 - ●, slope = -4923.94 K, R2 = 0.99).  

 

3.4. Conclusions 

In this work, a kinetic model of the Li extraction from LiCoO2 using H2C2O4 revealed the diffusion 

of reactant through the solid CoC2O4·2H2O product layer to be rate-limiting. This kinetic analysis 

was performed using a combined shrinking core model. The existence of a LiCoO2 core and a 

CoC2O4·2H2O shell was confirmed using the combination of PXRD and XPS. The metal 

extraction performed at 100 °C using 0.46 M oxalic acid leads to an efficient Li and Co extraction 
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and separation in 1 h. To make this process more energy-efficient, improve Li extraction kinetics, 

and minimize the amount of H2C2O4 required, the reducing agent, H2O2, was added. The addition 

of H2O2 reduces the concentration of oxalate ions in solution, which slows the CoC2O4·2H2O 

precipitation and produces a unique micro-rod shaped precipitate. This micro-rod precipitate has 

a 23% lower bulk density compared to the granular precipitate produced from extractions using 

only H2C2O4. The lower density micro-rod precipitate forms a more porous shell allowing 

increased diffusion of H2C2O4 to the LiCoO2 core. The overall activation energy is significantly 

reduced by 33% from 61 kJ/mol to 41 kJ/mol by adding H2O2 to the H2C2O4 digestion. 

Furthermore, using 0.23 M H2C2O4 and 0.46 M H2O2 provides an efficient extraction and 

separation of Li and Co at lower temperatures of 65 to 75 °C in 1 h. This observed phenomenon 

of improved kinetics and transformation in the rate-limiting step could improve the kinetics for 

other aqueous hydrometallurgical systems with both soluble and insoluble products. This 

discovery provides a more energy-efficient and economical oxalate-based, process for critical 

metals recovery. 
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Chapter 4 

“The greatest threat to our planet is the  

belief that someone else will save it.” 

- Robert Swan (Polar explorer, Environmentalist)  

 

4.1. Abstract 

Recovering metals in the useful form from the aqueous phase is a critical part of a closed-

loop metal extraction process. In this chapter, the metal hydroxide and metal carbonate 

precipitation processes are discussed in detail for the metals present in spent LIBs and ores such 

as bauxite and ilmenite. The strategies discussed in this chapter were within the scope of this work, 

but the learnings can be adapted to several similar metal systems. The processes described in this 

work used oxalate chemistry for metal extraction, and the K-based compounds such as K2CO3 and 

KOH were preferred over Na and NH4
 compounds because of the high aqueous solubility of 

K2C2O4 (36.4 g/100 ml). Using K-based compounds is essential to recover pure precipitate. From 

the aqueous filtrate recovered in Chapter 2, the Li was precipitated with a 60 % efficiency by 

adding a stoichiometric amount of K2CO3 at a pH > 13. In the presence of excess oxalate, the 

insoluble CoC2O4·2H2O was dissolved in the solution (pH >13) recovered after Li precipitation. 

The dissolved Co was immediately precipitated as Co(OH)2 at pH > 13. In addition, the selective 

metal hydroxide precipitation processes for the separation of valuable metals were also discussed. 

These processes can be utilized for recovering metals in the form of carbonate or hydroxide from 

the aqueous phase.  

4.2. Chemical Separation of Metal Ions 

 Hydrometallurgical metal extraction is an aqueous chemistry process that leads to a 

mixture of metal ions in a solution. These metal ions can be separated using various chemical 

processes such as precipitation, solvent extraction, ion exchange. Metal precipitation is an energy-



98 

 

efficient and economical process to recover metal efficiently and can be integrated with the closed-

loop hydrometallurgical oxalate process conveniently. In this chapter, the precipitation of metal 

ions as their carbonates or hydroxides are discussed. The precipitated metal carbonates or 

hydroxides can easily be converted into metal oxides and are preferable in the metal industry. 

 The oxalate chemistry is unique in its leaching and precipitating properties and can 

precipitate some of the metals directly, as discussed in Chapter 1. However, to develop a closed-

loop process, the recovery of the oxalate ions from the insoluble metal oxalates is critical. This 

was achieved by dissolving the insoluble metal oxalate compounds and precipitating them in 

hydroxide form.  

4.2.1. Importance of Potassium Compounds in Oxalate Chemistry 

To precipitate a metal ion from the aqueous phase, a precipitating reagent was added in an 

oxalate process. The precipitating reagent must be selected based on the aqueous solubility of the 

possible side products with C2O4
2- ions. In a H2SO4 process, precipitating reagents like Na2CO3 

and (NH4)2CO3 were preferred for the precipitation of metals from a metal sulfate solution. The 

side products like Na2SO4 and (NH4)2SO4 have high aqueous solubility (shown in Table 15) and 

efficiently recovered the targeted metals.175,176 But in an oxalate process, the low solubility (Table 

15) of the Na2C2O4 and (NH4)2C2O4 was an issue in the precipitation of pure metal carbonate 

products. 

In Table 15, the solubilities of potassium compounds are also shown. Among the oxalate 

compounds, K2C2O4 has the highest aqueous solubility, followed by (NH4)2C2O4 and Na2C2O4. 

The addition of K2CO3 as a precipitating agent rather than Na2CO3 and (NH4)2CO3 can precipitate 

the targeted metal efficiently without any co-precipitate. Therefore, in an oxalate process, 

K2CO3/KOH were the preferred compounds for metal precipitations.  
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Table 15. Solubilities of possible co-precipitate in the precipitation process.20 

Compound Aqueous Solubility at 20 °C (g/100 ml)  

Na2SO4 16.13 

(NH4)2SO4 42.9 

K2SO4 9.95 

Na2C2O4 3.61 

(NH4)2C2O4·H2O 5.20 

K2C2O4·H2O 36.4 

 

4.2.2. Metal Hydroxide Precipitation 

 Metal hydroxide precipitation is a process where the supersaturated metals in the aqueous 

phase can be removed at a higher pH in their hydroxide form. The solubility of a metal hydroxide 

was determined by the solubility products (ksp) and the equilibrium between free metal ions, 

hydroxide ions, and metal hydroxide. In this work, metal recovery processes from mixed metal 

oxide sources like LIB waste, bauxite, and ilmenite ore are covered. Among the metals within the 

scope of this work, only Li forms a soluble metal hydroxide with an aqueous solubility of 11 g/100 

ml at 20 °C.20 Most of the other metal ions like Co2+, Ni2+, Mn2+, Fe3+, and Al3+ precipitate in the 

form of metal hydroxides at certain pH. The pH at which the metal hydroxides will precipitate can 

be estimated using the governing equilibrium and solubility product equations between all the 

species present in the aqueous phase.177 Alternatively, it can be modeled through software like 

Visual MINTEQ, OLI Speciation, or Geochemist’s Workbench.  

To guide the experiments in this work, an approximate precipitation pH range for metal 

hydroxide was obtained using the diagrams generated by Kragten in the “Atlas of Metal-ligand 

Equilibria in Aqueous Solutions.”80 In the work by Kragten, pM vs. pH diagrams are plotted for 
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various metal-ligand systems at different metal concentrations, where “pM" is defined as the 

negative logarithm of the free metal ion concentrations in the aqueous phase. The pM vs. pH 

diagrams for Co2+, Ni2+, Mn2+, Fe3+, Ti4+, and Al3+ with the total oxalate concentration of 0.1 M 

are shown in Figure 31. These diagrams can guide the pH range for metal hydroxide precipitation 

along with its selectivity. According to Figure 31 (top), from a mixture of Fe3+, Ti4+, and Al3+
, Ti4+ 

can be selectively precipitated at pH = 6, after which Fe3+ can be precipitated selectively at a pH 

= 12. The aqueous solution remaining after this will contain a majority of Al3+ ions that can be 

precipitated by acidifying the solution to a pH = 9. It must be noted that the pH range for 

precipitation will vary with the oxalate concentration and presence of other metal ions. Similarly, 

from Figure 31 (bottom), it can be concluded that the mixture of Co2+, Ni2+, and Mn2+ is difficult 

to separate using selective metal hydroxide precipitation. The mixture of Co2+, Ni2+, and Mn2+ is 

common in the cathodic waste of NMC based LIBs.  

Overall, metal hydroxides are easy to precipitate, but the products are usually low in 

density with extremely fine precipitate particles resulting in a difficult filtration process. This issue 

can be resolved by seeding the solution with appropriate metal hydroxide particles to assist in 

supersaturation. The added seeds will act as the growth site for the additional metal hydroxide 

particles, resulting in a denser and larger precipitate.  
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Figure 31. pM vs pH diagram for metals within the scope of this work in presence of 0.1 M oxalate 

ions. pM is defined as the negative logarithm of the free metal ions concentration in the aqueous 

phase. 
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4.2.3. Metal Carbonate Precipitations 

 Metal carbonate precipitations have been employed commonly for the removal of heavy 

metals from wastewater.177,178 In this section, precipitation processes for metals present in LIB 

waste, bauxite, and ilmenite ore are covered. Most metals like Li+, Co2+, Ni2+, Mn2+, and Fe3+ form 

insoluble metal carbonates, as shown in Table 16. But, for metals such as Al3+ and Ti4+ (bauxite 

and ilmenite ore), metal carbonates are not commonly observed, and metal hydroxide 

precipitations are the best way to recover these from the aqueous phase. The efficient precipitation 

of metal carbonate requires two important conditions: supersaturation and pH > 12. The pH > 12 

is critical because carbonic acid has a pKa2 = 10.32179, and at pH > 12, CO3
2- becomes the 

predominant carbonate species (shown in Figure 32). At pH < 12, metal bicarbonate precipitation 

will be observed. 

 The Li can be precipitated efficiently in the form of carbonate for the oxalate-based LIBs 

recycling process. A major obstacle for Li precipitation in the form of Li2CO3 was to achieve a 

saturated solution. Typically, in a lab-scale recycling process operating at a solid-to-liquid ratio of 

50 g/L for LCO or NMC cathode, the Li concentration was 3.50 g/L. The Li concentration was 

equivalent to an expected Li2CO3 concentration of around 19 g/L. From Table 16, in 1 L of an 

aqueous solution, up to 13.3 g of Li2CO3 will be soluble.20 Hence, Li must be concentrated over 

multiple cycles of recycling processes before efficient precipitation is performed. After that, the 

potassium compounds: K2CO3 and KOH precipitated Li efficiently, as shown in Eq. 4.1.  

Li2C2O4(aq) + K2CO3(s) ⇌ Li2CO3(s) + K2C2O4(aq) (4.1) 
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Table 16. Solubility of common metal carbonates related to this work. 

Compound Aqueous Solubility at 20 °C (g/100 ml)20  

K2CO3 52.3 

Na2CO3 17.9 

Li2CO3 1.33 

CoCO3 highly insoluble 

NiCO3 highly insoluble 

MnCO3 highly insoluble 

FeCO3 highly insoluble 

 

 

Figure 32. Speciation of carbonic acid at 20 °C for pKa1 = 6.37 and pKa2 = 10.32. 

4.2.4. Metal Phosphate Precipitation 

Most of the metals that precipitate in the form of carbonates can also be precipitated in the 

form of their metal phosphates. However, the difficulty in converting the metal phosphates into 

metal oxides and the eutrophication issues in the waste disposal at the end of the process limit its 

use. Metal phosphate like Li3PO4 is extremely insoluble in the aqueous phase and has a solubility 
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of 0.027 g/100 ml at 25 °C.20 The negligible solubility of Li3PO4 results in Li+ to be precipitated 

efficiently from a typical LIBs recycling leachate (50 g/L S/L ratio). Phosphoric acid has a pKa1 

= 2.0, pKa2 = 7.20 and pKa3 = 12.30.180 Similar to our conclusions for the carbonate precipitation, 

a pH > 13 was required to precipitate metal phosphates efficiently. The stoichiometric reaction for 

Li precipitation in the form of Li3PO4 is described by Eq. 4.2.    

3Li2C2O4(aq) + 2K3PO4(s) ⇌ 2Li3PO4(s) + 3K2C2O4(aq) (4.2) 

4.3. Li and Co precipitation in the Oxalate Process 

  The metal extraction processes from LiCoO2 discussed in Chapters 2 and 3 lead to the Co 

being precipitated as CoC2O4·2H2O whereas Li remains in the solution. The precipitation of Li as 

Li2CO3 from an aqueous oxalate solution is described in Eq. 4.1. All of the metal extractions 

described in Chapters 2 and 3 were performed at a solid-to-liquid ratio of 15 g/L and resulted in 

an undersaturated Li solution. To precipitate Li efficiently from this, the aqueous phase was 

concentrated five times at 105 °C resulting in a Li concentration of 5 g/L. Afterward, KOH and 

K2CO3 were added to recover 60 % of Li as Li2CO3. The precipitate was confirmed as Li2CO3 

using PXRD, as shown in Figure 33. Alternatively, more than 90% of Li was also recovered 

efficiently in the form of Li3PO4 using Eq. 4.2. The Li3PO4 precipitate was confirmed using PXRD, 

as shown in Figure 34. 

 The precipitation of Co in the form of either hydroxide or carbonate required dissolving 

CoC2O4·2H2O precipitate in the aqueous oxalate phase. This was achieved by utilizing the 

property of soluble metal oxalate formations in the presence of excess oxalate, as shown in Eq. 

4.2.  

Co
2+

 + 3C2O4
2-

 ⇆ CoC2O4·2H2O(s) + 2C2O4
2-

 ⇆ Co(C2O4)
2

2- 
+ C2O4

2-
 ⇆ Co(C

2
O4)

3

4-
 (4.2) 
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The solubility of CoC2O4·2H2O in 1 M K2C2O4 solution was determined at different temperatures 

and summarized in Table 17. However, the solubility limit was insufficient to dissolve the 28 g of 

CoC2O4·2H2O recovered from a LiCoO2 metal extraction at 15 g/L. The 1 M K2C2O4 solution had 

a resulting pH = 8, whereas the aqueous filtrate after precipitation of Li was pH = 13. Therefore, 

an alternate route was identified where the CoC2O4·2H2O was added directly to the high pH 

solution recovered after Li precipitation. This resulted in a simultaneous dissolution and 

precipitation of Co in the form of Co(OH)2. The precipitate was confirmed as Co(OH)2 using 

PXRD, as shown in Figure 35. In this process, KOH constantly needs to be added to maintain the 

pH around 13. The reactions are summarized in Eqs. 4.3 and 4.4. The complete process of metal 

recovery and separation for Li and Co extracted from LiCoO2 in the presence of H2C2O4 is 

described in Figure 36.  

CoC2O4∙2H2O(s) + K2C2O4(aq) ⇌ K2[Co(C2O4)
2
](aq) (4.3) 

K2[Co(C2O4)
2
](aq) + 2KOH(s) ⇌ Co(OH)

2
(s) + 2K2C2O4(aq) (4.4) 

 

Table 17. Solubility of CoC2O4·2H2O in 1 M K2C2O4 at different temperatures 

Temperature (°C) Solubility (g/100 ml of 1 M K2C2O4) 

20 2.09 

50 4.48 

80 7.76 
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Figure 36. Process flowsheet for Li and Co separation and recovery in presence of H2C2O4. 

 

4.3. Thermal Treatment for recovering Co product 

In Section 4.2., CoC2O4·2H2O was dissolved in the presence of excess C2O4
2- ions and 

precipitated Co(OH)2 (Eqs. 4.3 and 4.4). This process is preferable for the complete recovery of 

C2O4
2- ions. However, calcination of the CoC2O4·2H2O can also synthesize the desired Co product. 

The thermogravimetric analysis (TGA) of CoC2O4·2H2O was performed in the presence of air and 

nitrogen (100 cc/min) at a ramp rate of 5 °C/min (shown in Figure 37). Based on the weight loss 

observed following reactions were proposed: 

a) Under Air: 

CoC2O4.2H2O(s) → CoC2O4(s) + 2H2O(g) (Theoretical weight loss = 19.6%) (4.5) 

3CoC2O4(s) + 2O2(g) → Co3O4(s) + 6CO2(g) (Theoretical weight loss = 36.4%) (4.6) 

2Co3O4(s) → 6CoO(s) + O2(g) (Theoretical weight drop = 2.91%) (4.7) 
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b) Under N2: 

CoC2O4.2H2O(s) → CoC2O4(s) + 2H2O(g) (Theoretical weight loss = 19.6%) (4.8) 

2CoC2O4(s) → Co(s) + CoO(s) + 3CO2(g) + CO(g) (Theoretical weight loss = 51 %)  (4.9) 

 

 In the presence of air, calcination of CoC2O4·2H2O leads to the formation of Co3O4 at a 

temperature below 800 °C, as shown in Figure 38. In Eq. 4.6., a theoretical weight loss of 36.4% 

was expected, but the actual weight loss observed during the TGA was around 30%. This could be 

because of the evolution of a mixture of CO and CO2 gases rather than only CO2 as proposed in 

Eq. 4.6. In the current instrument setup, it was not possible to identify the gaseous species evolving. 

However, the final product (Co3O4) will remain same in both cases. Calcination of the product 

recovered from Eq.4.6 to a temperature above 800 °C led to the formation of CoO. But, to achieve 

CoO as a final product, the sample was cooled down in the absence of O2. 

 The calcination of CoC2O4·2H2O in an inert atmosphere led to the Co and CoO as the final 

product. The observed weight loss of 45% was close to the expected weight loss of 50% shown in 

Eq. 4.9. The Eq. 4.9 was proposed after identifying the product recovered from TGA to be a 

mixture of Co and CoO using PXRD (Figure 39). In Figure 39, Co was observed in an Fm-3m 

space group with a cubical symmetry and a P63/mmc space group with hexagonal symmetry. 

Another interesting observation was that the unique micro-rod morphology of CoC2O4·2H2O 

observed in the presence of H2C2O4 and H2O2 (Figure 27) was preserved during the calcination 

process, as shown in Figures 40 and 41. This can lead to the synthesis of LIB cathodes with a 

micro-rods morphology as well. The unique 1-D morphology of cathodes can improve the 

electrochemical capacity and cycling stability of LIBs.181       
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Figure 37. TGA of CoC2O4·2H2O in the presence of air and N2 at a ramp rate of 5 °C/min. 
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Figure 40. SEM image of Co product synthesized by calcining CoC2O4·2H2O to 800 °C in the 

presence of air. 

 

 

Figure 41. SEM image of Co product synthesized by calcining CoC2O4·2H2O to 800 °C in the 

presence of N2. 
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4.4. Conclusions 

Recovery of metals in the desired form after extraction is critical for the metal industry. In an 

oxalate process, potassium compounds like KOH, K2CO3, and K3PO4 are the preferred 

precipitation reagents to avoid co-precipitation of side products. In this work, both metal hydroxide 

and metal carbonate precipitation have been discussed in detail for the metals pertinent to this 

dissertation. Metal hydroxide precipitations can be performed within a range of pH, and the 

diagrams by Kragten were used to guide the selective metal hydroxide precipitations. For metal 

carbonate precipitation, a pH > 13 was preferred because of CO3
2- speciation. But the metal 

carbonates could not be precipitated selectively because of the similar pH range of precipitation. 

Metal carbonates can also be calcined into metal oxides and were preferable for Li recovery. The 

aqueous filtrate recovered in Chapter 2 from LiCoO2 metal extraction was concentrated five times 

to achieve a Li concentration of 5 g/L for precipitation. The Li in the aqueous phase was 

precipitated with a 60% efficiency using Li2CO3. The Co precipitated in the form of CoC2O4·2H2O 

was dissolved in the pH > 13 solution recovered after Li precipitation. In this pH range, Co2+ from 

the aqueous phase precipitates in the form of Co(OH)2. This led to all the C2O4
2- initially added 

with H2C2O4 to be in the aqueous phase. Alternatively, the CoC2O4·2H2O can be calcined to 

achieve Co3O4 or Co metal as the final product. However, incorporating this approach in the 

closed-loop process will only lead to 50% acid recovery. The metal recovery processes designed 

in this chapter and demonstrated for Li and Co recovery are efficient, environmentally-friendly, 

and economical, and maintains the closed-loop oxalate processes. 
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Chapter 5. Processes for the Recycling of Oxalate Reagents 

 

 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter are adapted from the following article: 

Verma, A., Corbin, D.R., & Shiflett, M.B., Lithium and Cobalt Recovery from LiCoO2 using 

Oxalate Chemistry: Scale-up and Techno-economic Analysis. Industrial & Engineering Chemistry 

Research (submitted) 
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Chapter 5 

“Green chemistry is replacing our industrial chemistry with nature’s recipe book. 

It is not easy, because life uses only a subset of the elements in the periodic table. 

And we use all of them, even the toxic ones.” 

- Janine Benyus (Biologist, Nature Nerd)  

 

5.1. Abstract 

 Commercial hydrometallurgical processes typically use inorganic acids, and a significant 

amount of caustic waste is generated after metal precipitations and recovery. For an oxalate 

process, efficient recycling processes for acidic reagents are needed to minimize the waste 

generations and offset the cost difference with inorganic acids. In this chapter, an ion-exchange 

resin process using Amberlyst® 15 was developed and optimized to exchange undesired cations 

with H+ in a batch setup. The capacity of the Amberlyst® 15 was estimated to be 4.64 meq./g and 

can efficiently be used to regenerate H2C2O4 from the aqueous filtrate recovered after Li and Co 

precipitation (Chapter 4). Additionally, binoxalate reagents like NH4HC2O4 and KHC2O4 with 

applications in the refining of ores can also be regenerated using the optimized ion-exchange resin 

process. An alternative method utilizing the low solubility of KHC2O4 (5.73 g/100 ml) and 

KHC2O4·H2C2O4 (2.97 g/100 ml) was identified to precipitate and recycle them by acidification.   

5.2. Motivation 

Hydrometallurgical processes using organic acids like oxalic, citric, ascorbic, and succinic 

acid have been demonstrated at a lab-scale to recover critical metals from spent LIBs.32,53,54,151-154 

These acids have minimal environmental impacts but are expensive compared to inorganic acids. 

H2O2 is commonly used as a reducing agent along with acids to convert Co3+ into the stable Co2+ 

form.31 Oxalic acid (H2C2O4) is unique in its reducing and solubility properties and was 

demonstrated as a sustainable, green, and environmentally-friendly reagent for Li and Co recovery 
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from LiCoO2 in the previous chapters.162 To offset the cost of expensive oxalate reagents and 

minimize waste generation, it is necessary to regenerate and recycle it. To the best of our 

knowledge, no other hydrometallurgical process has been developed that demonstrates acid 

regeneration and reuse.  

5.3. Possible Methods for Recycling of Oxalate-based Acids 

Oxalate-based acids covered in this work contain a C2O4
2- anion and two single charged 

cations to maintain electroneutrality. One cation must be H+ and the second cation is NH4
+, K+

, 

Na+
, or H

+. To extract metals from a metal oxide, the presence of H+ is critical to weaken the metal-

oxygen bond and initiate the C2O4
2- chelation mechanism.162 Any other cations added during the 

precipitation step to recover metals also become part of the solution and must be considered during 

acid recycling. Therefore, it is often preferable to use precipitation reagents containing similar 

cation as the acids.16,162 The precipitation processes discussed in Chapter 4 are usually at a pH 

greater than 12, and acid recycling has to be performed from a basic solution. The regeneration of 

H2C2O4 from a K2C2O4 + KOH solution will require an ion exchange method, whereas low 

solubility reagents like KHC2O4 and KHC2O4·H2C2O4 can be precipitated by lowering the pH. 

Both of these approaches are discussed in detail in upcoming sections. 

5.4. Regeneration using Ion-exchange Resins 

 Ion exchange is a technique to exchange the undesirable ions with the required ions using 

a material like ion-exchange resins or zeolites. Both zeolites and ion-exchange resins have been 

traditionally used in the water softening industry, with resins being more successful because of 

higher capacity and efficient regeneration.182-184 These resins are composed of polymeric matrices 

with a cationic or anionic functional group permanently bound. The functional groups have a net 

positive or negative charge to attract the counter ions.185  
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For the regeneration of the acidic reagents, a similar concept as water softening can be 

applied with the desired pH in the range of 0.5-2 after treatment. During the water softening 

process, cations like Ca2+ or Mg2+ are exchanged with either Na+ or H+ using either weak acid 

cation exchange resin (for temporary hardness) or strong acid cation exchange resin (for permanent 

hardness).186,187 The weak acid cation (WAC) exchange resins employ carboxylic acid (COO-) 

functional groups and operate in the pH range of 5-9. These resins do not have a high capacity to 

remove all the ions but can be regenerated efficiently using H2CO3 or HCl.186 The strong acid 

cation (SAC) exchange resins derive their exchange activity from the sulfonic acid groups  

(HSO3
-) and operate well in all pH ranges. When used in the H-form during softening, the SAC 

resins can exchange all the cations with H+. However, to regenerate it, an excess amount of 1-2 M 

H2SO4 is required.188 

Conceptually, acid regeneration for a hydrometallurgical application is like the water 

softening process. However, the pH change between feed and output is minimal (pH = 9 to pH = 

6) for water softening, whereas a significant change in pH (12 to 1) is desired in this work. To test 

the hypothesis, a SAC resin: Amberlyst® 15 (Dry, H-form) was selected to perform preliminary 

studies. The operation mechanism of a strong acid cation exchange resin is explained in Figure 42. 

The properties of Amberlyst® 15 resins are provided in Table 18. 

 

Figure 42. Typical operation of a strong acid cation exchange resin. 
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Table 18. Typical properties of Amberlyst® 15 from its safety datasheet. 189 

Physical properties 

Copolymer Styrene-divinyl benzene 

Matrix Macroporous 

Type Strong acid cation 

Functional group Sulfonic Acid 

Physical form Gray, opaque, spherical beads 

Nitrogen BET 

Surface area 53 m2/g 

Total pore volume 0.40 cm3/g 

Average pore diameter 300 Å 

Chemical properties 

Ionic form H+ 

Maximum operating temperature 120 °C 

 

5.4.1. Preliminary Studies using Amberlyst® 15 in a Batch Setup 

Resins activation: The Amberlyst® 15 (Dry, H-form) needs to be activated before 

performing any ion exchange. Therefore, a sufficient amount of resins were soaked in 1.5 M H2SO4 

for 2 h to activate the ion exchange sites with H+. The activated resins were washed with DI water 

until the effluent was a neutral pH (pH ~ 7). After washing, the activated resins were mixed with 

the aqueous filtrate for ion exchange.  

Preliminary ion-exchange Study with K2C2O4: After Li and Co precipitation, as discussed 

in Chapter 4, the aqueous phase predominantly contained K+ and the C2O4
2- initially added during 

the H2C2O4 acid addition. On mixing the resins with the aqueous filtrate, an ion exchange between 

K+ and H+ ion along with a decrease in pH was hypothesized. A 50 ml model solution of pH 13.50 

using K2C2O4 and KOH was used to test this hypothesis. In the prepared solution, 30 g of activated 
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resins (wet form) was mixed for 1 h without stirring. The stirring was avoided to minimize 

damaging the resin beads. The ion-exchange efficiency was calculated by measuring the 

concentration of remaining K+ ions in the aqueous phase and subtracting it from the initial K+ 

concentration. After 1 h, the pH of the aqueous filtrate decreased to 1.1, with K concentration in 

the aqueous phase also decreasing from 20 g/L to 0.2 g/L resulting in a 99% exchange efficiency. 

Based on the speciation of oxalic acid, the aqueous phase at a pH of 1.1 was confirmed to be 

H2C2O4. The results were encouraging and established ion exchange through Amberlyst® 15 as a 

possible way to recycle the oxalate-based reagents.  

5.4.2. Experimental capacity and kinetics of ion exchange using Amberlyst® 15 

For the preliminary understanding of ion exchange, experiments were performed in a batch 

setup rather than a column setup. The theoretical capacity of  Amberlyst® 15 was reported as 4.3 

meq./g (for Dry, Na+ form).188 During the setup of batch experiments, a significant difference 

between the weight of wet and dry resins was observed. To estimate the difference, the moisture-

holding capacity of the Amberlyst® 15 (H+ form) used in this work was determined to be 55% by 

drying the wet resins in the air while measuring the weight.  

To obtain the experimental exchange capacity of resins for K+, the resins were activated 

using the method described in Section 5.4.1. Next, 50 g of wet activated resins were sequentially 

mixed in the 100 ml batches of 1 M KOH solution until saturated. The experimental capacity for 

Amberlyst® 15 was found to be 4.64 meq./g, and the results are presented in Table 19. The 

capacity of the resins was critical for determining the mass of dry resins required to recycle the 

acid after metal extraction from LiCoO2. Another important parameter is the contact time required 

between resins and the aqueous phase in the batch setup operation. Hence, the K concentration in 

the 100 ml of 1 M KOH solution was tracked after mixing with 50 g of wet resins. The 
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concentration of K in this 1 batch was sufficient to saturate the resin by 80%. The ion exchange 

(at 20 °C) was completed within the first 15 minutes of contact, as shown in Figure 43. During this 

ion exchange, pH of the solution decreased from 13.8 to 6.3. 

 

Table 19. Measurement of exchange capacity for Amberlyst® 15 (Dry, H+ form) 

Batch No. 
K – concentration in the aqueous phase (g/L) 

Net exchange (meq. of K) 

Before resins addition After resins addition 

1 39.10 2.67 93.18 

2 39.10 35.55 9.09 

3 39.10 38.21 2.27 

4 39.10 38.92 0.45 

  Total exchange 105 meq. of K 

  Dry weight of resins 22.72 g 

  Experimental capacity 4.62 meq./g 
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Figure 43. Kinetics of ion exchange with 50 g wet resins in 100 ml of 1 M KOH solution (initial 

concentration). 

5.4.3. Conditions for regeneration of Amberlyst® 15 resins 

Another important study was to determine the conditions for regenerating the K-saturated 

Amberlyst® 15 resins to its original H-form using a batch setup. Approximately 20 g of wet resins 

(from 50 g wet resins, Table 19) were mixed sequentially with three 40 ml batches of 1.5 M H2SO4. 

The contact time between the resins and 40 ml H2SO4 was 30 min. To calculate the regeneration 

efficiency, the concentration of K in the acidic phase was tracked for every batch, and the results 

are shown in Table 20. To regenerate 20 g of K-saturated resins into the H-form, at least 120 ml 

of 1.5 M H2SO4 was required. Excess H2SO4 was required for the regeneration of SAC resins.190 

In addition, the H2SO4 used in the regeneration study shown in Table 20 can be reused for other 

batch of resins saturated with K+. To study this hypothesis, 40 ml of 1.5 M H2SO4 was mixed with 

five batches of K-saturated 20 g wet resins. Every resin batch was saturated with approximately 

42 meq. of K+. The results shown in Table 21 conclude that the 40 ml of 1.5 M H2SO4 resins can 

partially regenerate each batch of resin saturated with K+ ions. After contacting 5 similar batches 
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of K-saturated resins, 39.27 meq. of K was extracted. The 39.27 meq. of K is 94% of the K present 

on 20 g saturated resins (1 batch of Table 21). These results were promising, and a process could 

be designed using recycled and fresh 1.5 M H2SO4 for regenerating SAC resins.  

 

 

Table 20. Regeneration of 20 g wet resins through batches of 1.5 M H2SO4 

Batch No. 

K – concentration in the  

H2SO4 (g/L) Net exchange 

(meq. of K) Before resins 

addition 

After resins 

addition 

1 (40 ml – 1.5 M H2SO4) 0 19.99 20.45 

2 (40 ml – 1.5 M H2SO4) 0 14.97 15.31 

3 (40 ml – 1.5 M H2SO4) 0 4.72 4.83 

 Total exchange  40.59 meq. of K 

 Amount of K on 20 g saturated resins 42 meq. 

 Resin regeneration efficiency 96.6 % 
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Table 21. Extraction of K+ in a 1.5 M H2SO4 solution (40 ml) from K-saturated resin batches 

Batch No. 

K – concentration in the  

H2SO4 (g/L) Net exchange 

(meq. of K) Before resins 

addition 

After resins 

addition 

1 (20 g - K-Resins) 0 17.26 17.65 

2 (20 g - K-Resins) 17.26 28.16 11.15 

3 (20 g - K-Resins) 28.16 32.95 4.91 

4 (20 g - K-Resins) 32.95 36.32 3.44 

5 (20 g - K-Resins) 36.32 38.39 2.11 

 Total exchange  39.27 meq. of K 

 

 

5.5. Regeneration of NH4
+ based oxalate reagents using Amberlyst® 15 

 In Section 5.4, the ion exchange process for acid regeneration was demonstrated by 

exchanging K+ ions. The NH4
+ (for NH4HC2O4 acid) is another cation that has been used in 

developing closed-loop processes for Fe and Ti recovery from ilmenite ore.16,76 For the recovery 

of NH4HC2O4 using ion-exchange resins, 50 ml of 0.30 M (NH4)2C2O4 (pH = 5.70) was used. The 

NH4HC2O4 must be the predominant oxalate species in the aqueous phase for recycling. The radius 

of NH4
+ ion (1.48 Å) is similar to the K+ ion (1.33 Å).191,192 Because of the similar ionic radii, the 

ion exchange experiments were performed using the same conditions discussed in the previous 

section. Therefore, 15 g (wet) of activated Amberlyst® 15 resins were mixed with the 0.30 M 

(NH4)2C2O4 for 1 h without stirring. After 1 h, the pH of the solution decreased to 2.48. Unlike the 

previous section, the concentration of NH4
+ ions in the aqueous phase could not be measured. 

However, from the oxalate speciation curve (Figure 2), at pH = 2.48, HC2O4
-
 was confirmed to be 
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the predominant oxalate species. To confirm this, 1 ml of liquid was spread and air-dried on a glass 

side for 24 h. The resulting crystals were ground and confirmed as NH4HC2O4∙0.5H2O using the 

PXRD shown in Figure 44. 

 This study was continued further to evaluate whether H2C2O4 can also be synthesized by 

the addition of more resins. To test the hypothesis, 15 g (wet) of activated resins were added in the 

aqueous solution of pH 2.48 for 1 h. After 1 h, pH decreased to 1.10, and similarly, through air-

drying, crystals were generated. These crystals were ground and confirmed to be a 60:40 mixture 

of H2C2O4∙2H2O and NH4HC2O4∙0.5H2O using PXRD, as shown in Figure 40. The crystals 

corresponding to the model 60:40 solution shown in Figure 45 were also prepared through a similar 

air-drying technique. This study confirms that SAC exchange resins like Amberlyst® 15 can 

conveniently regenerate the oxalate reagents in the desired acidic form. 
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5.6. Regeneration of K+ based oxalate reagents using precipitation 

 An alternative approach was identified to recover the K+ based oxalate reagents on the 

basis of their aqueous solubility at 20 °C. While performing the ion-exchange experiments of 

Section 5.4.1, an insoluble white compound was observed in the pH range of 1.5-3.5. This white 

precipitate contained two different inorganic compounds at a pH of 2.5 and 1.5. Using PXRD, the 

white compounds at pH = 2.5 and 1.5 were identified as potassium hydrogen oxalate (KHC2O4) 

and potassium tetraoxalate (KHC2O4·H2C2O4), respectively. The aqueous solubilities of KHC2O4 

and KHC2O4·H2C2O4 were measured as 5.73 g and 2.97 g per 100 mL of water at 20 °C, 

respectively. For comparison, the aqueous solubilities of the possible compounds with K+ and 

C2O4
2- ion are summarized in Table 22. The KHC2O4 and KHC2O4·H2C2O4 have low solubility 

and was precipitated while acidifying the K-rich oxalate solution.  

 

Table 22. Solubilities of common oxalate compounds relevant to this section. 

Compound Formula Aqueous solubility at 20 °C (g/100 ml) Reference 

KHC2O4 5.73 ± 0.33 Experimental 

KHC2O4·H2C2O4·2H2O 2.97 ± 0.20 Experimental 

K2C2O4·H2O 36.4 193 

H2C2O4·2H2O 13.3 193 

 

 

 To utilize this unique property, a solution of K2C2O4 with C2O4
2- = 10 g/L was prepared. 

The C2O4
2-

 concentration was based on the saturation limit of H2C2O4. To acidify the solution, 

98% H2SO4 was used. At the pH of 2.5, a white precipitate was observed, and it was confirmed as 

KHC2O4 (Figure 46) using PXRD. Approximately 65% of the C2O4
2- ion was recovered as 
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KHC2O4. The aqueous phase and the recovered precipitate were acidified further to pH = 1.5, and 

an increase in the amount of white precipitate was observed. The precipitate recovered at pH = 1.5 

was confirmed as KHC2O4·H2C2O4·2H2O using PXRD (Figure 47). About 80% of the initial 

C2O4
2- ion was recovered as KHC2O4·H2C2O4·2H2O.at pH = 1.50. Using these methods, oxalate 

reagents are recovered in the solid phase, compared to the aqueous phase recovery from the ion 

exchange method. However, the cost-effective acid regeneration processes have significant 

environmental and economic benefits in the ore refining processes, as discussed later. 
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5.7. Conclusions  

Recycling oxalate reagents after recovery of critical metals is necessary for waste 

minimization and cost-effectiveness. An ion exchange process using strong acid cation exchange 

resins replaced the ions such as K+, NH4
+ with H+ to regenerate the oxalic acid and its derivatives. 

In this chapter, the ion exchange process was optimized for Amberlyst® 15 (Dry, H-form) to 

exchange K+ with H+. The kinetic study revealed that 50 g (wet) of activated resins exchanged 39 

g/L of K+ in around 15 minutes. The K-saturated resins were regenerated efficiently for reuse in a 

1.5 M H2SO4 solution. This ion exchange process can be implemented for recycling of H2C2O4 

after Li and Co precipitation and is discussed in Chapter 6. In addition, the regeneration of 

binoxalate species (NH4HC2O4 and KHC2O4) was performed through ion-exchange resins with 

final pH of around 2.5. Alternatively, a solubility-based approach was identified for the 

regeneration of KHC2O4 and KHC2O4·H2C2O4·2H2O. The K+ based oxalate reagents were 

precipitated by acidifying the K2C2O4 solution to a pH of 1.5-2.5. The oxalate reagents like NH4H-

C2O4, KHC2O4·H2C2O4, and KHC2O4 have applications in ore refining and will be discussed in 

Chapter 7. Recycling oxalate reagents is critical to develop closed-loop, economical and 

environmentally-friendly processes for valuable metal recovery from various mixed metal oxide 

sources. 
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Chapter 6. Lithium and Cobalt Recovery from LiCoO2 using 

Oxalate Chemistry: Scale-up and Techno-economic Analysis 

 

 

 

 

 

 

 

 

 

 

Portions of this chapter are adapted from the following article: 

Verma, A., Henne, A.J., Corbin, D.R., & Shiflett, M.B., Lithium and Cobalt Recovery from 

LiCoO2 using Oxalate Chemistry: Scale-up and Techno-economic Analysis. Industrial & 

Engineering Chemistry Research (submitted) 
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Chapter 6 

“Waste does not exist in nature because ecosystems reuse everything  

that grows in a never-ending cycle of efficiency and purpose.” 

- Frans van Houten (CEO, Philips)  

 

6.1. Abstract 

 Currently, approximately 59% of the lithium-ion batteries (LIBs) contain a lithium cobalt 

oxide (LiCoO2) cathode.  Both lithium (Li) and cobalt (Co) are critical metals, and the efficient 

recycling of LiCoO2 cathodes through an environmentally-benign process is essential for a stable 

Li and Co economy. In this chapter, a closed-loop recycling process utilizing oxalic acid (H2C2O4) 

and hydrogen peroxide (H2O2) was scaled-up to operate at a solid-to-liquid (S/L) ratio of 38 g/L. 

The H2C2O4 process was operated at 100 °C with Li2CO3 and Co(OH)2 as the final products, 

whereas in the presence of H2O2, the metal extraction was operated at 75 °C. After the metal 

recovery, the H2C2O4 was efficiently recycled using an ion exchange process. A techno-economic 

analysis was performed to compare the oxalate process with H2SO4 process operating at 65 °C and 

S/L = 100 g/L. The H2C2O4 and H2C2O4 + H2O2 processes with 90% recycling of oxalate are equal 

in cost with the H2SO4 process on a per kilogram LiCoO2 production basis. An important 

difference is the H2C2O4 + H2O2 process produces 50% less waste than the H2SO4 + H2O2 process. 

The H2C2O4 and H2C2O4 + H2O2 processes provide the opportunity to recycle oxalate in order to 

create a closed-loop, economical, and environmentally-friendly process for recovering critical 

metals such as Li and Co from LiCoO2. The oxalate process offers similar advantages for recycling 

of other valuable metals from ore processing and waste streams.  
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6.2. Background and Motivation 

 Hydrometallurgical processes using organic acids like oxalic, citric, ascorbic, and succinic 

acid have been demonstrated at a lab-scale to recover critical metals from spent LIBs.32,53,54,151-154 

These acids have minimal environmental impacts but are expensive compared to inorganic acids. 

H2O2 is commonly used as a reducing agent along with acids to convert Co3+ into the stable Co2+ 

form. Oxalic acid (H2C2O4) is unique in its reducing and solubility properties and was identified 

as a sustainable, green, and environmentally-friendly reagent in previous chapters.162 For the 

hydrometallurgical treatment of LiCoO2 using H2C2O4, Li leaches into the solution, whereas Co 

precipitates out in the form of CoC2O4∙2H2O. This direct separation allows a one-step separation 

between Li and Co in the recycling process.12,162 

In Chapters 2, and 3, H2C2O4 was shown to be an efficient reagent to separate and recover 

Li and Co from LiCoO2.
162 In addition, to offset the cost of expensive H2C2O4 and minimize waste 

generation, a closed-loop process was proposed to regenerate the acid after metal precipitations. 

The H2C2O4 regeneration was proposed through a cation exchange process, as discussed in Chapter 

5. This chapter extends and improves the study in Chapter 2 to regenerate and reuse 100% of the 

H2C2O4 through a novel closed-loop process. To the best of our knowledge, no other 

hydrometallurgical process has been developed that demonstrates 100% acid recovery and reuse. 

In addition, a techno-economic analysis has been performed comparing our developed closed-loop 

hydrometallurgical processes of H2C2O4 and H2C2O4 + H2O2 with the H2SO4 + H2O2 process for 

recycling LIBs cathode. The flexibility of the oxalate closed-loop process to recycle NMC 

cathodes and other metallic impurities (from current collector foils and separators) like Fe, Cu, Al, 

and Zn have also been discussed. This chapter demonstrates the adaptability and uniqueness of 
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oxalic acid in developing a closed-loop, green, and environmentally-friendly recycling process for 

LiBs. 

6.3. Demonstration of the closed-loop processes 

In this chapter, the metal extraction processes demonstrated in Chapters 2 and 3, were 

scaled up to the solid-to-liquid (S/L) ratio of 38 g/L from 15 g/L. The Li and Co extraction from 

LiCoO2 using H2C2O4 is a solid-liquid reaction with both solid and liquid products. A S/L ratio 

determines the amount of solid that can be processed in a 1 L of aqueous reactant. Initially, 15 g/L 

was chosen on the basis of optimization work performed by Zeng et al.11 However, it was identified 

that the S/L ratio could be increased while maintaining the optimized Co:OA ratio (1:3) at high 

agitation speed (>500 rpm). Hence, the reactor temperature (T) and agitation speed (NS) were set 

at 98 °C and 600 rpm, respectively. The molar ratio between LiCoO2 and C2O4
2-

 (Co:OA) is critical 

and was kept constant at Co:OA = 1:3 (1.16 M H2C2O4). In the presence of H2O2, the molar ratio 

between LiCoO2, C2O4
2-

 and H2O2 (Co:OA:H2O2) was maintained at Co:OA:H2O2 = 1:1.5:3. This 

corresponds to a concentration of 0.58 M H2C2O4 and 1.16 M H2O2 to maintain a S/L ratio of 38 

g/L. The S/L ratio = 38 g/L was set to avoid crystallization of H2C2O4 (may contain Li) in the 

leachate after cooling to 20 °C. 

6.3.1. Materials and Materials Characterization 

Lithium cobalt oxide, LiCoO2, (99.8%, Sigma-Aldrich), oxalic acid dihydrate, 

H2C2O4·2H2O, (99.5%, ACROS Organics), lithium nickel-manganese-cobalt oxide, 

LiNi0.33Mn0.33Co0.33O2, (NMC111, MSE Supplies), and hydrogen peroxide, H2O2, (30%, Fisher 

Chemical) were used for the digestion reactions. Potassium carbonate, K2CO3, (99%, ACROS 

Organics) and potassium hydroxide, KOH, (Pellets 85%, Fisher Chemical) were used for the metal 

precipitations. Amberlyst® 15 (Dry H-form, strong acid cat ion-exchange resin) and sulfuric acid, 
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H2SO4, (ACS reagent, Fisher Chemical) were used in the regeneration studies. All solutions were 

prepared in deionized water (18 MΩ-cm).  

The metal concentration in the aqueous phase was measured using a Varian/Agilent 725 ES 

inductively coupled plasma – optical emission spectrometer (ICP-OES). Calibration was 

performed using the standards prepared from the commercial stock solutions. The 5 wt% HNO3 

was used as diluent for ICP-OES measurements. Solid samples were analyzed on a Bruker D2-

phaser powder X-ray diffraction (PXRD) with a Co Kα source (λ = 1.78897 Å), operated at 30 kV 

and 10 mA. The details about the characterization instruments can be found in Appendix: Section 

A1 

6.3.2. Reactor Setup and Sampling 

A 1-L glass reactor was used for all of the hydrometallurgical experiments in this work.162 A 

5 ml plastic syringe with a 20 cm long needle was connected to the sampling port to withdraw 

solid and aqueous samples. The samples were centrifuged for 5 min at 4000 rpm to separate the 

aqueous and solid phase. The aqueous phase was diluted with 5 wt% HNO3 at an appropriate ratio 

to achieve a concentration of less than 10 ppm for every metal in the aqueous phase. 

6.3.3. Precipitation and Acid Regeneration: Experimental 

The precipitation and acid regeneration processes were discussed in detail in Chapters 4 

and 5. In this section, the experimental details on both processes are covered. For precipitation, 

the pH of the solution was critical to precipitate metal hydroxides and carbonates from an aqueous 

solution. KOH pellets (85%) were used to regulate the pH of the solution. During the extraction 

of Li and Co from LiCoO2 using H2C2O4, Li remained in the aqueous phase, whereas Co 

precipitated as CoC2O4∙2H2O. The Li concentration in the aqueous phase after a 38 g/L metal 

extraction experiment was 2.70 g/L. The Li2CO3 has an aqueous solubility of 13.3 g/L, which 
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corresponds to the Li concentration of 2.50 g/L; therefore, it is essential to concentrate Li before 

precipitation. In this work, the aqueous phase was concentrated by four times to achieve a Li 

concentration greater than 10 g/L. This was achieved by evaporating the water to reduce the 1 L 

of the aqueous filtrate to 250 ml volume or reusing the same filtrate to perform three additional 

metal extraction experiments at the S/L ratio of 38 g/L. Once a Li concentration > 10 g/L was 

achieved, KOH was added to raise the pH > 13, and the Li was precipitated using K2CO3. After 

the removal of Li, CoC2O4∙2H2O was added slowly (1 g batches) and KOH was used to maintain 

the pH > 13 to ensure the precipitation of Co in the form of Co(OH)2. 

After precipitating Li and Co, the aqueous solution contained only K+ as the major cation. 

In this work, Amberlyst® 15 (Dry, H-form), a strong acid cation exchange (SAC) resin, was used 

to regenerate and recycle H2C2O4 in a batch setup. Initially, the resins were soaked in 1.5 M H2SO4 

for 2 h to activate the ion-exchange sites with H+. The activated resins were washed with DI water 

until the effluent was a neutral pH (pH ~ 7). After washing, the activated resins were mixed with 

the aqueous filtrate for 1-2 h. The aqueous phase predominantly contained K+ and the C2O4
2- 

initially added during the H2C2O4 acid addition. The H+ from the activated resins replaced the K+ 

in the solution and H2C2O4 was the predominant oxalate species at a pH ~ 1. The ion-exchange 

efficiency was calculated by measuring the concentration of remaining K+ ions in the aqueous 

phase and subtracting it from the initial K+ concentration. The K-saturated resins were regenerated 

to the original H-form using 1.5 M H2SO4. 

6.3.4. Closed-loop Process using H2C2O4 at S/L ratio = 38 g/L 

Based on the dissolution and precipitation of Co in the form of Co(OH)2, a new closed-

loop process shown in Figure 48 was designed for Li and Co extraction and separation from 

LiCoO2 using H2C2O4. As discussed earlier, the hydrometallurgical experiments were performed 
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at a LiCoO2 to H2C2O4 molar ratio of 1:3 (1.16 M H2C2O4), S/L ratio of 38 g/L, T = 100 °C, and 

Ns = 600 rpm. The Li and Co extraction kinetics from this experiment is shown in Figure 49 (Li 

and Co: Fresh Acid). It is important to note that the Co precipitated in the form of CoC2O4∙2H2O 

and was not present in the aqueous phase. The balanced chemical reaction between LiCoO2 and 

H2C2O4 is shown in Eq. 6.1. In Figure 49, efficient Li extraction kinetics were observed within 1 

hour and the LiCoO2 corresponding to a S/L ratio of 38 g/L was digested with Li and Co separated 

in the aqueous and solid phases, respectively. 

4H2C2O4(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2CO2(aq)    (6.1) 

 

The next step after Li and Co separation was to precipitate Li in the form of Li2CO3 as 

shown in Figure 48. The Li concentration in the aqueous phase after the first extraction experiment 

was 2.65 g/L. The solubility of Li2CO3 is 13.3 g/L at 20 °C, and that corresponds to a Li 

concentration of 2.50 g/L.20 The difference between the Li concentration in the aqueous phase and 

soluble Li in the Li2CO3 was minimal and efficient precipitation could not be performed. The 

aqueous phase was concentrated by reusing the solution for another extraction experiment. 

Additional H2C2O4 was required to supplement the C2O4
2-

 ions precipitated with CoC2O4∙2H2O. In 

the lab-scale study performed for this work, the aqueous phase was concentrated by evaporating 

the water from the aqueous filtrate at 105 °C until the volume was reduced by four times. However, 

concentrating the solution via evaporation is an energy-intensive process and would not be 

recommended at commercial-scale. After concentrating the aqueous phase, Li was efficiently 

precipitated at 80 °C using KOH and K2CO3 at a pH = 13.5. The Li concentration in the aqueous 

phase decreased from 10.5 g/L to 1.3 g/L resulting in an 87 % Li recovery in the form of Li2CO3. 

The precipitate was confirmed as Li2CO3 using PXRD, as shown in Figure 50.  
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The precipitation liquor after separating Li had a high pH (pH > 12), and CoC2O4∙2H2O 

was hydrolyzed and precipitated in the form of Co(OH)2 as discussed in Chapter 4. The solid 

CoC2O4∙2H2O was added in small batches while maintaining the pH using KOH, and a dark pink 

precipitate was recovered. The precipitate was confirmed as Co(OH)2 using PXRD (Figure 51). 

The precipitated Li2CO3 and Co(OH)2 was used to synthesize cathode material through a 

solid-state reaction. The cathode synthesis involved mixing the solid reactants well and calcining 

the mixture. LiCoO2 was synthesized from Li2CO3 and Co(OH)2 in a 1:2 stoichiometric ratio at 

800 °C (Eq 6.2). Other cathode materials like NMC can also be synthesized by adding a 

stoichiometrically equivalent amount of metal hydroxides along with Li2CO3. The LiCoO2 was 

confirmed using PXRD, as shown in Figure 52. 

Li2CO3 + 2Co(OH)
2
 + 

1

2
O2 → 2LiCoO2 + CO2 + 2H2O (6.2) 

 

Once Li and Co were separated and recovered in their useful forms, the Amberlyst® 15 

resins were used to regenerate the H2C2O4. The aqueous solution is predominantly K2C2O4 with a 

total K concentration of around 150 g/L. It should be noted that 1 L of the aqueous phase was 

concentrated to 250 ml during the Li precipitation, leading to a high K concentration. The H2C2O4 

was regenerated by mixing 90 g of activated Amberlyst® 15 resins (dry weight) in the K2C2O4 

solution for 1 h. The mixture was occasionally mixed, but continuous stirring was avoided to 

minimize damaging the resin beads. The quantity of resins used in this experiment was based on 

the optimization studies described in Section 5.4. After 1 h, the K concentration in the aqueous 

phase was reduced to 500 mg/L resulting in a 99.99% exchange efficiency. The pH of the aqueous 

phase also dropped from 13.6 to 0.48 after the complete ion exchange. A 1.5 M H2SO4 solution 

was used to regenerate the acidic sites in the used resins. 
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The regenerated acid was diluted to the original volume and 10 % of the initial H2C2O4 was 

added to make up for the acid lost during precipitation and acid regeneration. The metal extraction 

from LiCoO2 was performed using the regenerated acid at similar reaction conditions. The Li and 

Co extraction kinetics in the aqueous phase are shown in Figure 49 (Regenerated Acid). The Li 

extraction kinetics in the aqueous phase was similar to the fresh acid experiment, and >90% of Li 

was extracted within 1 h and >97% of the Co precipitated in the form of CoC2O4∙2H2O. The 

precipitate was confirmed using PXRD (Figure 53). Using the regenerated acid, the efficient metal 

extraction from LiCoO2 demonstrated the novel closed-loop process with essentially 100% acid 

recovery. 

 

 

 

Figure 48. Flowsheet for the proposed closed-loop LiCoO2 recycling process using H2C2O4. 
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Figure 49. Metal concentration for Li and Co as a function of time in the aqueous phase for fresh 

and regenerated H2C2O4 at Co:OA ratio = 1:3, T = 98 °C, S/L = 38 g/L, and NS = 600 rpm. 
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6.3.5. Demonstration of the closed-loop process using H2C2O4 + H2O2 

In Chapter 3, the advantages of a H2C2O4 + H2O2 process were discussed in detail.194 A 

balanced chemical reaction between LiCoO2 and H2C2O4 + H2O2 is shown in Eq. 6.3. In the 

presence of H2O2, the Li and Co extraction can be performed efficiently in around 1 hour for 

temperatures in the range of 55-75 °C using a molar ratio of 1:1.5:3 between LiCoO2, C2O4
2-

 and 

H2O2 and at a S/L ratio of 15 g/L.194  

4H2C2O4(aq) + 2LiCoO2(s) ⇆ Li2C2O4(aq) + 2CoC2O4·2H2O(s) + 2CO2(aq) (6.3) 

 

In this work, a scaled-up process was developed to extract the metals at a S/L ratio of 38 g/L. 

Based on the results from Section 6.3.4., a similar closed-loop process could be designed with 

H2C2O4 + H2O2 as the extraction reagent, as shown in Figure 54. In the presence of H2O2, metal 

extraction experiments were performed at 75 °C (rather than 100 °C with only H2C2O4), and the 

extraction kinetics are shown in Figure 55 (fresh reagents). More than 90 % Li was extracted into 

the aqueous phase in around 45 min, and Co extraction in the aqueous phase was also minimal. 

The PXRD patterns confirming the Co products are provided in Figure 56. The Li and Co 

precipitations were performed as described in Section 6.3.4. The optimized H2C2O4 + H2O2 process 

requires 0.58 M of H2C2O4, compared to 1.16 M, described in Section 6.3.4. In addition, the 

amount of SAC resins required for regeneration was also reduced by 50%. This difference has a 

significant impact on the overall economics of the process and will be discussed in Section 6.4. 

The regenerated H2C2O4 was diluted to the original volume, and 10% make-up acid along with 

fresh H2O2 was added to perform metal extractions under similar conditions. The Li extraction 

kinetics observed using the regenerated acid and fresh H2O2 (shown in Figure 55 – regenerated 

acid) were similar to the Li extraction experiments using fresh reagents. The improved kinetics 

were attributed to the better reduction properties of H2O2 than C2O4
2-

 ion. 
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Figure 54. Flowsheet for the proposed closed-loop LiCoO2 recycling process using H2C2O4 and 

H2O2. 

 

 

Figure 55. Metal concentration for Li and Co as a function of time in the aqueous phase for fresh 

and regenerated H2C2O4 with H2O2 at Co:OA:H2O2 ratio = 1:1.5:3, T = 75 °C, S/L = 38 g/L, and 

NS = 600 rpm. 
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6.4. Techno-economics Analysis 

6.4.1. Comparative cost analysis between different processes 

To understand the economic impacts of the closed-loop, environmentally-friendly oxalate-

based process, a preliminary techno-economic model was developed to compare the H2SO4 

process with two oxalate-based proposed processes. The three different cases used in this study 

are A) LiCoO2:H2C2O4 in a molar ratio of 1:3 at 100 °C, 1 h and 38 g/L S/L ratio, B) 

LiCoO2:H2C2O4:H2O2 in a molar ratio of 1:1.5:3 at 75 °C, 1 h and 38 g/L S/L ratio, and C) LIB 

black mass in 2 M H2SO4 + 5 vol% H2O2 at 60 °C, 2 h, and 100 g/L S/L ratios. Case A and B are 

the conditions used in this work for the oxalate process, and the conditions for case C were obtained 

from Kim et al.195 

For the energy analysis, the residence time of reaction was considered to be 1 h for cases 

A and B and 2 h for case C. The composition of feed for cases A and B was LiCoO2, whereas case 

C was LIB black mass of NMC cathode. In the work by Kim et al., 100 g of black mass resulted 

in a total of 0.72 moles of Ni, Mn, and Co metals in the aqueous phase.195 The 100 g of NMC111 

is approximately 1 mole of Ni, Mn, and Co metals stoichiometrically, and it was assumed that the 

LIB black mass for case C contains 75% of the cathode material. A comparison of these processes 

is shown in Table 23 based on the cost of reagents for metal extraction ($/kg of cathode material, 

referred to as $/kgcm from here on) and the energy cost ($/kgcm).  

The energy cost included the energy required to achieve and maintain the required 

temperature for the reaction time. The average natural gas price for commercial usage of 7.49 

$/MMBtu has been used in the energy cost calculations of this section.196 A 90% boiler efficiency 

and an average fluctuation of 2 °C/min in the aqueous phase temperature was assumed for the 

estimation. The reagent costs required in the downstream processes of separation of metals were 
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not included in this comparative analysis. Due to variable sources of cathode material, the cost of 

spent cathode material was also not included in this analysis. However, the black mass paste cost 

was reported as $100-200 per metric ton, which contained around 50 wt% of carbon, and the rest 

was spent or unspent metal oxides, along with miscellaneous pieces of plastics and other metals.197 

The bulk prices of chemical reagents used in this analysis are provided in the Table 24. 

 

Table 23. Cost comparison between cases A, B, and C for 1st cycle. 

 

Price ($/kgcm)* 

Case A: H2C2O4 
Case B:  

H2C2O4 + H2O2 

Case C:  

H2SO4 + H2O2 

Total energy cost 0.12 0.09 0.11 

Cost of acid 1.9 1.0 0.7 

Cost of reducing agent 0.0 0.7 0.5 

Total Cost 2.00 1.80 1.30 

* $/kgcm = Price in $ for processing 1 kg of cathode material 
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Table 24. Bulk prices of the chemical reagents used in the techno-economic analysis. 

Chemical compound 
Bulk Price 

($/ton) 
Source** 

Oxalic Acid 500 
https://www.alibaba.com/product-detail/Factory-

supply-99-6-min-purity_1600175710615.html 

Hydrogen Peroxide 340 
https://www.alibaba.com/product-detail/35-50-Food-

grade-H2O2-hydrogen_1553021671.html 

Potassium Hydroxide 700 
https://www.alibaba.com/product-detail/CAS-No-

1310-58-3-industrial_60814472991.html 

Potassium Carbonate 900 

https://www.alibaba.com/product-detail/Potassium-

Carbonate-Carbonate-Factory-Supply-

Fertilizer_1700008076146.html 

Strong Acid Cation 

Exchange Resin* 
3000-7000 

https://www.alibaba.com/product-detail/Catalyst-

Resin-equal-to-AMBERLYST-

35WET_62528139106.html 

Sulfuric Acid 250 
https://www.alibaba.com/product-detail/Premium-

quality-Sulphuric-Acid-98-best_62012768376.html 

Cobalt Hydroxide 30000 

https://www.alibaba.com/product-detail/Cobalt-

Hydroxide-Cobalt-Hydroxide-Cobalt-

Hydroxide_60398573285.html 

Lithium Carbonate 1350 

https://www.marketwatch.com/story/lithium-

demand-to-grow-at-average-annual-rate-of-30-in-

2021-23-bacanora-says-commodity-comment-

271631179864 

 

* The prices of strong acid cation-exchange resins were found to be varying from 3000 to 7000 

$/ton. Therefore, 5000 $/ton was used in the techno-economic analysis 

 

** Links accessed on 10/28/2021 

 

The recycling of H2C2O4 for another metal extraction using the ion-exchange resin process 

was a novelty of this work. The SAC resins typically have a lifetime of over 10 years; therefore, 

in the economic comparisons, it was assumed that the resins could be regenerated after each cycle 

and reused again to recycle H2C2O4. In this analysis, 1 kg of cathode material, and 100 cycles were 

assumed for economic comparisons shown in Table 25. A 90 % H2C2O4 recycling efficiency was 

assumed based on experiments with the ion-exchange resins, and an additional 10% H2C2O4 make-

up was added, as discussed in Sections 6.3.4. and 6.3.5. The bulk prices of reagents used in the 
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analysis are shown in Table 24. In Table 23 (1 cycle, no acid recycling), the total cost of the H2C2O4 

(case A) and H2C2O4 + H2O2 (case B) are in the similar range ($2/kg and $1.8/kg), but the H2SO4 

+ H2O2 (case C, $1.3/kg) process was 30% cheaper. The lower cost is due to the operation of case 

C at a S/L ratio of 100 g/L by Kim et al.,195 whereas cases A and B were operated at a S/L ratio of 

38 g/L. In the case of recycling 90% of H2C2O4 (shown in Table 25) both cases A and B have the 

reagent cost in similar range as case C ($130/100 kgcm). This observation proves the significance 

of acid recycling for an inorganic acid process. In addition, the E-factor defined by Eq. 6.4 were 

used to compare all three cases as shown in Table 26.  

E-factor = 
Total waste produced (kg)

Total product (kg)
 (6.4) 

 

For an ideal process, E-factor should be zero. In case A and case B, H2SO4 acid used for 

the recycling of H2C2O4 was the major waste stream. This waste acid has a high K concentration 

and could be used as a fertilizer after appropriate neutralization which would reduce the E factor 

even further.198,199 However, for this analysis, the H2SO4 containing K was assumed to be a waste. 

For case C, the aqueous phase remaining after metal recovery was considered a waste. The pH of 

this waste stream for case C was assumed to be around 13-13.5 because of the metal hydroxide 

precipitations performed. Among the cases discussed in this section, case B (H2C2O4 + H2O2) has 

the lowest E-factor with comparable economics with the H2SO4 + H2O2 process. Additional 

improvements in waste minimization could lower the E factor even further for the oxalate process 

and should be explored. 
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Table 25. Cost comparison between cases A, B, and C over 100 cycles. 

 

Price ($/100 kgcm)* 

Case A: 

H2C2O4 

Case B:  

H2C2O4 + H2O2 

Case C: 

H2SO4 + H2O2 

Total energy cost 12 9 11 

Cost of SAC resins (bulk price = $3/kg) 23 11 0 

Cost of SAC resins (bulk price = $5/kg) 38 19 0 

Cost of SAC resins (bulk price = $7/kg) 53 27 0 

Cost of acid (including make-up) 21 11 65 

Cost of reducing agent 0 71 54 

Cost of H2SO4 for regeneration of resins 56 28 0 

Total Cost 127 ± 15 138 ± 9 131 

* $/100 kgcm = Price in $ for processing 100 kg of cathode material  

 

Table 26. Comparison of waste production and E-factor between cases A, B, and C over 100 

cycles. 

 
Case A: 

H2C2O4 

Case B:  

H2C2O4 + H2O2 

Case C: 

H2SO4 + H2O2 

Total waste produced (kg/100 kgcm) 1500 750 1300 

Expected pH of waste 1.5-2.0 1.5-2.0 13-13.5 

Total product (kg/100 kgcm) 132 132 132 

E-factor 11.3 5.6 9.8 

 

6.4.2. Profit analysis for oxalate processes 

The LIB recycling process was driven by the value associated with the transition metal products, 

particularly Co. The battery chemistries are continuously evolving to reduce the dependence on 

Co in the cathode; therefore, the profit associated with any recycling technologies was the most 

sensitive to the market price of products such as Co(OH) 2. The impact of the variable market price 
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of Co(OH)2 was analyzed on the profit margin of both processes (H2C2O4 and H2C2O4 + H2O2) 

developed in this work. Currently, the market price of Co(OH)2 is around 30 $/kg (Table 24). For 

the analysis, this market price was considered the best-case, and $5/kg was considered the worst-

case scenario. The worst-case scenario also explains the economic impact of using the oxalate 

process to recycle a NMC cathode or even a Co-free cathode. The total input cost includes the 

costs described in Table 25, and the reagents required for metal precipitations. It was also observed 

that the net profit is sensitive to the number of cycles the resins can be reused. In order to 

understand this impact, the number of times the resins could be reused was varied from 10 to 150 

(e.g., Table 25, 100 cycles). The variation in the net profit with varying cobalt hydroxide market 

price (best-case to worst-case) and SAC resins expected life (number of recycling cycles) for 

H2C2O4 + H2O2 process are shown in Figure 57. In the case of H2C2O4 as the extraction reagent 

the net profit was approximately 5% lesser in every case. For the worst-case scenario, the H2C2O4 

process becomes profitable after 25 cycles and for H2C2O4 + H2O2 the process is profitable at even 

10 cycles. Overall, the H2C2O4 + H2O2 process was marginally more profitable and had a smaller 

E-factor than the only H2C2O4 process. The H2SO4 + H2O2 process discussed in the previous 

section was not compared because of the variability in the metal separation strategies. 
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Figure 57. Net profit sensitivity towards the market price of Co(OH)2 and number of cycles for 

the metal extraction using H2C2O4 + H2O2. Co MP corresponds market price of Co(OH)2. 

   

6.5. Flexibility of the closed-loop oxalate chemistry process for other metal recovery 

In this dissertation (Chapters 3, 4 and 6), the separation and recovery of Li and Co metals 

from a LiCoO2-based cathode using oxalate chemistry are covered. The cathode chemistry in LIB 

production is continuously evolving to reduce Co content and replace with other metals such as Ni 

and Mn. Furthermore, other low-cost metals such as Al, Cu, and Zn along with the graphite might 

be present in the LIBs waste. To showcase the flexibility of the oxalate process for separating 

additional metals, an alternative process shown in Figure 58 was proposed. To prove that the 

cathode chemistries involving Ni, Mn and Co can be recycled conveniently using H2C2O4, metal 

extraction experiments were performed with on a LiNi0.33Mn0.33Co0.33O2 (NMC) material. The 

NMC cathode has a similar structure to LiCoO2
 and using similar metal extraction conditions (T = 

100 °C, NMC:OA:H2O2 = 1:1.5:3, NS = 600 rpm and S/L ratio = 15 g/L), >90% Li was extracted 
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into the aqueous phase and a mixed insoluble metal oxalate containing Ni, Mn and Co metals was 

recovered in the solid phase. 

The process in Figure 58 utilized the property of amphoteric metal hydroxides such as Al, 

Cu, and Zn to separate them from the NMC material hydroxides at higher pH. Similar to the 

processes demonstrated in this chapter, Li has to be precipitated before the addition of the NMC 

oxalate. If any Fe3+ and Al3+ impurities are present, they can be selectively precipitated in the form 

of their respective metal hydroxides, as demonstrated in our previous work for bauxite ore.200 The 

higher solubility of Li(OH)2 compared to Fe and Al hydroxides will retain Li in the aqueous phase 

for Li2CO3 precipitation. In the oxalate-rich basic solution after Li precipitation, the solid product 

comprising insoluble metal oxalates and graphite can be added slowly. In the presence of excess 

oxalate ions, insoluble metal oxalates should dissolve, leaving graphite as the residue. The pH can 

be controlled to precipitate NMC hydroxide from the mixture selectively. This process is based on 

our understanding of the oxalate and hydrolysis chemistry.  
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Figure 58. Proposed process for extending the oxalate process to recycle LIB cathodes with 

various metal impurities. 

  

6.6. Conclusions 

In summary, oxalate chemistry can create a closed-loop and environmentally-friendly LIB 

recycling process that was economical compared with the incumbent H2SO4 process. In this 

chapter, a closed-loop process was designed for recycling 100 % of the H2C2O4 used after an 

efficient metal extraction and precipitation. The optimized conditions for the Li and Co extraction 

from LiCoO2 (from Chapters 2 and 3) were scaled-up to a solid-to-liquid ratio of 38 g/L using 

H2C2O4 and H2C2O4 + H2O2 reagents. The H2C2O4 process can completely extract and separate Li 

and Co within 1 hour at 100 °C, whereas H2C2O4 + H2O2 can perform a similar extraction at 75 

°C. The Li present in the aqueous phase can be efficiently precipitated to Li2CO3 using potassium 
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carbonate. The precipitated CoC2O4∙2H2O was dissolved and reprecipitated in the form of 

Co(OH)2 and a 100 % recovery of C2O4
2- ions in the aqueous phase was achieved. An ion exchange 

process was designed using strong acid cation-exchange resins to regenerate the H2C2O4 from 

C2O4
2- ions in the aqueous phase.  

A preliminary techno-economic analysis of the H2C2O4 and H2C2O4 + H2O2 processes was 

performed to evaluate the economic and environmental impacts. The analysis concluded with the 

80-90% recycling of H2C2O4 in the H2C2O4 and H2C2O4 + H2O2 processes are cost competitive 

with the H2SO4 process. To understand the environmental impact, the amount of waste generation 

and E-factor was estimated. The H2C2O4 + H2O2 process has an E-factor of 5.5, whereas H2C2O4 

and H2SO4 processes have an E-factor of approximately 10. The 50 % reduction in waste generated 

with similar economic impacts makes the H2C2O4 + H2O2 process the most sustainable for the 

recovery of critical metals such as Li and Co from waste LIB cathodes. In addition, other valuable 

metals in LIBs such as Ni and Mn form insoluble metal oxalate dihydrates. These compounds can 

be dissolved and precipitated selectively in excess oxalates without impurity metals like Al, Cu, 

and Zn. The low cost and efficient metal separation combined with 50% lower waste generation 

relative to the H2SO4 process make the oxalate processes quite attractive for the recovery of critical 

metals from LIBs. The closed-loop processes discussed in this work can also be used to sustainably 

recover critical and precious metals from other sources such as ores like bauxite, ilmenite, spent 

catalysts, and rare-earth containing materials. 
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Chapter 7 

“There must be a better way to make the things we want,  

a way that doesn’t spoil the sky, or the rain or the land.” 

- Paul McCartney (English Songwriter)  

 

7.1. Abstract 

Bauxite ore is the world's primary source of Al metal. The Bayer process holds an exclusive 

status worldwide for the extraction of alumina from bauxite. This process is efficient for alumina 

extraction, but a massive amount of "red mud" waste is generated. The red mud waste is caustic 

and is mainly composed of iron oxides. In this chapter, three oxalate reagents: potassium hydrogen 

oxalate (KHC2O4), potassium tetraoxalate (KHC2O4·H2C2O4), and oxalic acid (H2C2O4) were 

investigated for the development of a closed-loop Al and Fe extraction process from NIST SRM 

600 – Australian Darling range bauxite ore. KHC2O4 and KHC2O4·H2C2O4 can be synthesized by 

mixing K2C2O4 and H2C2O4 at 1:1 and 1:3 molar ratios, respectively. More than 90% of Al was 

extracted into the aqueous phase in less than 2 h with 0.50 M C2O4
2-

 at 100 °C for all three reagents. 

The rate of Al extraction was similar at the operating pH = 1.0, 1.5, and 2.5. The rate of Fe 

extraction was highest for KHC2O4 with an operating pH = 2.5. The Fe can be selectively 

precipitated by hydrolyzing the aqueous phase to a pH = 13.80. After separating the Fe precipitate, 

the resulting filtrate can be acidified to a pH = 10.50 for efficient Al precipitation. By acidifying 

the Al and Fe free filtrate to a pH = 2.50, approximately 60% of initial C2O4
2-

 can be precipitated 

and recovered as KHC2O4. Additional acidification to a pH = 1.50 can precipitate 80% of the 

C2O4
2-

 as KHC2O4·H2C2O4. The acid recovery can be even more efficient using an ion-exchange 

process. Greater than 90% of the aqueous acid can be recovered and recycled using a strong acid 

cation exchange resin. The proposed closed-loop process is an energy-efficient, cost-effective, 
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environmentally-friendly route for extracting commercially valuable metals such as Al and Fe 

from bauxite ores and other sources. 

7.2. Background and Motivation 

Aluminum is a lightweight, durable, recyclable metal with its primary use in the production 

of high strength alloys in combination with other metals like Ni, Zn, Cu, and Mn. These alloys are 

used in a broad range of industries that vary from automobile manufacturing to aeronautical 

applications.201 The primary source of Al is aluminum oxide (alumina) present in bauxite ore. 

More than 90% of globally mined bauxite is used for Al production. On average, a bauxite ore 

contains 30-60 wt% of alumina, the rest being a mixture of iron oxides and quartz.202 

Commercially, bauxite is refined using the Bayer process to produce smelter-grade alumina that is 

then converted to Al metal using the Hall–Héroult process.201,203 

In bauxite, Al is present in the form of aluminum oxide trihydrate like gibbsite 

(Al2O3·3H2O or Al(OH)3) and monohydrate minerals such as boehmite (Al2O3·H2O or γ-

AlO(OH)) and diaspore (Al2O3·H2O or α-AlO(OH)). Other minerals which can be found in bauxite 

include hematite (Fe2O3) and quartz (SiO2). The Bayer process involves the digestion of crushed 

bauxite in concentrated NaOH solution at high temperatures. The Al present in the ore reacts with 

NaOH to form water soluble sodium aluminate (NaAlO2) leaving behind an insoluble solid residue 

(red mud). However, the dissolution of SiO2 and Al in concentrated NaOH solution makes the 

Bayer process inefficient for low-grade bauxite ores (greater than 10 wt% SiO2 content). 

The bauxite refining industry faces a global environmental issue because of the disposal 

problems associated with the caustic bauxite tailings commonly referred to as red mud.204,205 The 

red mud is discharged from the process as an alkaline slurry with a pH > 12. It primarily consists 

of bauxite tailings like iron oxide (Fe2O3) and quartz (SiO2).
206 Typically, about 1.0-1.5 tons of red 
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mud are produced per ton of alumina in the Bayer process.207 For the disposal of red mud, methods 

like landfills, deep-sea dumping, or storage in open ponds or reservoirs are utilized. The high 

alkalinity of the red mud pollutes the land and threatens plant growth and wildlife.208,209 With the 

growing demand for Al, the disposal methods of red mud are an issue that needs global attention. 

In the past two decades, there have been numerous red mud incidences because of its disposal. The 

most disastrous incident occurred in Hungary in 2010, when the Ajka refinery dam collapsed, 

resulting in red mud flooding the nearby area. The release of approximately 1 million cubic meters 

of red mud contaminated more than 40 square kilometers of land and led to 9 deaths and 122 

severely injured.210,211 

To solve the problems associated with red mud, either environmentally-friendly techniques 

have to be utilized to dispose of red mud responsibly, or it can be eliminated at the source by 

developing a closed-loop bauxite refining process. Numerous researchers have worked on the 

recovery of valuable metals from red mud using both pyrometallurgy and hydrometallurgy.212-216 

Pyrometallurgy is energy intensive, whereas hydrometallurgical processes using inorganic acids 

(e.g., sulfuric acid and nitric acid) poses significant environmental risk from the emission of SOX 

and NOX. The large amount of acid initially involved for neutralizing the caustic red mud and the 

handling of effluents create an additional burden on the red mud processing.210 In this chapter, a 

closed-loop hydrometallurgical approach for bauxite refining with minimal waste to eliminate the 

concerns associated with red mud has been discussed. In our alternative approach for bauxite 

refining, oxalic acid (H2C2O4) and two of its derivatives with potassium oxalate (K2C2O4·H2O): 

potassium hydrogen oxalate (KHC2O4) and potassium tetraoxalate (KHC2O4·H2C2O4) are 

investigated as reagents to extract Al and Fe from bauxite. 
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The oxalate ion is a bidentate ligand with excellent chelation properties. The H2C2O4 and 

its derivatives (KHC2O4 and KHC2O4·H2C2O4) utilize the chelation property along with the acidity 

to extract metals from the metal oxides. The H2C2O4 has been used to extract metals from various 

sources ranging from spent lithium-ion battery cathodes12,162 to ores such as laterite77 and 

scheelite.86,87 Corbin et al. developed two environmentally-friendly closed-loop processes for 

extraction of Fe and Ti from ilmenite using ammonium hydrogen oxalate (NH4HC2O4)
16 and 

trimethylammonium hydrogen oxalate ((NH(CH3)3)HC2O4).
76 The H2C2O4 and its derivatives can 

be advantageous for metal separations in an aqueous medium. Most of the divalent (M2+) metal 

ions are known to form insoluble metal oxalate compounds, whereas monovalent (M+) and 

trivalent (M3+) metal ions form soluble metal oxalates.2,150 The difference in the aqueous solubility 

can be utilized to separate metal oxalate compounds. 

In this chapter, a standard bauxite material from the Australian Darling range (NIST 

SRM600) has been used to investigate the feasibility of a closed-loop Al and Fe recovery process 

using H2C2O4, KHC2O4, and KHC2O4·H2C2O4. The easy separation of SiO2 from Al2O3 and Fe2O3 

is a major advantage of using an acidic process. The Al and Fe from their respective metal oxides 

are leached into the aqueous phase, whereas SiO2 remains in the solid phase. The Al and Fe 

extracted in the aqueous phase can be separated using selective hydrolysis, and pH conditions have 

been optimized for efficient separation. However, the H2C2O4 and K2C2O4 are more expensive 

than inorganic acids such as H2SO4 and HNO3.
162 To offset the cost of oxalate-based acids and 

make this process economical, an ion-exchange resin and a pH-based separation have been 

developed to recover the oxalate-based acids in their original form. To the best of our knowledge, 

this is the first study on the extraction of metals from bauxite using oxalic acid and its derivatives. 
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This novel closed-loop process is an environmentally-friendly and economical route for recovering 

Al and Fe from bauxite ore. 

7.3. Extraction of Al and Fe using Oxalate Reagents 

 To understand the extraction of metals from NIST SRM 600 bauxite ore using aqueous 

H2C2O4 (OA), KHC2O4 (KHO) and KHC2O4·H2C2O4 (KTO), the temperature, agitation speed, and 

S/L ratio were kept constant at T = 100 °C, Ns = 600 rpm, and 15 g/L respectively, for all the 

experiments in this section unless specified otherwise. The S/L ratio can be optimized after 

understanding the mechanism. NIST SRM 600 bauxite contains Al in the form of gibbsite 

(Al2O3·3H2O), along with hematite (Fe2O3) and quartz (SiO2). A chemical analysis of SRM 600 

bauxite was obtained from NIST and provided in the Table 27. 

7.3.1. Materials 

In this study, NIST SRM 600 – Bauxite, Australian-Darling Range, H2C2O4·2H2O 

(ACROS Organics, 99.5%), K2C2O4·H2O (Alfa AesarTM, 98.8%), and deionized water were used 

for the metal extraction experiments. Potassium hydroxide, (KOH Pellets, Fisher Chemical) and 

Fe metal powder (20 mesh, Alfa AesarTM, 99%) were used for metal precipitation and hydrolysis, 

respectively. Sulfuric acid (H2SO4, Fisher Scientific, 98%) was used for acidification and 

regeneration of oxalate. 

7.3.2. Characterization 

The metal concentrations in the solid and aqueous phase were measured using an 

inductively coupled plasma – optical emission spectrometer (ICP-OES). A Varian/Agilent 725 ES 

ICP-OES with simultaneous CCD detector was used for the measurements, and a Varian/Agilent 

SP3 autosampler was used to sequence multiple samples. The aqueous phase samples were diluted 

100 times with 5 wt% HNO3 before analyzing them by ICP. Elemental compositions of the solid 
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phases were identified using X-Ray fluorescence (XRF) using a Malvern Panalytical Zetium (1 

kW) instrument with a Rh anode and a 75 μm Be window with a duplex detector. Phase 

identification and crystallinity measurements were performed on a Bruker D2 phaser powder X-

ray diffraction (PXRD) with a Co Kα radiation source (λ = 1.78897 Å). The source voltage and 

current were set at 30 kV and 10 mA, respectively. The data were collected in the 2θ range of 

10−70° with a step size of 0.02° and dwell time of 0.40 s per step. XRD patterns were analyzed 

using MDI Jade 6 software. 

 

Table 27. Certificate of Analysis of NIST SRM 600  

(at https://www-s.nist.gov/srmors/certificates/600.pdf on 08/19/2021) 

Constituent Certified Value (Percent by Weight) Estimated Uncertainty 

Al2O3 40.0 0.4 

Fe2O3 17.0 0.3 

SiO2 20.3 0.4 

TiO2 1.31 0.04 

ZrO2 0.060 0.009 

P2O5 0.039 0.007 

V2O5 0.060 0.007 

Cr2O3 0.024 0.004 

CaO 0.22 0.02 

MgO 0.05 0.01 

MnO 0.013 0.004 

ZnO 0.003 0.002 

K2O 0.23 0.02 

Na2O 0.022 0.007 

SO3 0.155 0.006 

Loss on Ignition 20.5 0.2 

https://www-s.nist.gov/srmors/certificates/600.pdf
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7.3.3. Reactor Setup and Sampling 

The metal extraction experiments were carried out in a 1-L glass reactor with similar 

configurations used for the Li and Co extraction from LiCoO2. A detailed reactor schematic can 

be found in the Appendix, Section A.1.162 The reactor temperature and agitation speed (Ns) were 

set at 98 °C and 600 rpm, respectively, for all the experiments in this work. The temperature and 

agitation speed values were optimized to maximize the kinetics and avoid any diffusion limitation. 

Samples were withdrawn from the reactor at specific intervals using a 20 cm long needle connected 

to a 5 mL syringe. The withdrawn samples were centrifuged in a Falcon®
 tube for 5 min at Ns = 

4000 rpm to separate out the solids. The aqueous phase was diluted with 5 wt% nitric acid solution 

at a ratio of 1:10 for the measurement of Al and Fe concentrations. 

7.3.4. Metal Extraction, Hydrolysis, and Acid Regeneration: Experimental 

 Metal extraction experiments were carried out by mixing the oxalate reagents and heating 

them to a set temperature and then adding the required amount of bauxite. Aqueous H2C2O4 with 

or without K2C2O4 was used in each experiment. The H2C2O4 and K2C2O4 molar ratio is critical 

for the synthesis of KHC2O4 and KHC2O4·H2C2O4. The reaction parameters for an efficient 

hydrometallurgical extraction are the acid concentration, temperature, solid-to-liquid ratio (S/L), 

and agitation speed. As mentioned in the previous section, the temperature and agitation speed 

were kept constant, while the effect of acid concentration was studied for all three oxalate reagents 

(H2C2O4, KHC2O4, and KHC2O4·H2C2O4). The effect of increasing the S/L ratio was studied only 

with KHC2O4·H2C2O4. Once the Al and Fe metals were extracted into the aqueous phase, the Fe 

was precipitated as Fe(OH)3 via hydrolysis by increasing the pH using KOH. After removal of the 

Fe, the Al was precipitated from the solution by lowering the pH to an appropriate range by adding 

either H2SO4 or H2C2O4. The specific range of pH for efficient precipitation of Al and Fe is 
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discussed in the results and discussion section. The precipitation experiments were performed at 

20 °C to maximize the precipitation efficiency using minimum energy.  

The oxalate reagents were regenerated using two methods. The first approach involved 

using a strong acid cation exchange resin such as Amberlyst® 15 H-form to decrease the pH. In 

this chapter as well, the batch process was used for the acid regeneration by mixing the activated 

resins with the filtrate while monitoring the pH. After achieving the desired pH, the resins were 

regenerated by soaking them in a 1.5 M sulfuric acid solution. In the presence of a strong acid, the 

resins regain their initial H-form. The regenerated resins were washed with DI water until the 

effluent was pH neutral before performing another ion exchange. The washing step removed any 

excess acid present on the resin beads. The washed and regenerated resins can be repeatedly used 

for additional metal precipitation. The second method for regenerating the oxalate reagents 

involved acidification of the filtrate post metal precipitation to the initial pH using H2SO4. The 

acidification will precipitate either KHC2O4 or KHC2O4·H2C2O4, depending on the pH range. To 

minimize the amount of water added, 98 wt% H2SO4 was used in the acidification process. This 

pH-based process utilizes solubility differences for separation and is discussed in detail in the 

results and discussion section. Both of the acid regeneration processes have been discussed in 

detail in Chapter 5. 

7.3.5. Synthesis of Potassium Hydrogen Oxalate and Potassium Tetraoxalate  

The H2C2O4 is a diprotic acid with pKa1 = 1.23 and pKa2 = 4.19 at 20 °C. Both KHC2O4 

and KHC2O4·H2C2O4 contain the binoxalate anion (HC2O4
-
). Based on the speciation of oxalic 

acid, H2C2O4 is the predominant species below a pH = 1.23, HC2O4
-
 is the predominant species 

between pH = 1.23 and 4.19, and C2O4
2-

 is the predominant species above pH = 4.19.150 The 

KHC2O4 can be synthesized using a 1:1 molar ratio of H2C2O4 and K2C2O4, as shown in Eqs. 7.1 
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and 7.2. The KHC2O4 is sparingly soluble in the resulting solution shown in Eq. 7.1. at 20 °C, and 

a white precipitate was observed. The precipitate was filtered and identified as KHC2O4 using 

PXRD.  

KHC2O4·H2C2O4 is another derivative of H2C2O4 that can be synthesized by mixing 

H2C2O4 and K2C2O4 in a 3:1 molar ratio, as shown in Eq. 7.2. The KHC2O4·H2C2O4 was also found 

to be sparingly soluble in the resulting solution shown in Eq. 7.2. at 20 °C. A white precipitate was 

observed, filtered, and identified using PXRD as KHC2O4·H2C2O4·2H2O. These two derivatives 

provide an alternative to H2C2O4 with moderate acidity and similar chelation properties. The low 

solubility of these acids in comparison to the H2C2O4 provides a convenient means to recover the 

acids after metal extraction. 

H2C2O4(aq) +  K2C2O4(aq) ⇌ 2KHC2O4(aq) (7.1) 

3H2C2O4(aq) +  K2C2O4(aq) ⇌ 2KHC2O4·H2C2O4(aq) (7.2) 

 

The solubilities of KHC2O4 and KHC2O4·H2C2O4 were measured as 5.8 g and 3.0 g per 

100 mL of water at 20 °C, respectively. The NH4HC2O4 and NaHC2O4 were synthesized for 

measuring the solubilities in water at 20 °C. The solubilities of common oxalate compounds have 

been shown in Table 3, Chapter 1. The potassium-based oxalate compounds are unique because of 

the low solubility of KHC2O4 and KHC2O4·H2C2O4 and the high solubility of K2C2O4. The high 

solubility of K2C2O4 is critical for separating pure metals (e.g., Al and Fe) during the hydrolysis 

step without any impurity. 

7.3.6. Kinetics of Al and Fe Extraction  

The kinetics of Al and Fe extraction from NIST SRM 600 bauxite have been studied using 

aqueous H2C2O4 (OA), KHC2O4 (KHO) and KHC2O4·H2C2O4 (KTO) reagents. A major difference 
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between the three oxalate reagents is the reaction pH. The OA is the most acidic, followed by the 

KTO and then KHO. The acidity of the reagent is critical for breaking the metal-oxygen bonds via 

hydrogen bonding that initiates the extraction of metals from metal oxides.14 Figure 59 summarizes 

the Al and Fe extraction kinetics for NIST SRM 600 bauxite using OA. 

The Fe extraction rate was significantly improved by increasing the OA concentration from 

0.50 M to 0.75 M, whereas the Al extraction rate increased slightly. The Al extraction rate was 

faster than Fe, at both 0.50 M and 0.75 M OA, indicating a preference towards Al in the acidic pH 

range of 0.75-1.2. Greater than 90% of the Al was extracted in 1 h for at both 0.50 M and 0.75 M 

OA, while about 1.5 h was required for extracting 90% of the Fe. However, when similar 

extractions were performed using 0.50 M KHO and 0.75 M KHO (Figure 60), the rate of Fe 

extraction was faster than Al. For both 0.50 M and 0.75 M KHO, less than 1 h was required to 

extract greater than 90% of the Fe. This observation indicates the importance of the HC2O4
-
 in Fe 

extraction. The KHO behaves as a pH buffer; therefore, when increasing the concentration of 

KHO, the pH remains the same, and no significant changes in metal extraction kinetics were 

observed. OA is the most acidic and effective at Al extraction from bauxite ore; however, the 

difficulty is regenerating the acid after precipitation of the Al and Fe. For this reason, the 

moderately acidic KTO is the preferred acid, which can be easily regenerated after Al and Fe 

precipitation. The stoichiometric reactions for the extraction of trivalent metal (M3+ like Al3+, Fe3+) 

from its oxide (M2O3) using OA, KHO and KTO are shown in Eqs. 7.3-7.5. 

M2O3 + 6(H
2
C2O4·2H2O) ⇄ 2[M(C2O4)

3
]
3-

 + 15H2O + 6H+ (7.3) 

M2O3 + 6(KHC2O4) ⇄ 2[M(C2O4)
3
]
3-

 + 3H2O + 6K+ (7.4) 

M2O3 + 6(KHC2O4·H2C2O4·2H2O) ⇄ 2[M(C2O4)
3
]
3-

 + 15H2O + 3K++ 3H+ (7.5) 
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KTO is a double salt of OA and KHO and comprises two moles of C2O4
2-

 per mole of KTO. 

Hence, 0.25 M KTO (0.50 M C2O4
2-

) was used to perform the Al and Fe extraction from NIST 

SRM 600 bauxite at a 15 g/L S/L ratio. In the KHO study, no significant difference was observed 

in the rate of metal extraction at a higher C2O4
2-

 concentration due to essentially the same pH; 

therefore, only 0.25 M KTO was studied in detail. In Figures 59 and 60, the 0.50 M C2O4
2-

 

concentration led to an efficient extraction of Fe and Al using 15 g/L S/L ratio of ore; therefore, a 

higher S/L ratio of 20 g/L with 0.25 M KTO was attempted, as shown in Figure 61. The Al and Fe 

extraction kinetics for 20 g/L was slower in comparison to 15 g/L experiments because of the 

decreased concentration of C2O4
2-

 per metal ion. However, greater than 95% of Al and Fe was 

extracted in 2.5 h at 20 g/L S/L ratio, which makes this process energy-efficient. An important 

observation was the rates of Al extraction for OA, KTO, and KHO at the 0.50 M C2O4
2-

 

concentration were similar (Figure 62), which confirms the negligible effect of pH on Al extraction 

kinetics. This could be because of operating the metal extraction in the presence of excess acid. 

To understand this phenomenon, ore was digested in 0.50 M K2C2O4, and no Al extraction was 

observed, confirming the importance of acidity to initiate the extraction. The elemental 

composition shown in Table 28 after the extraction experiments indicates less than 10% of Al and 

2% of Fe remain in the solid residue. The typical mass of solid residue recovered was 2.5 g from 

15 g of ore digested in 1 L of acid. From the elemental composition of the ore and remaining solid 

residue shown in Table 28, it can be seen that in addition to Al and Fe, some other metals such as 

Zr and Mg are also leached into the aqueous phase. The residues recovered in the experiments 

shown in Figures 59-62 were also confirmed using PXRD to be primarily quartz (SiO2). The 

PXRD patterns for the NIST SRM 600 and the solid residues from the bauxite digestion using 0.50 

M OA, 0.50 M KHO, and 0.25 M KTO are shown in Figures 63 and 64, respectively. 
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The Fe and Al extraction from bauxite can also be performed using other derivatives of 

oxalic acid like ammonium hydrogen oxalate (NH4HC2O4). Ammonium compounds are more 

acidic than the potassium compounds. However, as seen in Figure 62, Al extraction kinetics was 

same for an optimal amount of acidity. To confirm this, 0.50 M NH4HC2O4 was used to extract Fe 

and Al from NIST SRM 600, and very similar extraction kinetics as 0.50 M KHO was observed. 

However, because of the low aqueous solubility of (NH4)2C2O4, ammonium reagents were not 

considered as a metal extraction reagent in this dissertation. 

 

 

Figure 59. Metal concentration for Al and Fe as a function of time in the aqueous phase for 0.50 

M and 0.75 M OA at T = 100 °C, S/L = 15 g/L and Ns = 600 rpm. 
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Figure 60. Metal concentration for Al and Fe as a function of time in the aqueous phase for 0.50 

M and 0.75 M KHO at T = 100 °C, S/L = 15 g/L and Ns = 600 rpm. 

 

 

Figure 61. Metal concentration for Al and Fe as a function of time in the aqueous phase for 0.25 

M KTO at T = 100 °C, S/L = 15 g/L and 20 g/L and Ns = 600 rpm. 
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Figure 62. Al concentration as a function of time in the aqueous phase for 0.50 M OA, 0.50 M 

KHO and 0.25 M KTO at T = 100 °C, S/L = 15 g/L and Ns = 600 rpm. 

 

 

Table 28. Elemental composition of NIST SRM 600 and the solid residues remaining after refining 

of NIST SRM 600. 

Extraction reagent 

and conditions 

Concentration (wt%) 

Al Fe Si Ti Zr Ca K P Mg O 

NIST SRM 600 33.80 13.52 6.20 0.87 0.32 0.24 0.22 0.22 0.14 44.28 

0.50 M KHO – 15 g/L 9.70 1.06 34.05 2.81 0.34 0.60 0.82 0.24 0.02 50.54 

0.75 M KHO – 15 g/L 8.00 0.94 35.61 2.56 0.29 0.68 0.73 0.24 0.02 50.70 

0.25 M KTO – 15 g/L 9.16 1.09 34.51 3.17 0.32 0.08 0.82 0.28 0.03 50.69 

0.25 M KTO – 20 g/L 9.45 2.05 33.39 3.23 0.36 0.08 0.74 0.26 0.02 50.21 
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7.4. Refining of Sargent-Welch Bauxite using Potassium Hydrogen Oxalate 

 The composition of a bauxite ore varies with the geographical location from which it is 

mined. NIST SRM 600 is an Al ore with high Fe and moderate Si content. To broaden the 

understanding of oxalate chemistry for Al extraction, Sargent-Welch (SW) bauxite ore was used. 

The SW ore was analyzed using XRF and contains 80% Al2O3, 9% SiO2, 8% Fe2O3 and 3% TiO2. 

However, only Al2O3 was confirmed using XRD (shown in Figure 65), and other metals were 

hypothesized to be present in a mixed metal oxide phase with Al. To extract Al from the SW ore, 

0.50 M and 0.75 M KHO was used at T = 100 °C, Ns = 600 rpm, and S/L ratio = 15 g/L. The Al 

extraction kinetics has been reported in Figure 66. The metal extraction was ran for 8 h during the 

initial two extraction experiments. However, because of the slow kinetics, the reaction time was 

increased up to 24 h.  

 For all three cases presented in Figure 66, more than 80% of Al was extracted into the 

aqueous phase. The Al extraction kinetics using 0.50 M KHO was slower compared to 0.75 M 

KHO and plateaued at around 82% of extraction efficiency. This observation was expected 

because of low Si content (inert material) and effectively high amount of leachable metal in the 

ore. On increasing the acid concentration to 0.75 M, 90% Al extraction was achieved in 8 h, and 

additional 5% extraction was observed by increasing the reaction time to 24 h. The acid 

concentration was not increased further, but it can be expected that around 1 M KHO will be 

sufficient to extract Al efficiently from SW ore. This study indicates that depending on the 

composition and phases present in the ore, any metal extraction process needs to be modified for 

an efficient extraction of target metal. The solid residue remaining after the 0.75 M KHO – 24 h 

extraction was analyzed using PXRD (Figure 66) and indicates minor amount of Al present along 

with the suspected mixed Al-Si-O phase.
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Figure 66. Al concentration as a function of time in the aqueous phase for 0.50 M and 0.75 M 

KHO at T = 100 °C, S/L = 15 g/L and Ns = 600 rpm. 

7.5. Separations of Al and Fe from the Aqueous Phase 

The oxalate-based acids (OA, KHO, and KTO) provide an efficient extraction (greater than 

95 wt%) for Al and Fe into the aqueous phase and an easy separation for the remaining solid 

residue which is primarily made of SiO2. The next step is to efficiently recover the Al from the 

aqueous phase and minimize any co-precipitation of Fe or other impurities.  

The Al and Fe in the NIST SRM 600 bauxite ore are both present in the +3 oxidation state. 

The Al and Fe can be hydrolyzed to precipitate as metal hydroxides (discussed in Chapter 4). To 

selectively precipitate these metals, the pH must be optimized. The “Atlas of metal-ligand 

equilibria in aqueous solutions” by J. Kragten provides the pH range required for precipitation of 

Fe(OH)3 and Al(OH)3 using 0.1 M C2O4
2-

 solution as shown in Figure 67.80 The Al(OH)3 is 

amphoteric in nature and can act as a Lewis acid that binds with OH- ions to form a water-soluble 
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Al(OH)
4

-
 ion.217 Hence, the concentration of Al3+ metal in the aqueous phase decreases during 

hydrolysis up to about a pH = 9, but starts increasing as precipitate dissolves at higher pH. This 

trend is clearly visible in Figure 67 (dashed blue line). The Fe(OH)3 precipitation begins before 

the Al(OH)3 (indicated by the red solid line in Figure 67) but is not amphoteric and can be 

precipitated efficiently at high pH. 

To precipitate Al and Fe effectively without any impurities, the basicity of the aqueous 

phase was increased to a pH of about 14 using KOH. To avoid the precipitation of insoluble metal 

oxalates, the base KOH is preferred versus NaOH. The high solubility of K2C2O4 enables the 

efficient precipitation of Al and Fe. Greater than 99% of the Fe precipitates at a pH of about 14, 

while the majority of the Al remains in solution. Any remaining Al can be separated by lowering 

the pH to about 10.5 using H2SO4 or H2C2O4. The approach is described in Table 29 for filtrate 

recovered after refining bauxite ore using OA, KTO, and KHO. Under these concentrations, pH = 

10.5 was found to be optimum for Al precipitation. Using this approach, Al can be precipitated 

without any Fe impurity. The elemental composition of Al and Fe precipitates recovered from the 

aqueous filtrate of 0.25 M KTO extraction are shown in Table 30. A similar elemental composition 

was observed for the precipitates recovered from the aqueous filtrate after extracting Al and Fe 

using 0.50 M OA and KHO. It should be noted that around 10% of total Al precipitates with the 

Fe. The precipitate recovered at pH = 13.85 is approximately 62% iron hydroxide and 25% 

aluminum hydroxide whereas the precipitate recovered at pH = 10.56 after acidification is 96% 

aluminum hydroxide. To recover this additional Al, the Fe precipitate can be dissolved in an acidic 

oxalate solution (similar to the oxalate reagent initially used), and the approach described in Table 

29 can be repeated to separate the remaining Al without any Fe impurity.  



182 

 

 Iron precipitation (yellow precipitate) was also observed in the presence of visible light 

when aqueous filtrates were stored in clear glass bottles. This yellow precipitate was confirmed as 

FeC2O4·2H2O using PXRD (Figure 69). The photoreduction of iron(III) oxalate complex to 

iron(II) oxalate complex has been reported by numerous researchers.218-220 Mangiante et al. 

described this photoreduction through Eq. 7.6.220 The observation of yellow precipitate from the 

complex could be attributed to the low pH (pH = 0.93-2.47) of the aqueous phase. In this pH range 

H2C2O4 and HC2O4
-
 are the predominant forms of oxalate ions.150 The lack of C2O4

2-
 combined 

with the low solubility of FeC2O4·2H2O (0.078 g/100 g H2O at 20 °C)193 leads to the precipitation 

of FeC2O4·2H2O.221 The kinetics of the photoreduction of Fe3+ was slow but efficient, as shown in 

Figure 68. It is clear from Figure 68 and Eq. 7.6 that bauxite filtrates should be stored in the dark 

to avoid any Fe precipitation and decomposition of C2O4
2-

. 

2Fe(C
2
O4)

3

3- hν
→ 2Fe(C2O4)

2

2-
 + 2CO2 + C2O4

2-
 (7.6) 

 

 

Table 29. Methodology for selective precipitation of Al and Fe. 

Acid 

concentration 

(Initial pH) 

Procedure (Final pH) 

Fe remaining in 

the aqueous 

phase (%) 

Al remaining in 

the aqueous 

phase (%) 

0.50 M OA  

(0.93) 

KOH addition (13.87) 0.001 93.2 

H2SO4 addition (10.52) 0.002 0.16 

0.25 M KTO 

(1.51)  

KOH addition (13.85) 0.002 92.8 

H2SO4 addition (10.56) 0.002 0.15 

0.50 M KHO 

(2.47) 

KOH addition (13.88) 0.001 92.6 

H2SO4 addition (10.48) 0.001 0.24 
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Figure 67. pM versus pH diagram for Fe(III) and Al(III) with 0.1 M oxalate ions. pM is defined 

as the negative log of the metal ions concentration in the aqueous phase. 

 

Table 30. Elemental composition of Al and Fe precipitate recovered from the filtrate of 0.25 M 

KTO experiment at T = 100 °C, S/L = 15 g/L, and Ns = 600 rpm. 

Precipitate from the 

aqueous filtrate of  

0.25 M KTO extraction 

Concentration (wt%) 

Al Fe Si Ti Zr Ca K P Mg O 

pH = 13.85 11.06 27.29 1.49 0.76 0.16 2.25 0.32 0.40 0.20 55.63 

pH = 10.56 33.89 0.05 0.61 ND ND 0.47 0.14 0.33 ND 57.60 

Note: ND - Not determined 
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Figure 68. Effect of visible light on the concentration of Fe in the aqueous phase.
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7.6. Recycling of Oxalate Reagents and Process Economics 

A critical step for improving the economics of a metal extraction process is the recycling 

of the acids used for leaching. For the regeneration of KTO, KHO and OA, an ion-exchange resin 

was used to regenerate the acid and recycle it for future metal extraction. The precipitation of Al 

and Fe using KOH and H2C2O4 produces K+ ions as the major cation in the aqueous phase. A 

strong acid cation exchange resin like Amberlyst® 15 H-form was used to exchange the K+ with 

H3O
+ ions for regeneration of the oxalate reagents used in this study. The overall closed-loop 

process is shown in Figure 70. The amount of activated H-form resin added to the aqueous phase 

(containing K+) determines the final pH. The KHO was regenerated to a pH of about 2.50 and 

KTO is produced at a pH of about 1.50. The regeneration of OA required a pH of about 1.0 and 

utilized the most resin. The ideal pH after the ion-exchange treatment should be close to the initial 

pH needed for the metal extraction process. A small amount of H2C2O4 or K2C2O4 is likely required 

to achieve the same starting oxalate concentration, but overall a significant amount of oxalate can 

be recycled; therefore, reducing the amount of fresh acid required and closing the loop on acid 

recovery and reuse. In the preliminary studies, around 30 g of Amberlyst-15 H-form (dry) was 

used to regenerate OA (pH = 1.2) from 1-L of filtrate recovered after Al precipitation at a pH of 

about 10.9. The recovery process using ion-exchange resins has been described in Chapter 5 in 

detail. 

 The alternative method for regenerating the oxalate-based reagents involves the 

acidification of the post precipitation filtrate using H2SO4 (shown in Figure 71). Similar to the ion-

exchange resin approach, the final pH is critical in achieving the regenerated oxalate reagent. In 

this approach, the low solubility of potassium containing oxalate reagents is beneficial for 

precipitation, and the precipitated reagents can be efficiently filtered and separated. For the 



187 

 

operating conditions described in this work, the aqueous phase will be oversaturated with KHO 

and KTO and undersaturated for OA; therefore, only KHO and KTO will precipitate. In the 

preliminary studies, approximately 65% of the initial C2O4
2-

 ion was recovered in the form of KHO 

by acidifying the post precipitate filtrate to a pH = 2.5 using H2SO4. Further, reducing the pH to 

1.5 led to the recovery of 80% of the initial C2O4
2-

 ion in the form of KTO. The precipitates were 

confirmed as KHO and KTO using PXRD, as shown in Figures 72 and 73, respectively. The 

closed-loop process is summarized in Figure 71. Decreasing the pH below 1.5 during acidification 

led to the dissolution of precipitate in the aqueous phase. This happens because of the higher 

solubility of OA compared to KTO. The approach shown in Figure 71 is advantageous because no 

resins are required, but the inability in regeneration of OA is a drawback. 

 

 

Figure 70. Flowsheet for the proposed closed-loop bauxite refining process using ion-exchange 

resins. 
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Figure 71. Flowsheet for the proposed bauxite refining process using oxalate precipitation.
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 The products of the proposed oxalate processes are Al2O3, Fe2O3 and SiO2 (may be 

impure). These metal oxides have high demand and reliable primary and secondary resources. This 

is reflected in the low bulk costs of these products, as shown in Table 31. Therefore, the economics 

of an Al and Fe extraction from bauxite using oxalate reagent is highly dependent on the acid 

recycling efficiency. To understand its impact, the reagent costs for three cases with 70%, 80%, 

and 90% recycling efficiencies are compared to the market price of products achieved from 100 g 

of NIST SRM 600 ore. The results for the KHO process are shown in Tables 32 and 33. In this 

section, the recycling of acid via an ion-exchange resin process has not been considered in the 

process economics because of the high cost associated with it. For the KHO processes, it was 

observed that at least 90% of acid recycling is required for the input costs to be less than the market 

value of products considered. However, even after 90% acid recycling the KHO process is 5 times 

more expensive than the Bayer process (Table 32). This is because of the low S/L ratio (15 g/L) in 

the KHO process compared to the Bayer process (S/L ratio > 100 g/L).222 The S/L ratio used in 

this chapter needs to be optimized to improve the economics. For Li and Co extraction from 

LiCoO2, the S/L ratio was optimized to be 38 g/L. The KHO process will only be twice expensive 

than the Bayer process if S/L ratio of 38 g/L is achieved. Additionally, the particle morphology of 

Fe2O3 can be innovated to increase its value and increase the profit of the oxalate processes.  

Table 31. Current market price of products proposed in the bauxite refining process. 

S.No. 
Output

s 

Mass per kg of 

NIST SRM 600 

Price 

($/kg) 
Source* 

1 Fe2O3 0.15 0.10 
https://www.alibaba.com/product-detail/Iron-Oxide-

Factory-Supply-Iron-oxide_1600278576137.html 

2 Al2O3 0.35 0.60 
https://www.alibaba.com/showroom/aluminium-

oxide-price.html 

3 SiO2 0.5 0.61 
https://www.alibaba.com/product-detail/Silica-fume-

Microsilica-price_60610007145.html 

* Links accessed on 10/28/2021 
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Table 32. Cost of input reagents required in the proposed bauxite refining process using KHO. 

 

Input cost for 100 cycles ($/100 kg of NIST SRM 600) 

KHO process for Fe and Al recovery  

(S/L ratio = 15 g/L) 

Bayer process for Al recovery  

(1 M NaOH) 

90% acid 

recycling 

80% acid 

recycling 

70% acid 

recycling 

S/L ratio = 

100 g/L 

S/L ratio = 150 

g/L 

Oxalic Acid 25 48 71 0 0 

KOH 17 27 37 0 0 

H2SO4 8 8 8 0 0 

NaOH 0 0 0 15 11 

Total 50 83 117 15 11 

 

Table 33. Current market value of the products from the bauxite refining process using KHO. 

 Market price for 100 cycles ($/100 kg of NIST SRM 600) 

Fe2O3 1.5 

Al2O3 21 

SiO2 30 

Total 53 (23 without SiO2) 

 

7.7. Application of Oxalate Chemistry for Fe and Ti Extraction from Ilmenite 

 Ilmenite is a major source of Ti and used in the production of TiO2. It is a mixed metal 

oxide ore with the chemical formula as FeTiO3. In this chapter, the developed oxalate processes 

were extended to extract Fe and Ti from FeTiO3. On the basis of previous work by Corbin et al. 

following stoichiometric reactions (Eqs. 7.7 and 7.8) can be proposed in the presence of H2C2O4 

and KHC2O4. The metal extractions were carried out using 0.5 M and 1 M oxalate reagents at T = 

100 °C, Ns = 600 rpm, and S/L ratio = 15 g/L. The metal extraction kinetics for these cases are 

shown in Figure 74. In Figure 74, the Ti extraction kinetics and efficiency is higher for H2C2O4 

compared to the KHC2O4. This observation was true for both 0.5 M and 1 M cases. However, in 
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all four cases only 50-60 % Ti was extracted into the aqueous phase. It should also be noted that 

in FeTiO3, Fe exists in a +2 oxidation state and precipitates in the form of FeC2O4∙2H2O. Therefore, 

minimal amount of Fe exists in the aqueous phase. However, it can be seen that with the improved 

extraction efficiency, the amount of Fe in the aqueous phase also increases. This can be well 

explained by the chemical equilibrium that exists between FeC2O4∙2H2O and Fe(C2O4)2
2-.  

FeTiO3 + 2(H
2
C2O4·2H2O) ⇄ FeC2O4∙2H2O + TiOC2O4 + 2H2O (7.7) 

FeTiO3 + 2KHC2O4 ⇄ FeC2O4∙2H2O + TiOC2O4 + 2KOH (7.8) 

But, even with the 1 M H2C2O4, only 60% extraction efficiency was observed with the 

kinetics not reaching a plateau point. The slow kinetics could be because of the formation of an 

inert shell of FeC2O4∙2H2O around the reacting core of FeTiO3 along with the difficulties in 

chelating Fe and Ti from the structure of FeTiO3. Additional studies to study the mechanism of 

metal extraction from FeTiO3 needs to be performed. However, to obtain a higher extraction 

efficiency, 2 M H2C2O4 was used as an extraction reagent with a reaction time of 27 h as shown in 

Figure 75. After running the metal extraction for 27 h, 90% Ti was extracted into the aqueous 

phase with the solid residue majorly composed of FeC2O4∙2H2O (PXRD shown in Figure 76). The 

extraction of Fe and Ti from ilmenite ore was performed to demonstrate the flexibility of oxalate 

reagents for various systems. However, the mechanism of metal extraction is different from 

LiCoO2 and in-depth study will be required for further exploration. 
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Figure 74. Ti and Fe concentration as a function of time in the aqueous phase for 0.50 M and 1 

M oxalate reagents at T = 100 °C, S/L = 15 g/L and Ns = 600 rpm. 
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Figure 75. Ti and Fe concentration as a function of time in the aqueous phase for 2 M H2C2O4 at 

T = 100 °C, S/L = 15 g/L and Ns = 600 rpm.
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7.8. Conclusions 

Commercially valuable metals like Al and Fe can be recovered efficiently from NIST SRM 

600 bauxite ore using an environmentally-friendly process based on oxalate chemistry. In this 

chapter, an efficient Al and Fe extraction process using three oxalate reagents: H2C2O4, KHC2O4, 

and KHC2O4·H2C2O4 have been demonstrated. The three oxalate reagents were synthesized using 

various molar ratios of H2C2O4 and K2C2O4. The amount of K2C2O4 determines the reaction pH 

and the rate of metal dissolution. The kinetics of Al extraction had a negligible dependence on the 

pH; however, the presence of H+ ions are necessary for the metal dissolution. The kinetics of Fe 

extraction was dependent on pH and the fastest rate was measured for KHO at a pH = 2.50. KHO 

is an effective and safe acid for Al and Fe extraction from bauxite ore compared with the strong 

acids and bases currently used in the Bayer process. The amphoteric behavior of Al(OH)3 allows 

selective precipitation of Fe at a pH = 13.80 and Al can be subsequently precipitated by acidifying 

the filtrate to a pH = 10.50. The efficient extraction of Al and Fe from bauxite ore produces only 

quartz (SiO2) as the final residue. On comparing the economics of this process with the Bayer 

process, a need to increase the S/L ratio was observed. Additionally, some preliminary experiments 

on applying the proposed bauxite process for refining of Sargent-Welch bauxite with high Al 

content have also been shown.  

In the described processes, 98-99% pure alumina can be produced. A critical step in the 

proposed process is the recovery and recycling of oxalate. After precipitating and separating the 

metals, an ion-exchange resin process was developed to regenerate the H2C2O4, KHC2O4·H2C2O4, 

or KHC2O4 in solution. An alternative approach that acidifies the precipitation filtrate takes 

advantage of the lower solubility of KHC2O4·H2C2O4 and KHC2O4. Both reagents were 

precipitated from the aqueous solution and recovered as solids. The closed-loop process utilizing 



198 

 

oxalate chemistry does not produce any hazardous waste, unlike the alkaline red mud produced in 

the Bayer process. The simple and novel process using the combination of H2C2O4 and K2C2O4 

provides a safe, efficient, sustainable, and environmentally-friendly route for recovering 

commercially valuable metals such as Al and Fe from bauxite ore.  
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Chapter 8 

“The real voyage of discovery consists not in seeking 

new landscapes, but in having new eyes.” 

- Marcel Proust (Author)  

 

8.1. Conclusions 

 Metals are an important resource with numerous applications worldwide. In U.S., Critical 

metals like Al (bauxite), Li, Co, Mn, and REEs are vital in various emerging technologies (solar 

cells, lithium-ion batteries) but have a non-reliable supply. Continuously growing population with 

the increased level of technological innovation and economic activity has resulted in a rapid 

increase in resource consumption. Therefore, sustainable use of resources is critical to protect our 

ecosystem and preserve natural resources for future generations. This dissertation introduces a new 

array of sustainable critical metal recovery processes using oxalate chemistry. 

 Oxalate chemistry has tremendous potential to develop sustainable technologies for critical 

metal recovery from various mixed metal sources like LIB cathodes, ores and REEs containing 

material. Oxalate (C2O4
2-) anion, which can be derived from organic sources, has minimal to no 

environmental impact and can be utilized in the synthesis of moderately acidic reagents for 

developing energy-efficient processes. Oxalates are commonly known for its chelation and metal 

precipitation properties, but the leaching and reducing properties along with the possibility of 

soluble metal oxalate complexes are not known. This dissertation establishes oxalate chemistry as 

a unique and environmentally-friendly approach to extract and separate metals from various 

minerals and mixed metal oxide sources. The properties of oxalate anion and oxalate reagents have 

been discussed in detail in Chapter 1. In this dissertation, oxalic acid (H2C2O4), ammonium 

hydrogen oxalate (NH4HC2O4), potassium hydrogen oxalate (KHC2O4), and potassium 
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tetraoxalate (KHC2O4·H2C2O4) have been demonstrated as reagents to develop closed-loop metal 

extraction and recovery processes from lithium cobalt oxide (LiCoO2) cathodes, and bauxite ore. 

In addition, preliminary experiments were also performed on metal extractions from ilmenite ore 

and lithium nickel-manganese-cobalt oxide cathode.  

8.1.1. Recovery and Separation of Li and Co from LiCoO2 

 Lithium-ion battery cathode chemistry has been continuously evolving over the years with 

LiCoO2 being the most popular one. The modern cathode chemistries are focused towards 

replacing the Co content with Ni and Mn while maintaining the layered structure. The recycling 

of cathode from spent LIBs is essential to develop a secondary source for the critical metals such 

as Li, Co and Mn and stabilize the LIB economy. In this dissertation, the development of a closed-

loop process for efficient recovery and separation of Li and Co from LiCoO2 has been discussed 

in depth. 

 In Chapter 2, the mechanism of Li and Co extraction from LiCoO2 was studied to identify 

the preferable oxalate reagent for efficient recovery. Additional reaction parameters like acid 

concentration and pH were also optimized. The reaction between LiCoO2 and an acidic oxalate 

reagent resulted in the precipitation of Co, whereas Li remained in the aqueous phase. To achieve 

an efficient separation between Li and Co, pH < 1.5 was optimum to avoid the dissolution of 

insoluble CoC2O4∙2H2O in the aqueous phase. To maintain an operating pH < 1.5, H2C2O4 was 

preferred over NH4HC2O4 because of higher acidity. A green colored intermediate after metal 

extraction was identified and confirmed as a complex containing [Co(C2O4)3]
3-. From this 

investigation, Co3+ metal extraction, reduction to Co2+, and further precipitation in the form of 

CoC2O4∙2H2O were confirmed to occur simultaneously.  
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 In Chapter 3, a combined shrinking core model was developed to study the Li extraction 

kinetics from LiCoO2 in the presence of H2C2O4. The kinetic study revealed the diffusion of 

aqueous reactant through the solid CoC2O4∙2H2O product layer to be rate-limiting. The existence 

of a shrinking LiCoO2 core and an inert CoC2O4∙2H2O was confirmed with the help of PXRD and 

XPS. In an H2C2O4 process, the reduction of Co3+ to Co2+ occurs at the expense of C2O4
2- oxidizing 

into CO2. This H2C2O4 loss was avoided by the addition of a reducing agent such as H2O2. The 

reaction conditions were optimized, and the kinetics were studied for H2C2O4 + H2O2 process as 

well. The addition of H2O2 reduces the C2O4
2- concentration in solution and slows the 

CoC2O4·2H2O precipitation to produce a unique micro-rod structured precipitate. This micro-rod 

precipitate had a 23% lower bulk density compared to the granular precipitate from extractions 

using only H2C2O4. The lower density micro-rod precipitate forms a porous shell allowing 

increased diffusion of H2C2O4 to the LiCoO2 core. The overall activation energy was significantly 

reduced by 33% from 61 kJ/mol to 41 kJ/mol by adding H2O2 to the H2C2O4 extraction process. 

The observed phenomenon of improved kinetics and transformation in the rate-limiting step could 

improve the kinetics for other aqueous hydrometallurgical systems with both soluble and insoluble 

products. 

 In a hydrometallurgical process using oxalate chemistry, potassium compounds must be 

used as a precipitation agent to achieve high purity products. The Li dissolved in the aqueous phase 

was precipitated as Li2CO3 using K2CO3 and KOH. The Li2CO3 was a preferred compound 

because of low aqueous solubility and an easier route for converting it into Li2O through 

calcination. However, the Li must be concentrated in the solution for efficient precipitation. In 

Chapter 4, the solubility of various Li compounds has been discussed and an effective Li 

concentration of 10 g/L was identified as an optimum value for >80% precipitation efficiency. The 
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Li can be concentrated by reusing the aqueous phase for multiple metal extractions before 

precipitating Li or evaporating the aqueous content. In Chapter 6, the Li precipitation was 

demonstrated by evaporating the aqueous phase to concentrate it by four times before the addition 

of K2CO3. This led to a precipitation of over 90% Li in the form of Li2CO3. The CoC2O4∙2H2O 

could directly be calcined into Co3O4 and Co, in the presence of air and N2, respectively. It was 

also identified that the micro-rod structure of CoC2O4∙2H2O, observed in a H2C2O4 + H2O2 process 

was preserved during the calcination process. This unique morphology could be utilized to 

synthesize 1-D cathode material for LIBs. However, the loss of C2O4
2- anion during calcination 

was not preferred. Hence, a novel route was identified, where the CoC2O4∙2H2O was dissolved in 

the presence of excess C2O4
2-  anion and precipitated in the form of Co(OH)2. This sequential 

dissolution and precipitation have been explained in Chapter 4 and was demonstrated in Chapter 

6. The aqueous phase recovered after precipitating Li had a high pH and was preferred for 

CoC2O4∙2H2O dissolution and precipitation. The LiCoO2 was synthesized through a solid-state 

reaction between the precipitated Li and Co products.  

 Recycling oxalate reagent after recovery of critical metals is necessary for waste 

minimization and cost-effectiveness of the extraction process. In Chapter 5, an ion exchange 

process using strong acid cation exchange resin was optimized for recycling H2C2O4 after Li and 

Co precipitation. In an ion-exchange process, the amount of resins used was critical in achieving 

the desired form of oxalate reagent. To recycle the aqueous phase in H2C2O4 form, a pH < 1.0 was 

preferred whereas for KHC2O4 and NH4HC2O4, pH around 2.5 was preferred. The used resins can 

be regenerated and reused for multiple recycling processes and was demonstrated for 2 cycles in 

Chapter 6. A preliminary techno-economic analysis of the H2C2O4 and H2C2O4 + H2O2 processes 

was performed to evaluate the economic and environmental impacts. The analysis concluded that 
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the 80-90 % recycling of H2C2O4 is necessary for the H2C2O4 and H2C2O4 + H2O2 processes to 

compete with an H2SO4 process economically. To understand the environmental impact, the waste 

streams were evaluated for estimating E-factor. The H2C2O4 + H2O2 process has an E-factor of 5.5, 

whereas H2C2O4 and H2SO4 processes have an E-factor of approximately 10. The 50% reduction 

in waste generation with similar economic impacts makes the H2C2O4 + H2O2 process most 

sustainable for the recovery of critical metals such as Li and Co from waste LIB cathodes. The 

novel processes described in this work using oxalate reagent provide an efficient, sustainable, and 

environmentally-friendly route for recovering and separating critical metals such as Li and Co 

from LiCoO2. 

 

 

  

 

Possible Improvements: The closed-loop process for Li and Co recovery from LiCoO2 has been 

optimized and demonstrated in Chapters 2, 3 and 6. However, there are two areas where 

additional studies will improve the impact of overall process. First, the broader impacts of the 

micro-rod morphology products (Co3O4 and LiCoO2) were not studied in this work. The Co3O4 

is known as a good catalyst for oxygen reduction reaction and can be used in fuel cell 

applications. In addition, 1-D cathode products of LiCoO2 could improve the cycling efficiency 

and overall capacity. The electrochemical characterization of micro-rod structured materials will 

broaden the impact of the oxalate process. Secondly, the ion exchange process for recycling 

could be improved further in a column setup, as batch setup has been optimized. The ion 

exchange in a column is analogous to the infinite number of small batches. This will result in a 

higher capacity of ion exchange and an improved regeneration for reuse.    
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8.1.2. Oxalate Process for Bauxite Refining 

 Bauxite ore is the world's primary source of Al metal. The Bayer process holds an exclusive 

status worldwide for the extraction of alumina (Al2O3) from bauxite. This process is efficient for 

alumina extraction, but a massive amount of "red mud" waste is generated. The red mud waste is 

caustic and is mainly composed of iron oxides. In Chapter 7, three oxalate reagents: potassium 

hydrogen oxalate (KHC2O4), potassium tetraoxalate (KHC2O4·H2C2O4), and oxalic acid (H2C2O4) 

were investigated for the development of a closed-loop Al and Fe extraction process from NIST 

SRM 600 – Australian Darling range bauxite ore. These oxalate reagents can be synthesized using 

different molar ratios of H2C2O4 and K2C2O4. The efficient Al and Fe extraction was observed for 

all three reagents at operating at a different pH. The Al extraction kinetics was similar for all three 

reagents whereas Fe was fastest for KHC2O4 (highest operating pH). 

 To selectively precipitate Fe and Al, fundamentals of metal hydroxide precipitation have 

been discussed in detail in Chapter 4. It was concluded that the amphoteric properties of Al(OH)3 

could be utilized to separate Fe and Al. The selective precipitation was demonstrated in Chapter 

7, where at a pH = 13.5, Fe was selectively precipitated leaving Al in the solution. Further, the 

aqueous phase was acidified to a pH = 10.5 and precipitated Al in the form of Al(OH)3. After 

precipitating and separating the metals, an ion-exchange resin process was developed to regenerate 

the H2C2O4, KHC2O4·H2C2O4, or KHC2O4 in solution. An alternative recovery approach utilized 

the lower solubility of KHC2O4·H2C2O4 and KHC2O4 in the acidic pH range. Both reagents were 

precipitated from the aqueous solution in the pH range of 1.5-2.5 and recovered as solids. The 

closed-loop process utilizing oxalate chemistry does not produce any hazardous waste, unlike the 

alkaline red mud produced in the Bayer process. The simple and novel process using the 
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combination of H2C2O4 and K2C2O4 provides a safe, efficient, sustainable, and environmentally-

friendly route for recovering commercially valuable metals such as Al and Fe from bauxite ore. 

 

 

 

8.2. Future Work 

  The oxalate processes demonstrated in this work provide an efficient, cost-effective and 

environmentally-friendly route to recover metals from mixed metal oxide sources. In this 

dissertation, closed-loop processes for Li and Co extraction from LiCoO2 for LIBs recycling, and 

Fe and Al extraction from bauxite ore have been discussed.  In this section, strategies to improve 

Possible Improvements: The refining of bauxite ore for efficient recovery of Al and Fe with 

minimal waste production has been demonstrated in Chapter 7. Bauxite refining using oxalate 

reagents is a solid-liquid reaction but with only aqueous product. However, the presence of 

inert SiO2 in the ore, creates a diffusional resistance for the aqueous oxalate reagent. To 

improve the kinetics, pre-treatment processes like microwave heating could be performed to 

generate cracks and pores in the SiO2 structure. A model similar to the shrinking-core model 

could be developed for the bauxite refining as well to explain the fundamental kinetics. The 

solid-to-liquid (S/L) ratio of 20 g/L was the maximum that was attempted in this work. The 

metal extractions at higher S/L ratio will improve the Fe and Al precipitation efficiency, as 

well as the recycling of KHC2O4·H2C2O4 and KHC2O4. Reusing the aqueous phase for another 

metal extraction before precipitating metals is an alternative route that could be tried to increase 

the concentration of metals. In the end, a techno-economic analysis of the oxalate processes 

should be performed and compared it with the Bayer process.  
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the ion exchange process along with other potential applications of the oxalate process have been 

discussed.  

8.2.1. Ion-Exchange Process 

 The closed-loop oxalate processes described in this work are environmentally-friendly and 

economical compared to the inorganic acid processes. However, as discussed in Chapter 6, there 

is a significant amount of mildly acidic waste that was generated during the regeneration of resins. 

This problem could be resolved using two different approaches. The first approach involves 

utilizing the acidic waste containing a high amount of K+ ions to produce KOH. Chemical reagents 

like slaked lime (Ca(OH)2) can be added to the acidic waste stream of K2SO4 to precipitate gypsum 

(CaSO4) and produce KOH. But the low concentration of K in the aqueous phase can be a barrier 

to efficient KOH production and may require additional concentration before the addition of slaked 

lime. Another approach can be to explore the different types of strong acid cation exchange resins 

other than Amberlyst® 15. The kinetics, selectivity, and capacity of the ion exchange depend on 

the crosslinking of the resins. Resins like Dowex® 5WX8 and Purolite® MN500 are 8% and 50% 

crosslinked compared to 20% crosslinking of Amberlyst® 15. These resins will showcase a 

different capacity and kinetics for ion exchange. Along with this, operating the ion exchange 

process in a column setup can also improve the resin regeneration process significantly. 

8.2.2. Recycling of NMC Cathodes 

 NMC111 cathodes (LiNi0.33Mn0.33Co0.33O2) were invented to reduce the Co content in 

cathodes by replacing it with Ni and Mn. The method for metal extraction from NMC cathode 

using oxalate chemistry has been briefly discussed in Chapter 6. Additionally, a spent LIB cathode 

will also contain other additional metals such as Al, Fe, Zn and Cu from foils and current collectors 

as well as graphite from the anode. In the preliminary experiments on NMC cathodes, oxalate 
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processes were able to extract Li, Ni, Mn and Co from the cathode. However, the optimization of 

reaction parameters and kinetic analysis is required. The optimized reaction parameters can be 

used to extract the metals from an actual battery waste containing additional metals such as Al, Fe, 

Zn, Cu and graphite. The metal separation strategies and acid recovery processes discussed in 

Chapters 4 and 5 can be used to separate the metals and develop a closed-loop process with 

minimum environmental impacts.  

8.2.3. Rare-Earths Recovery using Oxalate Chemistry 

Rare earth elements (REEs) are a vital component in the high-tech electronic materials and 

electrical industry. The deposits of naturally occurring REEs are localized in Asia, but the 

extraction of REEs from secondary resources like electronic waste (e-waste) and spent magnets 

can be an alternative option. Traditionally, oxalates are known as a precipitation reagent for REEs, 

but the closed-loop processes developed in this work can also be extended for the extraction of 

REEs. The REEs are expected to demonstrate pH dependent aqueous solubility as observed with 

other metals like Co, Ni, Mn and Fe. A thorough literature review along with the solubility 

experiments on critical REEs should guide the process development of REEs recovery from e-

waste using oxalate chemistry. 
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Appendix 

 
A.1. Experimental Setup and Specifics 

 This section will cover the details on the experimental setups and sampling procedures 

used in this dissertation.  

A.1.1. Digestion Reactor  

 To carry out hydrometallurgical experiments, reactor must be made up of an inert material 

that has good stability with strong acids and oxidant at high temperature and pressure. For the 

experiments in this work, double-walled glass reactor from ACE glass was used. To integrate the 

temperature control system, and a sampling system the 1-L glass reactor was enclosed in a heating 

jacket with a 5-neck DURAN® head from which two thermocouples (sensory and over-

temperature), electric agitator, and a reflux condenser were connected. The reflux condenser was 

connected to a chiller (water bath) operating at 5 °C to avoid the water loss during the metal 

extraction process. From the fifth neck, a syringe was connected to withdraw solid and aqueous 

samples for characterization and measuring metal concentrations. A simple schematic of the 

reactor and the actual image of reactor are shown in Figures A1 and A2.  

A.1.2. Aqueous Phase Sampling 

 As mentioned in the previous section, samples were withdrawn using a plastic syringe, that 

contains both aqueous and solid phases. Hence, immediate separation of solid particles from acidic 

aqueous phase is necessary for accurate kinetics measurement. For this purpose, a 0.45 µm nylon 

syringe filter was used to separate the solid particles from aqueous phase. During some instances, 

inaccuracies in concentrations were observed when syringe plunger was pushed strongly. This 
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Figure A1. Schematic of the reactor used in hydrometallurgical experiments 

 

 

Figure A2. Metal extraction reactor used in hydrometallurgical experiments. 
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was attributed to the metal leaching from the fine solid particles that passed through the filter.  

 To avoid any errors, sampling technique was modified. After withdrawing the samples, the 

samples were immediately transferred to Falcon® tube and the reaction was quenched in the 

refrigerator. After 1 h, the samples were centrifuged at 3000 rpm for 5 mins. Upon centrifugation, 

a small amount of liquid (0.1 - 0.2 g) from was withdrawn to perform ICP dilutions.  

A.1.3. Solid Phase Sampling 

 Intermediate solid particles during the hydrometallurgical experiments were required to 

estimate the metal ratios and observe the phase change through SEM imaging and powder 

diffraction pattern. The withdrawn solid samples after centrifugation were washed in DI water 

before filtering it using a 10 µm cellulose filter paper. Further, the solid residue was washed using 

deionized water until the conductivity of filtrate obtained is low (1-2 µS/cm). The solid residues 

were air dried before performing any characterization on it. 

A.1.4. Hot Filtration Setup  

 Oxalate reagents have low aqueous solubility and may precipitate during the cooling 

process. Therefore, hot filtration was performed to avoid the precipitation of reactants with the 

solid products. To perform a hot filtration, ceramic funnel and vacuum flask were heated at 120 

°C in an oven for 1 h. After 1 h, a wet 10 µm cellulose filter paper was used to filter the reactor 

content. The washing was also done with hot DI water (90 °C). 

A.1.5. Microwave Reactor 

 To estimate the metal concentration in the solid phase, samples were digested in the 

microwave reactor using freshly prepared aqua regia. Aqua regia can dissolve most of the metals 

pertinent to this work except Si. For this purpose, Multiwave Pro reactor from Anton Paar (shown 

in Figure A3) was used to digest the solid samples at 300 W for 30 mins. Usually, 20 mg of solid 
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samples was mixed with 10 ml of aqua regia in the sample cell. The exact weight ratio between 

solid and aqueous phase is important to estimate the concentration of metals in the solid phase. 

The microwave wattage and digestion time could be altered depending on the solid material, but 

in general the above specified recipe was suitable for most of the material used in this work.  

 

Figure A3. Image of microwave digestion reactor used in this work. 

 

A.2. Characterization Instruments 

 This section includes a brief theory on characterization instruments used in this work along 

with the required sample preparation techniques. 

A.2.1. Inductively Coupled Plasma – Optical Emission Spectroscopy (ICP-OES) 

Instrument name: Varian/Agilent 725-ES ICP  

Description: Agilent 725 contains a radially-viewed plasma and is vertically oriented with 

simultaneous CCD detection, which makes it more suitable for analysis of difficult matrices. It 

features an echelle polychromator equipped with a custom designed CCD detector producing 
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continuous wavelength from 167 to 784 nm. Along with that the toleration of undissolved solids 

is high in radial instruments which is better for analysis of minerals and ores. This instrument is 

also optimized for cost-efficiency through an efficient RF system, that minimizes the Ar flow 

required. The sample introduction unit consisted of a quartz-torch, nebulizer, and a spray chamber. 

An Agilent SPS5 autosampler was used to introduce the solutions to the instrument. The ICP and 

autosampler is shown in Figure A4. 

Operating Principle: ICP-OES is an analytical technique for determination of concentrations of 

elements in a solution on the basis of atomic spectroscopy. As the name implies, atomic 

spectroscopy involves both absorption and/or emission of electromagnetic radiation from the 

atoms of a sample. In general, quantitative information such as concentration is related to the 

amount of radiation that is emitted (in cases of OES), while qualitative information like elements 

which are present is related to the wavelengths at which the radiation is emitted. In ICP-OES liquid 

samples are subjected to high temperatures from plasma that ionizes the sample atoms. Once the 

atoms or ions are in their excited states, they can decay to lower states through energy emissions. 

The amount of radiations emitted at specific wavelengths is measured and used to identify the 

elements and its concentration. 

Instrument Calibration: The instrument was calibrated using a tuning solution containing 

numerous metals of specific concentrations. The commercially purchased tuning solution was 

diluted at a ratio of 1:10 using 5% HNO3 before using it during the calibration. Along with the 

wavelength calibration, torch intensity and position also should be aligned before every 

measurement.  

Sample Preparation: In this instrument, 5 wt% HNO3 was used as the reference matrix for 

preparation of samples and standards. Along with that, a 2 wt% HNO3 solution was used for rinsing 
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the solution line before calibration and after every measurement. Typically, the aqueous samples 

were diluted at a ratio that achieved less than 10 ppm concentration for all the desired metals. 

Hence, dilution ratio was varied on the basis of reaction parameters like solid-to-liquid ratio (S/L) 

and acid concentration.  

 

Figure A4. Varian/Agilent 725-ES ICP used in this work. 

 

A.2.2. Powder X-ray Diffraction (PXRD) 

Instrument name: Bruker D2 Phaser Powder XRD 

Description: D2 Phaser is a benchtop XRD fitted with a CoKα (1.78897 Å) radiation source and a 

LynxEye detector. The source voltage and current were 30 kV and 10 mA, respectively. It is a 

portable all-in-one design with no requirement of an external water chiller and special power 

supply. The D2 Phased XRD is shown in Figure A5. 

Operating Principle: Any X-ray diffractometer consists of three main elements: a X-ray tube, a 

sample holder and an X-ray detector along with elements like monochromator and collimator. X-
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rays are generated in the X-ray tube by bombarding high speed electrons on a target material. 

When electrons have sufficient energy to remove inner shell electrons, characteristic X-ray spectra 

is produced. The spectra produced is characteristic of the target metal used. Typically, Cu is the 

most common choice for target material, but for characterization of Co and Fe containing samples, 

Co anode is used to avoid sample fluorescence. Sample fluorescence leads to high background and 

low intensity in detection as most of the X-ray photons are absorbed by the sample. A 

monochromator filters the X-rays and with the help of collimator, X-rays are collimated and 

directed on a sample. As the sample and detector are rotated, 2θ angle is varied and X-rays are 

detected. For typical powder patterns, intensities are recorded between 2θ values of 5° and 70°. 

The interaction of the incident X-rays with the sample performs constructive interference (and a 

diffracted ray) when the Bragg’s law is satisfied. Diffraction from different planes of atoms 

produces a diffraction pattern, and that was used to identify the solid powder. 

Sample Preparation and pattern analysis: D2 Phaser XRD instrument have the specific sample 

disks that should be filled with finely ground powder sample for analysis. The sample holder 

typically needs roughly 200-300 mg of sample. In the case of small amount of sample, a zero 

diffraction Si disk could be sprinkled with small amount of powder and the assembly could be 

placed on the sample holder disk for analysis. The collected powder patterns can be analyzed in 

either EVA (Bruker) or MDI Jade software. Both available software’s are equipped with the ICDD 

database and allows to fit the collected powder patterns to the patterns in the database.   
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Figure A5. D2 Phaser PXRD used in this work. 

 

A.2.3. Thermogravimetric Analyzer (TGA) 

Instrument Name: TA Instruments SDT Q600 TGA 

Description: TA SDT Q600 is a simultaneous analyzer that can measure both heat flow and weight 

changes in sample as a function of temperature with the maximum operating temperature of 1500 

°C. It consists of a high precision dual beam balance with sample pans and a bifilar wound furnace 

with platinum thermocouple for temperature measurement. Two gas inlets are provided to purge 

and control the furnace atmosphere during the heating. The instrument is shown in Figure A6. 

Operating Principle: A TGA analysis is performed by gradually increasing the temperature of a 

sample enclosed in the furnace while measuring its weight. The masses of the sample and reference 

are measured using the sensitivity-calibrated drive coils separately and the weight difference is 

sent as a signal to record the weight loss. The change in weight of a sample can provide information 
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about phase transformation, physical adsorption and desorption as well as chemical phenomenon 

including chemisorptions, thermal decomposition and oxidation or reduction. 

Sample Preparation: A 40 µL alumina cup was cleaned with a combination of isopropanol and DI 

water before filling it with 10-20 mg of sample. The sample was loosely packed in alumina cups 

for uniformly exposure to the gaseous flow.  

 

 

Figure A6. Image of TGA instrument used in this work. 

 

A.3. Derivation of Combined-Shrinking Core Model (cSCM) 

Shrinking-core model (SCM) visualizes that the reaction between solid and fluid occurs first at the 

outer skin of the particle. The reaction zone slowly moves into the solid leaving behind completely 

converted material and an inert solid. The inert solid has been commonly referred as ash and at 

any time there exists an unreacted core along with an ash. As discussed in Chapter 3, SCM could 

be applicable for hydrometallurgical processes involving solid and liquid reactants with a solid 

and liquid product. The solid product formed in these cases is equivalent to ash described in the 

general SCM model. The model was first developed by Yagi and Kunii, and the kinetic equations 
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were developed by Levenspiel. A schematic of the solid particle reacting with a fluid and forming 

inert product layer is shown in Figure A7. For reaction: aA (g) + bB (s) → solid product, the kinetic 

equations were described as follows for different rate-controlling steps: 

For film diffusion controlled, t = 
ρsR

3kCa
X (A.1) 

For ash diffusion controlled, t = 
ρsR2

6DCa
[1 - 3(1-X)

2

3 + 2(1-X)] (A.2) 

For reaction controlled, t = 
ρsR

k'Ca
(1-(1-X)

1

3) (A.3) 

If the rate of a process is controlled by all three mechanisms,  

t = 
ρ

s
R

3bkCa

X + 
ρ

s
R2

6bDCa

[1-3(1-X)
2
3 + 2(1-X)] + 

ρ
s
R

bk'Ca

(1-(1-X)
1
3) (A.4) 

t = τFX + τP[1-3(1-X)
2
3 + 2(1-X)] + τR(1-(1-X)

1
3) (A.5) 

where, ρ
s
 is the density of the solid particle, R is the initial radius of the solid particle, Ca is the 

concentration of the reaction species in the gaseous phase, k is the mass transfer coefficient 

between the gaseous and solid phase, D is the effective diffusion coefficient of gaseous reactant in 

the ash layer and k' is the first order rate constant for the surface reaction. 

In the above equation, experimental X (conversion of solid particle) vs t (time) data can be fitted 

using a least square minimization problem to obtain the constant parameters (τF,τP,τR). If the 

reaction is controlled by only one parameter, all the other parameter except that should be zero. 

A.3.1. Least Square Minimization Problem for cSCM 

 
t = τR [1-(1-X)

1
3]  + τP [1-3(1-X)

2
3 +2(1-X)

1
3] + τFX (A.6) 

 

Eq. A.6 for the cSCM can be transformed into a minimization problem as shown in eq. A.7 

 
Φ = ∑ [τR [1-(1-Xi )

1

3]  + τP [1-3(1-Xi)
2

3 +2(1-Xi)
1

3] + τFXi - ti]
2

i  (A.7) 

- 
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Using the least square technique, eq. A.7 can be minimized and τR, τP and τF can be calculated (τR, 

τP, τF > 0). 

 

Figure A7. Representation of a solid particle reacting with the fluid and forming a product layer. 

A.3.2. Methodology used for cSCM Parameter Estimation 

The measured concentration versus time data for a metal can be converted into extraction 

efficiency (%) using the maximum possible concentration 

1. Divide the extraction efficiency (%) for every ti by 100 to obtain a set of (ti, Xi )  

2. Provide an initial value for τR, τP and τF. The sum of these initial values should be less than or 

equal to the total reaction time. Assuming an equal control for each rate-limiting step is a good 

estimate. 

3. Substitute the independent variables: ti and Xi , along with estimated values for τR, τP and τF 

in eq S2 and calculate Φ. 

4. Minimize Φ to obtain calculated τR, τP and τF. 

 

The minimization could be performed either through the problem solver in MS Excel or by using 

the lsqcurvefit optimization algorithm in MATLAB. 
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Standard Error Calculation 

 

Standard Error = √
∑ (ti - tfit,i)

2
i

DOF
 

(A.8) 

 

Degrees of freedom (DOF) is defined as the number of data points minus the number of parameters 

in the minimization problem. The value for the standard error should be close to zero for a good 

fit. 
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